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Preface

This book covers a very large and important branch of physical chemistry, namely the
properties, behaviour and nature of aqueous electrolyte solutions. It does not cover electrode
kinetics. The preliminary chapter entitled "Guidance to Students’ sets outs the aims of the
book, the philosophy behind the book and the manner in which the author tries to help students
to understand the topics covered. As such it is almost an extra preface. The book emphasises,
through the use of many worked problems, how experimental data can be used to obtain
fundamental electrochemical quantities, such as thermodynamic quantities describing the
equilibrium properties and behaviour of ions in aqueous solution. Topics such as acid/base
behaviour, salts, buffers, ion pairing and complexing, and solubilities of sparingly soluble salts
are the main equilibrium situations discussed. It also covers non-equilibrium behaviour such
as ionic molar conductivities, molar conductivities, transport numbers and mobilities. Exten-
sive coverage is given to emf’s, and the use which physical chemists can make of the
information derived from such studies. All these topics are illustrated by numerous worked
problems where the student is led through the arguments with the use of detailed help and
guidance.

The first chapter of the book sets the stage for many of the topics dealt with later, and, in
particular, is a prelude to the development of the two major theoretical topics described in the
book, namely the theory of non-ideality and conductance theory. The conventional giants of
these fields are Debye and Hiickel with their theory of non-ideality and Debye, Hiickel, Fuoss
and Onsager with their various conductance equations. These topics are dealt with in Chapters
10 and 12. In addition, the author has included for both topics a qualitative account of modern
work in these fields. There is much exciting work being done at present in these fields,
especially in the use of statistical mechanics and computer simulations for the theory of non-
ideality. Likewise some of the advances in conductance theory are indicated.

Many students veer rapidly away from topics which are quantitative, involve theoretical
deductions and, in particular, where mathematical equations are involved. This book attempts
to allay these fears by guiding the student throughout in a step-by-step development which
explains the logic, reasoning and actual manipulation. For this reason a large fraction of the
text is devoted to worked problems in which detailed and explanatory answers are given.
These worked problems are not an optional extra, but are an integral and necessary part of the
presentation.

As in the other sections of the book, the theoretical chapters aim to help students understand
modern thinking about the behaviour and nature of electrolyte solutions by giving a slow,
explanatory, “student friendly”’ yet rigorous introduction to such thinking. There are two
major problems for students to understand before they can grasp a theory: firstly the concepts,
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and then the mathematics used to quantify them. In the author’s experience, students rarely
manage to deduce the chemical and physical concepts from the mathematical development.
These concepts need to be fully and explicitly explained first before the student can start to
understand the development of the theory, or even the physical limitations and approximations
inherent in the equations describing non-ideality and conductance. It is the author’s firm
belief, based on many years of teaching students, that students can gain considerable under-
standing and knowledge of what is involved in a theoretical discussion of what goes on at the
microscopic ionic level without delving into the mathematics first. For this reason the concepts
involved in each stage of the theoretical development are fully explained before the mathe-
matical description is given. Once the concepts have been assimilated it is then time to move
on to the mathematical presentation, which in this book is developed with the same full
explanatory detail.

The final chapter deals with the very important topic of solvation. Many modern experi-
mental advances especially in the field of synchroton generated X-rays, isotopically sub-
stituted neutron diffraction, nmr and computer simulation have given a wealth of information
about the microscopic behaviour of the solvent in the presence of ions. In many respects the
emphasis has moved from ““what happens to an ion when in water”’ to ‘“what happens to water
when an ionic substance is dissolved in it”.

If through the written word I can help students to understand and to feel confident in their
ability to learn, and to teach them in a manner which gives them the feeling of a direct contact
with the teacher, then this book will not have been written in vain. It is the teacher’s duty to
show students how to achieve understanding, and to think scientifically. The philosophy
behind this book is that this is best done by detailed explanation and guidance. It is under-
standing, being able to see for oneself, and confidence which help to stimulate and sustain
interest. This book attempts to do precisely that.

This book is the result of the accumulated experience of forty very stimulating years of
teaching students at all levels. During this period I regularly lectured to students, but more
importantly, I was deeply involved in devising tutorial programmes at all levels where
consolidation of lecture material was given through many problem-solving exercises. I also
learned that providing detailed explanatory answers to these exercises proved very popular
and successful with students of all abilities. During these years I learned that being happy to
help, being prepared to give extra explanation and to spend extra time on a topic could soon
clear up problems and difficulties which many students thought they would never understand.
Too often teachers forget that there were times when they themselves could not understand,
and when a similar explanation and preparedness to give time were welcome. To all the many
students who have provided the stimulus and enjoyment of teaching I give my grateful thanks.

I am very grateful to John Wiley & Sons for giving me the opportunity to publish this book,
and to indulge my love of teaching, and to the following editors with John Wiley & Sons.
Firstly, I would like to thank Andy Slade who initially dealt with the commissioning of this
book. In particular, I owe a great debt to Rachael Ballard who has cheerfully and with great
patience guided me through the problems of preparing the manuscript for publication.
Invariably, she has been extremely helpful. Finally I would like to express my thanks to
Robert Hambrook for his help and patience in the final stages of preparing the book for
publication. I have found all extremely friendly and helpful throughout.

Similarly, I would like to thank Professor Andy Abbott of Leicester University for his
encouragement and advice after reading several chapters of this book.



PREFACE xxi

To my mother, Mrs Anne Robson, I have a very deep sense of gratitude for all the help she
gave me in her lifetime in furthering my academic career. I owe her an enormous debt for her
invaluable, excellent and irreplaceable help with my children when they were young and I was
working part-time during the teaching terms of the academic year. Without her help and her
loving care of my children I would never have gained the continued experience in teaching,
and I could never have written this book. My deep and most grateful thanks are due to her.

My husband, Patrick, has, throughout my teaching career and throughout the thinking about
and writing of this book, been a source of constant support and help and encouragement. His
very high intellectual calibre and wide-ranging knowledge and understanding have provided
many fruitful and interesting discussions. He has read in detail the whole manuscript and his
clarity, insight and considerable knowledge of the subject matter have been of invaluable help.
I owe him many apologies for the large number of times when I have interrupted his own
activities to pursue a discussion of aspects of the material presented here. It is to his very great
credit that I have never been made to feel guilty about doing so. My debt to him is enormous,
and my most grateful thanks are due to him.

Finally, my thanks are due to my three children who have always encouraged me in my
teaching, and have encouraged me in the writing of my books. Their very fine and keen minds
have always been a source of stimulus to me, and have kept my interest in young people
flourishing.

Margaret Robson Wright
Formerly of Universities of Dundee and St Andrews
November 2006.






Preliminary Chapter

Guidance to Students

It is hoped that students using this book will read through this brief chapter before going on to
study individual chapters.

My aim in writing this book is to guide and help students to an understanding of this large
and important field of chemistry. It is aimed primarily at undergraduates studying core
chemistry and this includes students of inorganic and organic aqueous solution chemistry.
Chapters 1-9 and Chapter 11 cover all the main topics in general electrochemistry and
equilibria in solutions, including use of the Debye-Hiickel equations to correct for non-
ideality. By general electrochemistry, I mean topics such as electrolysis, electrochemical
cells, reversible emfs, weak acids and bases, complexing and solubilities, conductance and
transport numbers, etc. Knowledge of these topics is an essential component of undergraduate
studies, and this book is written for students who need help in understanding and assimilating
these topics. This material is necessary knowledge for all chemistry students, not just for those
studying physical chemistry. For instance, students studying solution kinetics have to be as
versatile and knowledgeable in electrolyte solution chemistry as they are in kinetics. Students
studying inorganic solution chemistry would likewise limit themselves drastically if they did
not have electrochemical ideas at their fingertips. It has also become clear that electrochemical
topics and concepts are becoming increasingly valuable and necessary in looking at many
aspects of biological solutions.

This book thus attempts to help all chemistry students. In the core topics outlined above, the
method used is to explain each topic as clearly as possible covering all the potential sources of
misunderstanding. More time is therefore devoted to each topic than is typically the case in
other accounts. Many students will veer rapidly away from topics which are quantitative and
involve mathematical equations. This book attempts to allay these fears by guiding the student
through these topics in a step-by-step development which explains the logic, reasoning and
actual manipulation. For this reason, a large fraction of the text is devoted to worked examples
where the answers are given in a detailed and explanatory manner. The worked problems are
not an optional extra to the main text: they are an integral and necessary part of the
presentation. Students should read through them along with the main text, so that thinking
about the worked problems and reading through the explanations given in the development of
the topic under consideration should be mutually instructive. Once the chapter, or section of a
chapter has been studied and assimilated, I would suggest that the student should leave the
section for some days, and then come back to the worked problems and work through them
without looking at the answers. Once a genuine attempt has been made to work through the
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problem, the answer should then be consulted to correct any mistakes, or to help with
difficulties which may have arisen. A student should not be dismayed if several attempts
may be needed for some of the worked problems.

The book is written in a manner deliberately designed to give you, the student, the feeling of
direct contact with the teacher. It is the teacher’s duty to help the student to understand, and the
author’s philosophy and experience has always been that this is best done by detailed
explanation and guidance.

Chapters 1-9 and Chapter 11 deal with the routine ‘working’ material of electrochemistry
and the manipulation of experimental data. Chapters 10, 12 and 13 deal with the theoretical
aspects of electrochemistry, viz., the theories of non-ideality and conductance, and the
theoretical aspects of solvation. All of these are very important aspects of electrochemistry,
but they are inherently more difficult. Nonetheless, it is important that modern students should
have some knowledge of these topics.

Because you, the student, may feel less sure of the ground in theoretical electrochemistry, a
similar detailed explanatory approach is taken here. There are two main problems which you,
the student, have to overcome before you can understand a theory: first the concepts, and then
the mathematical clothing of these concepts. The concepts need to be fully and explicitly
explained before the student can hope to understand the theoretical development of these
concepts. Chapter 1 gives a summary of all the ‘more simple’ concepts and ideas on which the
theories of electrolyte solutions are based.

Chapters 10 and 12 can be thought of as in two parts, the first part of which is the basic
theory of non-ideality and the basic theory of conductance. The development of these theories
is explained in a step-by-step manner, with the essential concepts coming first followed by a
statement of what the physical problem is which has to be overcome by the mathematical
treatment, which then follows. These are difficult sections conceptually and mathematically,
but the author has found that it is possible, by going sufficiently slowly and with sufficient
explanation, to convey this to the ‘ordinary’ student, i.e. a student who is not mathematically
orientated. The resultant final equations of these theories are those on which the manipulation
and interpretation of experimental data such as are discussed in Chapters 1-9 and 11 are
based.

The tail end of each of Chapters 10 and 12 is then devoted to the more modern aspects of
non-ideality and conductance. These are given in a qualitative manner. The modern
approaches to the theories of non-ideality and conductance have taken place over the years
since the late 1960s by which time the basic theories of electrolytes had been formulated. The
short qualitative descriptions of the advanced topics of the post late 1960s are given so that the
interested student can gain some idea of where the excitement of modern work lies. This is a
very active field at present, and there is a reasonable hope that final all-embracing theories of
non-ideality and conductance will be forthcoming. There is great scope and excitement over
the use of computer simulations based on statistical mechanical arguments, and the brief
descriptions are given in the hope that students will gain some idea and appreciation of the
exciting ‘new’ directions.

Chapter 13 is much more qualitative, and the theoretical developments here can be given in
a more descriptive manner than in Chapters 10 and 12. Solvation is a very important topic not
just for the physical chemist, but for both inorganic and organic chemists. It is proving to be a
fundamental and important aspect of modern biochemical and biological studies.
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Concepts and Ideas:
Setting the Stage

This book is about the nature, behaviour and properties of electrolyte solutions. The types of
particles which are present in such solutions are discussed, and the experimental evidence is
reviewed, from which the structure and nature of both the solute and solvent species is
inferred. The development of the theories which describe the nature of electrolyte solutions
is also considered.

But first of all it is useful to gather together in one place most of the facts and ideas which
are pertinent and relevant to the understanding of electrolyte solutions. It also helps under-
standing if an explanation of how and why these facts are relevant is given, and this chapter
sets out to do this.

Aims

By the end of this chapter you should be able to:

e describe what is meant by an electrolyte solution;

e list simple properties of ions and consider possible modifications to these properties;
e discuss the molecular structure of water and the effect which ions can have on it;

e discuss the difference between polar and non-polar solvents;

e explain what is meant by dipole, induced dipole and alignment of dipoles;

e list possible ion—ion interactions, ion—solvent interactions and solvent—solvent
interactions;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)



2 CH1 CONCEPTS AND IDEAS: SETTING THE STAGE
o distinguish between ideal and non-ideal solutions;
e know what is meant by an ion pair, complex, chelate and micelle;
e understand the significance of base-lines for theoretical predictions about the
behaviour of solutions containing free ions only, and their use in determining

equilibrium constants for processes in solution;

e appreciate the difficulties involved in distinguishing the various types of associated
species in solution.

1.1 Electrolyte solutions — what are they?

Electrolyte solutions are solutions which can conduct electricity. Colligative properties such
as the lowering of the vapour pressure, depression of the freezing point, elevation of the
boiling point and osmotic pressure all depend on the number of individual particles present in
solution. They thus give information about the number of particles actually present in
solution. For some solutes it is found that the number of particles actually present in solution
is greater than would be expected from the formula of the compound.

In the study of electrolyte solutions, two types of solute can be distinguished:

e (a) Those where the number of particles present is an integral number of times the number
of particles expected on the basis of the stoichiometric unit, such as

NaCl(aq): 1 stoichiometric unit — 2 particles
CaCl,(aq): 1 stoichiometric unit — 3 particles

and this ratio does not change with change in concentration.

e (b) Those, such as ethanoic acid CH;COOH(aq), or NH3(aq), where the number is greater
than that corresponding to the stoichiometric unit, but is much less than the values found in
category (a). Here the ratio of the actual number of particles to the stoichiometric number
of stoichiometric units increases dramatically with decrease in concentration.

The electrical conductance of aqueous solutions has been studied. Some are virtually
non-conducting, some weakly conducting and some are highly conducting. Conduction of a
current through a solution implies the existence of charged particles, and so conducting solutions
must contain charged particles — ions. The highly conducting solutions correspond to solutions
appearing in category (a), while the weakly conducting solutions correspond to category (b).

X-ray diffraction studies show that some solids consist of discrete molecular units, while
others are giant lattices held together by strong electrostatic interactions and with no one
cation specifically belonging to any particular anion, and vice versa.

The solutes whose structure in the solid is a giant ionic lattice give strongly conducting
solutions whose colligative properties place them in category (a). Colours of ionic solutions
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are also indicative of individual charged particles being present, for instance, copper salts are
always blue, dichromate salts are orange.
The conclusion to be drawn from these studies is that in solution the solute can exist as:

e Molecular units: non-conducting, normal colligative properties, X-ray structures showing
discrete molecular units in the solid.

e Molecular units plus ions: weakly conducting, colligative properties showing slightly
more than the expected numbers of particles present, X-ray structure showing discrete

molecular units in the solid.

e Ions: highly conducting, colligative properties considerably greater than expected, X-ray
structure showing a giant ionic lattice.

Solutes giving in solution:

e Molecular units are called non-electrolytes
e Molecular units plus ions are called weak electrolytes
e Ions only are called strong electrolytes

For the weak electrolytes the molecules are present in equilibrium with ions derived from the
molecules:

—_—

molecules = n ions

Kdissoc = <M> (11)
[molecules] equilibrium

The concept and meaning of equilibrium along with the equilibrium constant are discussed in
Chapter 2.

For a weak electrolyte which is only partially dissociated into ions at moderate
concentrations there is a dramatic increase in the fraction of ions present as the concentration
decreases. This shows up directly in the dramatic increase in the molar conductivity as the
concentration decreases.

A strong electrolyte consists of ions with no significant amounts of molecular species
present. The molar conductivity should be independent of concentration, but is not. This will
be discussed in detail in Chapter 12.

With extensive study it was soon found that anomalies existed, for instance:

e for strong electrolytes, the molar conductivity is not independent of concentration;

e clectrolytes which are strong in aqueous solution are shown to behave like typical weak
electrolytes in solvents such as dioxan, acetone, or methanol;

e these anomalies are reflected in other studies using strong and weak electrolytes.
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This forced chemists into focusing their attention on two main conceptual points:

e What exactly is an electrolyte solution like, and how does it behave at the molecular level?
In particular, because ions are charged particles, do electrostatic interactions play a part in
the observable behaviour of electrolyte solutions?

o What exactly is the role of the solvent, and should its molecular properties be included as
well as its bulk properties?

Attempting to answer these two fundamental questions led to considerable advances in the
theory of electrolyte solutions, and in experimental methods with which to quantify and test
these theories.

1.2 Ions - simple charged particles or not?

Some simple basic properties of ions are regularly used in the discussion of electrolyte
solutions and in theories describing the behaviour of electrolyte solutions. These ideas are
often physically naive and must be modified before a physically realistic description of
electrolyte solutions can be given.

These properties are summarised below with indications of which are naive. A very brief
indication of which modifications will be needed is given after the summary. Full discussion of
these points is dealt with in later chapters.

1.2.1 Simple properties of ions
e Ions have integral positive or negative charges.

e Jons have finite definite sizes — but see discussion below of solvation.

e Ions are often considered to be spherically symmetrical — but see discussion below of
shapes of ions.

e The charge is normally considered to be evenly distributed over the surface of the ion — but
see discussion below of charge-separated ions.

e Jons are considered to be unpolarisable — but see discussion below of polarising power and
polarisability.

e Each ion moves as an independent entity — but see discussion below of ion pairing and
micelle clustering.

e Ions can be ordered in terms of their ease of discharge at an electrode.

e H;0"(aq) and OH (aq) show special properties.
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1.2.2 Modifications needed to these simple ideas: a summary
Sizes

Sizes of ions in solids are found by X-ray crystallography and are termed ‘crystallographic
radii’. These radii are often used in discussions of properties of electrolyte solutions. But they
really should not be used for ions in solution. Many studies indicate that bare ions rarely exist
in solution, and their effective size is a combination of the crystallographic radii plus a
contribution from solvation effects. Electrochemical experiments can yield solvation num-
bers, but the main evidence comes from other studies which will be discussed in Chapter 13.
Knowledge about solvation is vital to the understanding of the behaviour of electrolyte
solutions and has proved to be of crucial importance in determining the behaviour of
biological systems. Because of the considerable current interest in this topic a full chapter
will be devoted to solvation.

Shapes

Because so much of the theoretical discussions of electrolyte solutions is based on the
assumption that ions are spherically symmetrical, there is the tendency to forget that many
ions are certainly not symmetrical. A conscious effort should be made to think about the shape
of an ion as well as its charge.

Ions such as Ca2+, Mg2+, Cl, SO?[, PO?[, are nearly spherically symmetrical, as are many
of the complex ions found in inorganic chemistry:

Co(NH3)Z" Fe(CN)¢~
Ni(CH,(C00),);”  AICI~
but many organic ions are not, e.g.:
*NH;3;CH,CH,COOCH,CH,CsHsCHBrCHBrCOO~

while complex ions, like those which are often found in biologically active solutions,
generally are non-spherical.

Modern theories of electrolyte solutions using statistical mechanical ideas are now able to take
cognisance of the shapes of ions (see Sections 10.17.3 and 10.19).

Distribution of charge on an ion

Even distribution of charge over the surface of an ion is a valid assumption for simple

spherical ions such as Ca“, SO?[, AlClg’, but is most probably invalid for ions such as
(CH3);N"CH,CH,CH,CH; CH;CH,CH,COO™

Furthermore, many organic ions, often associated with biologically important substances,
have a total charge which is a multiple of one, but where this charge is made up of individual
charges at different sites in the molecule, as in
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(CH3);NTCH,CH,NT(CH3);  SO; CH,CH,CH,SO;

*NH;3CH,COO~ *NH;(CH,CONH),CH,COO™~
SO; CH,CH,COO™ proteins

polyphosphates nucleotides

polysaccharides

It is quite obvious that even distribution of charge over these ions simply will not occur, but
a further important factor must also be considered. Do these substances behave as ions with
a given overall net charge, and can they be treated as though they were equivalent to simple
ions such as Ca®", SO?[, or as though each individual charge simulated a separate
individual ion? Evidence suggests that in certain solvents and above certain concentrations,
effects such as these are highly pertinent to the understanding of the behaviour of these
electrolytes.

The behaviour of a charge-separated ion is likely to be different from that of simple
ions. Ideas and theories developed for the simple cases will have to be modified for these
situations.

Unpolarisable ions

It is clearly untrue to consider ions to be unpolarisable, but theoretical treatments generally
discuss ions as though they were unpolarisable.

However, even the simple I ion is highly polarisable. This is a well accepted fact in other
branches of chemistry. Fajans’ Rules in inorganic chemistry deal explicitly with this effect in
bonding. In summary:

e small highly charged cations have a strong polarising power because of the intense field
around them and can thus have a very strong effect in producing induced dipoles or aligning
permanent dipoles in other ions;

and

e large anions with the charge dispersed over a large volume can be very easily polarised by
highly polarising cations resulting in induced dipoles in the anion, or alignment of
permanent dipoles if present.

These effects are present in the simple ions of standard substances such as Cs*t, ca’t, CI,
SOi, NO;, CH;COO™ and (CH;3),N™. They are also going to be of considerable importance
in electrolyte solutions where many of the ions are large and complex, for example protein
ions, phospholipid ions, nucleic acids, ions of neurotransmitters and so on. Dipoles, induced
dipoles and alignment of dipoles are discussed later (see Sections 1.5, 1.7.2 and 1.7.3).

Complete dissociation into ions
One of the main functions of the solvent is simply to reduce the forces of interaction between

ions and thereby reduce the electrostatic potential energy of this interaction. Physically this
corresponds to allowing the ions to exist as ions. This is a bulk effect.
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Experiments and theoretical considerations, which will be described later, show that:

(a) Increasing the concentration of the solution increases the electrostatic interaction
energy between the ions.

(b) Solvents of low polarity result in a greater electrostatic interaction energy between
the ions compared with the electrostatic interaction energy between the ions when they
are in solvents of high polarity.

There can be situations where the energy of interaction between two ions of opposite charge
becomes so high that the ions cease to be independent of each other, and move around as a
single unit which survives throughout several collisions before being able to separate. Such a
unit is called an ion pair. Ion pairs are found in aqueous solutions as well as in low polarity
solvents.

Ca®*(aq) OH~(aq)
an independent ion an independent ion
moving around on its own moving around on its own

\/

¥

CaOH*(aq)
an ion made up of both species
and moving around as an ion on its own

This is a very important topic in electrolyte studies and will be referred to often throughout this book.
Ions can also be formed into clusters called micelles, and this can become very important in
colloidal solutions.

1.3 The solvent: structureless or not?
The solvent is the medium in which the solute exists. It is often called a dielectric. A dielectric
can be thought of in terms of an insulator, which is a substance which stops or tends to stop the

flow of charge, in other words to stop a current passing through it.
If a substance which acts as an insulator is placed between two charges, it reduces:

a) the field strength;
b) the force acting between the charges;
c) the electrostatic potential energy between the two charges

and the factor by which it reduces these quantities is the relative permittivity, &;.
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But pay particular attention: what is important is that this definition of the relative permittivity
is independent of any assumption that the dielectric is composed of atoms or molecules, and so
requires no discussion of the medium at the microscopic level.

In effect, the relative permittivity is just a constant of proportionality characteristic of the medium.

This is precisely what is meant when the medium is described as a structureless dielectric or
continuum. In particular, when discussing the role of the solvent in electrolyte solutions it is
often described as a continuous medium, or a structureless medium. Most of the theoretical
discussions of electrolyte solutions formulate the theoretical equations in terms of factors
which involve the macroscopic quantity, &. Use of this bulk quantity in the equations
implicitly means a description in terms of the solvent being a structureless dielectric, with
no microscopic or molecular structure.

However, the use of a macroscopic quantity in the equations does not preclude a discussion
of whether or not it is reasonable, or indeed sensible, to consider the solvent as having a purely
bulk macroscopic role to play. Other chemical studies show that the solvent is made up of
molecules with a certain microscopic structure, so it is perfectly reasonable to expect that the
microscopic structure may be of vital importance when the solvent plays its role as solvent
in electrolyte solutions. Indeed, it is precisely by addressing this question that vast progress can
be made in the understanding of electrolyte solutions. It is now realised that molecular details
of ion—solvent interactions and consequent modifications to ion—ion and solvent—solvent
interactions make a significant contribution to the behaviour of electrolyte solutions.

Studies of the microscopic structure of the solvent and its modification by the ions of the
electrolyte have resulted in considerable refinements being forced onto the simple model of
electrolyte solutions. Unfortunately, it is much easier to alter the model to incorporate new
ideas and thought, than it is to incorporate these ideas into the mathematical framework of the
theory of electrolyte solutions and its derivation. The implications of many of the topics
introduced in this chapter become important in the theoretical treatments of electrolyte
solutions (see Chapters 10 and 12, and for solvation, see Chapter 13).

1.4 The medium: its structure and the effect of ions
on this structure

The question can be asked:

Does the fact that the medium (solvent) reduces the effect of one charge on another
charge mean that the charges on the ions must have some effect on the solvent?

To answer this question the details of the molecular structure of the solvent become important.
At this stage some important ideas, developed in more detail in the chapter on solvation, will
be introduced briefly.

The solvent is made up of molecules which are in turn made up of nuclei and electrons. In
covalently bonded molecules the bonds are formed by sharing of electrons between the two
atoms involved in the bond.

e A bond is termed non-polar if the electron distribution in the bond is symmetrical, i.e. the
atoms have an equal share of the electrons of the bond.
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Examples are: CI-CI; H—H; N=N; c—C

e A bond is termed polar if the electron distribution in the bond is asymmetric, i.e. the atoms
have an unequal share of the electrons of the bond.

Examples are:

=

C—Cl written as C—Cl or C*—CI°~
—

C—O writtenas C—0O or C*—0%
—

H—F written as H-F or H*"—F"~
—

S—O writtenas S—O or S**—0°"

e When the bond is polar it has a bond-dipole moment which, on a qualitative basis,
describes the degree to which the electron distribution is asymmetric. The ii)rection in
which the electron density is highest is shown by the head of an arrow, e.g. C — Cl and an
indication of the relative displacement of +ve and —ve charges is given as C** — CI°~

e But does this tell us anything about the polarity of the molecule as a whole?

Answering this question means looking at the overall effect of the bond dipoles, and this
requires knowledge of the symmetry of the arrangement of the atoms in the molecule.

o If all the bonds in the molecule are non-polar, or virtually non-polar (as in C—H), then
the molecule as a whole will be non-polar;
for example H,, N,, O,, Sg, alkanes, benzene.

e But if some of the bonds are polar, then the molecule as such will be:

e non-polar if the arrangement of the atoms is symmetrical and the vector bond-dipole
moments cancel out, as in CCly.

e polar if the arrangement of the atoms is not symmetrical enough and the vector bond-
dipole moments do not cancel out, as in CH3Cl, H,O, CH;0H.

1.5 How can these ideas help in understanding what might
happen when an ion is put into a solvent?

Putting a charge (ion) into a
medium (solvent) results in:

partial or complete alignment displacement of the electrical centres
(dielectric saturation) of the of the molecule if the solvent
permanent dipoles if the molecule is non-polar, resulting in an

solvent molecule is polar. induced dipole.
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This effect is greater the nearer the This effect is greater the more intense
solvent molecule is to the ion, and the the electric field experienced by the
higher the concentration of the solvent molecule, that is, the more highly
solution. polarising the ion is.

o if the molecule is polar: alignment of the permanent dipoles is the major effect, but
polarisability effects must not be ignored;

o if the molecule is non-polar: the only effect comes from induced dipoles and this can be of
crucial importance.

Both these effects are of great importance for ion—solvent interactions in solution. In
particular, their existence implies that ions do modify solvent structure. This, in turn, implies
that there must be consequent modification of solute—solute interactions in particular, and
also of solvent—solvent interactions though these are of relatively less importance.

The relative permittivity, &, of the solvent allows an assessment of the effect of the solvent
on the strength of the ion—ion interactions to be made. Coulomb’s Law (see Section 10.4.2)
states that:

Z1Z2€2

the force of electrostatic interaction between two ions in a solution, f = Aot r?
TTEQET

so that the larger the relative permittivity, &;, the smaller the force of interaction. The value of
the relative permittivity, in principle, is measured by observing the effect of an external field
on the solution. However, in practice, this experiment is difficult to carry out because it will be
complicated by the effect of the external field being predominantly to cause conduction of a
current through the solution (see Chapter 12).

Nonetheless it is still possible to talk about the effect of the field on the solvent. The ions in
a solution can align the permanent dipoles of the solvent and can also induce dipoles in the
solvent. The more the dipoles are aligned by the ions the smaller will be the value of the
relative permittivity. If the ions have totally aligned all the dipoles in the solvent molecules,
there will be none left for the external field to align. The net result is that the only effect that the
external field can have will be to induce further dipoles — a much smaller effect. Hence the
measured relative permittivity will be low for such a situation.

Furthermore, the possibility of alignment of the dipoles of the solvent molecules by the ions
leads to the following conclusion. For the solution, the simplest model to be envisaged is one
where three possible situations can be thought of. And for each situation a question can be
asked:

e There is a region close to the ion where all the permanent dipoles are completely
aligned — the region of dielectric saturation.

Question: Can it possibly be valid to use the macroscopic relative permittivity in the
theoretical treatments?

e There is a region where partial alignment occurs, and the situation changes through the
region from complete alignment to one where there is non-alignment.
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Question: What value should be assigned to the relative permittivity here; should it vary
throughout the region?

e There is a region where almost no alignment occurs and where the solvent behaviour
approximates to that of the pure solvent.

Question: Is it legitimate to use the bulk relative permittivity of the pure solvent here? — the
answer here is probably ‘yes’.

From this very basic and elementary discussion it should be abundantly clear that the
solvent plays a crucial role in the behaviour of electrolyte solutions, quite apart from its role as
a dielectric reducing the forces of interaction between ions. Such considerations are of vital
importance in physical chemistry and have only been tackled rigorously in the past three
decades or so. Where complex electrolytes such as are encountered in biological chemistry are
concerned, they are of crucial importance and may well dominate the behaviour of such
solutions.

1.6 Electrostriction

In the vicinity of each ion, a certain shrinkage of the solvent is likely to occur as a result of the
attraction between the ionic charge and the polar molecules. This is called electrostriction,
and leads to a local increase in the density of the solvent around each ion since more molecules
will be packed around the ion than would be present in that volume were the ion not present.

Electrostriction is important in solvation, but has not ever been properly incorporated in any
detail into electrolyte theory.

1.7 Ideal and non-ideal solutions — what are they?

Ideality is a concept which can be used for a pure substance only if the interactions
between the particles are negligible as in a gas at low pressures. Since pure liquids and
pure solids are condensed phases, there must be significant forces of interaction between
their fundamental particles. It is, therefore, meaningless to talk about ideality for either the
pure liquid or pure solid. But ideality and non-ideality are important when talking about
mixtures.

A two component mixture can alter in composition from the situation where the amount of
component A is zero to one where the amount of component B is zero. In between these two
limiting situations there are mixtures with varying proportions of the two components. A mixture
where the amount of one component tends to zero corresponds to the ideal mixture. Mixtures
where there are finite amounts of both components present correspond to non-ideal mixtures.

Electrolyte solutions are mixtures where the components are the solute and the
solvent. When the concentration of the solute tends to zero, called infinite dilution,
the solution is regarded as ideal. When there are finite concentrations of solute the
solution is regarded as non-ideal.
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In electrolyte solutions there will be interactions between:
e solute—solute particles
e solute—solvent particles
e solvent—solvent particles
In electrolyte solutions the solute is partly or wholly in the form of ions in solution.

Because ions are charged particles, there will be electrostatic interactions between the ions,
and between the ions and the solvent, over and above the solvent—solvent interactions.

1.7.1 Solute-Solute interactions, i.e. ion-ion interactions
These are basically made up of five contributions:
e Long-range coulombic interactions, i.e. those acting over long distances between the

ions. These are electrostatic interactions obeying the Coulomb inverse square law
(Section 10.4.2).

force oc r 2

e Ion-induced dipole interactions if the ions are polarisable, as indeed most ions are (see
Section 1.7.3 for a discussion of induced dipoles).

o Short-range attractions, i.e. those acting over short distances. These can be coulombic or
non-coulombic in nature.

e Short-range repulsions which become significant at short distances between the ions.
They are always present when two particles approach close to each other.

e Hard spheres where the short-range repulsive force becomes infinite when the ions come

into contact. It will be seen later (Chapters 10 and 12), that the term ‘into contact’ is not
unambiguous and is open to several interpretations.

1.7.2 Solute-solvent interactions, i.e. ion—-solvent interactions -
collectively known as solvation

These interactions are made up of:
e JTon—dipole interactions.
e Ion-induced dipole interactions.

(see Section 1.5 and Section 1.7.3 below for a description of these effects.)
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These interactions are attractive when the interaction is between the end of the dipole
which has an opposite charge to that of the ion with which the dipole or induced dipole is
interacting.

They are repulsive when the ion is in close enough proximity to the end of the dipole which
has a charge the same as the ion.

1.7.3 Solvent-solvent interactions

These are as described below, and are the same as are present in a pure liquid, though it must
always be remembered that they may well be altered or modified as a result of the presence of
the solute.

The interactions present are:

e attractions between solvent molecules;
e repulsions between solvent molecules.

The attractions for the solvent molecules are mainly associated with permanent or induced
dipoles in the molecules.

¢ dipole—dipole interactions: dipoles in one molecule can interact with dipoles in another
molecule;

e dipole-induced dipole interactions: dipoles in one molecule can interact with another
molecule to produce an induced dipole;

¢ induced dipole-induced dipole interactions or dispersion forces: induced dipoles in one
molecule can interact with induced dipoles in another molecule;

o dipole—quadrupole or higher effects: dipoles in one molecule can interact with quadru-
poles in other molecules.

A quadrupole is a distribution of charge more complicated than a dipole. It can be
exemplified as:

8 st st 8

The molecule CO, has a quadrupole of this nature

6 stst 6
(0] C o

The repulsions for solvent molecules are mainly a consequence of the molecules getting
closer together, and finite sizes causing repulsions:
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a) quantum mechanical repulsion associated with induced dipole-induced dipole
repulsions;

b) permanent dipole—permanent dipole repulsion arising when the geometrical orien-

tation of the molecules in space brings like charge ends of dipoles in each molecule
close together.

1.8 The ideal electrolyte solution

In the ideal electrolyte solutions all three interactions are present:

e jon-ion interactions;
e jon—solvent interactions; and
e solvent—solvent interactions,

and the ideal electrolyte is defined as the infinitely dilute solution where the concentration of
the solute, (i.e. the ions) — zero.
Under these conditions:

e solvent—solvent interactions are significant, and are similar to those described in Section
1.7.3 above;

e solute—solvent interactions are present, but are considered to be of less significance than
solvent—solvent interactions because the ratio of solute to solvent is very low;

e solute—solute interactions are present, but are considered to be relatively small because of
the low concentration of solute.

Repulsions are present, and will be significant for the solvent—solvent interactions, but are
considered negligible for solute—solute and solute—solvent interactions because the
concentration of solute — zero.

1.9 The non-ideal electrolyte solution

Physically this corresponds to all concentrations of solute, ions, other than that of infinite
dilution where the concentration of the ions — zero. What contributes to non-ideality can
best be explained by considering in turn what happens, as the concentration of solute
increases, to the three types of interaction discussed already.

e Non-ideality corresponds to all ion—ion interactions over and above those considered to be
present in the ideal solution. These are any modified ion—ion interactions resulting from
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increase in the solute concentration. This is the major factor giving rise to non-ideality in
electrolyte solutions. There will be three ion—ion interactions:

e cation and anion interactions,
e cation and cation interactions,
e anion and anion interactions.

There are a large number of modified interactions which can be considered as
contributing to the non-ideality of the electrolyte solution. All of them result in increasing
non-ideality as the solute concentration increases. They will be discussed in Chapters 10
and 12.

e Non-ideality also corresponds to all ion—solvent interactions which are over and above
those considered to be present in the ideal solution, i.e. any modified ion—solvent
interactions resulting from the increase in solute concentration. These interactions
become more important at high concentration, and the contribution of ion-solvent
interactions to non-ideality in electrolyte solutions becomes more important at high
concentrations. An ion can interact with the solvent and can modify the solvent around it,
or two ions could modify the solvent in between them. This would correspond to an ion—
solvent interaction different from the ideal case and would lead to non-ideality which
would increase as the solute concentration increases. It would also lead to modified
solvent—solvent interactions.

e Non-ideality also corresponds to all solvent—solvent interactions which are over and
above those considered to be present in the ideal solution, i.e. any modified solvent—
solvent interactions resulting from the presence of the solute (cation and anion) at con-
centrations greater than infinite dilution. However, this is a relatively minor effect and of
less importance than contributions to non-ideality which are discussed above. For instance,
the cation or anion, or both, could disturb the solvent structure present in the pure solvent,
and this in turn would lead to modified solvent—solvent interactions which would then be
considered as non-ideal. This modification would become increasingly greater as the solute
concentration increases, giving rise to increasing non-ideality.

1.10 Macroscopic manifestation of non-ideality

The actual electrostatic potential energy of a real electrolyte solution is a sum of all these
possible interactions. Each one makes its own contribution to the total electrostatic potential
energy, and each contribution has a different weighting depending on the physical situation
being considered. The ideal electrostatic potential energy is the sum of all interactions present
in the ideal solution where the concentration of solute tends to zero. The difference between
the real actual potential energy and the ideal value represents the non-ideal electrostatic
potential energy. This can be shown to be equivalent to the non-ideal part of the total free
energy, G, of the solution, and this non-ideal part of G is often termed the excess free energy,
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GE, of the solution (see Chapter 10, Section 10.6.15). This, in turn, can be considered in the
simple primitive treatment of electrolyte solutions to manifest itself as an activity coefficient
¥4, or in a less primitive version as:

y+ plus a solvation term.

In modified treatments the excess free energy can be considered to manifest itself as:
y+ plus a solvation term plus an ion pair association term

and in more advanced treatments the effects of shape, charge distribution, polarising power
and polarisability will come in.

The term mean activity coefficient is used here, rather than an individual activity coefficient
for the cation and the anion, and is defined in Sections 8.22 and 8.23 and Worked Problems
8.13 and 8.14 and below.

The activity coefficient is defined in terms of the activity and the concentration (see
Section 8.21.1).

a=yc (1.2)
Both activity and concentration are experimental quantities. It is possible to talk about the
activity and the activity coefficient of each type of ion making up the electrolyte, but the
activity and the activity coefficient of the individual ions cannot be measured experimentally.
Activity is a property of the electrolyte solution as a whole. Hence the use of mean activities
and mean activity coefficients. The term mean is not used in its common sense of an average
quantity, but is used in a rather different sense which reflects the number of ions which result
from each given formula:

NaCl — 2ions

CaCl, — 3ions

e for symmetrical electrolytes: AB(s) — A*"(aq) + B* (aq)
va
Ve = {vavyp} (1.3)
e.g. for NaCl:

y%(NaCl) = yyu vor (1.4)
y+(NaCl) = /Yna+vor (1.5)

e for unsymmetrical electrolytes: A,B,(s) — xA’" (aq) + yB* (aq)

v ={(rar) (v )}/ (1.6)
and for CaCl,:

Vi (CaCly) = ycp+ V%r (1.7)

Vi(caCIZ) = \3/ Va2t V%r (1.8)

This will become much clearer once the thermodynamic description of activity, activity
coefficient and mean activity coefficient has been developed (see Sections 8.21 to 8.23).
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1.11 Species present in solution

In a solution the solvent is the most abundant species. The solute can exist in various possible
forms, but only the following will be discussed.

e Free ions
e Undissociated molecules in equilibrium with free ions

e Jon pairs in equilibrium with free ions and other complexes and chelates

Complexes and chelates in equilibrium with free ions and other complexes and chelates

Micelle clusters in equilibrium with free ions

The last four situations are equilibria and an equilibrium constant describes each equilibrium
(see Chapter 2). Describing the equilibrium means postulating which species are involved in
the equilibrium, which, in turn, requires that:

e it is possible actually to observe the species present by chemical and physical means; or

e chemical judgement suggests that the species do actually exist.

1.12 Formation of ion pairs from free ions

An ion pair is a physical entity with no specific chemical interactions between the ions.
The ions of the ion pair move together as a single unit and are held together by
electrostatic forces of the coulomb type acting over the short distances that the ions are
apart in the ion pair. These coulombic forces impose a certain degree of cohesion on the
unit and this is sufficiently great to overcome the tendency for normal thermal motion to
cause the ions to move around as separate particles each with its own translational degrees
of freedom.

Because the forces holding the ions together are of this physical nature, they depend on
three factors:

o the charges on the ions;

e the sizes of the ions;

e the relative permittivity of the solvent in the vicinity of the ion.

It is very important to realise that these forces are therefore independent of the chemical
nature of the ions. On this basis, it would be expected that electrolytes which have ions of the
same charge and are of similar size would have equilibrium constants of similar magnitude if

the associated species is an ion pair. This is found for some 2:2 sulphates, and for some cations
of similar size which associate with C1™(aq) or I (aq).
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1.12.1 Charge distribution on the free ion and the ion pair

e The charge on a simple ion is usually unambiguous, e.g. Mg (aq) or NO5 (aq), and the
charge distribution for such ions is probably approximately spherically symmetrical. But
the charge and the charge distribution for some ions may not be so clearly defined, for
instance:

CHj; CHZCHQCHQNHgr (aq)
(CH3 )3N+CH2CH2CH2C007 (aq)

e The charge on an ion pair is the algebraic sum of the charges on the individual ions:
e a+ 2 cation with a —2 anion gives an ion pair with an overall charge of zero, while
e a+ 3 cation with a —1 anion gives an ion pair with an overall charge of +2.

However, it is imperative to think more deeply than this.

An ion pair of zero overall charge must not be treated as though it were a neutral
molecule. At best it can be regarded as a dipolar molecule, but it is probably more like a
charge-separated ion.

e a dipolar ion pair

Mg>* (aq) + SO (aq) == (MgSO,)(aq)

e a charge-separated ion pair
Mg?** (ag) + SOF™ (aq)=—=(Mg*"SO; ") (aq)
There are important implications arising from this.

If the ion pair is uncharged:

e Interionic interactions between the ion pair and free ions and other ion pairs will be set up
and contribute to the non-ideality of the solution.

e The ion pair should be given a mean activity coefficient different from unity. This is rarely
done, but see Section 12.17.

e The ion pair will probably be able to conduct a current, though its contribution will be small
compared with that from the free ion. It is generally assumed to make a zero contribution,
but see Section 12.17.

If the ion pair has an overall charge:

o It should not be treated as though it were a single charge with a spherically symmetrical
distribution of charge.

o Itis probably more like a dipolar charged ion, e.g. CaOH " (aq) or a charge-separated ion pair
(Ca**OH)(aq).
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e For an overall charged ion pair, a mean ionic activity coefficient must always be assigned
to it, generally calculated from the Debye-Hiickel theory on the basis of the overall charge.

e It will also have a non-zero molar conductivity, though in practice the magnitude is very
difficult to assess.

1.12.2 Size of an ion and an ion pair in solution

Most size correlations for free ions have used crystallographic radii which represent the bare
ion. But there is no doubt that most ions are solvated in solution, though it is difficult to assess
precisely the extent of solvation, and hence the size of the solvated ion.
Likewise, the ion pair will be solvated, and some estimate of its size is required.
Furthermore, the change in solvation pattern on forming the ion pair is of crucial importance.
Three limiting situations can be envisaged, but other intermediate situations are possible:

e Anion pair is formed with no disruption of the individual solvation sheaths of the individual
ions, so that in the ion pair these solvation sheaths of the individual ions are in contact and
solvent is present between the ions (see Figure 1.1(a)).

e An ion pair is formed with total disruption of the individual solvation sheaths of the
individual ions so that in the ion pair the bare ions are in contact and there is no solvent
between the ions (see Figure 1.1(b)).

e An ion pair is formed with the partial disruption of the individual solvation sheaths of the
individual ions so that in the ion pairs some solvent has been squeezed out, but there is still
some solvent present between the ions (see Figure 1.1(c)).

The ion pairs which can be found are thus not necessarily identical, and there is the possibility
that different experimental methods may pick out and detect only one kind of ion pair, for
instance, detect contact ion pairs but not solvent separated ion pairs.

A further formal definition commonly used in inorganic chemistry can be proposed:

e an outer-sphere ion pair is one where one, or at most two, solvent molecules lie between the
ions.

e an inner-sphere ion pair is one where the bare ions are in contact — all solvent sheaths have
been eliminated from between the ions.

However, both inner and outer-sphere ion pairs are still solvated as the composite unit, as
are the ion pairs described as contact or solvent separated.

Although the definitions can be quite unambiguous, experimental classification into
contact or solvent separated, or inner and outer sphere ion pairs most certainly is not
unambiguous, and may even, at best, be only a guess. This is exactly the same problem as
is encountered when discussing the formal and experimental distinctions between complexes
and ion pairs.

Attempts to distinguish experimentally between the formation of:

a) ion pairs from free ions, and

b) complexes and chelates from free ions
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Figure 1.1 (a) Solvent sheaths of individual ions in contact; (b) bare ions in contact; (c) partial
disruption of the solvation sheaths of ions showing some solvent being squeezed out.

often end up in deep water, and considerable scepticism must be cast on the interpretation of
many experiments which purport to make a clean-cut distinction. Also, different experi-
mental methods may pick up behaviour typical of different types of associated species, so
that a comparison of results from different methods may add to the confusion. It is easy to
give definitions, but more difficult to decide what sort of species is present.
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1.13 Complexes from free ions

Where a complex is formed there is an intimate chemical interaction between the ions.
Some electronic rearrangement is occurring resulting in covalent interactions, in contrast to the
physical coulombic electrostatic interactions involved in the formation of an ion pair.

If complexes and chelates involve intimate chemical interactions, the extent of association
should reflect the chemical nature of the ions involved. Equilibrium constants should be
different, and possibly even very grossly different, for equilibria which superficially seem very
similar and alike, for instance, association of one species with ions of similar size and charge.
The situation is reminiscent of that found for the dissociation constants of weak acids and
bases where the magnitude of the equilibrium constants depends on the chemical nature of the
species involved. It is in stark contrast to that expected for the formation of ion pairs, where the
magnitude of the association constant is expected to be independent of the chemical nature of
the ions involved.

The metal ions:

Cu*(aq), Ni*"(aq), Co*"(aq), Zn’"(aq), Mn*'(aq)

have crystallographic radii which are very similar, and they all have the same charge, +2.
When they interact with oxalate

oxalate
and with glycinate

/O_
NHoCHoC
o)

glycinate

a wide variation in the association constants is found. The glycinates, for instance, have values
ranging from 2.75 x 107 to 4.2 x 10% mol~' dm®. Complexes are assumed to be formed.

On the other hand, it is believed that the interaction of the same metal ions with SO?[ (aq)
results in an ion pair. Here the association constants are very similar, ranging from 1.9 x 10% to
2.9 x 10 mol™" dm’.

1.14 Complexes from ions and uncharged ligands

If an associated species is formed between an ion and an uncharged ligand, it is usually
assumed that a complex is formed and that electronic rearrangements of a chemical nature
have occurred.

When aqueous NHj is added to an aqueous solution containing Cu”* ions an intense blue
coloration indicative of electronic rearrangement occurs, and the main species formed is the
complex:

Cu*(aq) + 4NH;(aq) = Cu(NH3);" (aq)
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Formation of an intimate chemical species implies a fairly drastic alteration in the solvation
sphere around the Cu®'(aq), with the NH; ligands displacing the solvent molecules from
around the ion.

1.15 Chelates from free ions

If the ligand ion is a simple ion, such as I (aq) or OH (aq), then there is only one possible
point of attachment irrespective of whether an ion pair or a complex is formed.

If a ligand has two charges located in different parts of the ion, then there are two possible
points of attachment of the cation, and if the interactions are covalent the associated species is
called a chelate:

SN /CEZ 0 SN /Cﬂz 0
Cd*"(aq) + Lo (@) == | 1 (a9

: : 2+° 3
Cd
Ligands can be ions as in the example above, but they can also be ions having neutral points
of attachment within the molecule, for instance amino acid anions such as glycinates. Does the

metal ion then simply ion pair with the carboxylate part, or does the amino part also become
involved to form a chelate?, i.e. is the product:

e an ion pair
Cu?"(aq) + NH,CH,COO ™ (aq) =—— NH,CH,COO Cu** (aq)

or

e a chelate?

Cu?* (ag) + NH,CH,COO™ (aq) =—= C|3H2—|C=O(aq)
NH, O

it

Evidence, mainly spectroscopic, suggests that the associated species is a chelate in this case.
Ligands can also be neutral, and act by virtue of their lone pairs, e.g. the standard chelating
agent NH2CH2CH2NH2

1.16 Micelle formation from free ions

Here clustering of ions of like charge occurs to give a cluster of colloidal size. Unambiguous
detection of micelle formation is fairly easy experimentally because:

e Formation gives clusters of such a size as to be detected by standard techniques for colloidal
solutions such as Tyndall’s beam effect where scattering of light by the solution occurs.
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e Abrupt removal of such large numbers of ions from solution gives such a dramatic change in
the properties of the solution that the effect is easily detected.

Electrolytes showing clustering properties are typified by paraffin chain salts where there is
a long paraffin-like chain with a cationic group at the end, as in a quaternary ammonium
group:
CH;CH,CH,CH,CH,CH,N" (CH3),

or a paraffin-like chain with an anionic group at the end like the carboxylates in soaps, and
sulphonates in detergents:

CH;CH,CH,CH,CH,CH,COO~
CH;CH,CH,CH,C¢H,S03~

These electrolytes behave like a non-associated electrolyte up to a certain concentration,
and then alter abruptly, with the properties changing dramatically. This is attributed to the
rapid onset of micelle formation at a certain critical concentration. In the micelle, the paraffin
chains face inwards with the charged groups lying on the outer surface where their charge is
partially neutralised by small simple ions of opposite charge, ‘counter ions’, fitting into the
spaces of the cluster. Overall this has an effect on the properties of the solution similar to that
expected if large numbers of ions are removed from solution.

Added salts can encourage the aggregation of ions to micelles, ‘salting out’. This is of
considerable importance in biological electrolytes, such as bile salts and phospholipids.

Micelles and polyelectrolytes must always be clearly distinguished. Many biological
electrolytes are long chain species, for instance, proteins, where the individual molecule or
electrolyte is similar in size to the micelle. Many such polyelectrolytes have positive and
negative groups occurring alternately or irregularly along the chain. The biggest difference
between micelles and biological polyelectrolytes is in the relative mobility of the polymer
segments of the polyelectrolyte which are often coiled but can become uncoiled on addition of
electrolytes which bind to the polyelectrolyte. In contrast, the micelle can break up into its
individual ions, that is, it can come to pieces, whereas the polymer does not. The electrostatic
and configurational energy changes are not well understood and represent a challenge to the
biologist and chemist alike. Solvation effects are also of major consideration, and have been
shown to be of crucial importance.

1.17 Measuring the equilibrium constant: general
considerations

This is generally given by comparing the behaviour expected for a given situation with what is
actually observed.

The expected or predicted behaviour of the solution is worked out on the basis of a
postulate of the solution being made up of free ions only,
and this, in turn,
requires that there is a theoretical base-line which describes the behaviour expected
for a solution made up totally of ions,
since
without this theoretical base-line of predicted behaviour it is impossible to start to
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infer from the observed experimental behaviour anything about possible species
actually present if any of the processes discussed in Sections 1.13 to 1.17 occur,
because
it is precisely the deviations from this base-line which are used to infer the
existence of particles other than free ions.

1.18 Base-lines for theoretical predictions about the behaviour
expected for a solution consisting of free ions only, Debye-Hiickel
and Fuoss-Onsager theories and the use of Beer's Law

1.18.1 Debye-Hiickel and Fuoss-Onsager equations

Setting up base-lines presupposes that it is known exactly how a solution consisting of free
ions only would behave over a range of concentrations, and it is precisely here that problems
arise. The theory behind the setting up of base-lines for the Debye-Hiickel and Fuoss—Onsager
theories is given in Chapters 10 and 12, and only the conclusions are summarised here.

The equations are:

log,oy+ = —A|lez|\/i Debye-Hiickel limiting law (1.9)
—Alz122|V1 .
logjpys = Hle% Debye-Hiickel equation (1.10)
—A 1
logyv. = lfﬁ/\? + bl Debye-Hiickel extended equation  (1.11)
A=A—58c Fuoss-Onsager limiting law (1.12)

A =A"—S\/c+ Eclog,c+Jc  Fuoss-Onsager extended equation  (1.13)

where:

1 is the ionic strength,

A is the molar conductivity at finite concentrations,
A is the molar conductivity at infinite dilution.

The constants A and B are defined in Section 10.6.16 and S, E and J are defined in Section 12.10.

In these equations, with the possible exception of Equation (1.11), all quantities on the right
hand side are known or calculable, and in this respect these equations should be excellent as
base-lines for predicting the behaviour of electrolyte solutions. These equations account for
non-ideality resulting from long range coulombic interactions, and can be used to predict the
behaviour expected for such a solution. Any deviation from this predicted behaviour is then
interpreted as due to some process which is removing ions from solution. This could be
incomplete ionisation for a weak acid, or formation of a complex or an ion pair or other
equilibria. A comparison of the actual observed behaviour of the solution with that predicted
after non-ideality has been considered often leads to a determination of an equilibrium
constant for the process assumed to be occurring. This all presupposes that the equations
correcting for non-ideality are valid.
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These two base-lines are based on theories which are conceptually very similar, and deal
directly with non-ideality resulting from coulombic interionic interactions.The third base-line
is totally different conceptually. It is based on Beer’s law which describes the intensity of
absorption of radiation by a solution as a function of concentration. It does not deal with
non-ideality, and assumes that non-ideality of the coulombic interaction type has no effect on
the theoretical expression.

1.18.2 Beer's Law equation

Spectroscopic and spectrophotometric methods are a standard way of identifying equilibrium
processes and ascribing equilibrium constants to them. These methods are based on absorption
of radiation by the species present in solution. The technique can be described qualitatively by
saying that:

e The position of the lines in the spectrum gives the nature and identity of the absorbing
species.

e The intensity of the lines gives the concentration of the absorbing species.

The intensity and the concentration are related by Beer’s law which is the base-line for
electrolyte studies by spectroscopic techniques.

I
10g1070 =A=¢cd (1.14)
where [ is the incident intensity,

I is the intensity of the radiation transmitted,
A is the absorbance of the solution, and is directly measured by the instrument,

¢ is a constant of proportionality — the molar absorption coefficient — and this depends on the
nature of the absorbing species,

c is the concentration of the absorbing species,
d is the path length through which radiation is transmitted.
A and ¢ depend on the wavelength of the radiation used.

It is generally accepted that Beer’s law is valid over most experimental concentrations.
Deviations from the predicted values are interpreted as due to removal of the absorbing
species by some equilibrium process, and a value for the equilibrium constant can be
calculated.

Spectroscopic methods are also used to study equilibria in solution where new peaks are
obtained when an equilibrium process is set up in solution. Observation of a new peak is
indicative of a new species being formed, and study of that new absorption using Beer’s law
should generate an equilibrium constant. Spectroscopic methods can also help to distinguish
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between inner and outer-sphere associated species. For instance, there are theoretical and
experimental reasons for assuming that:

e The visible spectrum picks up inner-sphere ion pairs and complexes.
e The UV spectrum picks up outer-sphere ion pairs and complexes.

One advantage of this method is that the deviations from expected Beer’s law values are not
attributable even in part to non-ideality, but are totally due to the setting up of an equilibrium
process, in contrast to activity and conductance methods where deviations may be due to
unaccounted for non-ideality plus association.

1.19 Ultrasonics

This technique has been used to determine association constants for equilibria in electrolyte
solutions, particularly for ion association. It has also been used to study solvation effects on
ion association (see Section 13.10.5).

A sound wave is passed through an electrolyte solution in which there are species present at
equilibrium. This is done over a range of frequencies of the sound wave, and the absorption of
sound energy by the solution, or the velocity of the sound wave is measured for each frequency.
The sound wave is equivalent to a pressure wave or to a series of alternating temperatures, and
these call for a corresponding wave of new equilibrium positions to be set up.

If the concentrations of the species present in solution can alter rapidly enough then each
new equilibrium position can be set up as each new temperature is attained. When this
happens, the equilibria and the concentrations can keep in phase with the periodic displace-
ment of the sound wave and there is no great change in the velocity or absorption of the wave.

If reaction does not happen fast enough, then the concentrations of the species present will
not alter with the periodic displacement and the required new equilibrium positions are not
set up. Again the absorption of energy or the velocity of sound will not alter much over a range
of frequencies.

If, however, the concentrations can alter rapidly enough, and the new equilibrium positions
can be set up but are out of phase with the periodic displacement of the sound wave, then this
shows up as an increase in the velocity of the sound wave, or as a dramatic increase in the
absorption of sound (see Figure 1.2(a) and (b)). Each time this happens an equilibrium process
is adjusting itself. The number of times this happens shows directly the number of
equilibrium processes occurring in the solution which are being disturbed by the sound
wave (see Figure 1.2(c) and 1.2(d)). Sometimes two or more peaks are superimposed, but
these can be resolved by standard curve-fitting techniques.

The beauty of the ultrasonic method lies in this possibility of picking out how many
equilibrium processes are present, and multistep equilibria can often be disentangled with
relative ease. This is something which the other methods are either incapable of, or which they
can only do with difficulty and ambiguity.

However, there still remains the fundamental problem of identifying the process
chemically. Identification of the process in the chemical sense is ambiguous as there is
no direct chemical observation of the system. It is easy to distinguish between chemical
processes and physical processes, such as ion—solvent interactions or energy transfer, by
the frequencies at which the maxima in the absorption of sound occurs. Identification of
the chemical equilibria and the chemical species present are inferred through a fit of
theory plus inference with experiment, and the data may be susceptible to more than one

interpretation. One clue which has been used is that the frequency at which absorption of
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the sound wave occurs is related to the rate constants for the processes involved. This means
that fast processes are more likely to involve ionic processes rather than covalent interactions.
One other clue allows distinctions to be made between inner and outer-sphere species. If
the frequency at which the maximum in the absorption of sound is found is independent of
the nature of the cation, an outer-sphere species is involved. When solvent molecules separate
ions, this means that the nature of the cation has less effect. If the frequency depends on the

nature of the cation, then an inner-sphere species is involved.
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However, inference and chemical knowledge are still the main basis for attributing a
particular type of chemical process to a given absorption.

1.20 Possibility that specific experimental methods could
distinguish between the various types of associated species

This will be discussed where appropriate throughout the book and below, but it is worthwhile
issuing a word of caution here when assessing the likely success in making such distinctions.
In fact, no technique has yet been devised which will enable an unambiguous and categorical
distinction to be made between the various possible types of associated species. Claims that a
technique can do so must have the evidence critically assessed. Ultrasonics and spectroscopic
methods probably allow a distinction to be made with reasonable certainty between outer and
inner-sphere ion pairs, while conductance work and scattering of light experiments allow
micelle formation to be picked up very easily, but these are quite exceptional achievements in
the field of association. Inferences made from thermodynamic and kinetic experiments have
often been used, but they rely very heavily on being able to predict a model for the ideal
solution — a topic fraught with difficulties as will be seen when the theories of electrolyte
solutions are discussed.

1.21 Some examples of how chemists could go about inferring
the nature of the species present

Various examples will be given throughout the book, and the following is only a brief survey
with highly selective coverage, the main idea being simply to illustrate how to go about using
experimental results to infer something about the chemical nature of the solution being
studied. It would be useful to keep these examples in mind as the more theoretical aspects
of electrolyte solutions are being developed.

(i) A combined spectroscopic and K, magnitude example

e The association constants for equilibria involving Co®(aq) with SO} (aq) and S,0% (aq)
are very similar:

Kcoso, = 2.3 x 10 mol~'dm®.  Kcos,0, = 1.2 x 10> mol ' dm®.

Inference: The associated species are of very similar nature and are likely to be ion pairs since
formation of an ion pair is influenced mainly by the charges on the associating species which
are the same here.

e Both species show changes in the UV absorption, but formation of the thiosulphate
associated species gives a change in the visible spectrum while formation of the sulphate
does not.

Inference: CoSOy(aq) is an outer-sphere solvent-separated ion pair; CoS,05 is an inner-
sphere contact ion pair.
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(ii) Ultrasonic studies

Sulphates of Ni*"(aq), Mg**(aq), Ca®"(aq), Mn*"(aq), Co”"(aq), Al’*(aq), Zn*"(aq),
Be?*(aq) give two absorption maxima, with the high-frequency maxima being independent
of the nature of the cation, and the low-frequency maxima being dependent on the nature of the
cation.

Inference: The following equilibria are set up:

diffusion
M**(aq) + SO~ (aq) — (M?**(H0),50;")(aq)

outer-sphere solvent-separated ion pair
——= (M*"(H,0)S0;")(aq) == (M**S0O;")(aq)
B C

outer-sphere solvent- inner-sphere contact

separated ion pair contact ion pair

e Two maxima mean two equilibria to be identified. A is ruled out because diffusion is
unlikely to give absorption of sound at the frequencies involved.

e The high-frequency maxima which are independent of the nature of the cation suggest that
both species are solvent separated. This suggests that equilibrium B is involved here.

e The low-frequency maxima which are dependent on the nature of the cation suggest that the
equilibrium involves a species with no solvent between the ions. This suggests that
equilibrium C is involved here, since in this equilibrium the last H,O molecule is being
expelled to give the contact ion pair.

(iii) Another spectroscopic example

When SO?f(aq) is added to a solution containing [(Co(NH3)5H20)]3+(aq), a slow process is
observed in the visible spectrum, and an immediate very rapid change is noted in the UV
spectrum.

Inference: Two equilibria are involved:

[(Co(NH; )sH,0)** (aq) + SO} (aq) === [{Co(NH;);}**SO} | (aq) + H,0(1)
or [Co(NH3)5S04] " (aq) + H,O(1)

[(Co(NH;)sH,0)[* (ag) + SO (aq) === [{Co(NH;)sH,0}**solvent SO (aq)

e The slow change in the visible spectrum is attributed to equilibrium (A). A change in the
visible spectrum suggests formation of a contact ion pair [{CO(NH3)5}3+SOZ’] (aq) or a
complex ion [Co(NH3)sSO4]"(aq). A slow change suggests formation of a complex with
replacement of H,O by SOi_. This would mean an intimate chemical rearrangement
involving covalent bonds.
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e The fast change in the UV spectrum is attributed to equilibrium (B). Change in the UV
spectrum suggests an outer-sphere solvent-separated species. A fast change would suggest a
simple physical formation of an ion pair.

(iv) Use of Bjerrum’s theory

Bjerrum’s theory (Section 10.12) deals explicitly with formation of ion pairs, and can be used
to calculate an expected value for the association constant for an equilibrium between two ions
and an ion pair. This predicted value can be compared with the observed value.

The conclusions are:

e If the two values are similar, then it is likely that ion pairing is involved since Bjerrum’s
theory deals explicitly with short-range coulombic interactions which are predominantly
dependent on the charges on the ions.

o If Kobserved > Kpjerrum, then it is likely that complexing is involved since a much larger
K.ssoc Would suggest additional interactions over and above those involved in Bjerrum-type
association which is dependent on electrostatic interactions only. The differences between
the observed and predicted values would have to be sufficiently large for them not to be
easily attributable to inadequacies in the theoretical base-line for analysing the data, or in
the derivation of the Bjerrum equation itself.

(v) Application of thermodynamic reasoning

Most of these methods are based on correlations of the observed equilibrium constant with
properties like: atomic number of the cation, type of cation, type of anion, type of ligand, pK of
the ligand if it is a weak acid or weak base, crystallographic radii, solvated radii, electrostatic
interaction energies, ionisation energies of the cation, symmetry of the ligand and more exotic
properties.

Ion association can be described as:

M —i—Am_(aq) N MA(n—m)+(aq)

MA(nfm)Jr (n—m)*
Kassoc = <[ HV (1015)
equilib

[Mn+] yn+ [Am*] ym—

with AG? = —RTlog,Kssoc (10.16)

since AG? = AH” — TAS’ (10.17)
AH’ As?

1080 Kassoc = — 10.18

Of108as0e = =5 303 T 2303k (10.18)

Equations 10.17 and 10.18 show up the fundamental flaw in any such correlation. AG? and
hence K0 are composite quantities, and values of AG? or K. could be very similar for
different systems simply because variations in AH? and AS? compensate out. Care must be
taken to ensure that this is not the case. This is especially so when the conclusions from the
experimental data depend crucially on the magnitude of AG? (or Kygsoc), OF on an observed
variation of AG? or K. with properties such as those listed above. Ideally both K. and
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AH . should be measured and from this AS? = can be found. Modern precision calorimetric
data allow highly accurate values of AH’  to be found and in turn this can lead to very
accurate ASY_ values.

This fundamental problem is one which has also been shown to be of supreme importance
when solvation is being considered.

However, unless both AG? (or K,0c) and AHY  are measured, then the experimenter is
forced into using the old correlation methods. Useful information can be obtained provided the

interpretation is not pushed too far.



The Concept of Chemical Equilibrium:
An Introduction

This chapter introduces very elementary, but fundamental, ideas and concepts of chemical
equilibrium. Most of the topics mentioned will be developed in further chapters. However, it is
very important that the simple concepts given in this chapter are understood before proceeding
further. This chapter is more an explanatory revision exercise than a formal development of
new ideas.

Aims
By the end of this chapter you should be able to:
o distinguish between irreversible and reversible reactions;

e understand the significance of the position of equilibrium, and the approach to
equilibrium;

e list the species present at equilibrium, and quote the algebraic form of the equilibrium
constant, K, for any reaction;

e predict the direction of reaction from experimental data;

e have a qualitative knowledge of the effect of temperature and pressure on the
equilibrium constant;

e know the distinction between stoichiometric and actual concentrations, and be able to
formulate the relation between them;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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e see the importance of the concept of electrical neutrality for electrolyte solutions, and
use it to obtain relations between the actual concentrations of the ions in the solution.

2.1 Irreversible and reversible reactions

The concept of equilibrium is one of the most fundamental ideas in chemistry, and is highly
relevant to the study of electrolyte solutions. When reactions occur, two situations can result:

e reaction can either proceed to completion when the reactant which is not in excess is
completely converted to product, e.g. the reaction of S,05>(aq) with I (aq), proceeds to
virtual completion. Such reactions are called irreversible.

$,05 ™ (aq) + 21" (aq)—2S0; ™ (aq) + I>(aq)
or

e reaction does not proceed to completion and a constant amount of reactants and products are
present finally, e.g. the reaction

CH;3Br(aq) + I (aq) == CH;I(aq) + Br~(aq)

does not go to completion and constant amounts of reactants and products are present even

when all apparent reaction has ceased. Such reactions are termed reversible and the final

state is called being at equilibrium. The progress of the reaction to the final state is
described as the approach to equilibrium.

These two reactions are sufficiently slow for the reaction to be easily followed with time.
However, this need not be the case and the final state can be set up very rapidly indeed, with the
outward appearance of an instantaneous reaction. Most equilibria involving electrolytes fall
into this category, and the special techniques of fast reactions would be needed if the approach
to equilibrium were to be demonstrated.

2.2 Composition of equilibrium mixtures, and the approach
to equilibrium

At equilibrium all the species involved in the equilibrium must be present.
The following are examples where there is a rapid approach to equilibrium:

e ethanoic acid dissolved in H,O(1) has undissociated ethanoic molecules, the ethanoate ion,
H;07(aq), and H,O(l) all present.

CH;COOH(aq) + H,O(1) —— H30%(aq) + CH3COO (aq)
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e in the formation of a solution of the complex:

Fe’'(aq) + SCN™ (aq) —— FeSCN*"(aq)
3+ - 2+
Fe’*(aq), SCN™(aq) and FeSCN”*(aq) are present.

e formation of the ion pair, CaOH™:
Ca’"(aq) + OH (aq) —— CaOH" (aq)

gives an equilibrium mixture Ca*>"(aq), OH (aq) and CaOH " (aq).
Heterogeneous reactions behave similarly. The solubility of sparingly soluble salts is an
example of a heterogeneous reaction where equilibrium is set up rapidly.

e BaSOy,(s), Ba2+(aq) and SO427(aq) are all present at equilibrium in the reaction:

BaS0,(s) = Ba’*(aq) + SO (aq)

e in the redox reaction:

Fe’* (aq) + Ag"(aq) = Fe’*(aq) + Ag(s)

all four species are present.

A very important point:

These observations can be summarised in the general statement that at equilibrium all of the
species involved in the reversible reaction must be present simultaneously. It is particu-
larly important to remember this when a heterogeneous reaction is involved, e.g. in the
solubility and redox reactions the solid phases BaSO, and Ag must be present at
equilibrium.

The equilibrium which is set up is a dynamic state where the forward and back reactions
are still occurring, even although it would appear that reaction has ceased. It is not possible
to demonstrate this experimentally, but it is nonetheless one of the fundamental properties of
equilibrium.

2.3 Meaning of the term ‘position of equilibrium’
and formulation of the equilibrium constant

Experimental determinations of the composition of reaction mixtures at equilibrium leads to
the concept of the position of equilibrium, and to a further general principle about chemical
equilibria: the meaning and formulation of the equilibrium constant. This is one of the most
important principles in the whole of chemistry and governs many aspects of the behaviour of
electrolyte solutions.

This chapter examines the experimental basis for the algebraic form of the equilibrium
constant for a given reaction and the consequent implications. In Section 8.14 the theoretical
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derivation of the equilibrium constant using the principles of thermodynamics is given. This
will demonstrate why experimental results lead to a specific expression for the equilibrium
constant and no other.

The reaction:

Fe’*(aq) + Ag" (aq)=——Fe " (aq) + Ag(s)

can be followed using analytical techniques. [Fe”], [Ag*] and [Fe3+] can be followed with
time, and when the concentrations become constant, reaction is at equilibrium. The relative
amounts of each substance in the equilibrium mixture specify the position of equilibrium. If
the experiment is repeated with different initial conditions, it is still found that the concentra-
tions approach constant values, but these differ according to the initial amounts of reactants
and/or product taken. From this it is clear that the position of equilibrium is not unique, but
depends on the circumstances of the experiment. The position of equilibrium can also be
illustrated in terms of the fraction of reactant converted. This can be defined as {the amount
reacted/the total amount of reactant present initially }:

[Fe?*] ([Fez+]inilially - [Fez+]

[Fe>]

converted __

[Fe>]

fraction of Fe?" (aq) converted = cqitium) (2.1)

initially initially

A similar quantity can be formulated for Ag*(aq):

Aot A+'i' 7A+ui"u
fraction of Ag™(aq) converted:[ £ Jeomerca = ([Ag Jucany — (A2 Jegittrim) (2.2)

[Ag+]imnauy [Agﬂmmauy

These quantities will also depend on the initial conditions.

The experimental data also allows the algebraic relation between these equilibrium
concentrations to be investigated. It is found that when reaction has reached equilibrium
the quotient:

F 34

([F[H?[A]*']) takes a constant value at a fixed temperature, and takes a different value
€ g

at other temperatu:es. This is called the equilibrium constant. In particular, it is this specific

quotient that is constant at constant temperature and no other, e.g. the quotients

[Fe*"][Ag™] [Fe** [Ag"]
relations could be tested against the experimental data and the numerical values of these
quotients would also vary with the experimental conditions.

Experiment can thus furnish:

Fe3*1? Fe3+12
<&> or (L do not take a constant value. Other possible algebraic
eq eq

o the composition of the equilibrium mixture, and consequently the position of equilibrium,
and that these vary with the experimental conditions.

o the algebraic form of the equilibrium constant and its numerical value. These are shown to
be independent of the experimental conditions, and the equilibrium constant takes a unique

value at constant temperature.

Other reactions can be considered in the same way.
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e For the ionisation of ethanoic acid:

CH;3;COOH(aq) + H,O(1) —— H307 (aq) + CH;COO™ (aq)
[H;07][CH;CO0 ™|
[CH;COOH]
is no term for [H,O] in this expression. That this is so becomes abundantly clear when the

thermodynamic equilibrium quotient is derived.

the quotient which is constant at equilibrium is: ( ) . In particular, there
(&

e For the redox reaction:
2Cr*" (aq) + Sn*" (aq) =——=2Cr’" (aq) + Sn** (aq)

C 3+12 S 2+
the quotient which is found to be constant is: %
Cr2+] [Sn4+] w0

e For the heterogeneous solubility reaction:

CaF,(s)=——Ca>*(aq) + 2F (aq)

the respective constant expression is the product: ([Cazﬂ [F’]z)
eq

e For the complexing reaction:

Hgl,(s) + 21" (aq) =——=HglI;  (aq)

2—

the quotient is: ([I?Igl]“ }>

For the heterogeneous rethions, there are no terms for the solid phases in the equilibrium
expressions, and this can be easily shown to be the case experimentally. Altering the amount of
solid present has no effect on the constancy of these quantities at equilibrium. Again that this is
so can be demonstrated conclusively by the thermodynamic derivation of the algebraic form of
the equilibrium relations (see Section 8.14).

These constant expressions are termed ‘the equilibrium constant, K’, and this takes a
constant value at a given temperature. The numerical value generally varies with temperature.

Each of these expressions has a subscript ‘eq’ to emphasise that the quantity is that found at
equilibrium. This is done deliberately to distinguish the equilibrium situation from the
corresponding quantity for situations when the reaction is not at equilibrium.

2.3.1 Ideal and non-ideal equilibrium expressions

All of the equilibrium relations quoted above are ideal expressions, where quotients of
concentrations are constant. But in fact all the solutions will be non-ideal and the observed
equilibrium constant will have to be corrected for non-ideality using activity coefficients for
each species appearing in the equilibrium expression. In practice, extrapolation procedures

VI

involving the ionic strength are used, generally by plotting log Kops Vs. i where the K'is a
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quotient of concentrations (see Sections 8.22 to 8.27). However, for a first discussion of the
algebraic form of equilibrium constants, it is simpler to consider the ideal form of the
equilibrium relations.

2.3.2 Prediction of the ideal algebraic form of the equilibrium constant
from the stoichiometric equation

This is necessary if an elementary discussion of the principles of equilibrium is given before
the full thermodynamic derivation of the algebraic form of the equilibrium constant. Much can
be said about equilibrium without a thermodynamic approach, and without inclusion of the
effects of non-ideality, i.e. without involving activity coefficients.

The algebraic form of K can be deduced directly from the stoichiometric equation, with the
proviso that there are no terms in the algebraic expression for a pure solid, a pure liquid or the
solvent if they appear in the stoichiometric equation. This can be contrasted with the fact that
at equilibrium all the species involved in the equilibrium must be present. The general
reaction:

aA + bB——=cC + dD

where all the species reacting are either in the gas phase or in solution, has an equilibrium

constant:
_ (eI D)
_ ([A]Q[B,,})eq 2

The stoichiometric coefficients in the stoichiometric equation describing the reversible
reaction appear as powers in the equilibrium relation.

Worked problem 2.1
Question
Write down the algebraic expression for the equilibrium constant for the following reactions:

e CO(g) + 2H(g) = CH30H(g)

NHzCOONH4(S) —— 2NHj; (g) + CO, (g)

Hg?*(aq) + Hg(l) == Hg3" (aq)

AgCl(s) + 2NH;(aq) ——= Ag(NH3)2+(aq) + Cl™ (aq)
e La(OH),(s) —— La*'(aq) + 30H (aq)

o [Co(NH,)¢]*" (aq) + 6H;0" (aq) == [Co(H,0)¢]*" (aq) + 6NH; (aq)
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Answer
_ ([CH;0H]

*h= ([co JIH] >
e K= (INH ] [COa))q

K= ( [Hg2*] )
K ( g(NH3);][CI- ])

INH; 2 w

o K = ([La**][OH ),

_ ( [Co(H0)3 'J[NH;° )
[Co(NH3) |[H:07]° )

2.4 Equilibrium and the direction of reaction

The isomerisation of glucose in aqueous solution can be used to illustrate this.

«a glucose(aq) = B glucose(aq)

39

The concentrations of the « and B forms found at various times throughout reaction are given

in Table 2.1.
These data illustrate several points:

e This reaction does not proceed to completion. At very long reaction times there are

significant amounts of both « and B forms present.

e When the concentrations of the o and 3 forms are plotted against time both approach a non-

zero asymptote, i.e. a plateau is reached.

[A]

e The quotient -— does not remain constant throughout reaction, but gradually approaches a

[o]

constant value which is that value found at very large times. This constant value is the

equilibrium constant.

Table 2.1 Isomerisation of « and B glucose at 15°C

% 0.01956

0.01736 001570  0.01475
mol dm

[£] 0 0.00220 000386  0.00481
mol dm
% 0 0.127 0.246 0326
o
time 0 100 200 300

0.01394

0.00562

0.403

400

0.01242

0.00714

0.575
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e In particular, for the data given, the quotient gradually increases until it reaches the
equilibrium value. The only way in which it can do so is for more B to be formed
progressively, and for more « to be removed.

This can be summarised as:

o If the quotient of concentrations < the equilibrium quotient, then reaction will occur in
such a direction that the quotient increases up to the equilibrium value, i.e. reaction will
occur in the forward direction. Once the equilibrium value is reached, the reaction is in its
equilibrium state, and the quotient of concentrations remains constant. In the present
context this would correspond to the situation where reaction occurs with only « initially
(see Table 2.1), or with a mixture of o and § forms such that the quotient of concentrations is
less than the equilibrium value.

o If the quotient of concentrations > the equilibrium constant, then reaction will occur in
such a direction that the quotient decreases to the equilibrium value, i.e. reaction will occur
in the back direction. Again, once the equilibrium value is reached, the reaction is in its
equilibrium state and the quotient of concentrations remains constant. In the present context
this would correspond to a situation where reaction occurs with only g initially, or with a
mixture of o and B forms such that the quotient of concentrations is greater than the
equilibrium value.

o If the quotient of concentrations = the equilibrium constant, then the reaction is at
equilibrium and the quotient will remain constant. This would happen if a mixture of & and
B forms of a composition which gives the equilibrium quotient is taken. No overall reaction
would occur and the composition of the mixture would remain constant.

The difference between a quotient or product of concentrations for situations not at equili-
brium, and that for equilibrium can be further illustrated by considering the following
equilibrium:

SrSO4(s) = Sr’"(aq) + SO; ™ (aq)

In this case when equilibrium is established all three species are present. The equilibrium
product is ([Sr”][SO?[])eq and this takes a constant value at any given temperature. If
solutions of Sr(NOj3),(aq) and K,SO4(aq) are mixed, predictions can be made as to whether
equilibrium between SrSOy(s), Sr2+(aq) and SO427(aq) can be set up for given compositions
of the mixture.

e Ifinitially the quotient, [Sr**][SO; 7] > ([Sr**][SO;]),, then reaction would occur so that
the product can decrease to the equilibrium value, i.e. the back reaction would occur and
precipitation of SrSO4 would occur. This would continue until the concentrations had
decreased sufficiently so that [Sr*"][SO3~] = ([Sr*T][SO3"]),,, at which stage equilibrium

is established.

eq’

e If initially [Sr**][SO3] < ([Sr*"][SO3 )., then SrSO4(s) cannot be formed, and no

precipitation is observed.

eq’
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But note: if solid SrSO, were present initially, dissolution could occur. Provided sufficient
solid is present initially, dissolution will continue until the product, [Sr*"][SO3~], has
increased to the equilibrium value, ([Sr2+][SOi_])eq, at which stage equilibrium is reached,
and no more solid will dissolve. If insufficient solid SrSO, is present initially, and even if it all
dissolves, there is no way in which the product, [Sr*"][SO3 ], can ever reach the equilibrium
value, ([Sr**] [SO%’])eq. Equilibrium can never be reached.

e If the quotient, [Sr**][SO"] = ([Sr*"][SO7])
there would be no change.

eq» then equilibrium conditions exist and

These arguments are standard for all reversible reactions, and discussion of what happens
when reactants and products are mixed, and, in particular, the prediction of the direction of
reaction, are individual for each reaction. The basic principles, however, are identical for all
cases. Typical reversible reactions for electrolyte solutions involve acid—base equilibria, ion
pair, complex and chelate formation, and heterogeneous reactions such as solubility of
sparingly soluble salts.

Worked problem 2.2
Question

The reversible reaction between methyl bromide and the iodide ion occurs according to the
stoichiometric equation:

CH;Br(aq) + I (aq) = CHsl (aq) + Br (aq)

(i) Write down the form of the equilibrium constant.

(ii)) When CH;3Br(aq), CH3l(aq), I (aq) and Br™(aq) are mixed at 25°C and the reaction has
come to equilibrium, the equilibrium concentrations are:

[CH3I] = 8.45 x 107> mol dm™>,  [CH3Br] = 1.21 x 10~ mol dm >,
[Br7] = 2.46 x 1072 mol dm 2, [[7] = 1.04 x 1072 mol dm >

Calculate the equilibrium constant.
(iii) Initially [CH3I] = 8.89 x 102 mol dm~>. In what direction has reaction occurred?
(iv) Calculate the initial concentrations of CH;Br(aq), Br (aq) and I (aq). Find the

magnitude of the quotient of initial concentrations, and from this predict the direction
of reaction.

Answer

. [CH31)[Br ]
W K= ([CstrMI])eq
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(i) K ([CH3I] [Br]) 8.45 x 103 mol dm ™ x 2.46 x 10~2mol dm~>
11 = =
eq

=16.5

[CH3Br|[I7] /., 1.21 x 103 mol dm™> x 1.04 x 10-2mol dm™>

(iii) [CH5]] = 8.89 x 1073 mol dm™>

initially

[CH;]] = 8.45 x 1072 mol dm?

finally

Since the CHsl concentration has decreased, reaction has gone from right to left, i.e.
reaction has occurred in the back direction.
(iv) Decrease in [CH3I] = 0.44 x 10~ mol dm >

From the stoichiometric equation:

x mol of CH3Br reacts with x mol of I"to give x mol of CH;I and x mol of Br™
~.decrease in [CH;I] = increase in [CH;Br] = 0.44 x 10~ mol dm ™’
.".[CH;Br],,, = [CH;3Br] + increase in[CH;Br]
.. [CH3Br}; 5y = [CH3Br],, — increase in [CH3Br]

= (121 x 107> — 0.44 x 10~*) mol dm >

=0.77 x 107° mol dm™>

[Ii]eq - [Ii]inilially + increase in [I_]

initially

[ Jinitiany = [I Jeq — increase in[I]
= [I"],, — increase in [CH;Br]
= (1.04 x 1072 — 0.44 x 10~*) mol dm™>
=9.96 x 10~ mol dm >
o= [Br]
= [Br Jinitany
[Br™ Jinigiany = [Br Joq + decrease in [CH,]]
= (2.46 x 1072 4 0.44 x 107*) mol dm?

[Br], ittty — decrease in [Br]

— decrease in [CH,]]

=2.50 x 107 mol dm™?
([CH3I] [Br]) ~ 8.89 x 10~*mol dm > x 2.50 x 10~2mol dm "’
[CH3Br)[I7] /iy 0.77 x 10-3mol dm > x 9.96 x 10-3 mol dm >
=29.0

Reaction always occurs in the direction such that the initial quotient changes until it reaches
the equilibrium quotient. In this case the initial quotient must decrease until it reaches the
equilibrium value. The only way that that is possible is for the [CH;]I] to decrease and [CH;Br]
to increase, i.e. reaction must occur from right to left, i.e. the back reaction must occur; which
is the conclusion reached earlier.
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Worked problem 2.3
Question

The dissolution of the sparingly soluble salt Ag,SO,4(s) in water occurs as:
Ag,S04(s) —— 2Ag" (aq) + SO; (aq)

(a) What species are present at equilibrium? Write down the algebraic expression for
the equilibrium constant.

(b) At20°C K = 1.2 x 107> mol® dm~°.
Explain whether precipitation of silver sulphate could occur spontaneously:

e On mixing equal volumes of 0.018 mol dm > aqueous silver nitrate and 0.024 mol dm >
aqueous sodium sulphate;

e On mixing 20cm® of 0.200moldm™> aqueous silver nitrate and 30cm’® of
0.016 mol dm *aqueous sodium sulphate?

Answer

(a) All three species must be present at equilibrium.

K = ([AgT’1S07 )

Note: Although all three species must be present at equilibrium, the equilibrium constant
expression does not include a term for the solid Ag,SO,. This is in keeping with the general
statement that the algebraic form of K can be deduced from the stoichiometric equation, with
the proviso that there are no terms for any pure solid, pure liquid or solvent. As mentioned
previously, that this is so becomes abundantly clear when the algebraic form is deduced from
the thermodynamic argument. This will be explained in Sections 8.13 and 8.14.
Remember that on mixing dilution occurs and the stoichiometric concentrations will
decrease.

e On mixing these solutions, equal volumes are used and the stoichiometric concentrations
are halved.

0.009 mol dm~* AgNOs(aq) corresponds to 0.009 mol dm > Ag™(aq) and 0.009 mol dm >
NO;™ (aq).

0.012 mol dm > Na,S0O4(aq) corresponds to 0.024 mol dm? Na*(aq) and 0.012 mol dm™3
SO3 ™ (aq).
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Whether or not precipitation occurs depends on how the product([Ag*]*[SO27])
compares with ([Ag*]*[SO27])

initially
cq-
([AZ TP [SO3 Dinigary = (9 % 1073)* mol> dm™® x 1.2 x 102 mol dm >
=1.0 x 107® mol’ dm ™’
(IAg TP [SOF J)eq = 1.2 x 107> mol® dm ™.
([Ag*[s077]) < ([AgT[S0F D¢

e.([Ag'T’[SO; ) <K

initially

initially
. . . . 2 _ .

The only process which can occur is one which will allow ([Ag"]*[SO2 Dinitiany to increase

until the equilibrium value is reached. This would correspond to further dissolution, i.e.
reaction occurs from left to right. Precipitation cannot occur.

e On mixing the second solutions, unequal volumes are used. The final volume is 50 cm®. The
stoichiometric concentrations of AgNOs5(aq) and Na,;SOy4(aq) will be

20 cm? x 0.200 mol dm ™3

= 0.080mol dm~, and

50 cm?
30 cm? x 0.016 mol dm
== 50 Cm;no B 9.6 % 10 mol dm™ respectively.
-1, .. = . mo m ° X 9.6 x 3 mo m=S.
([Ang]z[SOézt ])mmally (O 080)2 12 d 6 9.6 10 3 1d 6

=6.14 x 10~ mol® dm~°.
> ([Ag*T*[S037))
>K

([Ag']*[S037] )initially
ie.([AgT[SO7 )

eq
initially
In this case the only process which can occur is for ([Ag*]? [Sozzf])inmauy to decrease until the

equilibrium value is reached. This corresponds to the back reaction occurring, and precipita-
tion of the solid will be observed.

2.5 A searching problem

Experiment shows that for homogeneous reactions in both the gas phase and solution, all
species involved in the reversible reaction are present in the equilibrium mixture, and reaction
never reaches completion, e.g.

NH;(aq) + H;0" (aq) == NHj (aq) + H,O(l)

K= (%) ; (2.4)

Here, if acid is added to a solution of NH3(aq), no matter which of NH;3(aq) or H3O+(aq) isin
large excess, reaction will occur in the forward direction with the concentrations of both
NH;(aq) and H;0(aq) decreasing until the concentrations of all the aqueous species reach
[NH/ ]
NH;|[H307]
can only decrease until [NH3].q and [H30"]q are reached, and neither can reach zero.

their equilibrium values and the quotient ( )eq is set up. The [NH;] and [H;07]
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However, in reversible heterogeneous reactions there is the possibility that, under certain
experimental conditions, reaction can proceed to completion and equilibrium can never be
set up. This behaviour is unique to heterogeneous reactions, and can be demonstrated
experimentally. The following reactions illustrate this apparent anomaly:

SrSO4(s) = Sr**(aq) + SO; (aq)

K = ([SP*][SO; )eq (2.5)
Fe’* (aq) + Ag(s) = Fe’*(aq) + Ag”(aq)

_ ([Fe*'][Ag"]
K- <[Fe3ﬂ )eq (2.6)

In the first reaction, the solid SrSQ, is fairly soluble, and, if only a very small amount of the
solid were initially present in water, it is possible that all of it could dissolve before the
equilibrium product is reached. Reaction would then be observed to go to completion with no
solid left. Equilibrium would not be established.

In the second reaction, if a small amount of solid Ag is added to a solution containing excess
Fe*(aq), then it is possible that all the Ag(s) could be used up before the equilibrium
concentrations can be reached. If this is so equilibrium can never be set up, and it is possible
for reaction to proceed to completion in the forward direction.

However, when the back reaction is considered, equilibrium will always be set up with all
four species present. If a mixture of Fe>"(aq) and Ag "(aq) is taken, reaction will occur and the

concentrations of both ions will decrease until they reach their equilibrium values, and the
tient [Fe*]
uotient | ———
! FeJiAg"]
equilibrium values, neither can decrease to zero.

) is set up. Since [Fe“] and [Ag™] can only decrease to their finite

2.6 The position of equilibrium

The position of equilibrium gives information about the composition of the mixture once
equilibrium has been established in a reversible reaction, i.e. about the relative amounts of
reactants and products present. The magnitude of the equilibrium constant does not, in itself,
give this information since a quotient can be made up of various combinations of the quantities
contributing to the equilibrium constant. For instance, the pH of a solution depends on the
magnitude of K and the concentration of acid taken, and dilution will alter the position of
equilibrium, but K is a constant and depends only on the identity of the acid. Consequently, the
equilibrium constant and the position of equilibrium must not be taken to be synonymous.

There are situations where the magnitude of the equilibrium constant may allow inferences
to be made about the position of equilibrium, but these must be made with caution.

o If the magnitude of the equilibrium constant is large, then it is often said that the position of
equilibrium lies to the right;

e if the magnitude is small, it is said that the position of equilibrium lies to the left;

e while if it is close to unity, there are comparable amounts of reactants and products present.
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These generalisations must be used with caution as there are situations where they can give
the wrong predictions, e.g.:

For the reaction:
A 4+ mB —— AB,, where

e If [B]islarge and K is small, then there can be almost complete conversion to AB,, in direct
contradiction to the prediction above.
AB,, . . . .
<[ ] ]) = K x [B]™ and if [B] is large, then [B]” could dominate in the product,
eq

K x [B]™. Qualitatively this is expressed as: if [B] is large it will *push the equilibrium to the
right’, in contrast to the situation when [A] and [B] are comparable when there is little
conversion to product.

e If [B] is small, then even with K large it is possible that there is very little conversion, in
[ABm]
[A]
again depends on the relative values of K and [B]™. If [B] is small, then [B]"” could dominate

the product, K x [B]".

contradiction to the prediction given earlier. In this case ( ) has a magnitude which
eq

2.7 Other generalisations about equilibrium

There are other general statements which are often made, and likewise should be discussed in
terms of the principles of equilibrium:

e If products are removed continually, then the position of equilibrium is never set up.
e If products are added, then this will ‘push the position of equilibrium to the left’.
e If reactants are added, then this will ‘push the position of equilibrium to the right’.

e In electrolyte solution studies when an electrolyte is added which contains an ion in
common with the reactant or product electrolyte, then the position of equilibrium can be
altered. This is called the ‘common ion effect’, though often ‘suppression’ is the term more
commonly used. The direction in which the equilibrium position moves depends on
whether the common ion is a reactant or product.

2.8 K and pK

Experimental values of K can range over many powers of 10, and these can be expressed more
concisely in a compressed scale by taking logarithms. For instance K =2.05 X
10-3 mol dm~* can be more succinctly given as pK = 2.69, where pK = —log;oK. Most
tabulated data is given in terms of pK values rather than equilibrium constants, K. This is
analogous to the common habit of expressing concentrations of H;O" as pH values, where
pH = —log;o[H;07].
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2.9 Qualitative experimental observations on the effect of
temperature on the equilibrium constant, K

Equilibrium constants usually depend on the temperature and the general point can be made
that:

e if AH® is positive, then K increases with increase in temperature;
e if AH® is negative, then K decreases with increase in temperature;
e if AH® is approximately zero, then K is nearly independent of temperature.

This can be regarded as ‘a rule of thumb’, but the exact relation between K and temperature is
made clear from the thermodynamic analysis. This will be given in Section 8.16 and Worked
Problems 8.5, 8.6 and 8.7.

The dependence of K on temperature can show both a linear and a non-linear relation
between log.K and T or log.K and 1/T. Sometimes, as in the case of some carboxylic
acids, a maximum in K is found as the temperature is varied. This is discussed in Worked
Problems 2.5 and 8.9.

Worked problem 2.4
Question

Pure water has a detectable conductance, indicating the presence of ions. These result from the
self ionisation of water:

2H,0(1) —— H30" (aq) + OH (aq)
KW = ([H30+][OH7])eq
Note: there is no term for H,O in this expression.

The following table gives the temperature dependence of K.,. What is the sign of AH® for the
self ionisation? Find the pH of pure water at these temperatures.

Values of K, as a function of temperature

temp
°C

pKyw 14.94 14.535 14.17 14.00 13.83  13.535 13.26 13.02 12.30

0 10 20 25 30 40 50 60 100

Answer

pKy = —logy Ky, .".if pK,, decreases with temperature, then K,, must increase with tem-
perature. This tells us that AH® for the self ionisation must be positive.



48 CH2 THE CONCEPT OF CHEMICAL EQUILIBRIUM: AN INTRODUCTION

In pure water:
[H307], = [OH ],
0], = VKy
pH = —log,o[H;0"]
.".for pure water pH = —log,,vKy = 1/2pKy

From the table it becomes immediately clear that allowance must be made for this temperature
dependence.

temp

C 0 10 20 25 30 40 50 60 100
pK,, 1494 14.535 14.17 14.00 13.83 13.535 13.26 13.02 12.30
neutral 7.47 7.27 7.085  7.00 6.915 6.765 6.63 6.51 6.15
pH

Worked problem 2.5

Question

The following table gives the temperature dependence of the equilibrium constant for the
ionisation of ethanoic acid:

CH;3;COOH(aq) + H,0(aq) —— H30" (aq) + CH3;COO (aq)

_ {[H;07][CH3CO0"]
Ka_( 3[CH3C030H] )eq

Draw a graph of K, vs. T. Discuss the shape of the graph, and the significance of the shape of
the graph.

Values of K, for ethanoic acid as a function of temperature

t

fz_ncm 0 10 20 30 40 50
10°K,

I 1.657 1.729 1753 1.750 1.703 1.633

mol dm

Answer

The graph shows a maximum between 20°C and 30°C. At the maximum AH® = zero. At
lower temperatures K, increases with increase in temperature, and so in this region AH? is
positive, while to higher temperatures K, decreases with increase in temperature, and so in this
region AH® is negative.
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2.10 AQualitative experimental observations on the effect of
pressure on the equilibrium constant, K

If all the species involved in the reversible reaction are in the gas phase, then the
equilibrium constant is independent of pressure. However, if the reaction is in solution,
then K can depend on pressure as a consequence of the overall change in volume between
products and reactants, AV®. Solution phase reactions are distinct from gas phase reactions
in this respect, and it is only after the thermodynamic treatment is given that this becomes
clear.

The general point can be made that:

e if AV®is positive, then K decreases with increase in pressure;
e if AV? is negative, then K increases with increase in pressure;
e if AV? is approximately zero, then K is nearly independent of pressure.

These considerations are always pertinent if there are some species in solution, e.g. solubilities
are dependent on pressure. This is discussed in more detail in Section 8.18 and Worked
Problem 8.10(ii).

The dependence of K on temperature and pressure can give a lot of information about details
of the reaction involved. The kinetic analogues likewise give much information about the
mechanism of the reaction involved.

2.11 Stoichiometric relations

These are relations which are constantly being used in equilibrium calculations (see Section
(3.11) and can be illustrated by the following reactions.

e 2Cr’*(aq) + Sn**(aq) = 2Cr’*(aq) + Sn** (aq)

If solutions of Cr2+(aq) and Sn4+(aq) are mixed then the initial amount, i.e. the stoichiometric
amount of Cr**(aq), will end up being distributed between the Cr**(aq) formed in the redox
reaction and the Cr”(aq) left. Likewise, the initial amount, i.e. the stoichiometric amount of
Sn4+(aq), will distribute itself between the Sn”(aq) formed in the redox reaction and the
Sn4+(aq) left. The stoichiometric amount is based on the number of mol of the Cr>", or Sn*"
salts weighed out.

Relations between these quantities can be written down, and these must distinguish between
the total amount of Cr2+(aq) used and the actual amounts of Cr2+(aq) and Cr3+(aq) present,
and likewise for Sn4+(aq) and Sn2+(aq).

2 2 3
[CI’ +]tolal or stoichiometric — [CI‘ Jr}actual + [CI‘ Jr]actual (28)

[Sn4+]tola] or stoichiometric — [Sn4+]actual + [Snz—‘r}actual
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It is these actual concentrations at equilibrium which appear in the equilibrium expression:

2
K — <[Cr3+]actual [Sn2+]acllla1> (210)
eq

2
[Cr2+] actual [Sn4+]actual

e Cu’"(aq) + 4NH;3(aq)=——=Cu(NH,), (aq)

The initial stoichiometric amount of copper salt taken will end up distributed between the Cu
present in the complex and Cu®'(aq) left as uncomplexed ions in the equilibrium mixture.
Likewise the initial stoichiometric amount of NHj3(aq) taken is distributed between the
complex and the NH;3(aq) left uncomplexed in the equilibrium mixture.

2
[Cu2+]t0lal or stoichiometric — [Cu (NH3)4+]actual + [Cu2+}aclua1 (2 1 1)
2
[NH3]tolal or stoichiometric — 4[Cu(NH3)4+]actual + [NH3]aCtual (212)
2
K — ( [Cu(NH3)4+]actual ) (2 13)
Z .
[Cu2+]actual [NH3]actual eq

Note well: there is a factor 4 in the term for the complex when considering the distribution of
NH;(aq) between complex and uncomplexed NH3(aq). This must appear since four molecules
of NH; are present in each complex formed.

Such relations will be used many times throughout this book, and the many worked
problems should give plenty of practice in formulating the expressions for any specific
reaction.

2.12 A further relation essential to the description of
electrolyte solutions - electrical neutrality

All electrolyte solutions must be electrically neutral, i.e. have no overall charge with the
positive charges balancing the negative charges. This gives a further useful relation between
the actual concentrations of the ions present in an electrolyte solution. For instance, in a
mixture of NaCl(aq) and KBr(aq) there will be present Na*(aq), K*(aq), C1 (aq), Br (aq) as
well as H3O+(aq) and OH ™ (aq) from the self ionisation of H,O(l), and the total positive charge
in the solution must balance the total negative charge. The positive charge comes from
Na'(aq), K*(aq), H;0"(aq) and each ion will contribute one positive charge. The negative
charge comes from Cl™ (aq), Br™(aq) and OH ™ (aq) and each ion will contribute one negative
charge.

If each Na¥(aq) contributes one positive charge, then ny,+ mol from the NaCl will
contribute ny,+ mol of positive charge. Hence the total positive charge from the NaCl(aq)
will be proportional to the concentration, nx,+ /volume of solution, i.e. [Na*],cqar. A similar
argument will apply to the other positive charges and to the negative charges.

Summing up for the whole solution:

total positive charge = total negative charge

[Na+]actual + [KJr]actual + [H3O+]actual = [Cli]actual + [Bri]actual + [OHi]actual (214)
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Since the solution will have neutral pH, [H30 acual = [OH ™ luctual
then

[Na+]actual + [K+]aclual = [Cli}actual + [Bri]aclual (215)

When divalent ions are present this multiple charge on the ion must be included, e.g.
Ba”"(aq) present in a solution will contribute two positive charges, and the total positive
charge contributed will be 2[Ba®*uemar. Likewise if the PO43_(aq) ion were present it would
contribute 3[PO4* Jactual Of negative charge. For the redox reaction, given in Section 2.3,
where the chloride salts are used:

2Cr* " (aq) + Sn*"(aq) =—— 2Cr**(aq) + Sn*'(aq)

electrical neutrality requires:

2 _ _
Z[Cr 7L]aclual + 3[CI.SJr}actual +“'[Sn‘pr}actual + 2[Sn2+}aclual + [H30+] [Cl }aclual + [OH ]actual

(2.16)

actual —

Since the solution has a neutral pH

2[Cr2+]actual + 3[Cr3+]actual + 4[Sn4+]actua] + 2[Sn2+]actual = [Cl_]actual (2'17)






Acids and Bases: A First Approach

This chapter gives a qualitative description of acids and bases, and emphasises the importance
of the hydrated proton in such equilibria. Acids are substances which give rise to a proton, and
bases are substances which accept a proton, and thereby generate OH ™ (aq). This should set the
stage for the quantitative descriptions given in Chapters 4 to 6. This chapter is basically
revision, and where necessary gives extra detail so that a complete understanding emerges.

Aims

By the end of this chapter you should be able to:

give a description of examples of simple and complex acids and bases, and realise that
strong acids and strong bases are fully ionised in solution, whereas weak acids and
weak bases are not fully ionised in solution, and are present in equilibrium with the
products of their ionisation as an acid or base respectively;

show that the self ionisation of the solvent, here H,O(l), is an example of acid/base
behaviour;

discuss the meaning of conjugate acids and conjugate bases, and give a more detailed
account of acid/base behaviour;

recognise that acid/base equilibria are set up in solutions of salts and buffers;

formulate the algebraic expression for the equilibrium constant for a weak acid, K,
and for a weak base, Kj;

deduce the relation between K, for a weak acid and K, for its conjugate base, and the
corresponding expression for a weak base and its conjugate acid;

write down the stoichiometric relations between total and actual concentrations
which govern all equilibria.

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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3.1 A qualitative description of acid-base equilibria

An acid is a substance which donates a proton, while a base is a substance which accepts a
proton. In aqueous solution the proton, H', is generally written as H;0 " (aq) indicating that,
although the monohydrate ion is the major species, other more highly hydrated ions are
present. This is indicated by the (aq). H;0"(aq) will be used throughout this book. When a
substance acts as an acid it must give a proton to another species which thus acts as a base.
Likewise when a base accepts a proton from a molecule, this molecule must be acting as an
acid. And so acid—base behaviour does not take place in isolation. A molecule can only act as
an acid in the presence of a molecule acting as a base. Similarly, a molecule can only act as a
base in the presence of a molecule acting as an acid.
In this respect, water allows:

e acids to function as acids, and
e bases to function as bases

because it can both accept and donate protons. Because of its ability to act both as an acid or as
a base depending on the conditions, H,O(l) is termed an amphoteric solvent.

3.1.1 Acidic behaviour

acid(aq) + H,O(l) — base(aq)  + H30"(aq)
acid of (1) + base of (2) — base of (1) + acid of (2)

H,O(1) acts as a base by accepting a proton from the acidic species and in doing so is converted
into an acid, H;0™ (aq), the original acid being converted into a base. The acid-base behaviour
is essentially a proton transfer from one species to another.

Simple acids like HCI, H,SO, and H;PO,, are sources of H;0"(aq) in aqueous solution.
These are classified as:

e monoacidic or monoprotic when there is one proton available, such as in HCI;
e dibasic or diprotic when there are two protons available as in H,SOy;
e tribasic or triprotic when there are three protons available as in H;POy,.

There are also more complex molecules which act as acids, and do so by virtue of the
presence of an acidic functional group which can donate a proton to the water molecule in
aqueous solution. The simpler ones are molecules containing the carboxylic acid group,
COOH, the hydroxyl group OH, or the protonated amino group, NH;". Sometimes more than
one of these functional groups may be present.

Typical simple carboxylic acids are the monobasic ethanoic acid, CH;COOH, and benzoic
acid, C¢HsCOOH. Succinic acid is an example of a dibasic acid, and citric acid a tribasic acid.
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Biotin is an example of a complex carboxylic acid.

i
CH,COOH _Cu
CH,COOH | _oH HT TH
~
CH,COOH | “COCH HC——CH
o CH,COOH |
succinic acid H.C. __ CH(CH,)4COOH
citric acid S
biotin

Simple alcohols containing the OH group are ethanol, C;HsOH, and phenol, CcH5sOH,
while carbohydrates such as glucose are complex. All function as acids.

CH,OH
H O
%H H N
on OH
H OH
glucose

The simplest acids containing the NH; " group are the protonated amino acids such as the
protonated form of glycine, "NH3CH,COOH, or the protonated form of amino acid esters
such as "NH;CH,COOCHj;. There are more complex amino acids which can have protonated
amino acid groups, such as histidine, below.

(l:HNH2
COOH

histidine

3.1.2 Basic behaviour

base(aq) + H,O(l) — acid(aq) + OH (aq)
base of (1) + acid of (2) — acid of (1) + base of(2)

H,O(1) acts as an acid by donating a proton to the basic species and in doing so is converted
into a base, OH ™ (aq), the original base being converted into an acid. The acid-base behaviour
is again essentially a proton transfer from one species to another.

Simple bases such as NaOH and KOH act as sources of OH (aq) in aqueous solution. The
OH ™ (aq) ion is a base because it can accept a proton from a proton donor acid, HO(l), in
aqueous solution.

OH (aq) + H,O(]) — H,0(1) + OH™ (aq)
base of (1) + acid of (2) — acid of (1) + base of (2)
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NH;s(aq) also is a simple base. It acts as a base by accepting a proton from H,O(l), thereby
generating OH ™ (aq).

NH3(aq) +H,Oaq) = NHj(aq) + OH(aq)
base of (1) + acid of (2) —— acid of (1) + base of (2)

Bases which can accept one proton are termed monoacid, and those accepting two protons are
diacidic.

Typical organic bases are the primary amines containing the NH, group, e.g. methylamine,
CH;NH,, the secondary amines containing the group NH, e.g. dimethylamine, (CH3),NH, and
the tertiary amines containing the group, N, such as trimethylamine, (CH3);N. Like ammonia,
these accept a proton from H,O and thereby act as a source of OH (aq). There are many
biologically important complex molecules which act as bases through the presence of such
functional groups, e.g. thymine.

OH

NF CH3

g

thymine

HO

Some molecules contain both acidic and basic functional groups. The amino acids such as
glycine, NH,CH,COOH, are common examples and they act as an acid or a base, depending
on the circumstances.

3.2 The self ionisation of water

This equilibrium is always set up in aqueous solution. Highly purified water has a
measurable conductance corresponding to the presence of ions resulting from the
ionisation of water molecules. This is another example of acid—base behaviour involving
proton transfers.

H,O(1) + H,0(1) —— OH" (aq) + H3;0" (aq)
acid of 1 base of 2 base of 1  acid of 2

One water molecule acts as an acid by donating a proton, the other acts as a base by
accepting a proton. This equilibrium must be considered explicitly in many calculations on
equilibria in aqueous solution.

3.3 Strong and weak acids and bases

Strong acids and bases are fully ionised, or fully dissociated, in water; HCI in aqueous
solution exists totally as H;O " (aq) and Cl ™ (aq), there is no molecular HCI present. Likewise
NaOH exists totally as Na*(aq) and OH ™ (aq) and there is no molecular NaOH present.

Weak acids and bases are incompletely ionised, or incompletely dissociated, in water and
there are molecular forms of the acid or base present:
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e The ions of the weak acid are in equilibrium with the molecular form of the acid:
CsHsCOOH(aq) + H,0(1) == C¢HsCOO™ (aq) + H;0" (aq)
In general an acid is represented by HA and can donate a proton to H,O(l).
HA(aq) + H,O(1) —— A~ (aq) + H30"(aq)

e The ions of the weak base are in equilibrium with the molecular form of the base:

NH (aq) + H,0(1) = NH; (aq) + OH " (aq)

In general a base is represented by B and can accept a proton from H,O(l), thereby generating
OH™ (aq).

B(aq) + H,O(1) —— BH" (aq) + OH (aq)

3.4 A more detailed description of acid-base behaviour
3.4.1 The weak acid, e.g. benzoic acid

CsHsCOOH(aq) + H,0(1) —— C¢HsCOO ™ (aq) + H3;0" (aq)

e CcHs;COOH(aq) is an acid because it donates a proton to H,O(1) which is a base because it
accepts the proton.

e CcHsCOO (aq) is a base because it accepts a proton from H;0"(aq) which is an acid
because it donates a proton.

The equation can be labelled:
CsHsCOOH (aq) + H,0(1) m=——=C¢HsCOO~ (aq) + H3;07" (aq)
acid of 1 base of 2 base of 1 acid of 2
CcHsCOOH(aq) and CcHsCOO™ (aq) are called a conjugate acid—base pair.
H,O() and H3O+(aq) are called a conjugate base—acid pair

If a salt of CidHsCOOH is dissolved in water, e.g. CqHsCOONa(s) it is fully ionised in
solution to give C¢HsCOO ™ (aq) and Na™(aq). The anion, C¢HsCOO (aq), acts as a base:

C¢HsCOO™ (aq) + H,0O(1) == C¢H5sCOOH(aq) + OH (aq)
because it accepts a proton from the H,O(l) which is thus acting as an acid. The equation can
again be labelled as:
C¢HsCOO™ (aq) + H,O(1) == C¢HsCOOH(aq) + OH (aq)
base of 1 acid of 2 acid of 1 base of 2

CcHsCOO™ (aq) and CgHsCOOH(aq) are called a conjugate base—acid pair
H,O(1) and OH (aq) are called a conjugate acid—base pair
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There are several things to note about these two equilibria:

e when CqHsCOOH(aq) acts as an acid it generates a proton, H;O ™ (aq);
e when C¢HsCOO™(aq) acts as a base it generates an OH™ (aq);

e H,O(l) acts as a base in the presence of the acid C¢HsCOOH(aq) because it accepts a
proton;

e H,0(]) acts as an acid in the presence of the base CcdHsCOO™(aq) because it donates a
proton;

e H,0O(l) shows amphoteric behaviour.

All three equilibria are examples of proton transfer reactions.

C6H5COOH(aq) + HzO(l) —— C¢H5COO™ (aq) —+ H30+ (aq)
CsHsCOO™ (ag) + H,O(l) = C¢H;COOH(aq) + OH ™ (aq)

i.e. the unsolvated proton, H, is being transferred between two species. This is probably most
easily seen in the third reaction.

3.4.2 The weak base, e.g. methylamine
CH;3NH,(aq) + H,O(1) =—— CH;3NH{ (aq) + OH (aq)

e CH;NH,(aq) is a base because it accepts a proton from H,O(l) which is an acid because it
donates the proton.

e CH;NH;(aq) is an acid because it donates a proton to OH ™ (aq) which is a base because it
accepts the proton.

The equation can be labelled:
CH;NH,(aq) + H,O(1) —— CH;NH;J (aq) + OH (aq)
base of 1  acid of 2 acid of 1  base of 2

CH;NH,(aq) and CH;NH; " (aq) are termed a conjugate base—acid pair.
H,0() and OH (aq) are called a conjugate acid—base pair

If a salt of CH3NH,(aq) is dissolved in water, e.g. CH3NH3CI(s), it is fully ionised in
solution to give CH;NH;" (aq) and Cl (aq). CH;NH; " (aq) is an acid because it donates a
proton to the H,O(1) which is a base because it accepts the proton. The equation can be labelled
as:

CH3NH§(aq) + Hy0(1) = CH3;NH,(aq) + H;0" (aq)
acid of 1 base of 2 base of 1 acid of 2



3.4 A MORE DETAILED DESCRIPTION OF ACID-BASE BEHAVIOUR 59

CH;NH; " (aq) and CH3NH,(aq) are called a conjugate acid—base pair.
H,O(l) and H30(aq) are called a conjugate base—acid pair.

As in the weak acid case there are several things to notice about these two equilibria:
e when CH3NH,(aq) acts as a base it generates an OH ™ (aq);
e when CH;NH;"(aq) acts as an acid it generates a proton, H;0"(aq);
e H,0(]) acts as an acid in the presence of the base CH;NH,(aq) because it donates a proton;
e H,O(]) acts as a base in the presence of CH;NH;"(aq) because it accepts a proton;
e H,0(]) is again amphoteric.
All three equilibria are examples of proton transfer reactions:

CH;NH;(aq) + H,O(1) = CH;NH; (aq) + OH ™ (aq)

CH3NHY (aq) + H,0(aq) = CH;3NH,(aq) + H30™ (aq)
H,O(1) + H,O(1) = H30% (aq) + OH (aq)

3.4.3 The amphoteric solvent water

This equilibrium can be described in the same way.

H,0(1) + HO(1) =—— OH (aq) + H;0" (aq)
acid of 1 base of 2 base of 1 acid of 2

Here one water molecule acts as an acid by donating a proton, and the other acts as a base by
accepting a proton.

H,O(l) and OH (aq) are a conjugate acid-base pair while H,O(1) and H;0"(aq) are a
conjugate base—acid pair.

As in the weak acid, weak base cases there are several things to notice about this equilibrum
e when H,O(l) acts as an acid it generates a proton, H;0 " (aq);
e when H,O(]) acts as base it generates an OH ™ (aq);
e H,0(]) acts as an acid in the presence of the base H,O(l) because it donates a proton;
e H,O(]) acts as a base in the presence of the acid H,O(l) because it accepts a proton;

e H,0(]) is again amphoteric.

This equilibrium is again an example of a proton transfer

H,0(1) + H,0(1) = OH " (aq) + H;0" (aq)
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Worked problem 3.1

Question

Write down the conjugate acid or base corresponding to the following substances:
e C,HsNH,(aq)

o C¢HsO0 (aq)

e (CH3);NH"(aq)

e H3PO4(aq)

e HOOC(CH,);COO™ (aq)

Write out the chemical equations describing this behaviour.

Answer

This is a weak base with conjugate acid, CZHSNH3+(aq)

C2H5NH2(aq) + HzO(l) pr— CszNH;F (aq) + OH™ (aq)

This is a weak base with conjugate acid C¢HsOH(aq)
CeHs07 (aq) + H,0(1) =—— C¢HsOH(aq) + OH™ (aq)
e This is a weak acid with conjugate base (CH3);N(aq)
(CH,);NH" (aq) + H,0(1) == (CH;);N(aq) + H;0" (aq)
e This is a weak acid with conjugate base H,PO, (aq)
H;3PO4(aq) + H,O(1) == H,PO; (aq) + H;0" (aq)

HOOC(CH,);COO™ (aq) can function as both a weak acid and a weak base. Which
behaviour is observed will depend on the pH.

Functioning as a weak acid, it has the conjugate base ~OOC(CH,);COO™ (aq).
HOOC(CH,),CO0™ (aq) + H,0(1) ——= ~0OO0C(CH,);CO0™ (aq) + H30" (aq)
Functioning as a weak base, it has the conjugate acid HOOC(CH,);COOH(aq).
HOOC(CH,),CO0™ (aq) + H,0(1) == HOOC(CH,);COOH(aq) + OH (aq)

3.5 Ampholytes

These are molecules which have a basic group and an acidic group present, and can therefore
function either as an acid or a base, depending on the pH of the solution.



3.5 AMPHOLYTES 61

The most common basic group is the amino group, present either as a primary, secondary or
tertiary amino grouping. Other possible basic groups are those present in heterocyclic
nitrogen-containing compounds such as pyridine, quinoline and pyrrole. These bases are
very weak, e.g. pyrrole has pK, = 14.

Typical acidic groups are the carboxylic acid, COOH, the hydroxyl, OH, the sulphonic acid,
SO3H, and the phosphoric acid, H,POy,, groups.

The amino acids, both aliphatic and aromatic, and the amino phenols present some
interesting behaviour. Here the species which are present depend on both the pH and the
relative values of the magnitudes of K, and K, for the acidic and basic groups respectively.

Aliphatic amino acids

These are exemplified by the simplest, glycine, NH,CH,COOH. The NH, acts as a base by
accepting a proton from water:

NH,CH,COOH(aq) + H,0(l) —— "NH;CH,COOH(aq) + OH (aq)
and the COOH group acts as an acid by donating a proton to water:
NH,CH,COOH(aq) + H,0(1) = NH,CH,COO (aq) + H;0" (aq)

Amino acid behaviour over a range of pH is believed to involve the charge-separated
TNH;CH,COO ™ (aq). In this case the first pK relates to the equilibrium:

*NH;3CH,COOH(aq) + H,O(1) —— "NH3CH,COO (aq) + H30" (aq)
and the second pK to:
*NH;3CH,COO ™ (aq) + H,O(1) —— NH,CH,COO (aq) + H;0" (aq)
The intermediate is described as a dipolar ion, a charge-separated ion, or as a zwitterion.

Evidence for this structure as opposed to the molecular species will be given in Section 6.7 and
‘Worked Problems 6.2, 6.3 and 6.4.

Aminophenols

The aminophenols can be illustrated by o-aminophenol NH,CcH,OH where the basic group is
the amino, NH, group, which acts by accepting a proton from water,

NH,CgH4OH(aq) -+ Hy0(1) =—— *NH3C¢H4OH(aq) + OH ™ (aq)

and the hydroxyl, OH group, is the acidic group which can donate a proton to water
NH,C¢H4OH + HzO(l) pr— NH2C6H4O‘(aq) + H30+ (aq)

Amino phenols have two pK values. However, in complete contrast to the behaviour of the
aliphatic amino acids the behaviour of the aminophenols over a range of pH involves a neutral
molecule as the intermediate species.

In acidic solution the amino group is protonated, and the acidic behaviour given by the first
pK value is believed to relate predominantly to the equilibrium:

*NH;CsH4OH(aq) + H,0(1) = NH,C¢H,OH(aq) + H;0™ (aq)
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The second pK is believed to relate to the deprotonation of the hydroxyl group:

NH,C¢H4OH + H,0(1) = NH,C¢H40~ (aq) + H30™ (aq)

The intermediate species is believed to be the neutral molecule NH,CcH,OH.
The aromatic amino acids

The aromatic amino acids, such as the aminobenzoic acids do not show such a clear cut
distinction as the aliphatic amino acids and amino phenols, though evidence suggests that the
intermediate may be molecular (see Section 6.7 and Worked Problem 6.4).

3.6 Other situations where acid/base behaviour appears

There are other types of solution which are important in acid/base behaviour, and the
following is a systematic classification of the combinations which are possible.

When dealing with these acid/base equilibria the crux of the problem is often to identify the
type of solution, e.g. consider the simple case of a solution of given concentration of NaCl. This
can be prepared either by dissolving the appropriate number of mol of NaCl in a given volume of
water, or by mixing the appropriate volume of a given molarity of HC] with the appropriate
volume of a solution of given molarity of NaOH. This latter situation corresponds to the end
point in a titration of HCI with NaOH, but the resulting solution is identical in every respect to
that prepared by dissolving the appropriate amount of NaCl in water.

The first essential step is to build up a systematic classification of all possible types of
solution. The next step is to use the logic of this classification to recognise in which category
within the classification the given solution lies. If the solution is prepared by mixing other
solutions, it is necessary to work out the number of mol of each species present and to check
whether any neutralisation occurs, and, if so, to check which species remains in excess. This
can only be illustrated by specific examples, as follows.

Table 3.1 works systematically through cases of:

e acids and bases,
e salts,

e salts with added acid or base,

indicating how each solution could be prepared, and quoting examples of each type. The final
column in this table indicates whether each solution will be acidic, basic or neutral. This is
primarily an experimental observation, but the theoretical justification can be given when
calculations in acid/base equilibria are carried out (see Chapters 4, 5 and 6).

3.6.1 Salts and buffers

These will be dealt with in Chapters 5 and 6; here only the definitions will be given:

e A saltis a substance formed by the complete neutralisation of an acid with a base. They can
be of several types:
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Type of solution Example Comment Acidity/basicity

(a) strong acid HCl acid solution

(b) strong base NaOH basic solution

(c) weak acid CH;COOH acid solution

(d) weak base NH; basic solution

(e) salt of a strong NaCl These two are really salt: neutral solution

acid/strong base
(f) mixture of a strong

HCI neutralised

the same situation
and describe one

acid + strong base with NaOH particular solution.
with equal number
of mol of each
(g) salt of a strong NH,C1 These two are really salt: acidic solution

acid/weak base
(h) mixture of strong

HCI neutralised

the same situation,
and describe one

acid + weak base with NHj particular solution.
with equal number
of mol of each
(i) salt of a weak CH;COONa These two are really salt: basic solution
acid /strong base the same situation,
(j) mixture of weak CH;COOH and describe one
acid + strong base neutralised particular solution.
with equal number with NaOH
of mol of each
(k) salt of a weak CH;COONH,4 These two are really salt: solution may
acid/weak base the same situation, be acid, neutral
(1) mixture of weak CH3;COOH and describe one or basic depending
acid + weak neutralised particular solution. on the particular
base with equal with NH; salt, example
number of mol here would give
of each close to neutrality
(m) salt of a strong NaCl 4+ HC1 These two are really the acid solution

acid/strong
base with added
strong acid

(n) mixture of strong acid

HCI mixed with

same situation, and
describe one particular
solution. In effect it is
the same as (a).

+ strong base, with NaOH, but
excess strong acid incompletely
neutralised
(o) salt of a strong NaCl + NaOH These two are really basic solution

acid/strong base with

added strong base
(p) mixture of strong

acid + strong

base, with

excess base

HCI mixed with
NaOH, and taken
past the end point
with excess NaOH

the same situation,
and describe one
particular solution.
In effect it is the
same as (b).

(continued)
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Table 3.1 (continued)
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Type of solution

Example

Comment

Acidity/basicity

(q) salt of a strong
acid/weak base
with added
strong acid

(r) mixture of strong

NH,CI + HCI

HCI mixed with NHj,

These two are really

the same situation,
and describe one
particular solution.
In effect it is the

acid solution

acid + weak but incompletely same as (a).
base with excess neutralised
strong acid
(s) salt of a weak CH3;COONa These two are really basic solution,
acid/strong base + NaOH the same situation,

with added
strong base

(t) mixture of weak
acid + strong
base with excess
strong base

CH3;COOH mixed
with NaOH and
taken past the
end point with
excess NaOH

and describe one
particular solution.
In effect it is the
same as (b).

(u) salt of a weak acid/
strong base with
added weak acid

(v) mixture of weak
acid + strong base

CH;COONa +
CH;COOH

CH;COOH mixed
with NaOH, but

These two are really

the same situation,
and describe one
particular solution.

acid solution,
and it is a
buffer solution

with excess weak incompletely
acid neutralised
(w) salt of a strong NH,CI + NH; These two are really basic solution,

acid/ weak base
with added weak
base

(x) mixture of strong
acid + weak base
with excess weak
base

HCI mixed with NH3
and taken past the
end point with
excess NHj.

the same situation,
and describe one
particular solution.

and it is a
buffer solution

(o) salt of a weak acid/
weak base with
added weak acid

() mixture of weak
acid + weak base
with excess weak
acid

CH;COONH, +
CH;COOH

CH;COOH mixed
with NH; but
incompletely
neutralised

These two are really

the same situation,
and describe one
particular solution.

acid solution, and
to a limited
extent it
is a buffer
solution

(y) salt of a weak acid/
weak base with
added weak base

(8) mixture of a weak
acid + weak base
with excess
weak base

CH3;COONH,4 + NH; These two are really

CH3;COOH mixed
with NH;3, and
taken past the
end point with
excess NH;

the same situation,
and describe one
particular solution.

basic solution,
and to a limited
extent it is a
buffer solution
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a salt of a strong acid/strong base, e.g. NaCl,

e a salt of a strong acid/weak base, e.g. NH4;NO3,

e A buffer solution consists of:

a salt of a weak acid/strong base, e.g. CH;COONa,

a salt of a weak acid/weak base, e.g. HCOONH,.

e a weak acid + its salt with a strong base, e.g. CH;COOH + CH3COONa,

e a weak base + its salt with a strong acid, e.g. NH; + NH,4CI.

Worked problem 3.2

Question

Classify the following solutions into strong acid, buffer etc:

() NHz(aq)

(c) KNOs(aq)

(e) CH3CH,NH;Br(aq)
(g) NH4CI/NH3(aq)

(i) CsHsOH(aq)

Answer

(a) weak base

(c) salt of a strong acid/strong base
(e) salt of a strong acid/weak base
(g) buffer of a weak base

(i) weak acid

Worked problem 3.3
Question

Classify the following solutions:

(b) CH3COOH/CH;3;COONa(aq)
(d) HCl(ag)

(f) NHs/excess NaOH(aq)

(h) C¢HsCOOH(aq)

(j) C6HsCOOK(aq)

(b) buffer of a weak acid

(d) strong acid

(f) strong base,

(h) weak acid

(j) salt of a weak acid/strong base

(a) 0.027 mol of NH;3(aq) + 0.045 mol of HCl(aq)

(b) 0.046 mol of NH;3(aq) 4+ 0.023 mol of HCl(aq)

(c) 0.045 mol of C¢gHsCOOH(aq) + 0.045 mol of NHs(aq)

(d) 0.025 mol of HCOOH(aq) + 0.015 mol of NaOH(aq)(d)
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(e) 20cm? of 0.05 mol dm 3 CH;CH,COOH(aq) mixed with 10 cm? of 0.02 mol dm 3
of NaOH(aq)

(f) 10cm® of 0.10mol dm™3 CH;NH,(aq) mixed with 10 cm® of 0.08 moldm™> of
HCl(aq)

Answer

(a) This is equivalent to 0.027 mol of NH4Cl(aq) + 0.018 mol of excess HCI(aq), i.e. a salt of
a strong acid/weak base 4 strong acid in excess, in effect a solution of a strong acid.

(b) This is equivalent to 0.023 mol of NH,Cl(aq) + 0.023 mol of NH;(aq), i.e. a salt of a
strong acid/weak base 4 weak base, in effect a buffer solution.

(c) This is equivalent to 0.045 mol of C¢HsCOONH,(aq) i.e. a salt of a weak acid/weak base.

(d) Thisis equivalent to 0.015 mol of HCOONa(aq) + 0.010 mol of HCOOH(aq), i.e. a salt of
a weak acid/strong base 4+ weak acid, in effect a buffer solution.

Parts (e) and (f) require a calculation of the number of mol in each solution. Thereafter the
argument is as in (a) to (d).

number of mol

e concentration = -
volume of solution

e .. number of mol = concentration X volume

Care must be taken with the units: since concentration is usually given as mol dm~?, then the
volume must be given in dm’. In this question volumes are given as, e.g. 10cm’® =
10 x 1073 dm”.

(e) The solution contains 1.0 x 10> mol of CH3CH,COOH(aq) + 0.2 x 107> mol of
NaOH(aq). This is equivalent to 0.2 x 10>mol of CH;CH,COONa(aq)+
0.8 x 1073 mol of CH;CH,COOH(aq) in excess, i.e. salt of a weak acid/strong base +
excess weak acid, in effect a buffer solution.

(f) The solution contains 1.0 x 1073 mol of CH3NH,(aq) + 0.8 x 107> mol of HCl(aq). This
is equivalent to 0.8 x 103 mol of CH3;NH;3Cl(aq) + 0.2 x 1072 mol of CH;CH,NH,(aq)
in excess, i.e. salt of a strong acid/weak base + excess weak base, in effect a buffer solution.

3.7 Formulation of equilibrium constants
in acid-base equilibria
The weak acid: HA (aq) + H,O(1) A (aq) + HsO" (aq)

K, = <[A]ac[t§£]{30+]acmal>eq

(3.1)

actual
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The weak base:
B(aq) + H,O(1) —— BH"(aq) + OH (aq)

o= (E O )

(3.2)

actual

There are three points to note:
e there is no term in [H,O] in either of these equilibrium quotients;

e the subscript eq refers to the equilibrium relation and emphasises that the concentrations
appearing are equilibrium concentrations;

e more trivially, the subscript ‘a’ refers to an equilibrium constant for an acid while the

subscript ‘b’ refers to an equilibrium constant for a base. This becomes important when
considering equilibrium constants for conjugate acid—base pairs.

3.8 Magnitudes of equilibrium constants

A useful rule of thumb:

strong acids/bases are completely ionised, and so do not have an equilibrium constant;

moderately strong acids or bases have pK,s and pKys of the order of < around 3.5;

weak acids or bases have pK,s and pKys of the order of around 3.5 to 10.5;
e very weak acids or bases have pK,s and pK,s of > 10.5.

Remember: pK = —log;, K

3.9 The self ionisation of water

H,O(1) + HO(1) —— OH (aq) + H30"(aq)

OHi]actual)eq (33)

K, is often called the ionic product of water.
Note: there is no term in H>O(1) in this expression. That this is so will be demonstrated in the
thermodynamic derivation of the equilibrium expression (Section 8.14).
At 25°C, K, = 1071 mol? dm~° corresponding to pK, = 14 at 25°C. Like most other
equilibrium constants K, varies with temperature (see Section 2.9 and Worked Problem 2.4).
The self ionisation of H,O(l) must always be considered when acid/base behaviour in
aqueous solution is discussed. For instance, a weak acid in aqueous solution is a source of
H3O+(aq), but so also is the solvent, H,O(l); a weak base in aqueous solution is a source of

Ky = ([H;07]

actual [
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OH™ (aq), but so also is the solvent, H,O(l).

HA(aq) + H,O(1) m——= H30" (aq) + A~ (aq)
H,0(1) + HO(1) == H;0" (aq) + OH (aq)

‘Does this matter’?

Whether it does, or does not, depends critically on the relative contributions to the concentra-
tion of H;0 " (aq) coming from each of the equilibria. If the weak acid is sufficiently ionised so
that its contribution to the actual concentration of H30 " (aq) is large compared with that from
the self ionisation of water then, to a first approximation, the self ionisation of water can be
ignored. The weak acid can then be taken to be the only effective source of H3O"(aq).
Provided the total concentration of the weak acid is not too small, this generally holds for acids
with pK < 10.0.

However, when a very weak acid is considered, e.g. sucrose or glucose with pK,s of 12.7 and
12.2 respectively, the fraction ionised is very low. Here the contribution to the actual concen-
tration of H;O* (aq) from the self ionisation of the solvent water becomes significant and must
not be ignored. The main source of H30"(aq) is now from the self-ionisation of water.

A similar situation arises for weak bases:

B(aq) + H,O(1) —— BH"(aq) + OH (aq)
H,O(1) + H,O(1) —— H30%(aq) + OH (aq)

Again both the weak base and the solvent water are sources of OH (aq), and the relative

contributions to the actual [OH ™ ], from both have to assessed and an active decision has to

be made as to whether the contribution from the self ionisation of water can be ignored.
These points are dealt with in detail in Chapter 4.

3.10 Relations between K; and Kj,: expressions for an acid and its
conjugate base and for a base and its conjugate acid

The acid/base pair HA/A™

There are three equilibria involved:
The acid:

HA(aq) + H,O(1) —— H30"(aq) + A~ (aq)

K, = ([H3O+}aclua1 [A}aclum)
eq

[HA] actual (3 1 )
The conjugate base:
A~ (aq) + H,O(1) —— HA(aq) + OH (aq)
Kb _ ( [HA] actual [OH7 ] actual )
[Ai]actual eq (3 4)
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The self ionisation of water:
H,0(1) + H,0(1) —— H30" (aq) + OH (aq)

Ky = ([H30™] o [OH ] 33)

actual [ actual ) eq

There are some situations for which the magnitude of K, is required, but where only
K, is quoted. The above expressions can be used to obtain a relation between K, K,,
and K.

— ( H3O actual ]actual) % ([HA] actual [OH_]actual) (35)
dctual eq [Ai ] actual eq

H3O ]actual X [OH ]actual)eq (36)

=K, (3.7)

oKy = ?W (3.8)

This can be exemplified by the acidic behaviour of propanoic acid, CH;CH,COOH, and the
basic behaviour of the propanoate ion, CH;CH,COO™.

Ka
CHgCHgCOOH(aq) + HQO(I) pr— CH3CH2COO_ (aq) + H30+ (aq)

K;
CH;CH,COO ™ (aq) + H,0(I) === CH3CH,COOH(aq) + OH " (aq)

The conjugate base/acid pair B/BH™"
There are three equilibria involved.
The base:
B(aq) + H,O(1) —— BH"(aq) + OH (aq)
Ky = ([BH+]actual [OH]actual>
eq

[Blactual (3:2)
The conjugate acid:
BH' + H,0(l) —— B(aq) + H;0" (aq)
o ([BW[H30+1WI)
BH | cwar /g (3.9)
The self ionisation of water:
H,0(1) + HO(1) =—— H30" (aq) + OH (aq)
Ky = ([H30" ] oua [OH™ ] cquateq (3.3)

Again, there is a similar relation between the three equilibrium constants.
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Ka % Kb _ ([BH+]actual [OH]aCtual> % ([B}actual [H3o+]actual) (310)
[B] actual eq [B H+] actual eq
= ([OHi]actual [H30+]actual)eq (36)
=K, (3.7)
Kw
CKy = (3.8)
a

This can be exemplified by the basic behaviour of NHs(aq) and the acid behaviour of its
conjugate acid NH, " (aq).

K;
NH;(aq) + H,O(l) = NH (aq) + OH  (aq)

K,
NH; (aq) + H,O(1) ——= NH3(aq) + H30" (aq)

Knowledge of these conversions is essential. Modern texts now compile tables of acidity
constants only. In these tables, the K, values for the conjugate acids of typical weak bases are
the quantities given, and conversion of these to give the K, values for the bases will be
necessary, e.g. the acidity constants for CH3N H," or (CH;),NH™ will be listed, from which
the constants, Ky, for the bases CH;NH, and (CH;),NH will have to be inferred.

3.11 Stoichiometric arguments in equilibria calculations

It is important to distinguish between the actual concentrations present in a solution, and the
total stoichiometric concentrations (see Section 2.11).

When a solution of, for example, benzoic acid is prepared by dissolving a given
number of mol in a specific volume of solution, the concentration is given as
number of mol/volume of solution. When a concentration is worked out in this way, i.e.
in terms of what was weighed out, it is called the stoichiometric concentration. But what really
is of interest is what is actually present in solution, and a concentration based on this is called
the actual concentration. If, on dissolution, the solute is involved in any reaction or equilibrium,
then the stoichiometric concentration will not correspond to what is actually present.

When a weak acid such as ethanoic acid is dissolved in water equilibrium is established, the
species present in solution are H;0™(aq), the ethanoate ion, CH;COO ™ (aq), and the remain-
ing undissociated ethanoic acid, CH;COOH(aq).

CH;COOH(aq) + HzO(l) ——CH;CO0O™ (aq) + H3OjL (aq)

and so the total or stoichiometric concentration of CH;COOH(aq) is distributed between the
actual concentration of CH3;COOH(aq) remaining and the actual concentration of
CH;COO™ (aq) formed. This can be quantified as:

[CH3;COOH]| CH3;COOH],, + [CH;COO™] (3.11)

total or stoich — [ actual
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and it is these actual concentrations which are related to each other by the equilibrium

expression:
K. — [CH3COO_]aCLual [H30+]actual (3 12)
¢ [CH;COOH] e '

actual

These distinctions between actual and total concentrations are also important when
formulating the expression for the fraction ionised:

L actual amount of the original substance present as ions
fraction ionised = — (3.13)
total amount of the substance present originally at equilibrium
_ ([CH3COO]actual) (314)
[CHS COOH] total / eq

A decision may have to be made as to whether it is legitimate to approximate ac-
tual concentrations with total concentrations. Sometimes this may be justified and sometimes
it is not, and each case must be decided individually. In the present case, ethanoic acid is a weak
acid, and unless the total concentration is very low it will be valid to approximate:

i.e. [CH;COOH],,,,,, ~ [CH;COOH],,, (3.15)

When the stoichiometric concentration of the ethanoic acid is very low, it is no longer
legitimate to make this approximation.

For a moderately strong weak acid such as chlorethanoic acid, CICH,COOH, there is fairly
extensive ionisation forming the anion, CICH,COO™ (aq), and a significant amount of the
original CICH,COOH(aq) will have been removed.

CICH,COOH(aq) + H,0(1) —— CICH,COO (aq) + H307 (aq)

3.16
[CICH,COOH],,, = [CICH,COOH],,,, + [CICH,COO0"] (3.16)

actual

In this case no approximation can be made.

3.12 Procedure for calculations on equilibria
The first stage in any calculation requires writing down the following:

e the chemical equation describing the equilibrium

formulating the expression for the equilibrium constant;

writing down the sources of the species appearing in the equilibrium constant;

formulating the relation between the total and actual concentrations for relevant species;

looking to see if there are any approximations possible, and noting their limitations and
consequences.

These points are relevant to any equilibrium whether it be for a weak acid, a buffer solution,
formation of an ion pair or a solubility problem. It will become clear that this procedure will be
used time and time again in this book.






Equilibrium Calculations for Acids
and Bases

In this chapter the arguments involved in calculations on weak acid and weak base equilibria and
pH are developed with special emphasis on the reasoning and logic involved in the calculations.
Appreciation and understanding of the points made in this chapter are highly relevant to all
equilibrium calculations such as those for gas phase, complex formation, ion pairing and
heterogeneous reactions. The reasoning involved in all these apparently disparate situations is
similar, and so a full understanding of this chapter forms a strong basis for understanding in
other types of equilibria. In particular, the chemical significance of the assumptions and
various approximations is explained fully, as are the physical limitations imposed by these
approximations. The chapter is progressive in terms of the rigour of the calculations.

The chapter ends with a reassessment and rigorous derivation of the pH of a solution of a
weak acid or base where no approximations are made. This section can be ignored on a first
reading, and only studied when a full assimilation of the earlier material has been achieved.

Aims

By the end of this chapter you should be able to:

e list the species present and their sources for solutions of a weak acid or weak base;
e understand the concept of electrical neutrality;

e appreciate the approximations which can be made in such calculations, and the
limitations to their application, and in particular;

e discuss, apply and explain when the approximations relating to the extent of ionisa-
tion and to the self ionisation of water can, or cannot, be made for a weak acid and for
a weak base;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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e discuss the dependence of the fraction ionised on the pH, or on pK, or pKy, and
demonstrate that this fraction reaches a limiting value which is not necessarily 100%,
but can be considerably smaller for weaker acids and bases;

e explain the effect of the stoichiometric concentration of the weak acid or base on the
fraction ionised for acids and bases.

4.1 Calculations on equilibria: weak acids

Let the weak acid be represented by HA.

HA(aq) + H,O(1) == H;0"(aq) + A~ (aq)

o (10 e [A]actuallq W)

actual

This is an equation in three unknowns, provided the magnitude of K, is known.
The general procedure to be followed in all calculations requires consideration of the
following points.

e Species present in solution are:

the acid, HA(aq), its conjugate base, A~ (aq), H;0"(aq), H,O(l) and a trace amount of
OH ™ (aq) by virtue of the self ionisation of water.

e Source of A" (aq):
the solution is one of the weak acid on its own, and HA(aq) is the only source of A™(aq).

o Sources of H;0 " (aq):

H;07 (aq) is formed, along with A~ (aq), by the ionisation of the weak acid HA(aq);

the self ionisation of water is also a source of H;0™ (aq);

o there are, therefore, two sources of H;0™ (aq);

a decision will have to be made as to whether the self ionisation of water can be ignored.

o Stoichiometric relations:

[HA]total or stoich — [HA]aCtua] + [A_]actual (42)
. [HA] HA| A7] (4.3)

actual

actual — [ total or stoich [

A decision will have to be made as to whether it is valid to approximate this expression to
[HA]actual ~ [HA]

total or stoich



4.1 CALCULATIONS ON EQUILIBRIA: WEAK ACIDS 75

e Substituting into the equilibrium expression:

this gives:

_ [H3 O* ] actual [A7 ] actual
&= (i ), .

total or stoich [ actual

This reduces the expression to one in two unknowns. To solve this equation it is necessary:
e either to obtain another independent equation;

e or to make approximations.

4.1.1 Possible approximations for the weak acid
Approximation 1 relating to the extent of ionisation of the weak acid

In the ionisation:
HA(aq) + H,O(1) == H307 (aq) + A (aq)

if only a small amount of the weak acid is ionised, then only a small amount of HA(aq) will
be removed and the concentration of the anion, A~ (aq), formed will be small compared
with the stoichiometric concentration of the weak acid. The actual concentration of
HA(aq) remaining will consequently be only slightly less than the initial stoichiometric
concentration, i.e.:

[Ai]actual < [HA]total or stoich (45)
[HA] actual ~ [HA} total or stoich (46)
so that:
K. ~ <[H3 O+}actual [A]aclual> (4 7)
a ~ .
[HA]total or stoich eq

This approximation is based on the assumption that only a small amount of ionisation
occurs.

But is it always justifiable to make this approximation?

The approximation generally holds for acids with pK, values around 4.0 or greater. However,
diluting a solution of a weak acid dramatically increases the fraction ionised, so that very low
stoichiometric concentrations will render the approximation invalid (see Section 4.7). For
stronger acids, the extent of ionisation becomes sufficiently large for the approximation not to
hold (see Section 4.1.3).

The approximation holds:

provided the extent of ionisation is limited and the acid is not too dilute.
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Approximation 2 relating to the self ionisation of water

In the ionisation:
HA(aq) + H,O(1) == H30" (aq) + A~ (aq)

[H30"]acuar is made up from H30"(aq) produced by the ionisation of HA and from
H307 (aq) produced by the self ionisation of H,O(1). If the contribution from HA(aq) is large
compared with that from the H,O(1), then HA(aq) is the main source of H;0" (aq), and to a
first approximation the self ionisation can be ignored as a source of H;O™ (aq). In the case of a
weak acid on its own, HA(aq) is the only source of A" (aq), and, if the approximation above is
made, it is also the only source of H;0™ (aq), and as they are produced in a 1:1 ratio:

[H3o+]actua] ~ [A_]actual (48)
Substituting into the equilibrium expression:
Ka — ([H3O+]actual [A]actual> (41)
[HA] actual eq
gives:
2
K, ~ [H30+]aclual (49)
[HA] actual
H;0*]?
~ [ 30 ]actua}r (4.10)
[HA} total [H3O ]actual eq

If K, is known, then the approximation has reduced the equilibrium expression to one in one

Jr
unknOWIl, [H3O ]aclual‘

But is it justifiable to ignore the contribution to [H;0"],,,, ., from the self ionisation of
H,0(1)?

This approximation holds for acids with pK, of around 10.0 or less, unless the concentration is
very low. If the concentration of the weak acid is very low, then even if all the acid were
ionised, the concentration of H;O™ (aq) would still approach that from the self ionisation of
water. For acids which have pK, > 10 and are thus very weak acids the extent of ionisation
will be so low that the contribution to [H;O"] from the self ionisation of water must not be
ignored (see Section 4.1.4).

The approximation will hold:

provided the acid is not too weak and not too dilute.

4.1.2 The weak acid where both approximations can be made

o (10 e [A1aaual)eq W)

[HA]

actual
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If both approximations hold then:

o [HA] [HA]

~
actual ™ total or stoich

i [H30+}aclual ~ [Ai]aclual

giving:

K. ~ [H3 O+] ictual
© o\ [HA]
eq

total or stoich

This is an equation in one unknown and can be solved directly.

[H;07] K,[HA]

actual — total

pH = —logm[H30+]

actual

77

(4.11)

(4.12)

(4.13)

This argument will hold for acids with pKj, lying in the range 4—10, provided the solution is not

too dilute.

4.1.3 The weak acid where there is extensive ionisation and approximation

1 is invalid

This will happen with moderately strong weak acids of pK, less than about 4, or for weaker

acids in dilute solution.

Where there is fairly extensive ionisation, the contribution to the actual concentration of
H;07 (aq) from the ionisation of HA(aq) >> than that from the self ionisation of H,O(1). The
weak acid is then effectively the only source of both A~ (aq) and H3;O" (aq) and the self

ionisation of water can be ignored:

[H30+]actual ~ [Ai]

actual
i.e. approximation 2 holds.

However, in this case the first approximation does not hold, i.e.

[HA] actual 7é [HA]

total or stoich

and the rigorous expression:

[HA]aclual = [HA]mtal or stoich [A_]actua]

must be used in the equilibrium expression:

e

actual

(4.8)

(4.14)

(4.3)

(4.1)
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The final expression is therefore:

2
K, ~ [H3O+]actual (415)
[HA} total [Ai]actual eq
2
~ [H30+]actual (410)
[HA} total [H3 O+]actual eq

This is an equation in one unknown, [H3O+]acmal, and can, therefore, be solved. It is,
however, a quadratic equation, but it can be solved by the standard mathematical technique:

[H3o+]§ctual + Ka [H30+]actual - Ka [HA]lotal =0 (416)
which is of the form:
ax* +bx+c=0 (4.17)
and has solution:
—b+Vb:—4
x= 2=V e (4.18)
2a
where:
X = [H3O+]aCtual (4.19)
a=1 (4.20)
b=K, (4.21)
= _Ka[HA]total (422)

from which the pH of the solution can be found.

4.1.4 The weak acid is sufficiently weak so that the self ionisation of water
cannot be ignored and approximation 2 is invalid

For acids with pK, greater than around 10.0 the acid is so weak that the fraction ionised is very
low. The contribution to the actual concentration of H;O™" from the weak acid is then so small
that the contribution from the self ionisation of water is comparable to, or even greater than,
that from the weak acid. There are now two sources of H;0™ (aq).

[H30"],. .y = contribution from HA(aq) + contribution from H,O(1)

= [A7],cua T+ contribution from H,O(1)

actual (423)

actual

There is only one source of A™(aq), the weak acid HA(aq), but since both contributions to
[H30™"],.,,a must still be considered (Equation 4.23), then it follows that:

[H3o+]actual 7& [Ai]actual (424)

and both concentrations must be known explicitly.
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However, because the fraction ionised is so low, then the actual concentration of HA(aq)
will be very close to the stoichiometric concentration of HA(aq), and the first approximation is
valid, i.e.:

[HA] actual ™~ [HA]lolal or stoich (46)
Taking the equilibrium expression:
K, = <[H3O+]ac[ual [A]aclual> (41)
[HA} actual eq
and applying the above conclusions gives:
K, ~ <[H3O+]actual [A]actual) (47)
[HA] total or stoich eq

This is an equation in two unknowns, and, as in Section 4.1, either a further approximation is
required, or a second independent equation must be formulated. There are no further
approximations possible, but electrical neutrality (see Section 4.1.5 and Section 2.12) requires
that:

[H30+}aclual = [Ai]aclual + [OHi]actual (425)

However, there is a
namely the ionic

This now has three unknowns since it includes the unknown [OH™], .-
further relation between the two unknowns, [H3O"], ., and [OH]
product of water:

actual®

Ky = [H3o+]actual [OHi}actual (426)
[OHi]actual = KW/[H30+]actual (427)
giving:
[Ai]acmal = [H30+]actual - KW/[H30+]actual (428)
which can be substituted into Equation (4.7) giving:
Ky
[H3o+]actual <[H30+]actual - W)
N [ 3 ]aclual
K, ~ (4.29)
[HA]tolal or stoich
eq
2
~ [H30+]actual — Ky (430)
[HA} total or stoich q
[H3o+]§cmal = Ka [HA}total or stoich + KW (43 1)
[H30+]aclual = \/(Ka [HALotal or stoich 1 KW) (432)

from which the pH can be calculated.
Take note: This calculation made use of a very important property of electrolyte solutions
which is often required in calculations on solution equilibria, i.e. electrical neutrality.



80 CH4 EQUILIBRIUM CALCULATIONS FOR ACIDS AND BASES

4.1.5 Electrical neutrality

All electrolyte solutions are electrically neutral, i.e. the positive charges are balanced out by
the negative charges:

the total positive charge = the total negative charge.
(see Section 2.12).
In a solution of a weak acid HA:

e The positive charge comes from H3;0"(aq), and each H;0" (aq) contributes one +ve
charge.

e The negative charge comes from A" (aq) and OH (aq), and each A~ (aq) contributes one
—ve charge and each OH (aq) contributes one —ve charge.

Ifeach H3;0™ (aq) contributes one positive charge, then ny, o+ mol of H;0™ (aq) will contribute
np,o+ mol of positive charges. Hence the total positive charge from a solution containing
H;0" (aq) will be proportional to the concentration, (ny,o+/volume of solution), i.e.
[H30"], - Applying this argument to the anions, A~ (aq), OH (aq), electrical neutrality
requires that:

[H30+}amual = [Ai}aclual + [OHi] (425)

actual

When a divalent or trivalent ion is present, this multiple charge on the ion must be taken care
of. Each SOﬁ’(aq) present in a solution will contribute two negative charges, and the total
negative charge contributed would be 2[5042[].

Likewise each triply charged ion such as AlI*"(aq) would contribute three positive charges,
and the total positive charge contributed would be 3[AI’"].

4.2 Some worked examples

Working through problems on pH is one of the best ways of checking whether the principles
are fully understood. This, of course, implies that the problems are tackled from first
principles and not by direct substitution into standard equations. It is very important that
the significance and limitations of the various approximations are understood, and there is
no better way of ensuring this than by detailed working through problems. Much of the logic
and reasoning is similar to that used in other types of equilibria, e.g. solubility, ion pair and
complex formation.

Worked problem 4.1
Question
Working from first principles, find the pH of a 20 cm® sample of a 0.05 mol dm ~ solution of a

weak acid of pK, = 5.75 at 25°C. Calculate the fraction ionised, and comment on its value.
How does this correlate with any assumptions made in the calculation of the pH?
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Answer
pK, = 5.75.".K, = 1.778 x 10~ mol dm >

HA(aq) + H,O(1) == H;0" (aq) + A~ (aq)

K, = <[H30+[i;j;u]a1 [A]aaum)eq

actual
This is a fairly weak acid present at a moderate concentration.

e The self ionisation of water can be ignored, the ionisation of the acid will be sufficiently
extensive for the acid to be the main source of H;O" (aq).

e There is one source of H;0" (aq) and A™(aq), and they are formed in a 1:1 ratio,

[H3o+]actual = [Ai]actual

e The acid is sufficiently weak to be only slightly ionised.

~.[HA] HA]

actual — [ total

‘K = <[H3o+]ictual>
BT A ),

total

[H;07%] = (1.778 x 10 "° mol dm~> x 0.05 mol dm~?)"/?
=2.98 x 10~*moldm*
pH = 3.53

A-
Fraction ionised = (@)
[HA]total eq

Since in the approximations used: [H30" ], .i = [A™ ]ocua

[H3o+]acmal> 2,98 x 10~* mol dm 3
eq

=5.96x 107"
HA] 0.05 mol dm—2 96 x

Fraction ionised = (
total

Comments

e [H;0"] =2.98 x 10~* mol dm 3. This should be compared with [H;0"] = 10~7 mol dm >
in pure water at 25°C. Hence it is fully justified to assume that the self ionisation of water
can be ignored.

e The fraction ionised = 5.96 x 10~3. Hence the weak acid is only 0.6% ionised. This fully
justifies the assumption that [HA] ~ [HA] -

actual ™
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Worked problem 4.2
Question

If the acid used had instead a pK, value of 1.85 how would the reasoning be altered? Find the
pH, and the fraction ionised. Explain the approximations made.

Answer

pK, = 1.85.".K, = 1.41 x 107> mol dm .

This is a fairly strong weak acid.

e There will be extensive ionisation. The amount of H;O" produced by the acid will be
considerably greater than that from the self ionisation of water, which can be ignored.
[H30+] Ai]

actual — [ actual

e The extensive ionisation means that a large fraction of the HA(aq) will be removed to form
A (aq)

[HA]total = [HA]aclual + [A_]actual
K, = ([H30+]actual [A_]actual)
[HA]actual eq

Ky = [H3o+ﬁcmal
[HA]total - [Ai}aclual

2
_ [H3o+]actual
[HA]total - [H30+}actual eq

H;0%]
141 x 10~ moldm 3 = [H30™ Jactuan
8 motam 0.05 moldm—3 — [H30]

actual

[H307 20 + 141 x 1072[H30™], 0 — 7.05 x 1074 =0

actual

1.41 x 10724+ v/2 x 1074 +28.2 x 104

— -3
actual — ) mol dm

[H;07]

=2.05 x 107> moldm > or — 8.45 x 10" moldm 3

Take care: The negative value is meaningless, and so only one root is taken.

C[H30™], = 2:05 x 1072 mol dm ™

pH = 1.69
Take note: Quadratic equations always have two roots. When solving quadratic equations
a check should always be made to see whether both solutions are physically possible.
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In this case the second root is negative and is not physically significant. Sometimes one root
will give a concentration which is greater than the initial concentration and so is also
non-meaningful.

L A7 ] sorual H30" ], al 2.05 x 1072 mol dm~3
F t d — actual — actual — — 041
raction lonise <[HA} y [HA] 5 x 102 mol dm—3

total total

Comments

e [H;0"] =2.05 x 1072 mol dm . This should be compared with [H;0"] = 10~ mol dm >
in pure water at 25°C. It is fully justified to assume that the self ionisation of water can be
ignored.

e The fraction ionised = 0.41. Hence the weak acid is 41% ionised, and this indicates how
totally unjustified it would be to make the assumption that [HA] HA]

actual — [ total *

e This conclusion can be derived in another way, by finding what [H;0"], ., would be if
both approximations are assumed to hold, when:

K. = ([H3O+]§clual> )
N\ A ),

total

e Substitution gives [H30™], ., = 2.65 x 1072 mol dm~3, from which the fraction ionised
would be 53%, indicating unambiguously that the assumptions must be re-examined.

Worked problem 4.3
Question

Discuss the reasoning required to find the pH and the fraction ionised for an acid of
concentration 5 x 10> mol dm > and pK, = 12.25 at 25°C.

Answer
pK, = 1225 K, = 5.6 x 10" moldm>.
This is a very weak acid.

e There will be very little ionisation, and only a very small fraction of the HA(aq) will be
removed to form A™ (aq).
U HA], g = [HA]

total — actual
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e However, it is such a weak acid that the self ionisation of water cannot be ignored.

[H3 ]aclual 7é [ ] actual

e Electrical neutrality will therefore have to be used.

[H3o+]actual = [A_]actual + [OH_}aclual

K, = <[H30+]actual [A]actual)
eq

[HA]

actual

K, = ([H3o+]actual{[H30+]actual — KW/[H30+]actual})

[HA] total eq
_ [H}O ]actual KW
[HA] total eq
[H;0*)” —

5.62 x 107 moldm™3 =

5.0 x 10— 2Inoldm 3

[H;07]%,. = (28.1 x 10° 4+ 10~") mol? dm °

actual —
[H30" ], = 1.95 x 10~ mol dm >
pH = 6.71

To calculate the fraction ionised requires [A~] and this has to be found from the

equation for electrical neutrality.
Be careful here! It is not valid to use the approximate expression, [H;O™]
instead the following must be used.

[H30+]actual = [A_]actual + [OH_]aCtual
[Ai}aclual = [H3O+]actual - KW/[H3O+]actual

=195 x 107 moldm ™ — 10~ mol> dm °/1.95 x 10~7 mol dm™>

actual®

actual — [A7 ] actual®

[A ]actua
= 1.44 x 107" moldm ™
(A~ actua]) 1.44 x 10~ "mol dm 3
eq

_ -6
[HA] 5% 10 2moldm 3~ 22 %10

Fraction ionised = <
total

Comments

o [H;0"],.a = 1.95 x 107" moldm . Comparing this with [H307] = 10~ moldm > in
pure water at 25°C shows that there is a significant contribution to the actual [H;0"] from
the water. It would certainly not be justified to assume the self ionisation of water can be
ignored.

o The fraction ionised is 2.9 x 107%. Hence the weak acid is only 2.9 x 10~ % ionised, so
the assumption that [HA] HA], ., is certainly fully justified.

actual — [
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4.3 Calculations on equilibria: weak bases

Students often have difficulty in seeing for themselves
o the analogies between the arguments used for weak acids and for weak bases

e that calculations on finding the pH of a solution of a weak base on its own follow precisely
the same line of reasoning as those for the weak acid.

e The following attempts to rectify these problems.

Let the weak base be represented by B
B(aq) + H,O(1) —— BH"(aq) + OH (aq)

Kb _ ( [B H+ ] actual [OH7 ] aclual)
eq

B] (4.33)

actual

where, as before, the concentrations appearing in the equilibrium expression are the actual
concentrations of the species in solution. Again, provided pKj, is known, this is an equation in
three unknowns.

e Species present in solution are:

the base, B(aq), its conjugate acid, BH'(aq), OH (aq), H,O(1) and trace amounts of
H307 (aq) as a result of the self ionisation of water.

¢ Source of BH"(aq):

this is formed by the ionisation of the weak base, and this is the only source.

e Sources of OH (aq):

e OH (aq) is formed along with BH" (aq) by the protonation of the weak base B(aq);
e it is also formed from the self ionisation of HO(1);
o there are thus two sources which must be explicitly considered;

e a decision will have to be made as to whether the self ionisation of water can be
ignored.

e Stoichiometric relations

[B]lotal or stoich — [B]actuul + [BH+]actual (434)
~.[B] B] [BH*] (4.35)

actual — total or stoich actual

A decision will have to be made as to whether it is valid to approximate this expression to

[B]actual ~ [B ]lotal or stoich
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e Substituting into the equilibrium expression:

This gives:

Kb = ([B[OH_]uctual [BH+]actual >eq (436)

]total or stoich [BH+]aCtual

This reduces the expression to one in two unknowns. To solve this equation it is necessary:
e either to obtain another independent equation;

e or to make approximations.

4.3.1 Possible approximations for the weak base
Approximation 1 relating to the extent of protonation of the weak base

If B(aq) is a sufficiently weak base for the fraction protonated to be small, then very little
BH"(aq) will be formed and very little B(aq) will have been removed.

[B}lotal or stoich — [B}actual + [BH+]aclual (434)

which, when [BH"], .., < [B] can be approximated to:

total or stoich®

[B]aclual ~ [B]total or stoich (437)
-'-Kb ~ ([BH+]actual [OH]actual) (4.38)
[B]tolal or stoich eq

But is it always justifiable to make this approximation?

As with the weak acid, the approximation generally holds for pKj, values around 4 or greater.
But again, diluting the solution of the weak base will dramatically increase the fraction
protonated, so that the approximation will not hold for very low stoichiometric concentrations.
For stronger bases, the extent of protonation becomes sufficiently high for the approximation
to be invalid.

The approximation holds:

provided that the extent of protonation is limited and the base is not too dilute.

Approximation 2 relating to the self ionisation of water

If the contribution to OH ™ (aq) from the self ionisation of water is small compared with the
contribution from the protonation of B(aq), then to a first approximation it can be ignored.
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There is, therefore, effectively only one source of BH"(aq) and OH (aq), i.e. from the weak
base, B(aq), and as they are produced in a 1:1 ratio:

[BH+]actual ~ [OH_]aclual (439)
Substituting into the equilibrium expression:
Kb — ([BHJr]actual[OH}actual) (4.33)
[B]aclual eq
gives:
[OH [ pual
Ky ~ | e (4.40)
( [B]actual
12
Ky O e (4.41)
[B]total or stoich [OH_]actual eq

But is it justifiable to ignore the contribution to [OH"),... from the self ionisation
Of H. 209

The approximation holds for bases with pKj, of around 10 or less, unless the concentration is
very low. If the concentration of the weak base were very low, then even if all the base were
protonated, the concentration of OH ™ (aq) would still approach that from the self ionisation
of water. For bases with pK}, > 10, and thus are very weak bases, the extent of protonation
will be so low that the contribution to [OH ] from the self ionisation of water must not be
ignored.

The approximation will hold:

provided that the base is not too weak or too dilute.

However, if the base, B(aq) is very weak, then the contribution to OH ™ (aq) will be small and
similar to, or smaller than, the amount contributed from the self ionisation of water. There are
two sources of OH ™ (aq) and neither can be ignored.

[OH™],,,.; = contribution from B(aq) + contribution from H,O(1)
= [BH"], . + contribution from H,O(1) (4.42)
[BH+]actual 7£ [OHi]actual (443)

and the equation describing electrical neutrality must be used. The sum of the positive charges
must be balanced out by the sum of the negative charges, giving:

[H3o+]actual + [BH+]aclual = [OHi]aclual (444)
KW/[OH_]actua] + [BH+]aclua1 = [OH_}actual 445)
[BH+}aclual = [OH_]acluul - KW/[OH_}aclual (446)
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4.3.2 The weak base where both approximations can be made

_ [BH+] actual [OHi]actual
0= (P ), &3

actual

If both approximations hold then :

® [B]actual ~ [B]total or stoich (437)
® [BHJ’_}aclual ~ [OHi]actual (439)
giving:
OH
Ky ~ [ ]actual (447)
[B]total or stoich e
This is an equation in one unknown and can be solved directly.
[OHi}aCtual =/ Kb [B]total stoich (448)
[H30+]actual = KW/[OHi]actual (449)
pH = _IOgIO[H30+]actual (413)

This will be the case for bases with pKj, in the range 4 to 10, provided the base is not too dilute.

4.3.3 The weak base where there is extensive protonation and
approximation 1 is invalid

This will happen with moderately strong weak bases of pKj, less than about 4, or for weaker
bases in very dilute solution.

_ [BH+]actual [OHi]actual
K = ( s ) (433)

actual

Where there is fairly extensive protonation, the contribution to the actual concentration of
OH ™ (aq) from the protonation of B(aq) >> than that from the self ionisation of H,O(1). The
base is then effectively the only source of both OH ™~ (aq) and BH" (aq) and the self ionisation of
water can be ignored:

[OH_]acmal ~ [BH+]actual (439)
i.e. approximation 2 holds.
However, in this case the first approximation does not hold, i.e.
[B]actua] 7é [B]total or stoich (450)
and the rigorous expression:
[B]actual = [B]tolal or stoich [BH+]actual (435)
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must be used in the equilibrium expression:

Kb — <[BH+]actual [OH]actuzﬂ) (433)
[B]actual eq
The final expression is therefore:
OH 2
Kb ~ [ ]actual . (451)
[B]total or stoich [BH ]actual eq
H- 2
~ [O }actual - (452)
[B}total or stoich [OH ]aclual eq

[OH 2o + Kb[OH |, — Ko[B] 0 (4.53)

actual total or stoich —

As in the corresponding situation for a weak acid, this is a quadratic equation which can be
solved using the standard procedure outlined earlier.

4.3.4 The weak base is sufficiently weak so that the self ionisation of water
cannot be ignored and approximation 2 is invalid

For bases with pKj, greater than around 10.0 the base is so weak that the fraction protonated is
very low. The contribution to the actual concentration of OH™ (aq) from the weak base is so
small that the contribution from the self ionisation of water is comparable to, or even greater
than, that from the weak base. There are now two sources of OH (aq).

[OH™ ], ua = contribution from B(aq) + contribution from H,O(1)
= [BH"], a1 + contribution from H,O(1) (4.42)

There is only one source of BH"(aq), the weak base B(aq), and so:

L OH ) 7 [BHY] (4.43)

actual

and both concentrations must be known explicitly, and the additional equation describing
electrical neutrality must be used.

However, because the fraction protonated is so low, then the actual concentration of B(aq)
will be very close to the stoichiometric concentration of B(aq), and the first approximation is
valid, i.e.:

[B]actual ~ [B]total or stoich (437)
Taking the equilibrium expression:
Ky = <[BH+]aclual [OH]actual> (433)
[B]actual eq

and applying the above conclusions gives:

~ [BH+]actual [OH_]actual
%o~ (P ). (39

total or stoich
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This is an equation in two unknowns and, for the reasons indicated in the weak acid case,

electrical neutrality must be used to obtain a relation between [BH'], ., and [OH]

[H30+]actual + [BH+]actual = [OHi]actual

[BH+]actual = [OHi]

actual — KW/[OHi]actual

which can be substituted into Equation (4.38), giving:

[OH et ([OH]acmal B ﬁ)

Kb ~ actual
[B]

total or stoich

12
~ [OH ]actual — K
[B]tolal or stoich eq

—12
[OH ]actual =Ky [B]total or stoich T Ky,

eq

[OHi]actual = \/(Kb [B]lotal or stoich + KW)

from which the pH can be found.

4.4 Some illustrative problems

actual*

(4.44)
(4.46)

(4.54)

(4.55)

(4.56)

(4.57)

Again as a test to the understanding of the theoretical description, the best procedure is to
apply the arguments to an actual numerical problem. The conclusions outlined in Section 4.3

are illustrated in the worked problems below.

Worked problem 4.4

Question

NH; has a pKj, = 4.75 at 25°C. What is the pH and fraction protonated for a 0.02 mol dm >
solution of NHs(aq)? How do these values change if the concentration drops to
1.00 x 10~ moldm* and the same approximations are made? Comment on the result.

Answer

pKy =4.75.". Ky = 1.78 x 107> mol dm .

NH;(aq) + H,O(1) == NH; (aq) + OH (aq)

Kb — ([NHI]actual [OH_]uctuzﬂ)
[NH;] eq

actual

This is a fairly weak base present at moderate concentrations.
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e The self ionisation of water can be ignored; the protonation of the base will be sufficiently
extensive for the base to be the main source of OH ™ (aq).

e There is only one source of OH (aq) and NH, " (aq), and they are formed in a 1:1 ratio,

[NHI]actual - [OHi]actual

e The base is sufficiently weak to be only slightly protonated
.".[NH3] [NH]

actual — total

Making these approximations:
Kb _ <[NHI]actual [OH]aclual)
eq

[NH3],
becomes:
Ky — [OH Jacuua
[NH3]total
[OH_]ictual = Ky [NH3]tolal
= (1.78 x 107> x 0.02) mol* dm~®
=3.56 x 107" mol* dm™®
S [OH ], = 5-96 x 10~* mol dm*
But,
[HS O+}actual = ﬁ

actual
1 x 10~ mol®>dm~°
7 5.96 x 10~*mol dm—3
=1.68 x 107" mol dm

pH = —log,,[H;0"] = 10.78

Note: An alternative way in which to work out the pH goes directly to pOH and from this:
pH = pK,, — pOH
pOH = 3.22
pH = 14.00 — 3.22 = 10.78

INH ] _ 596 x 10~ moldm—> _

Fraction protonated = [NH,| 7 % 10-2 mol dm-3

total
% protonation = 3.0

Comments

e [OH |,y = 5:96 x 10~*moldm ™ which is sufficiently high for the contribution of
[OH] from H,0(1) to be insignificant. The approximation of ignoring the self ionisation
of water is fully justified.
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e The fraction protonated is so low that the assumption of only slight protonation is also fully
justified.

e Both approximations are valid.

Effect of dilution

If the [NH; ]t oW becomes 1.00 x 1075 mol dm ™, substitution into

H-1?
Ky, = [?\IH it gives :
[ 3]tolal
[OH_]ictua] = (1.78 x 107 x 1.00 x 107°) mol* dm?

=1.78 x 107" mol?> dm~¢

=1.33 x 10> moldm 3

[OH_]actual -
This concentration is just sufficiently large for the approximation of ignoring the self
ionisation of water to be just valid.

The fraction protonated is also altered. Substitution into the expression for the fraction

protonated now gives:

[NHI]actual _ 1.33 x 10751’1’101 dm73

- =133
[NH;] 1.00 x 10-Smol dm—>

Fraction protonated =
total
This value is impossible since the NH; cannot be 133% protonated, and indicates that the
approximation assuming that very little of the NHj is protonated is invalid, and the calculation
has to be altered to allow for this.

If the self ionisation of water can still be ignored, then:

[NHI]aclual = [OH_]aCtual
and, because of extensive protonation, the following equation must be used:
[NH3]acmal = [NH3]t0ta1 - [NHI]actual
K. = ([NHI]actual [OH_]actual>
b =
[NH3 ] actual eq
becomes:
2
Kb _ [OH ]actual
[NH% ]total - [OH_]acluul eq
[OH_]ictual + Kb [OH_]actual - Kb [NH3]t0tal =0
—1.78 x 1075 + \/(1.78 X 10*5)2 +4 %178 x1075 x 1.00 x 10-5
[OH_]actual = 2 mol dm_3
—1.78 x 1075 £ /10.29 x 10-10 3
= 5 mol dm
_ —L78 x 105 +£3.21 x 107
N 2

=0.714 x 10> moldm 3



WORKED PROBLEM 4.5 93

Note: there is an absurd negative concentration as the second root.

pOH = 5.15
pH = 8.85

[NHI]aCmal _ 0.71 x 107> moldm?

= =071
[NH;] 1,00 x 10 Smoldm 3 _ 7

Fraction protonated =

total

The NHj3(aq) solution is now 71% protonated, a much more likely figure.

This problem illustrates for a weak base just how dramatically the fraction protonated
increases with decrease in concentration. This observation is exactly analogous to the
corresponding observation for the fraction ionised for a weak acid.

A value of [OH ], .y = 0.71 x 1075 mol dm™ suggests that the assumption that the
self ionisation can be ignored is probably just valid. Any further decrease in concentra-
tion would require that neither assumption can be made (see Worked Problems 4.5
and 4.6).

The procedure for dealing with this situation is outlined in Worked Problem 4.6. Under
these conditions the fraction protonated would appear to be equal to unity because of rounding
up problems, and the fraction not protonated would then have to be calculated first. This is
discussed in Section 4.5.

Worked problem 4.5
Question
The base, guanidine NH=C(NH,), has a pK}, = 0.40 at 25°C. Show that, by assuming only

slight protonation, an impossible value is obtained for both the [OH™], ., and the fraction
protonated in a 5 x 102 mol dm 2 solution. Find accurate values for both.

HN=C(NH,),(aq) + H,0(I) =—— H,N*=C(NH,),(aq) + OH (aq)

K. = ([H2N+:C(NH2)2]actual[OH_]aCtual)
° [HN=C(NH,),]

actual

Assume that it is valid to:

e ignore the self ionisation of water, .".[H,N* = C(NHa),],.a = [OH ] cua

e neglect any protonation of the weak base,

[HN =C(NH, )] o = [HN = C(NHy)] 1y + [HoN"=C(NHp),]

actual

[HN:C(NHZ)}actualz [HN:C(NHZ)]tolal - [H2N+:C(NH2)2]actual
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This can be approximated to
[HN =C (NHZ)]actual = [HN:C (NHZ)]total

actual

— [OH
< By = [HN=C(NH2),] o1 eq

[OH_}Z Kb[NH:C<NH2)2]total

actual —

= (0.398 x 5 x 107%) mol* dm~®
=1.99 x 10 *mol* dm
2 [OH ], = 0.141 mol " dm™
But the concentration of weak base initially in solution was 0.05 mol dm >, which is less than

this calculated value of [OH ™ ],cwa produced by ionisation. This is impossible, and hence the

approximation used is invalid for this base.
Likewise the calculated approximate fraction protonated is impossible:

: : [HoN" =C(NHa )5 Jacuan
Approximate fraction protonated = [HN=C(NH, ),
[OH ] cua
[HN: C (NHZ ) 2]tolal
~0.141 moldm™?
~0.050 mol dm—3
=2.82

total

A more rigorous calculation assuming that it is valid to ignore the self ionisation of water,
but acknowledging that there is significant protonation gives:
Kb = ([H2N+ :C(NHz)Z]actual [OH_]actual)
[HN =C (NHZ)Z] actual

= ( [H2N+ = C(NH2)2]aclual [OH_}aclual >
[HN = C(NH2)2]total - [H2N+ = C(NHZ)Z}actual

_ [OHi]ictual
[HN =C (NHz)Z] total [OHi]actual
[OHi]ictual =Ky [HN = C(NHZ)Z}lotal — Ky [OHi]actual

[OH™ |2, + 0-398[OH ], — 0.398 x 0.05 = 0
[OH™ ]2, + 0.398[OH ],y — 1.99 x 1072 =0

—0.398 £+ 1/0.158 + 0.0796 3
= 5 moldm™

_ —0.398 £ v/0.238

2
~ —0.398 +£0.487

2

e [OH7 ] actual

mol dm >

mol dm 3
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.[OH7], ... = 0.045mol dm > and an absurd negative root.
actual
K 1 x 10~ mol> dm~°
H.O* — v =222 x 1073 moldm™3
P50 sewa = [0F-] . = 0,045 moldm 3 X107 moldm
.. pH=12.65

0.045 mol dm 3
F 3 = — (.
raction protonated 0.050 mol do=3 0.90
% protonated = 90

which indicates that any approximation assuming only slight protonation is totally inade-
quate. However, [OH |, .., = 445 x 1072 mol dm™ which is sufficiently high that any
contribution to the concentration of OH ™ (aq) from the self ionisation of water is insignificant.

A final example considers a weak base where it is completely unjustified to ignore the self
ionisation of water.

Worked problem 4.6

Find the pH and fraction protonated of a 0.01 mol dm ™~ solution of urea, pK;, = 13.82 at 25°C.
Comment on the results.

Answer
Urea is a very weak base: K, = 1.51 x 10~ mol dm 3.
0=C(NH;),(aq) + HyO(1) == O=C(NH,)(NH7 )(aq) + OH (aq)

_ [O =C (NHZ) (NH+)]aCtua [OHi]actua
O =y

actual

The important species in solution are: O=C(NH,),(aq), its protonated form
O=C(NH,)(NH;")(aq) and OH (aq).

Source of O=C(NH,)(NH;")(aq): from protonation of urea, O=C(NH,),(aq).

Source of OH (aqg): from protonation of urea O=C(NH,),(aq),
from the self ionisation of H,O(1).

Urea is a very weak base and the amount of OH ™ (aq) resulting from the self ionisation of water
will be significant in comparison to the amount from the protonation of urea, and:

. [0=C(NH;)(NH; )] 1y 7 [OH"]

actual

However, since urea is such a weak base then there will be only slight protonation, and:

[O = C(NHZ)Z}total = [O = C(NHZ)Z]actual + [O = C(NHZ) (NH;)]actual

[0=C(NH,),] [0=C(NH,),] [0=C(NH;)(NH; )] ¢y

actual — total
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can be approximated to:

[0=C(NHz),]

actual —

[O:C(NH2)2}total
Since the self ionisation of water cannot be ignored for this base the approximate relation,
[O=C(NH,)(NHJ)], .yt = [OH ],y cannot be used. Another relation between
[O=C(NH,)(NHJ)], ;ya and [OH ], ., must be found. Electrical neutrality gives the relation:
[0=C(NHy)(NH; )] 1y + [H30"] OH']

actual — [

actual
[O:C(NH2)(NH§L)]actual = [OHi]actual - [H30+]actual
Ky
= |OH™ —_—
[ } acwal [OH_ ] actual

Substitution into the equilibrium relation:

_ [O:C(NHz)(NHJr)]acma [OH_]acma
Ko = ( 0 = C(NH )l 1)

actual

gives:

Ky

[OH™ | — Ty
Kb _ ( acwal [OH ]actual

[0 = C(NHa»),]

) [OH_ ] actual

actual

([OH s = 1) OH
- [0 = C(NH2)
([OH]aclual L0 [100H1—4] mol* dm6> [OH™ ], tual
2151 x 107 moldm ™ = 001 moldnss
1.51 x 107" mol dm™> = [OH]%,,,; — 1.00 x 10~"* mol® dm~®

[OHi]ictual = (151 X 10716 + 1.00 x 10714) Hl012 dm*6
=101.5 x 10" mol® dm™¢
[OH ],y = 1.01 x 107" mol dm >

~1.00x 1071
actwal =1 0] % 107
=0.99 x 107" mol dm >

pH = 7.00

.. [H;07] mol 3

The [OH ], is 1.01 x 1077 moldm™ which is very close to the value of [OH ]
resulting from the ionisation of pure water. The self ionisation of water must not be ignored
for this base.



4.5 FRACTION IONISED AND FRACTION NOT IONISED FOR A WEAK ACID 97

The fraction protonated must be calculated taking note that the self ionisation of water must
be included. Electrical neutrality gives:

[0=C(NH,)(NH; )] 01y = [OH"]

actual —

actual — [H30+]aclua1

= (1.01 x 1077 = 0.99 x 10~7) mol dm™>
=0.02 x 107" moldm

. [0=C(NH,)(NH )],y 0.02 x 10~ "mol dm > .
Fract tonated = acal _ —2x10
raction profonate 0=C(NHa),) oy 0.01 mol dm—3 X

There is thus very, very little protonation of the urea.

4.5 Fraction ionised and fraction not ionised for a weak acid;
fraction protonated and fraction not protonated for a weak base

The fraction ionised is defined in terms of the amount of the original acid which is converted to
the anion.

Fraction ionised = [A7], a1/ HA] o (4.58)
= [H3O+]actual/[HA]total (459)

This expression holds under conditions where the self ionisation of water can be ignored. If
this is not justified the expression becomes:
Ky

actual [1_1307%
3 s 4.60
HA] (4.60)

[H;07]
Fraction ionised =

total

Remember: if the self ionisation of water cannot be ignored, the electrical neutrality equation
must be used:

[H30+}aclua1 - [Ai]actual + [OHi]actual (425)

If ionisation is almost complete, then both these expressions become quotients of two
approximately equal quantities so that the difference between the quotients and unity is very
small. A direct calculation of the fraction ionised will give a result which is to all intents and
purposes equal to unity, i.e. it is impossible to discriminate between 100% ionisation and very
nearly 100% ionisation, and [A™], ., may appear to be equal to [HA],o,.. When this happens
another route has to be followed to find out whether the acid is, for example, 99%, 99.5% or
99.9% ionised. Exactly analogous reasoning applies in the case of a weak base, except for the
fact that the fraction calculated is more correctly described as a fraction protonated, from which
the fraction not protonated can be found.

The following analysis is given for the weak acid

K, = <[H3OEI]_;f&u]al [A]actual)eq (41)

actual
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If [A™ Jacrar 1S very nearly equal to [HA] o i.€. when the fraction ionised is approaching unity,

then: "
H;0 A~
[HA}ac[ual _ ([ 3 }actual[ ]actual) (461)
K, eq
~ ([H3o+}actual [HA ]total) (462)
K, eq
HA H;0*
[ ]actual ~ [ 3 ]actual (463)
HA [HA]total Ky
[[ ]]a"‘“al is the fraction not ionised and can be reliably evaluated since determination of
total
[H30™ ], can be highly accurate. It is straightforward to find whether this fraction comes to

0.0010 or 0.0005 or some other value.
From this the fraction ionised can be found as:

fraction ionised = 1 — fraction not ionised (4.64)

rather than the less definitive value of unity.
A similar treatment is given for the weak base:

Kb — <[BH+}aclual [OH]aclual> (4.33)
[B]actua] eq
When the fraction protonated becomes very close to unity, i.e. [BH " ],cua becomes very close
t0 [B] orar: [BH* _
BH ]ac ual [OH ]ZIC ua.
[B]actual = : Il(b wal (465)
B H~
~ [ ]total [2]3 ]actual (4.66)
[B]actual ~ [OHi]actual (4 67)
[B]total K b '
[B]

actual

is the fraction not protonated and can be reliably evaluated since determination of

Bliota
[OHO_:j actual = Kw/[H30™], ., can be highly accurate. It is straightforward to find whether this

comes to 0.0010 or 0.0005 or some other value. This will allow an accurate calculation of the
fraction protonated.

4.6 Dependence of the fraction ionised on pK, and pH

There is an important question which should be asked.

Will all acids approach a limiting value for the fraction ionised, and is it possible that
all acids can approach unity for the fraction ionised?

In this context, it is worthwhile noting that in Worked Problem 4.4 the fraction ionised
increases with decrease in concentration.

The relations in Section 4.5 can be used to demonstrate that there is a limiting value to the
fraction ionised for any acid, or to the fraction protonated for a weak base. Although some
weak acids or bases appear to approach a value of unity, it must not be assumed that this is
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always the case. Furthermore it can be very useful to estimate what this limiting value actually
is for any given acid or base.

Worked Problem 4.4 showed that the fraction of NH3(aq) protonated increases dramatically
as the concentration of the weak base decreases, and this leads to the question:

What is the maximum value which the fraction ionised can reach?

The argument for a weak acid is:

K, = <[H3O+]aclual [A]actual) (41)
[HA]actual eq
[HA]actual _ [H30+]uclual (468)
[Ai]actual Ka
A-
fraction ionised = A Jacar (4.58)
[HA]total
1 [HA] ool
= 4.69
fraction ionised  [A7] . (4.69)
[HA]actual + [A_]actual [HA}actual
= = +1 (4.70)
[A_ ] actual [A_ ] actual
_ [H3O+]actual +1= [H3O+]actual + Kq (4 71)
K, K, '
K.
.. fraction ionised = ——————— (4.72)
Ka + [H3o+]actual
K.
.". fraction not ionised = 1 — ————"——— (4.73)
K, + [H30+}actual
_ [H3o+]actual (474)

[H3 O+}actual + K,

These expressions are extremely useful as they allow a calculation of the fraction ionised to
be made for any acid of given pK, at any pH. For instance an acid of pK, = 4.52 can be made
up as a solution of pH = 5.60.

K, =3.02 x 103 moldm > and [H3;0"],_. ., = 2.51 x 10~°mol dm > giving:

actual
L 3.02 x 103 mol dm~3
fraction fonised = 30 10 Smoldm 3 + 2.51 x 10 émoldm 3 2
Likewise the pH corresponding to a fraction ionised equal to 0.25 can be found.
3.02 x 1073 moldm 3

3.02 x 107> mol dm~3 4 [H307]

. [H30™] e = 9-16 x 107> mol dm?

pH = 4.04
A corresponding derivation of the fraction not protonated can be carried out for a weak base.

B(aq) + H,O(1) —— BH"(aq) + OH (aq)

_ [BH+] actual [OH7 ] actual
o= (P ), 3

0.25 =

actual

actual
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. [BH+]actual — Ky (4.75)
[B] actual [OH7 ] actual
BH™
fraction protonated = BH i (4.76)
[B]tota]
1 — [B]tolal _ [B]aclual + [BH+]actual _ [B]aclual +1 (477)
fraction protonated [BH+]actual [BH+]aclual [BH+]actua]
[OHi}aclual [OHi] + Ky
— 1= actual 4.78
Ky + K, ( )
. Ky
.. fraction protonated = ——————— (4.79)
Ky + [OHi]actual
K
fraction not protonated =1 — ————> (4.80)
Kb + [OH_]aclual
— [OHi]actual (4.8 l)
Kb + [OH_]aCmal

As with the weak acid, these equations can be used to calculate the fraction protonated at a
given pH for any weak base, or to find the pH at which a given weak base has a given fraction
protonated.

4.6.1 Maximum % ionised for a weak acid and maximum % protonated for a
weak base

Perhaps more importantly, Equations (4.72) and (4.79) can be used to calculate the maximum
% ionised or the maximum % protonated for a weak acid or weak base respectively.

In very dilute acid solutions at 25°C, [H30"], .. — 107 moldm™. If [H;0"], . less
than this value is found then the solution is not acidic but basic. [H;0"], .., = 10”7 mol dm™>
is thus the limiting value for an acid solution at 25°C. Using this value, the limiting value to
the fraction ionised, or the limiting value to the fraction not ionised, can be found for acids of

stated pK, values.

L 1073 107 1073 107° 1077 1078 10~°
mol dm—3
K, 1073 10~ 1073 10-¢ 1077 10-8 107°
K, +10"7 1073 +107 104 +107 10> +10"7 104107 107 +10"7 108 +10-7 1079+ 1077
fraction —1 —1 —0.99 —0.91 —0.50 —0.09 —0.001
ionised

From this table it can be seen that for acids weaker than pK, = 5, it becomes impossible to
approach 100% ionisation.

This table does show that it must always be remembered that, although there is a dramatic
increase in % ionisation as an acid is diluted, this will not inevitably lead to virtually complete
ionisation. This will only occur for acids stronger than around pK, = 5.
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Worked problem 4.7
Question

Use the equations of Section 4.6 to find the maximum % protonation for aqueous solutions of
NH3, guanidine and urea.

Answer

For a weak base the limiting value to a basic solution is given by [OH™] 10~7 mol dm >

actual —

e NHs(aq),pKy = 4.75,K, = 1.78 x 107> mol dm>:
1.78 x 107> mol dm~>

1.78 x 105 moldm—3 4+ 1 x 10~7 mol dm—3
=0.994

Maximum % protonation = 99.4

Maximum fraction protonated =

e guanidine pKj, = 0.40, K, = 0.398 mol dm :

0.398 moldm3
0.398 moldm—3 + 1 x 10~"moldm—3
=1

Maximum % protonation = 100

Maximum fraction protonated =

e urea pK, = 13.82, K, = 1.51 x 107" mol dm:

1.51 x 107'* moldm™3
1.51 x 100¥ moldm=3 + 1 x 10-7 mol dm—3
=1.51x%x107"7

Maximum % protonation = 1.51 x 1072

Maximum fraction protonated =

Although both guanidine and ammonia can approach 100% protonation, these calculations
show that urea can never be more than very, very slightly protonated.

These results do not include any approximations regarding the fraction ionised or the self
ionisation of water. The magnitude for the limiting value of [H;0%],,, or of
[OH™] actual = 107 mol dm 3 is, of course, temperature dependent, because of the tempera-

ture dependence of K,,, K, or Ky (see Worked Problems 2.4 and 2.5).

4.7 The effect of dilution on the fraction ionised for weak acids
lying roughly in the range: pK, = 4.0 to 10.0

An important point to note:

In previous sections it has been stated that, for such acids, it is valid to assume that
both approximations hold, but the proviso ’provided the acid is not too dilute’ has
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been added. This is a very important factor, and demonstrates that when approximations
are made, active steps must be taken to check that they are valid and to recognise their
limitations.

The following problem shows how important is an appreciation of the effects which
dilution of the weak acid has on the validity of the approximations made in any
calculations.

Worked problem 4.8
Question
Worked Problem 4.1 asks for a calculation of the pH and the fraction ionised for a

5.0 x 1072 mol dm ™~ solution of an acid with pK, = 5.75 at 25°C. Repeat the calculation
for the following concentrations of acid:

HA
[4}‘0@ 5.00 x 1073 5.00 x 107* 1.00 x 107* 5.00 x 107> 1.00 x 107> 5x 107% 1 x 107°
mol dm—3

Comment on the results.

Answer

HA(aq) + H,O(1) —— H30" (aq) + A~ (aq)

. <[H0u}w [A-}m)eq

actual

e ignore self ionisation of water: [H30™ ], ..i = [A |ocwal

e assume very little ionisation: [HA] HA|

actual — [ total

[HA]

actual

“ K = ([H30+]§ctual>
T [HA] "

Ka _ ([H30+]aclual [A]actueﬂ)
eq

total

[H3 O+]§ctual = Ka [HA]total



4.8 REASSESSMENT OF THE TWO APPROXIMATIONS: A RIGOROUS EXPRESSION 103

[HA]tota]
mol dm—3
[H;0°];

actual 8 89 1070 8.89x10710 1.78x107'0 889x107" 1.78x107'" 8.89x107'2 1.78x 1072
mol2dm~°

5.00x107%  5.00x107* 1.00x107* 500x107°  1.00x107°> 5x1076 1x107¢

+
LOL 9.43x107> 2.98x107° 1.33x107° 943x107°  4.22x107% 2.98x107® 1.33x107°
mol dm™

pH 4.03 4.53 4.88 5.03 5.38 5.53 5.88

A-

w 0.019 0.060 0.133 0.188 0.42 0.596 1.33
[HA]mlal

% ionised 1.9 6.0 13 19 42 60 133

Comments: Pay particular attention to these as they are very important.

e From the table it is clear that the fraction ionised increases dramatically as the concentration
of the acid decreases. This immediately raises the questions as to whether it is appropriate to
use the approximation, [HA|, ., = [HA],..,;> and even more important, ‘at what stage does
this approximation become invalid?” — remember, this is an acid for which it would

normally be assumed that the approximations are valid.

e A closer look at the table shows that at very low concentrations the calculated % ionised
becomes greater than 100, a sure sign that the approximation is invalid.

e Also, at very low concentrations [H;0"], ., becomes sufficiently small for the assumption
that the self ionisation can be ignored to be queried.

To resolve this issue a further look at the approximations is necessary. It is also worthwhile
to see whether there is any way in which the fraction ionised can be found without recourse to
the full scale analysis.

4.8 Reassessment of the two approximations: a rigorous
expression for a weak acid

If the stoichiometric concentration of a weak acid becomes too small then, even with an acid
with a pK, within the normal limits of the approximations, it may become necessary to
consider both extensive ionisation and the self ionisation of water, i.e.

e significant jonisation: [HAJ, ... = HA] ol or stoich — (A Jactual (4.3)
o the self ionisation of water, and make use of electrical neutrality:
[H30 " ocrat = [A Jactwat T [OH Jocruar (4.25)
H30 "] ctuatA Jactua
- (M), w
K, = ( [H3O+]actual [Ai]aciual ) (4_4)
[HA]lolal or stoich [A ]actual eq

[H30+]actual = [Ai]actual + [OHi]aclual (425)
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K
[H;07]

actual

= [Ai]aclual + (482)

Substituting the expression for [A7], .. given by Equation (4.82) gives:

_ [H3O+]actual{[H3o+]actual - KW/[H3O+]}
Ka - [HA]total - {[H30+]actual - KW/[H30+}} (483)

H;0M2.,  — Ky

Numerator : [H30+]actual{[3[l—h?+m]all} = [H3O+]§ctual — Ky (484)

- actual
2

Denominator [HA]total [H30+]actual _ [H30+]actual + Ky (485)
[H3o+]actua]

Numerator _ {[H3 O+]§clual — KW}[H30+]actual (4 86)

; 3 .
Denominator [HA]tolal [H30+]aclual - [H30+}aclual + Ky

3
K, = [H30+}aclual — Kw [H30+]actual (487)
[HA] [H3 O+} Hj O+Kclual + Kw

total actual [

3
[H;0"] Ku[H30"] oy = Ka[HA]

actual

2
[H30+]aclual - Kﬂ [H30+]aclual + KaKW (488)

total

[H30+]chual + KH[H30+]2 - {Kﬂ [HA}total + KW}[H30+]

actual

— KKy =0 (4.89)

actual

This is a cubic expression, and can only be solved by successive approximations.

3

The first approximation: this ignores the term in [H30™] .

term is solved in the usual way to give [H;07]

, and the resulting quadratic

actual *

The second approximation: this uses the approximate value to evaluate the magnitude of
[H3O+]ZCtuhll approximately, and this value is fed into Equation (4.89) as a constant term, and
the quadratic equation then solved to give a second approximate [H3O0"], .;-

Further similar approximations are made until a constant [H;0*], ., is found.

From this the pH and the fraction ionised are found, and if the latter approximates to unity,
then the fraction not ionised should be found.

However, as should be clear from the above, this fully rigorous analysis involves a lengthy
and tedious set of calculations, and is avoided whenever possible. Fortunately, in most
chemical situations there is rarely any need to work at the low concentrations which demand
such analysis, and normally, either the fully approximate calculation, or one involving only
one of the approximations, can be used.

4.9 Conjugate acids of weak bases

What has been discussed above for weak acids is also equally applicable to the conjugate acids
of weak bases such as NHs, or the various amines, e.g.:

NHj;(aq) + HoO(1) == NH; (aq) + OH (aq)
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The cation, NHZr (aq), is the conjugate acid of the weak base NH;(aq):
NH; (aq) + H,O(1)—NH;(aq) + H;0™ (aq)

and this acid equilibrium is handled in exactly the same way as for the weak acids discussed
previously. These conjugate acids are found as salts of the weak bases, and will be discussed in
the next chapter.

4.10 Weak bases

The behaviour of weak bases is exactly analogous to that for weak acids, and the conclusions
reached for weak acids can be taken over and applied directly to weak bases.

The approximations of ‘no extensive ionisation’ and ‘ignoring the self ionisation of
water’ apply equally to weak bases with pKj, values in the range 4.0 to 10.0, with the all-
important proviso ‘provided the solution is not too dilute’ again being necessary.

Weak bases exhibit the same dramatic increase in fraction protonated as the stoichiometric
concentration decreases, with all cases reaching a limiting value. In the case of fairly strong
weak bases this is virtually 100%, but for the weaker bases the fraction ionised becomes
progressively smaller.

The quadratic equation has to be solved for fairly strong weak bases, and for weak bases at
low concentration. The self ionisation of water can likewise be ignored for a large number of
weak bases, but becomes progressively less able to be ignored as the base becomes weaker, or
as the concentration decreases for ordinary weak bases.

The cubic equation is also necessary for very weak bases at low concentrations, but
fortunately for normal situations it is rarely necessary to use this more rigorous treatment.

4.11 Effect of non-ideality

This will be dealt with in detail in Sections 8.24 to 8.28 where the theoretical background is
given. The worked problems in these sections deal with specific aspects of the effect of non-
ideality on acid/base behaviour.

For the present discussion it suffices to say that allowing for non-ideality would make
virtually no difference in cases where either the solution of the acid or base is extremely dilute
and hence the ionic strength is low, or where the acid or base is very weak.

The greatest effect will arise with a solution of a ‘fairly strong weak acid or base’.
The aspect which does present the greatest difficulty is that pH corresponds to an activity
rather than a concentration, as has been assumed here. These problems will be discussed in
Chapter 8, as indicated above.






Equilibrium Calculations for Salts
and Buffers

This chapter continues the analysis given in Chapter 4. Here it will be shown that the treatment
for salts of weak acids and weak bases is identical to that for weak acids and weak bases. This
is because these salts are made up from the conjugate base of a weak acid, or the conjugate acid
of a weak base. The analysis will again require discussion of whether or not the self ionisation
of water can be ignored, and whether or not only slight ionisation, or protonation, can be
assumed. Attention will be focused on the limitations imposed by the approximations and their
physical significance. The chapter ends with a discussion of the properties, behaviour and
analysis of buffer solutions. The standard buffer equation, the Henderson equation, although
regularly used and simple to manipulate, is shown to be of somewhat limited application. The
analytical treatment of buffer solutions is more complex than that for weak acids, bases or salts,
and involves a further assumption not needed in the treatment of weak acids or bases.

Aims
By the end of this chapter you should be able to:

o identify salts of a strong acid/strong base, weak acid /strong base, weak base/strong
acid, weak acid/weak base;

e compare the contributions to the equation for electrical neutrality for solutions of a
weak acid or weak base with those for their salts;

e recognise that only two equilibria are required for calculations of the pH of solutions
of salts of a weak acid/strong base, weak base/strong acid, but three are required for
salts of a weak acid/weak base;

e calculate the pH of solutions for each type of salt;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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e explain and justify the approximations involved in each type of calculation;
e recognise the different types of buffer solutions, and quote their properties;

e understand that the treatment for a buffer solution involves three simultaneous
equilibria;

e derive the approximate expression for the pH of a buffer solution and explain the
approximations involved and their limitations;

o follow through the rigorous calculation for the pH of a buffer solution and assess the
approximations which can then be made;

e understand what is meant by buffer capacity and discuss the range of pH for which
good buffer capacity is attained;

e compare the effects of adding a strong acid to water, to a solution of a weak acid, and
to a buffer solution.

5.1 Aqueous solutions of salts

A look at Table 3.1 shows that there are several types of salts.

5.2 Salts of strong acids/strong bases

These are formed by the neutralisation of a strong acid with a strong base and are simply dealt
with. The salt formed by the neutralisation of HCl(aq) with NaOH(aq) exists solely as the ions
Na'(aq) and C1 ™ (aq). Neither of these ions is involved in any acid/base behaviour with water
since HCl(aq) and NaOH(aq) are a strong acid and strong base respectively, and are fully
ionised in solution. The pH of the solution is governed by the self ionisation of water and, at
25°C, is equal to 7.00.

5.3 Salts of weak acids/strong bases

In contrast, the salt formed by the neutralisation of methanoic acid, HCOOH(aq), with
NaOH(aq) gives a basic solution with the pH dependent on the concentration of the salt.
Sodium methanoate is the salt of a weak acid and strong base, and in the solid consists of Na™t
and HCOO™ ions. When dissolved in water, Na*(aq) ions show no acid/base behaviour with
the water since NaOH(aq) is a strong base consisting of Na™(aq) ions and OH ™ (aq) ions only.
However, HCOO™ (aq) is the conjugate base of the weak acid HCOOH(aq), and will thus
accept a proton from the solvent water to form the undissociated acid HCOOH(aq) in the
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following equilibrium. The extent to which it does so depends on the concentration of the salt
and the pKy, of the base HCOO™ (aq).
HCOO™ (aq) + HO(1)m==HCOOH(aq) + OH (aq)

This is a basic solution since OH ™ (aq) is formed, and this is why salts of a weak acid/strong
base always have basic pH values.

[HCOOH] actual [OH_ ] actua
K= ( [Hcoo*l] l)eq G-

actual

As mentioned in Section 3.10, pK}, for the methanoate ion HCOO ™ (aq) sometimes may not be
tabulated, but instead may have to be worked out from the acid ionisation constant pK, for the
acid methanoic acid, HCOOH.

Ko x K- ([HCOOH}MUZE[OH}M) y ([Hcoo]mal[Hzoﬂml) 52)
[HCOO |y oq [HCOOH], eq

= ([OHi]actual [H30+]aclual)eq (5~3)

=K, (5.4)

Ky = % (5.5)

Calculation of the pH of a solution of a salt of a weak acid/strong base uses exactly the
same procedure as does the calculation of the pH of a solution of a weak base. The same
considerations apply. For cases where the pK,, lies in the range 4.0 to 10.0, then the two
standard approximations apply unless the stoichiometric concentration is very low. For low
concentrations it is likely that the self ionisation of water has to be considered. This is also
necessary when considering the salt of a weak acid/strong base where the conjugate base has a
pKy greater than around 10.0.

For the other extreme, when the conjugate base has a pKj, less than around 4.0, significant
protonation will occur and the full expression, Equation (5.6), must be used:

[conjugate base] [conjugate base], ., + [weak acid formed] (5.6)

total — actual

Here [conjugate base] . is the stoichiometric concentration of the salt of the weak acid/
strong base in question.

In general, the conclusions for the weak base protonation equilibria apply here to the salt of
the weak acid/strong base.

5.4 Salts of weak bases/strong acids

The salt formed by the neutralisation of the base ammonia NH3(aq) with HCl(aq) gives an acid
solution with the pH dependent on the concentration of the salt. Ammonium chloride is the salt
of a weak base and strong acid, and in the solid consists of NH, " (aq) and C1™(aq) ions. When
dissolved in water, C1 ™ (aq) ions show no acid/base behaviour with the water since HCl(aq) is a
strong acid consisting of H30"(aq) ions and Cl (aq) ions only. However, NH,"(aq) is the
conjugate acid of the weak base NH3(aq), and will thus donate a proton to the solvent water to
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form the unprotonated base NH3(aq) in the following equilibrium. The extent to which it does
so depends on the concentration of the salt and the pK, of the acid NH, " (aq).

NH, " (aq) + H,0(1) = H30" (aq) + NH3(aq)

This is an acidic solution since H;O"(aq) is formed, and this is why salts of a weak base/
strong acid always have acidic pH values.

_ [NH3]aCtual [H30+]acmal
k= (R ). 7

actual

As mentioned in Section 3.10, the pK,, values for weak bases are now generally listed in
terms of pK, for the conjugate acid, in this example NH, " (aq). And so there is, in general, no
need for cases of salts of weak base/strong acids to make the conversion between pKj, and pK,
(Equation 5.5).

The calculation of the pH of a solution of a salt of a weak base/strong acid uses exactly
the same procedure as does the calculation of the pH of a solution of a weak acid. The same
considerations apply. For cases where the pK, lies in the range 4.0 to 10.0, then the two
standard approximations apply unless the stoichiometric concentration is very low. For
low concentrations it is likely that the self ionisation of water has to be considered. This is
also necessary for the case of a salt of a weak base/strong acid where the conjugate acid has
a pK, greater than around 10.0.

For the other extreme, when the conjugate acid has a pK, less than around 4.0, significant
ionisation will occur and the full expression:

[conjugate acid],,,,, = [conjugate acid],,, + [Weak base formed] (5.8)

actual
Here [conjugate acid],. is the stoichiometric concentration of the salt of the weak base/
strong acid in question.

In general, the conclusions for the weak acid ionisation equilibria apply here to the salt of
the weak base/strong acid.

Worked problem 5.1
Question

Assuming that the self ionisation of water can be ignored and that the fraction protonated is
small, calculate the pH of a 0.001 mol dm ™ solution of sodium benzoate. The acid ionisation
constant of benzoic acid is 6.76 x 1075 moldm™>, and the ionic product for H,O is
1.00 x 107" mol* dm® at 25°C. Check on the validity or otherwise of the assumptions
and carry out a more rigorous calculation if necessary. What would happen if the concentra-
tion of the salt were 5 x 10~* mol dm>?

Answer

Sodium benzoate is the salt of a weak acid/strong base, and will have a basic pH. The benzoate
ion is the conjugate base of benzoic acid, as shown in the following equilibrium:

C¢HsCOO~ (aq) + H,0(1) —— C4HsCOOH(aq) + OH ™ (aq)
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Ky = ([C6H5COOH]actual [OH]actual>
eq

[C6H5C007]actual
K, x Ky = Ky
. Kb — & _ ([C6H5COOH]aCtual [OH]aCtual)
. Ky [C6H5C007]actual eq

Assuming that:

e the self ionisation of water can be ignored, then:

[C6HsCOOH], .y = [OH ]

e there is only slight conversion to CiHsCOOH(aq), then:
[C¢HsCOO™] CcHsCOO7]

actual — [ total

Substitution into the expression for the equilibrium relationship gives:

& — [OHi]ictual
K, [C6H5COO_]tota1 eq

2 _ Ky X [C6H5COO’]

total

[OH_]aCtua] - Ka
~ 1.00 x 10~"*mol* dm°® x 0.001 mol dm
B 6.76 x 10~ mol dm—>
[OH ], = 3-85 x 1077 mol dm™>
K 1.00 x 10~"*mol®> dm
H,0" = Y = =2.60 x 10~ ®mol dm™3
50 [OH ], .uu  3.85 x 10-7mol dm?
pH =7.59
Comments

e [OH ] from the self ionisation of pure water = 1.00 x 10~7 mol dm 2.

[OH "], ..,y found in this calculation = 3.85 x 107 mol dm~>

Hence it is probably unjustified to assume that the self ionisation of water can be ignored.

e Assuming that the self ionisation of water can be ignored and protonation is limited,
gives:

[C¢HsCOOH] OH ], = 3-85 x 1077 mol dm?

actual — [ actual

from which the fraction converted to benzoic acid would be:

[C¢HsCOOH], .y 3-85 x 10 "mol dm™> 3.85 x 10-4
[CeHsCOO |,y 0.001mol dm—>

which is very small.
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This suggests that the approximation that [CsHsCOO™ J,cual = [CeHsCOO ™ Jioear 1s fully

justified.

A more rigorous analysis of this problem is given in Section 5.4.1, and its application to the
situation where the salt solution is at the lower concentration of 5 x 10~* mol dm~? is given.

5.4.1 A more rigorous treatment of worked problem 5.1

This replaces the statement that [CcHsCOOH]cqua1 = [OH ™ Jacruar by the electrical neutrality
Statement:

[C6H5COO_]actual + [OH_} = [H30+]actual + [NaJr}

actual —

(5.9)

total

A very important point which must not be ignored:

Although the salt of a weak acid/strong base behaves as a solution of a weak base it must not
be overlooked that the solution is that of a salt, and not that of a weak base on its own. The
electrical neutrality statement must always contain a contribution from the cation of the
salt, here Na™(aq).

[Na+]total = [CGHSCOOi]total = [CGHSCOO?}aCluaI + [CGHSCOOH]actual (510)
Substituting for [CeHsCOO | ,cqual from Equation (5.9) allows [Na ™o to cancel out giving:
[C6H5COOH]acmal = [OHi]actual - [H30+]actual (51 1)
Ky
..[CeHsCOOH], . = [OH ], a1 — 7o (5.12)
acal acal [OH ]actual
2
_ [OH ]a(i[ual _ KW (513)
[OH ]actual
Substituting into the equilibrium relation,
Ky [C¢H5sCOOH] [OH] .
K. =2 — actual actual ives :

° K, ( [C6H5cooi]actual eq y

(5.14)

—12 _
& _ [OH ]aclual — KW x [OH ]aclual
K, [OHi] [C6H5C007]

actual actual

This can be approximated by assuming very slight conversion of the benzoate ion to benzoic
acid, justified by the results of the first part of Worked Problem 5.1 above, so that
[C6H5COO_]actual = [CGHSCOO_]mlala giVing:

—12
Ky _ (10H Jig — Ko (5.15)
Ka [C6H5C007]total e .
. ) Ky x [C¢HsCOO™]
. [OH ]actual = K tota] + KW (516)
a
1. 10~ “mol?> dm™° x 0.001 mol dm™>
[OH [ = 120 107 7mol” dm = 0001 moldm =, 4 35, 114012 g~
6.76 x 10~>mol dm

= (14.79 x 107" +1.00 x 10~'*) mol* dm~®



WORKED PROBLEM 5.1 113

=15.79 x 107" mol®> dm~°
, =3.97 x 107" mol dm™?

~ 1.00 x 10~"*mol* dm™°
aewal =397 % 10~"mol dm >
.. pH =7.60

. JOH]

actual

[H;0™] =2.52 x 10~ mol dm™*

This new value, [OH™ ], ¢ = 3.97 X 1077 mol dm using the more rigorous method can
be contrasted with the fully approximate treatment which gave [OH ],ca =3.85 X
1077 mol dm . The difference between the two values is 0.12 x 10~7 mol dm > showing
that the fully approximate value is 3% low. This indicates it is just possible to avoid having to
consider the self ionisation of water for this salt.

If the concentration is reduced to 5 x 10~ mol dm~ it is likely that the self ionisation of
water will have to be included in the calculation. Using the rigorous expression derived above:

_ Ky % [C6H5COO*] ot
[OH [y = P ol y ., (5.16)
1.00 x 10~ "“mol®> dm™® x 5 x 10~*mol dm™3
-2 = 14 12 1 6
[OH ]actual - 6.76 % 10—5mol dm_3 +1.00 x 10 mol- dm

=8.40 x 107 “mol® dm®
;= 2.90 x 10""mol dm™*

~ 1.00 x 10~**mol* dm™°
aewal =2 .90 x 10~"mol dm >
pH = 7.46

[OH"]

actual

[H;0™"] =3.45 x 107 mol dm?

If the self ionisation of water were ignored then the fully approximate treatment would give:

(OH [ = T2 THCO0
~1.00 x 10~"*mol® dm~® x 5.00 x 10~*mol dm >
B 6.76 x 10-5mol dm >
[OH |, = 2.72 % 1077 mol dm™>
100 x 10~ "*mol*> dm°
aewal ™79 72 % 10~"mol dm 3
pH =743

total (517)

=3.68 x 10~ mol dm™>

[H;07]

This can be contrasted with the more rigorous calculation which gave [OH™ ], .. =
2.90 x 10~ "mol dm ™~ and pH = 7.46. The difference between the two values for [OH ™ |,cual
is0.18 x 10~7 mol dm > corresponding to the fully approximate calculation giving [OH ™ J,cqual
which is 6.2% low. It would thus not be valid to ignore the self ionisation of water for this
concentration of the salt.
Take note: When comparing the fully approximate with the rigorous calculation, the differ-
ence is much more obvious if the [OH ™ ],ca values are compared, rather than the pH values.
This is because the pH values correspond to a compressed scale.

Hence, provided the stoichiometric concentration is not too low, calculations on the
protonation of the conjugate base anion using both approximations can be made for salts of
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weak acids/strong bases with pKj, values in the range of around 4.0 to 10.0. This fits in with the
similar deductions for weak acids and weak bases.

Worked problem 5.2

Question

There are two approximations which can be made for solutions of salts:

e ignore the self ionisation of water;

e assume only small conversion to products in the equilibrium as set up.

(i) Which of the approximations are valid for the following solutions, and why?

0.001 mol dm ™ solution of potassium chloroethanoate. pK, for chloroethanoic acid is
2.85.

0.001 mol dm ™~ solution of 2-terbutylanilinium chloride. pK, for the 2-terbutylanili-
nium ion is 3.80.

0.001 mol dm ™ solution of potassium nitrate.

0.001 mol dm ™ solution of sodium phenolate. pK,, for phenol is 10.00.

e 0.001 mol dm ™ solution of ethylammonium chloride. pK, for CoHsNH; " is 10.63.

(ii) Calculate the pH for a 5 x 10~3 mol dm > solution of sodium o-methyl phenolate. pK,
for o-methyl phenol is 10.28. What fraction of the original salt is converted?

Each pK, in this question relates to 25°C.

Answer

®
e This is the salt of a moderately strong acid, CICH,COOH and a strong base. The solid salt
is composed of Na® ions and CICH,COO™ ions. The anion is a base accepting a

proton from water:
CICH,COO™ (aq) + H,0(l) == CICH,COOH(aq) + OH™ (aq)

and this base will have a pK,=pK,, —pK,=14.00 —2.85=11.15, and K, =7.08x
1072 mol dm™>. It is, therefore, a very weak base and the assumption that the self
ionisation of water can be ignored will be invalid. The expression for electrical neutrality
has to be used. The assumption of only very slight protonation of the base will be valid. The
solution of this salt will have a basic pH.
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e This is the salt of a moderately weak base, 2-terbutylaniline and the strong acid HCI. The
pK,, for 2-terbutylaniline is 14.00 — 3.80 = 10.20. The salt is composed of 2-terbutyl
anilinium ions, "TNH;C¢H4(C4Ho) ions and CI~ ions. The cation is an acid which will
donate a proton to water:

+NH3C6H4(C4H9)(aq) + HQO(I) pr— NH2C6H4(C4H9)(aq) + H3O+aq)

This acid has a pK, = 3.80, and is thus a fairly strong acid. It is valid to assume that the
contribution to the pH of this solution from the self ionisation of water can be ignored.
However, since this is a moderately strong weak acid, the approximation of assuming only
slight ionisation may not be justified, and the quadratic expression for [H30 ™ ,ceua may
have to be solved. The solution of this salt will have an acidic pH.

e This is the solution of a salt of a strong acid/strong base.
Neither K(aq) nor NO; (aq) will react with the solvent water, and the pH will be
determined by the self ionisation of water. [OH™] = [H;0%] = 1.00 x 107 mol dm 3,
and the pH = 7.00.

e This is a solution of the salt of a very weak acid and a strong base.
The solid salt is composed of Na™ ions and phenolate ions C¢HsO ™ ions. The anion is a base
accepting a proton from water:

CeHs0™ (aq) + HzO(l) pr— C6H5OH(aq) + OH™ (aq)
and this base will have a pK}, = pK,, — pK, = 14.00 — 10.00 = 4.00, and K, = 1.00x
10~ mol dm™>. It is, therefore, a weak base with pKj, lying within the range where it is
valid to assume that the self ionisation of water can be ignored. It is probably invalid to

assume that there is only slight protonation and the rigorous expression taking account of
this should be used. The solution of this salt will have a basic pH.

e The pK, for ethylamine is 14.00 — 10.63 = 3.37, therefore this is the salt of a moderately
weak base, ethylamine, and the strong acid HCI. The salt is composed of ethylammonium,
C,HsNH;" ions and Cl~ ions. The cation is an acid which will donate a proton to water:

C,HsNH;3" (aq) + H,O(l) == C,HsNH,(aq) + H30™ (aq)

This acid has a pK, = 10.63, and is thus a very weak acid. The contribution to the pH of
this solution from the self ionisation of water cannot be ignored, and the expression for
electrical neutrality will have to be used. However, since this is a very weak acid, the
approximation of assuming only slight ionisation will be justified. The solution of this salt
will have an acidic pH.

(ii) pH for a 5 x10~3 mol dm~ solution of sodium o-methyl phenolate.

This is the salt of a weak acid/strong base, and so the anion of the salt is the conjugate base
of the weak acid, here o-methyl phenol. The solution will have a basic pH as a result of the
setting up of the equilibrium:

CH;C¢H40™ (aq) + H,O(1)m==CH;3C¢H,OH(aq) + OH (aq)

Ky = [CH3 C6H4OH] actual [OHi]actual
[CH3C6H4O_] eq

actual
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pK, for o-methyl phenol= 10.28, and so pKj, for the o-methyl phenolate anion is
14.00 — 10.28 = 3.72, giving K, = 1.91 x 10~* mol dm 3. This is a moderately strong
weak base and as such the self ionisation of water can be ignored, but probably it is not
possible to assume that only a small fraction of the anion is protonated.

e Ignoring the self ionisation of water gives:

[CH3C6H4OH] actual — [OH_]actual
e The rigorous expression is used:
[CH3CeH40™ ] oy = [CH3C6H4O™ oy + [CH3CeHaOH]

[CH3C6H407} CH3C6H407]t0[a] — [CH3C6H4OH]

actual — [ actual

Substituting into the equilibrium expression:

= < [CH3 CeH,4 OH] actual [OH_ ] actual >
[CH3 CeH,O™ ] actual eq

gives:

[OH ]2

actual

[CH;CsH4O™ ]y — [OH]

1.91 x 107* mol dm ™3 =

actual

[OH ],

actual

~ 0.005mol dm > — [OH"]

actual

S OHTZ 191 x 1074 [OH ] — 953 X 1077 =0

191 x 1074+ /3,65 x 10 + 3.81 x 100

[OH_]aclual - 2 mol dm_3
—1.91 x 107* £ V3. 10-6
_ 91 x 10 = 3.85 x 10 mol dm-?

= 8.85 x 10 *mol dm

i.e. ignoring the negative root.
pOH =3.05, and pH = 14.00—3.05 = 10.95

Since [OH7], .. = 8.85 X 10~*mol dm~>, this justifies ignoring the self ionisation of
water. However, it indicates that it would not have been justified to assume only slight
ionisation.

Fraction ionised

_ [CH3C6H,4OH]
~ [CH3C¢H407]

Yionisation = 17.7.

actual __ [OHi]aCtual _ 8.85 x 107411’101 dm_3

—0.177
ol [CH3CeH4O ]y 0.005 mol dm ™3
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5.5 Salts of weak acids/weak bases

These are salts such as ammonium methanoate, HCOONH,, with anion HCOO™ and cation
NH, ", or methylammonium benzoate, CqHsCOOCH;NH3, with anion C¢HsCOO ~ and cation
CH;NH;". The cations act as acids and donate a proton to the solvent water, while the anions
act as bases and accept a proton from the water.

The pH of such solutions can be easily calculated provided it is assumed that the extent of
conversion of both the anion and the cation are similar. This will only be the case if the K,
and K, for the cation and anion are similar; applicable only to a limited number of salts. For the
rest the expression for [H30 " |,cqal is complex.

When a salt of a weak acid/weak base is dissolved in water three equilibria are set up and
these must be simultaneously satisfied. This is one stage more complex than all the previous
situations where only two equilibria are simultaneously satisfied; the acid or base equilibrium
and the ionisation of water.

The salt formed by neutralisation of methanoic acid, HCOOH(aq), and ammonia, NH3(aq)
is ammonium methanoate, HCOONH,(aq). The three equilibria are:

HCOO™ (aq) + H,O(1) == HCOOH(aq) + OH (aq) (1)

[HCOOH] g [OH ],
K — actua actua 1
= (" Reoe . 519

actual

NH; " (aq) + H,O(1) == NH;(aq) + H;0" (aq) (2)

[NH3 ] actual [H3 o* ] actual
K, = < NH, | . (5.19)

actual
H,0(1) + H,0(1) —— H;0" (aq) + OH (aq) (3)

Ky = ([H30"], . [OH ] (5.20)

actual [ actual ) eq

Adding the chemical equations (1) and (2), and subtracting chemical equation (3), gives the
overall equation:

NH; " (aq) + HCOO ™ (aq) m—— NHj3(aq) + HCOOH(aq)

The equilibrium constant for this reaction is found by appropriate multiplication and division
of the individual equilibrium constants.

K, X K, = ([NH3]aC[ual [H3O+]acmal) X <[HCOOH}aclual [OH_}
eq

actual
NF. e

actual actual

NH3 actual HCOOH actual _
(&\Hh l]t I[Hcoo]]t 1) ><<[H3O+]ac[ual[OH ]amum) (5.22)
cq

actual [ actual eq

. KaKb _ ( [NH3]actual [HCOOH]actual > (523)
eq

) Ky B [NH4+]actual [HCOOi]actual
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Having formulated the equilibrium relationship, the two other commonly used relations must
be considered:

e The stoichiometric relations:

[NH4+}t0tal = [NH3]actual + [NH4+]actual 524)
[Hcooi}total = [HCOOH]actual + [HCOOi]actual 525)
But [HCOO™],,; = [NH47],,, since both come from the salt put in, and so:
[NH3]actual + [NH4+]actual = [HCOOH]aCtual + [HCOO?]aCtual (526)
e Electrical neutrality:
[NH4+]actual + [H30+]aclual = [HCOO_}actual + [OH_]aCmal (527)

As mentioned above, it is extremely difficult to formulate an expression for [H30 " actual
using these relations, and the normal practice uses the approximation of assuming that the
extent of conversion of both acid and base is similar. Doing this means that the amount of
NH;(aq) formed from the acid NH,4*(aq) is similar to the amount of HCOOH(aq) formed from
the base HCOO™ (aq).

Thus in Equation (5.23):

[NH3]actual ~ [HCOOH]aClual and [NH4+]actual ~ [HCOOi]amual giVing :

KaKb — < [NH3]ictual ) — ([HCOOHE(JMI) (528)
Ky [NH4+]§ctual e [HCOO_]ictual eq
Since [NH4+]aclual = [NH4+]1otal - [NH?’}actual (529)
and [HCOO™], ., = [HCOO™ |, — [HCOOH], . (5.30)
2
KyKy _ ( [NH3]actual > (5 31)
5 .
Ky ([NH4+]total - [NH3]actual) eq
KaKb _ ( [HCOOH]ictua] > (5 32)
_ 2 :
Kw ([HCOO ]total - [HCOOH}actual) eq

Both of these equations have one unknown, [NH;],cwa and [HCOOH],cua respectively,
and so can be solved to give either [NH3]acqar O [HCOOH], ¢qua- Depending on which
concentration is found either the expression for K, or K}, can be used to find [H30™ ],cqar OF
[OH_]actual'

This analysis implicitly assumes that the contribution to [H30 " | cqar 0F [OH ™ Jacrual from
the self ionisation of water is being ignored. However, the rigorous treatment using electrical
neutrality and making no assumptions as to the relative magnitudes of K, and Kj, ends up with
an equation involving the fourth power of [H30™ ], Which has to be solved by successive
approximations. Detailed calculations have shown that, provided the stoichiometric con-
centration of salt is not too low, the approximate and rigorous treatments give the same
result, even when K, and K, differ by several powers of ten.
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5.6 Buffer solutions

Buffers appear in chemical and biological systems as a means of controlling the pH. They have
two important properties:

o they resist change in pH on addition of acid or base;

e they resist change in pH on dilution.

Table 5.1 gives a list of common buffers.

Buffer solutions consist of a weak acid and its salt with a strong base, or a weak base
and its salt with a strong acid. Although most of the standard buffers are made up from
weak acids plus their salts with strong bases (Table 5.1), there are also buffer solutions
which can be prepared from the weak base plus its salt. The buffers quoted in Table 5.1
illustrate, however, that it is not necessary to rely on the weak base plus salt buffer to help to
cover the whole range of pH. Some of these buffers are made from dibasic acids and make
use of:

o the acidic properties of the undissociated dibasic acid; and

e the acidic salt produced by the neutralisation of the first ionisation of the dibasic acid,

e.g. phthalic acid and potassium hydrogen phthalate. Phthalic acid is a dibasic acid, and the
mono potassium salt can still act as an acid by virtue of its remaining carboxylic acid

group.

HOOCC6H4COOH(aq) + H20(1) pr— HOOCC6H4COO_ (aq) + H30+ (aq)
HOOCCH,COO™ (aq) + H,0(1) == ~00CC¢H4CO0™ (aq) + H;0™ (aq)

These equations represent the two stages of ionisation of the dibasic phthalic acid.

Table 5.1 Some common buffers

Buffer solutions Approximate range of pH

phthalic acid/potassium hydrogen phthalate 221038
CcH4(COOH),/HOOCC¢H,COO™

ethanoic acid/sodium ethanoate 341059
CH;COOH/CH;COO™

potassium hydrogen phthalate/dipotassium phthalate 4.0 to 6.2
HOOCC¢H,COO /~0O0CCcH,CO0™

potassium dihydrogen phosphate/dipotassium hydrogen 5.8 t0 8.0
phosphate H,PO, /HPO,*~

boric acid/monosodium borate H;BOs/H,BO5;™ 7.8 to 10.0

glycine/sodium glycinate "NH3;CH,COO~/NH,CH,COO~ 9.5t 11.7

disodium hydrogen phosphate/trisodium phosphate HPO4>~/PO,>~ 11.0 to 12.0
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e Buffer pH 2.2 to 3.8: this corresponds to the phthalic acid/potassium hydrogen phthalate
buffer

HOOCCH,COOH(aq) + H>0(1) =—— HOOCC4H4CO0 ™ (aq) -+ H;0" (aq)
HOOCCH4COO™ (aq) + H,O(1) == HOOCCcH4COOH(aq) + OH (aq)

e Buffer 4.0 to 6.2: this corresponds to the potassium hydrogen phthalate/dipotassium
phthalate buffer

HOOCC¢H,CO0 ™ (aq) + H,O(1) =—— ~00CCsH,CO0 ™ (aq) + H;0" (aq)
~O0CC¢H4CO0™ (aq) + H,0(1) == HOOCC¢H4COO™ (aq) + OH (aq)

Three simultaneous equilibria are set up in a buffer solution, and all must be considered
when formulating the expressions for [H30 "] cuar OF [OH Jocua. Carrying out actual
calculations of the pH of a buffer solution is straightforward provided that approximate
expressions for deriving the expressions for [H30 " ],cqua OF [OH ™ Jacwar are used. However,
the reasoning used in the derivations and approximations is more tricky, and demonstrates
the absolute necessity to be aware of what approximations are being made, and their
implications and limitations.

5.6.1 Buffer: weak acid plus its salt with a strong base

This buffer is prepared by mixing appropriate amounts of solutions of weak acid and its salt.
Depending on the chemical nature of the weak acid, the resulting solution can have a pH which
is acidic or basic. There are three equilibria which are simultaneously set up and must be
simultaneously satisfied.

e HA is a weak acid and donates a proton to water:
HA(aq) + H0(1) == A~(aq) + H:0"(aq) (A)

_ [A_]actual [H3 O-waclual 5.33
o < [HA] >eq o

actual

e A” is the conjugate base of the weak acid, HA, and thus will accept a proton from
water:

A~ (aq) + H,O(1) ——=HA(aq) + OH (aq) (B)

_ [HA]aCtua [OHi]aCtua
Ky = ( [ A_l] 1>eq (5.34)

actual

e the self ionisation of water:

H0(1) + H,0(1) == H;0" (aq) + OH (aq) (C)

Ky = ([H30"]oq[OH] (5.20)

actual [ actual ) eq

e Considering equilibrium (A), some A~ (aq) is formed while some HA(aq) is removed.
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e But simultaneously, in equilibrium (B), some HA(aq) is formed while some A™(aq) is
removed.

o [HAJ,cwar comes from [HAJo present initially minus [HA] removed by conversion to
A" (aq) in equilibrium (A) plus [HA] formed by conversion of A~ (aq) acting as a base to
give HA(aq) in equilibrium (B).

® [A™ ]acrual comes from [A™ ]ioa1 present initially minus the [A™] which has been converted to
HA(aq) by equilibrium (B) plus [A™] which has been formed from HA(aq) acting as an acid
in equilibrium (A).

These statements can be rewritten as:

i [HA}aClual = [HA]total - [HA]removed in (A) + [HA]formed in (B) (535)

If it can be assumed that the amount of HA(aq) removed by equilibrium(A) is approxi-
mately equal to that formed by equilibrium (B), then the change in [HA] due to the
simultaneous setting up of both equilibria will be approximately zero, and so the approx-
imation can be made that:

[HA]actual ~ [HALotal (536)
i [Ai]actual = [Ai]total - [Ai]removed in (B) + [Ai}formed in (A) (537)

If it can be assumed that the amount of A™(aq) removed by equilibrium (B) is approxi-
mately equal to that formed by equilibrium (A), then the change in [A™] due to the
simultaneous setting up of both equilibria will be approximately zero, and so the approx-
imation can be made that:

[A_]actua] ~ [A_]total (538)
e What is required is an expression for [H30" ] cwar- This can be found from either:
K, = ([A_Lmlual [H3O+]acmal) (5.33)
[HA]actual eq
or
Ky = ([HA]actual [OH]actual> (534)
[Ai]actual eq
Using the approximate expressions (5.36) and (5.38) gives:
K, = <[A_]total[H30+]aCtual) (5.39)
[HA]total eq
HA H™
Kb _ ([ ]total[o ]actual) (540)
[A ]total eq

from which either [H30" ] cuar OF [OH ™ lacrual can be found.
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Taking the expression for K, gives:

KJ[HA]
actual — W (541)

total
This expression is often quoted in its logarithmic form, the Henderson equation:

[H;07]

HA|, ..
lOg IO[HSOJr}aclual = lOg IOKa —+ IOg 10@ (542)
[A }total
HA
—log 10[H30"] oy = — log 10Ka — log 10@ (5.43)
[ total
HA
pH = pK, — log 107[ ,]“’“" (5.44)
[A ]total
or pH = pK, + log ]OM (5.45)
[HA]tola]
It is also often quoted as:
[salt]
H = pK, +1 — 5.46
p pK, +logio jacid] (5.46)

However, it is much better to deduce the expression for [H30"],ca direct from the
equilibrium quotient for K, or K, and calculate pH from this, rather than simply applying
the Henderson buffer equation in any of its typical forms (Equations 5.44 to 5.46). This
procedure eliminates any problems relating to the sign of the logarithmic term and the form of
the ratio, and also shows the significance of the approximations made.

This analysis rests on three assumptions:

o that the self ionisation of water can be ignored;
e that it can be assumed that the extent of conversion in both equilibria (A) and (B) is small,

e and, more importantly, that the extent of conversion in each equilibrium is approximately
the same.

Provided pK, and pKj, are both within the normal range of 4.00 to 10.00 and provided the
buffer solution is not too dilute, then the first two approximations should be valid. The validity
of the third can only be assessed by carrying out calculations where the assumption is not
made. These, however, are complex (see Section 5.6.2 below), but do show that, under normal
conditions, it is valid to make both this assumption and the other two.

5.6.2 The rigorous calculation for the buffer of a weak acid plus its salt
with a strong base

For this, the case of an acid buffer made up from a mixture of a weak acid, HA(aq), and its salt,
NaA(aq), will again be considered so that direct comparisons can be made with the previous
approximate treatment.

[NaA]
[HA]

[Na"]
[HA]

A7 (5.47)

(5.48)

initially — total — [ total

initially — total
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When these are made up into an aqueous solution, equilibrium is set up simultaneously with
respect to the three reactions:

HA(aq) + H,O(1) —— A~ (aq) + H30% (aq)
A~ (aq) + H,O(1) == HA(aq) + OH (aq)
H,O(1) + HO(1) == H;30" (aq) + OH (aq)

As shown above:

(A il = A ol + [A Jrormed in () = [A Jremoved in (8) (5.37)
HA] cua = HAL g + HAlormed in 8) — HAremoved in (a) (5.35)
[A Jformed in () = [HA]removed in (a) (5.49)
[HAformed in () = [A Jremoved in (8) (5.50)

What is wanted from this calculation?

Expressions for [A™ Juera and [HA]cqua, in terms of known quantities and/or [H30 " Jocqua
and [OH ™ ],cal, are required for substitution into K, which can then be solved for [H30],cqar:

+ _
Ka _ ([H3O ]actual [A ]actual) (533)
eq

[HA]

actual

This analysis illustrates some of the tricks used in manipulating equations to achieve the
stated objective

Try adding Equations (5.37) and (5.35):

[Ai]aclual + [HA}aclual = [Ai]total + [Ai}formed in (A) [Ai]removed in (B)

(5.51)
+ [HA] g + [HA formed in (8) — HA removed in ()
Substituting equations (5.49) and (5.50) gives:
[Ai]aclual + [HA]aclual = [Ai]total + [HA]removed in(A) — [HA]formedin (B)
+ HA] g+ [HA fpmedin 8) — HALemovedin(a)  (5:52)
(A ot = [A Jactuar = HA e — [HAL g1 (5.53)

This is an equation in two unknowns and so another independent equation is required.
So far electrical neutrality has not been used:

[Na+]actua] + [H3o+]actua] = [A_]actual + [OH_]actual (554)
[Ai]total + [H30+]actual - [Ai]actual + [OHi]actual (555)

Remember: The salt in the buffer is NaA(aq) and [Nat],ca must appear in the electrical
neutrality (Equation 5.54).
This gives a second equation defining [A™]

(A o — [A7]

total [A_]
= [OH7]

actual

total actual — actual [H30+]a0tual (556)
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which can be compared with the previous relation (5.53):

[A_]total - [A_]actual = [HA]actual - [HA]total (553)
Equation (5.56) is useful in two ways:
e rearranged, it gives an expression:
[Ai]actual = [Ai]total + [H30+}actual - [OHi]actual (557)
e it enables [HA],ca to be found by giving an expression for [A™], .; — [A™ ], Which can
be used with (5.53) to give:
[HA]aCtua] = [HA]total - [H30+]actual + [OH_]actual (558)

Two equations (Equations 5.57 and 5.58) have been found for [A™ J.cwar and [HA]acwar
respectively and these only involve known stoichiometric concentrations, plus [H30 actual
and [OH J].cwa- These latter concentrations are related through the ionic product for
water. The equations for [A™ J,cruar @and [HA],crua thus contain one unknown only, and
these can be substituted into the equilibrium expression to generate an equation in one

unknown.
K, = <[H3O+]actual [A_]actual) (533)
[HA]actual eq
_ [H30+}aclua1{ [Ai}lotal + [H30+}aclua17[OHi]aclual} (559)
[HA]total - [H3o+}actua1 + [OHi]actual
[H30+] = Ka{[HA]total - [H3O+}actual + [OHi]actual} (560)
actua [Ai]total + [H3o+]actual - [OHi]actual

This is a cubic equation, which has to be solved by successive approximations (Section 4.8).
However, one approximation which is certainly valid for a buffer with an acidic pH is that
[OHi]actual < [H3O+]actual and making use of it:

o Ka{[HA]total - [H30+}aclua1}

H;0" = 5.61

[ } ]aCtua] [Ai]total + [H30+}actual ( )
Likewise for a buffer with a basic pH, [H30" J,cuar < [OH ™ lactual> giving:

[H30+} _ Ka{ [HA}total + [OHi]actual} (562)

actual — = -
‘ [A Lotal - [OH ]actual

These approximations convert the cubic into a quadratic equation in one unknown. These
quadratic equations must be used in situations where the pH is less than 4 (Equation 5.61).
or greater than 10 (Equation 5.62). In Equation (5.61) the [H30" ] cwa is likely to be
comparable to both [HA]iy and [A™ | and the term in [H30"],eua in the right hand
side of Equation (5.61) must not be dropped. Similarly, for pH values greater than 10 the term
in [OH™ J,cqua1 Will become comparable to both [HA o and [A™ Jiora1 and must not be dropped,
i.e. Equation (5.62) must be used.
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A further approximation to Equation (5.60) can be made, for buffer solutions with pH
values between 4 and 10. In Equation (5.60):

_ Ka{[HA]total - [H30+]aclual + [OH_}actual}
actual [Ai]total + [H30+] [OHf]

[H;07] (5.60)

actual actual

[H30 acruar and [OH 1,crua Will be small and can be ignored with respect to [HA] o and
[A™ Jiorar Tespectively. Most buffer solutions which are used in practice conform to this since
[HAJiora1 and [A ™ Jiorar are of the order of 0.5 x 1073 mol dm >, or greater. The approximate
equation used under these conditions is:

K,HA
actual — [L} ][Otal (5'63)

total

[H;07]
which is often quoted as the logarithmic expression:

(A ] o
pH = pK, + log 1o =% (5.64)
[HA]tmal

and is identical to the Henderson buffer equations, Equations (5.41) and (5.45), derived earlier
which assumed that:

e the amount of A~ (aq) removed by equilibrium (B) is approximately equal to that formed by
equilibrium (A);

e the amount of HA(aq) removed by equilibrium (A) is approximately equal to that formed by
equilibrium (B).

A similar analysis can be given for a buffer made up from a weak base plus its salt with a
strong acid in water, see Section 5.6.3 for the approximate analysis and Section 5.6.4 for a
summary of the rigorous analysis.

Worked problem 5.3
Question

Phthalic acid is the source of two buffer solutions. Phthalic acid is a dibasic acid, and at 25°C
the first pK, = 2.95 and the mono potassium salt can act as an acid corresponding to the
second pK, = 5.41, by virtue of its remaining carboxylic acid group.

HOOCCH4COOH(aq) 4+ H,0(1) =—— HOOCC4H,CO0 ™ (aq) + H;0" (aq)
HOOCC¢H,CO0 ™ (aq) + H,0(I) == ~00CC¢H,CO0™ (aq) + H30" (aq)

e The potassium hydrogen phthalate salt is the weak acid of the potassium hydrogen
phthalate/dipotassium phthalate buffer which has pH range 4.0 to 6.2.

e The phthalic acid/potassium hydrogen phthalate salt buffers in the range 2.2 to 3.8.



126 CH5 EQUILIBRIUM CALCULATIONS FOR SALTS AND BUFFERS

Write down the chemical equations describing the two buffer regions.

e Can the approximate form of the equation for [H30 ] aceuar be used successfully for either, or
both, of the buffers?

e Find the pH for both of the following solutions:

(i) a solution prepared by mixing 100 cm’® of 0.020 moldm > potassium hydrogen
phthalate with 150 cm® of 0.005 mol dm > dipotassium phthalate;

(ii) a solution prepared by mixing 100 cm® of 0.020 mol dm ™~ phthalic acid with 150 cm®
of 0.005 mol dm > potassium hydrogen phthalate.

Comment on the results.

Answer
e Buffer 4.0 to 6.2

The weak acid equilibrium is:

HOOCCH,CO0™ (aq) + H,O(1) =—— ~O0CCsH,COO~ (aq) + H;0" (aq)
The salt equilibrium is:

~0O0CCgH4COO™ (aq) + H,0(1) == HOOCCcH4COO™ (aq) + OH™ (aq)

This buffer solution, i.e. the one buffering between 4.0 and 6.2 can be expressed by an
expression analogous to Equation (5.41) because [H30™ ],cqar is considerably smaller than
either [HA Jiota1 OF [A% Jioras in the equation analogous to Equation (5.61):

KJ[HA]

[H3 O+]aclua1 = [Az_] toul

total

which in its logarithmic form corresponds to Equation (5.45):

[Az_ ] total

H = pK. 1
p pKa + OgIO[HA’]

total

The pH can be found from either equation.
e Buffer pH 2.2 to 3.8:

The weak acid equilibrium is:
HOOCC¢H4COOH(aq) + H,0(1)———=HOOCCsH,COO™ (aq) + H;0" (aq)
The salt equilibrium is:

HOOCCH,CO0 ™ (aq) + H,0(1) =—HOOCC(H,COOH(aq) + OH " (aq)
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This buffer, i.e. the one buffering between pH 2.20 and 3.8, is outwith the range of validity
of the approximate equations and the more rigorous expressions must be used. Here
[H30 " acouar i comparable to both [Hy Ao and [HA ™ Jiorar in the equation which is analogous
to Equation (5.61):

_ Ka{[HzA]total - [H3o+]actual}
actual [HA_}total + [H30+]

[H;07]
actual

[HAi]lotal + [H30+]aclual
[HyA] [H;07]

pH = pK, + log 1o

total — actual

Either of these two equations must be used to calculate the pH.
e Calculation of the pH values for the two solutions

The buffers are prepared by mixing each of the two solutions which are thus diluted. The final
volumes are 250 cm’.

(i) KH phthalate as weak acid + diK phthalate as its salt, i.e. the buffer in the range pH 4.0
t0 6.2.

0.020mol dm~— x 100 cm?
stoich — 250 Cm3

[TO0OCC¢H,COOH]| =8.0 x 10°mol dm™?

0.005 mol dm?® x 150 cm?
stoich — 250 cm3

pK, for “OOCC4H,COOH = 5.41,K, = 3.89 x 10~% mol dm~>.

=3.0 x 10*mol dm

[T00CCsH4CO0 ]

e The approximate analysis gives:

— Ka [HA_]tolal
actual [ Az*]to[a]
~3.89 x 10"°mol dm ™ x 8.0 x 10*mol dm >
B 3.0 x 10~3mol dm™>
=1.04 x 10> mol dm™>
pH =4.98

[H;07]

o The rigorous analysis gives:

_ Ka{[HAi]total - [H3o+]actual}

H;0" =
[ ’ ]acmal [AZi]total + [H3O+]

actual

i.e. an equation analogous to Equation (5.61).

However, the approximate analysis gives [H;0"], ., = 1.04 x 1075 mol dm™ which is
small compared with either [HA]oich O [A™ J5oich and so the corrections brought in by the
rigorous analysis are insignificant.
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(ii) Phthalic acid as weak acid +KH phthalate as its salt, i.e. the buffer in the range
pH2.2t03.8

0.020 mol dm > x 100 cm?

[HOOCCsH4COOH] ., = 550 o =8.0 x 10*mol dm~?
~ 0.005mol dm ™3 x 150 cm? ~ ~
[HOOCCsH4COO | i = 350 o =3.0 x 10*mol dm™?

pK, for HOOCC4H,COOH = 2.95,K, = 1.12 x 1073 mol dm>.

e The approximate analysis gives:

110" s =
HA ] g
1.12 x 103mol dm™> x 8.0 x 103 mol dm~>
B 3 x 10-3mol dm >
=2.99 x 10~* mol dm™3
pH =252

e The rigorous analysis gives:

o Ka{ [HZA]total - [H30+}aclual}

[H30+]ac ual — —
W [HA g + [H307]

actual

In the approximate treatment [H30™], .., = 2.99 x 1073 mol dm~3, and this is comparable
to both [HA]sich and [A™ Jgoicn- The approximate analysis is, therefore, invalid.

_ Ka{[HZA]tolal - [H3o+]actual}

[H307] = -
actual [HA ]total + [H3O+]aclual
_ -3 - -3
H30™ | et = 1.12 x 10~*mol dm—{8.0 x 10*mol dm > — [H30™], ., }
actua 3 x 10~3mol dm—3 + [H3O+]actual

[H307 2, + 412 x 1073 [H30™], . — 8.96 X 1076 =0

—4.12x 1073 +£727 x 1073
.. [H;07] = - . mol dm™3

actual 2
=1.58 x 10~ mol dm >
pH =2.80

Comments

The calculations demonstrate that the approximate treatment is valid for the buffer in the
range pH 4.0 to 6.2, but totally invalid for the buffer in the range pH 2.2 to 3.8. Here the
approximate calculation gives the pH to be 2.52, in contrast to the rigorous treatment which
gives pH as 2.80.
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5.6.3 Buffer: weak base plus its salt with a strong acid

This buffer is prepared by mixing appropriate amounts of solutions of the base, B, and its salt.
The resulting solution has an acidic or basic pH depending on the chemical nature of the weak
base considered. The analysis of this case is logically identical to that for the buffer made
from a weak acid and its salt with a strong base. There are three equilibria which must be
simultaneously satisfied:

e B(aq) is a weak base and accepts a proton from water:
B(aq) + H,O(1) ——BH" (aq) + OH (aq) (A)

— [BH+]actual [OHi]aCtual (5 65)
ko= (F )

actual

e BH'(aq) is the conjugate acid of B, and thus acts as an acid by donating a proton to the
water:

BH' (aq) + H,0(1) ==B(aq) + H;0" (aq) (B)

_ [B]actua [H O+]actua 566
k= (P, e

actual
o the self ionisation of water:

H0(1) + H,O(1) == H;0" (aq) + OH " (aq)

Ky = ([H30™],.uu[OH] (5.20)

actual actual ) eq
In equilibrium (A) some BH*(aq) is formed while some B(aq) is removed. But simulta-
neously, in equilibrium (B), some B(aq) is formed while BH (aq) is removed.

® [Blactual comes from [Biop present initially minus [B] removed by conversion to BH (aq)
in equilibrium (A) plus [B] formed by conversion of BH" (aq) acting as an acid to B(aq) in
equilibrium (B).

o [BH"],car comes from [BH]. present initially minus the [BH'] which has been
converted to B by equilibrium (B) plus [BH"] which has been formed from B acting as
a base in equilibrium (A).

These statements can be rewritten as:

i [B]actual = [B]tolal - [B]removed in A + [B]formed in B (567)

¢ [BH ],y = [BH'] [BH] [BH] (5.68)

total — removed in B + formed in A
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The standard approximate derivation

e If it is assumed that the amount of B(aq) removed by equilibrium (A) is approximately
equal to that formed by equilibrium (B), then the change in [B] due to the simultaneous
setting up of both equilibria will be approximately zero, and so the approximation can be
made that:

[B]acmal ~ [B]total (5 69)

e If it is assumed that the amount of BH"(aq) removed by equilibrium (B) is approximately
equal to that formed by equilibrium (A), then the change in [BH"] due to the simultaneous
setting up of both equilibria will be approximately zero, and so the approximation can be
made that:

[BH'], . ~ [BH'] (5.70)

total

What is required is an expression for [H30" ] cwa. This can be found from either Equation
(5.65) or (5.66):
Using the approximate expressions, Equations (5.69) and (5.70), gives:

Ky = ([BHJrLotal [OH_}aclual> (571)
[B] total eq
or K. — [B]total [H3o+]actual (5 72)
! [B H+] total eq ’

from which either [OH ] cwar OF [H30 lactual can be found.
Note: the analogy to Equations (5.39) and (5.40), and the identical nature of the derivation to
that for the weak acid buffer.

Taking the expression for K, gives:

K,[BH']
actual — . [B] total (573)

total

[H;07]

This expression is often quoted in its logarithmic form:

+ [BH+]t0ta1
]0g 10[H3O ]actual = log IOKa + ]0g IOT (574)
total
BH*
— IOg 10[H30+]actual = — IOg IOKa — IOg 10 % (575)
total
BH™
pH = pK, — log 10[[B]M (5.76)
total
[B}lotal
pH = pK, + log 0 (5.77)

total
Again note the analogy to Equations (5.44) and (5.45)

However, again it is much better to deduce the expression for [H30],car direct from
the equilibrium quotient for K, or K, and calculate pH from this. This procedure
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eliminates any problems relating to the sign of the logarithmic term and the form of the
ratio, and probably more importantly it emphasises the nature of the approximations
involved.

Comparing the approximate equation for the buffer prepared from the weak acid and its salt
with a strong base and that for the buffer prepared from a weak base and its salt with a strong
acid:

K, [HA]
[H30+]actual = % (541)
[ ]total
(A7),
H = pK, + log 19 =24 5.45
P P - o810 [HA]tmal ( )
K,[BH]
[H3O+]actual = aTm (573)
[ ]tola]
B
pH = pK, + 4[B[H]fi‘a' (5.77)

total

The ratio which appears in the logarithmic form corresponds to [conjugate base]/[acid], where
the weak acid is either HA or BH". The ratio must not be read as [salt]/[acid] which is what is
often quoted for the expression for a buffer made from the weak acid plus its salt with a strong
base. Transferring to the weak base buffer on this basis would give the ratio the wrong way up,
or the sign wrong.

5.6.4 Therigorous calculation for the buffer of a weak base plus its salt with
a strong acid

The analysis can be carried out in an exactly similar fashion to that given in Section 5.6.2 for
the buffer made from the weak acid/salt of a weak acid buffer, giving:

{[BH+]total - [H3o+]actual + [OHi}aCtual}

[H3o+}ac ual — K. —
wal ! [B]total + [H3o+]actual - [OH ]

(5.78)

actual

which is similar to that in Section 5.6.2, Equation (5.60).
Similar approximations can be made.
For an acidic pH, [OH | cuar < [H30 " Jacwar and making use of this:

Kﬂ{ [BH+]1otal - [H30+]aclual}

[H30+], al —
actual [B] otal T [H3O+]actual

(5.79)

Likewise for a buffer with a basic pH, [H30 ™ Jcrual < [OH ™ Jactual> giving:

_ Ka{ [BHJr]tolal + [OH_}aclual}
actual [B]total _ [OHf]

[H;07] (5.80)

actual
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Worked problem 5.4
Question
Using the approximate treatment given above, work out the pH of a buffer solution

containing 0.10 mol dm 2 of NH3;(aq) and 0.02 mol dm? NH,Cl(aq). pK, for NH, " (aq) at
25°C is 9.25.

Answer

This buffer is prepared by mixing appropriate amounts of solutions of NHj3(aq) and
NH,4ClI(aq). The resulting solution has a basic pH.
NHjs(aq) is a weak base and accepts a proton from water:

NH;(aq) + H,O(1) —— NH,4 " (aq) + OH ™ (aq)

Ky = ([NH4+}aCLual [OH}actual>
eq

[NH;]

actual

NH,Cl(aq) in solution gives NH, " (aq) which is the conjugate acid of NHs(aq), and thus acts
as an acid by donating a proton to the water:

NH; " (aq) + H,O(1) = NHj(aq) + H;0" (aq)

Ka _ <[NH3]acmal [H'; O+]actua1>
eq

[NH,4*]

actual

The third equilibrium is that for the self ionisation of water:

H,O(1) + H,0(1) == H30" (aq) + OH (aq)
Ky = ([H30"],_,.,[OH]

actual [ actual )eq

These three equilibria are set up simultaneously and must all be satisfied simultaneously.
Using the argument given in Section 5.6.3 and the approximate expressions gives:

K, = <[NH3]tolal [H3 O+}actual>
[NH4+] eq

total

K,[NH,"]

[H3O+]actual = [NH3] total

total

pK, for NH; " (aq) = 9.25,K, = 5.62 x 107" mol dm~>.

~5.62 x 107"mol dm ™ x 0.02mol dm "’
actal 0.10mol dm >
pH = 9.95

[H;07] = 1.12 x 10" ""mol dm™
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Worked problem 5.5
Question

Use Table 5.1 to choose a buffer with pH = 6.0. How would this buffer be prepared?

Answer
There are two possible buffers listed in the table:

e potassium hydrogen phthalate as the weak acid with the salt dipotassium phthalate. The
second pK, for phthalic acid is 5.41.

e sodium dihydrogen phosphate as the weak acid with the salt disodium hydrogen phosphate.
The second pK, for phosphoric acid is 6.20.

The equilibrium expression for the weak acid is:

Ka = <[H3O+]aclual [Az_]actueﬂ)
HA'] .

actual

Making the approximation that the actual concentrations of HA(aq) and A~ (aq) can be taken
as equal to the stoichiometric concentrations gives:

HA ],
H O+ —K [ total
[ 3 }actual a [Az_}total
. [HA_Lotal _ [H30+]actual
A e K

total
For the phthalate buffer:
pK, = 5.41,K, = 3.90 x 107° mol dm~?, [H;0"] = 1.0 x 10~° mol dm >

 [HA ] 1.0x 10 °mol dm™> 056
CIAT | 390 x 106mol dm >
S HA | = 0.256 x [A*7]

total total

It is then possible to choose a value for either [HA ™ ];oa1, OF [A% )ioa1 from which the other
can be found.

Let [A* ],y = 2.00 x 1072 mol dm~>
; = 0.256 x 2.00 x 1072 mol dm > = 0.512 x 1072 mol dm >

total

..[T00CC4H4,COOH],,,; = 0.512 x 1072 mol dm~*

total

]
" [HAT]
]
]

and [T OOCCsH4CO0 7], ., = 2.00 x 1072 mol dm~?
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For the phosphate buffer:

pK, = 6.20,K, = 6.31 x 107" mol dm >, [H;0"] = 1.0 x 10~° mol dm™*

 [HA ] 1.0x 10 °mol dm™> 159
AT w631 x 1077mol dm™*
S HA ) = 1.59 x [AY7]

total total

It is then possible to choose a value for either [HA ™ Jiora1, OF [Azf]total from which the other can
be found.

Let[A* ], = 2:00 x 1072 mol dm ™
S HA o = 1.59 x 2.00 x 1072 mol dm > = 3.18 x 10~ mol dm >

i.e.[Hy,PO; o = 3-18 x 1072 mol dm ™

total

and [HPO; |, = 2.00 x 1072 mol dm ™

total

5.6.5 Effect of dilution on buffering capacity

Buffer solutions have the capacity to resist change of pH on dilution. Addition of H,O(l) will
dilute both the weak acid and its salt by the same amount and so the pH remains the same, e.g.
in the case of the NH5;/NH,4C1 buffer:

K. — [NH3]tolal [H3 O+] actual (5 81 )
! [NH4 * ] total eq .
[NH4+]total — [H30+]tolal (582)
N [NH3]1otal K,
[NH4 ]total

and so if the ratio remains the same, so does [H3;0 " Jacwal. However, if the solution

[ 3]t0tal
is diluted to a very large extent this no longer holds, and the self ionisation of the solvent must

no longer be neglected.

5.6.6 Effect of addition of H30" (aq) or OH™ (aq) on the pH of a buffer

Addition of a strong acid or a strong base to a buffer solution has very little effect on the pH,
this being one of the main properties of a buffer. This can be contrasted with the effect of
addition of either to water where there is a dramatic change in pH.

If 5 cm® of 0.1 moldm™> of HCl(aq) is added to 100 cm® of water, [H;0"] will be
5cm® x 0.1mol dm—3/100cm® = 5 x 10 *mol dm~3, and pH is 2.30. This is to be con-
trasted with a pH of 7.0 for water at 25°C, showing the dramatic change in pH on addition of
HCl(aq).

However, there is no such dramatic change when HCl(aq) is added to a buffer, as shown in
the following analysis. Consider, for example, the weak acid/weak acid salt with a strong base
buffer, i.e. HA/NaA.
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The three equilibria set up are:
HA(aq) + H,O(1) == A" (aq) + OH™ _(aq) (A)
H,0(1) + Hy0(1) == H307 (aq) + OH (aq) (C)

If HCl(aq) is added to this buffer solution it will neutralise an equivalent number of mol of the
base, A™ (aq), present in the buffer solution and form an equivalent number of mol of HA(aq).

H;07(aq) + A~ (aq) — HA(aq) + H,O(1)

As a result, there will be changes in the position of equilibrium in each of the equilibria (A),
(B) and (C). Both before and after addition of the strong acid, the equilibrium relation

_ [H'; O+] actual [Ai ] actual
K, = ( o )eq (5.33)

actual

will hold, and for many buffers this will reduce to the corresponding relation in terms of
the stoichiometric concentration of A~ (aq)andHA(aq). In consequence the ratio
[A™ |goich/ [HA] iy Will not change drastically, and hence the pH also will not change
drastically.

5.6.7 Effect of addition of H;0" (aq) or OH (aq) on the pH of a weak acid
on its own

If HCl is added to a weak acid there is a considerable change in pH showing that a weak acid
on its own has no buffering capacity. The effect, however, is not as great as that observed when
a strong acid or base is added to water. A solution of a weak acid consists of both the
undissociated weak acid, HA(aq) and its conjugate base A~ (aq).

HA(aq) + HyO(1) == H3"O(aq) + A™(aq)

_ [H3o+]actual [Ai]actual 5.33
k= (Mo ) “ >

actual

After the strong acid has been added, nearly all of the weak acid will be in the form of un-
ionised HA - suppression of the ionisation - and the pH will be given approximately by the
concentration of the strong acid. A large decrease in pH will result, but this will not be so large
as is found when strong acid is added to water.

5.6.8 Buffer capacity

In effect, the term buffer capacity means the range of pH over which a buffer is effective. The
commonly held view is that this range lies within pK, = 1. The table and graph below
illustrate the buffering capacity of the ethanoic acid/sodium ethanoate buffer, and allow a
judgement to be made as to whether the accepted range, pK, & 1, is reasonable. pK, for
ethanoic acid is 4.76 at 25°C.
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9l
pH 8L | Range for
: pK,+ 1.00
7
|
|
6 |
|
5 |
|
|

<—————(® Denotes point where pH = pKj,)

4 |
| |
|
3+ : |
| |
Range for |
n l——
2 pK, + 0.60
1 -
1 1 1 1 1 1 1 1 1 1
0 2 4 6 8 10

Numerator in ratio
of [Aiota to [HA]otal

Figure 5.1 pH curve showing buffer capacity.

3 3

pH values for 1 x 1072mol dm™ ethanoic acid and for 1 x 1072 mol dm™ sodium
ethanoate are worked out using the standard approximations of ignoring the self ionisation
of water and assuming only slight ionisation. The approximate buffer equation, analogous to
Equations (5.39):

Ka = <[CH3COO]t0tal [H30+]actual) (583)
[CH3 COOH} total eq
is used in the form, analogous to Equation (5.45):
[CH3COO07],
H = pK, + log 1 o0l 5.84
PE = PR T8 0 [CH,COOH >89

to calculate the pH values of buffers with a total concentration, [HA], ., + [A7 |0 =
1 x 1072 mol dm~> but with different ratios corresponding to given % fractions of HA(aq)
converted to A™(aq). Figure 5.1 shows the results in graphical form, while Table 5.2 lists
the actual values.

pH for 1 x 1072 mol dm~> ethanoic acid: 3.38

pH for 1 x 1072 mol dm~* sodium ethanoate: 8.38.

The graph shows that, around pH = pK,, the change in pH for a given fraction of HA
converted to A~ is smallest and that there is good buffering capacity in this region. As the

A
Table 5.2 Values of pH corresponding to different values of the ratio @

total
Ao 1 2 3 4 3 6 7 8 o
HA], o 9 8 7 6 5 4 3 2 1
pH 3.81 4.16 4.39 4.58 4.76 4.94 5.13 5.36 5.71
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A7 .. . . . .
w decreases or increases from unity the buffering capacity decreases. From the
total

graph it can be seen that the standard range of good buffer capacity, pK, =+ 1, is perhaps too

ratio,

2 8
large, and one corresponding to a limiting ratios of 3 and 5 is more reasonable, i.e. pK, £ 0.60.
A
[[HA]]“’““' = 1 then pH = pK,, and this corresponds to half-way to the end pointin a
total
titration of the weak acid with a strong base (see Section 6.2.3). This is a very simple method
of finding a first approximate value pK, value for a weak acid, but it must always be
remembered that the buffer equation to which it refers is only approximate.

Note: when






Neutralisation and pH Titration
Curves

The previous discussions on salts of a strong acid/strong base, weak acid/strong base, weak
base/strong acid, weak acid/weak base and buffers form the basis of the interpretation of pH
titration curves. Although neutralisation and acid/base behaviour have some features in
common, i.e. they both involve acid/base behaviour and both are proton transfer reactions,
distinctions must be drawn between them.

This chapter also considers the more complex situations involved in polybasic acid
equilibria and ampholytes.

Aims

By the end of the chapter you should be able to:

e distinguish between neutralisation and acid/base behaviour;

e analyse titration curves of monobasic acids and monoacid bases;

e appreciate the distinction between the end-point and the equivalence point;
e list the acid/base equilibria for polybasic acids;

e discuss and analyse titration curves for a dibasic acid, understand the need for
approximations and be able to justify them;

o follow through a brief discussion of the much more complex case of the tribasic acid;
e know what is meant by an ampholyte;

o discuss the behaviour of ampholytes.

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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6.1 Neutralisation
In neutralisation, e.g. a weak acid by a strong base, the OH™ (aq) added can react in two ways:

e by neutralising the H;0" (aq) present as a result of the dissociation of the weak acid:

neutralisation

H;07"(aq) + OH ™ (aq) — 2H,0(1)

Removal of H;0" (aq) will cause more of the undissociated weak acid to dissociate so as to
re-establish the equilibrium:

HA(aq) + H,O(1) = H30%(aq) + A" (aq)

o (M0 e [A—]wua])eq o)

[HA] actual

and progressive neutralisation by more OH™ (aq) will effectively remove the weak acid until
a number of mol of OH™ (aq) has been added equivalent to the number of mol of weak acid
present initially.

e or the OH™ (aq) will react directly with the weak acid:

neutralisation

HA(aq) + OH (aq) —— A~ (aq) + H,O(1)

and as more OH™ (aq) is added progressive neutralisation will occur.
The two reactions:

neutralisation

H;0" (aq) + OH™ (aq) — 2H,0(])

neutralisation

HA(aq) + OH (aq) —— A~ (aq) + H,O(1)

are irreversible reactions and both are very fast. The kinetics of these reactions indicate that
the rates of these reactions are comparable, and both mechanisms will, therefore, contribute to
the neutralisation. Both are proton transfers, but the base added in neutralisation is the added
OH™ (aq), in contrast to the solvent acting as the base in the reversible acid dissociation of a
weak acid.

HA(aq) + H,O(l1) == H30"(aq) + A~ (aq)

The neutralisation of a weak base by a strong acid can be likewise described, and both
neutralisation reactions will again contribute to the mechanism of neutralisation.

e the added H307"(aq) reacts with the OH™(aq) produced by the basic reaction of the weak
base, and as a result more base will be converted to the protonated conjugate acid as the
equilibrium is rapidly re-established, i.e.

neutralisation

OH ™ (aq) + H30" (aq) — 2H,0(1)
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is followed by:
B(aq) + H,O(1) == BH" (aq) + OH (aq)

_ [B H+ ] actual [OH_ ] actual
ko= (P ). o2

actual

and progressive neutralisation can occur via this mechanism as more H;O™ (aq) is added.

e or the H;0" (aq) will react directly with the weak base:

neutralisation

B(aq) + H;0" (aq) —— BH" (aq) + H,0O(1)
and, as more H3;O" (aq) is added, progressive neutralisation will occur.

The neutralisation of a strong acid with a strong base, or vice versa, is much more
straightforward, with no acid/base equilibria involved. The neutralisation occurs via:

neutralisation

OH ™ (aq) + H30" (aq) — 2H,0(1)

and neutralisation continues with addition of H;O%(aq) or OH (aq) until an equivalent
number of mol has been added.

6.2 pH titration curves

Figures 6.1 to 6.4 show the pH titration curves for the various cases given in Tables 6.1 to 6.4.
These have been calculated as given below.

6.2.1 Neutralisation of a strong acid by a strong base, e.g. HCl(aq) with
NaOH(aq) (Figure 6.1)

25 cm’ of 1.00 x 1072 mol dm ™~ HCl is titrated with a 5 x 107> mol dm ™ solution of NaOH,
and Table 6.1 shows how the pH of the solution alters with each addition of NaOH.
The total volume of the solution increases throughout the titration. The reaction occurring
is
neutralisation
H;07" (aq) + OH (aq) —— 2H,0(1)
and one mol of H;O" (aq) is neutralised by one mol of OH™(aq). The total number of mol of
OH™(aq) required for complete neutralisation will be equal to the number of H3;0%(aq)
present initially. Progressive neutralisation occurs throughout the titration, and from the
number of mol of OH™(aq) added at any stage of neutralisation the number of mol of
H;07" (aq) neutralised can be found, from which the number of mol of H;O" (aq) remaining
is calculated. Knowing the total volume of the solution, [H;O*] is found, giving the pH.
The initial amount of H;O" (aq) present

2
=25cm’ x 1 x 1072 moldm™3 = Wgodm* x 1 x 102 moldm™ = 2.5 x 10* mol
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Figure 6.1 Titration of a strong acid by a strong base, e.g. HCl(ag) with NaOH(aq).
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Figure 6.2 Titration of a strong base by a strong acid, e.g. NaOH(aq) with HCl(aq).
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Figure 6.3 Titration of a weak acid by a strong base, e.g. CH3;CO0H(aq) with NaOH(aq).
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Figure 6.4 Titration of a weak base by a strong acid e.g. NHs(aq) with HCl(aq).



144 CH6 NEUTRALISATION AND pH TITRATION CURVES

Table 6.1 pH titration: strong acid/strong base at 25°C

10* x number 10* x number
volume NaOHadded  mol OH(aq) of mol of total volume [H;07]
cm? added H3;07(aq) left cm’ mol dm ™ pH
0 0 2.50 25 1.00 x 1072 2.00
10 0.50 2.00 35 5.71 x 1073 2.24
20 1.00 1.50 45 3.33 x 1073 2.48
30 1.50 1.00 55 1.82 x 1073 2.74
40 2.00 0.50 65 7.69 x 104 3.11
45 2.25 0.25 70 3.57 x 1074 3.45
47.5 2.375 0.125 72.5 1.72 x 10~* 3.76
49 2.45 0.05 74 6.76 x 1073 4.17
50 2.50 0 75 1.00 x 1077 7.00
Table 6.2 pH titration: strong base/strong acid at 25°C
volume HCladded 10* x number  10* x number
cm? mol H;O"(aq) of mol of OH~  total volume [OH]
added (aq) left cm’ moldm—2 pOH  pH
0 0 2.50 25 1.00 x 1072 2.0 12.00
10 0.50 2.00 35 571 x 1073 224 11.76
20 1.00 1.50 45 3.33 x 1073 248 11.52
30 1.50 1.00 55 1.82 x 1073 2.74  11.26
40 2.00 0.50 65 7.69 x 1074 3.11 10.89
45 2.25 0.25 70 3.57 x 1074 3.45 10.55
47.5 2.375 0.125 72.5 1.72 x 10~ 376 10.24
49 2.45 0.05 74 6.76 x 1073 4.17 9.83
50 2.50 0 75 1.00 x 1077 7.00 7.00
Table 6.3 pH titration: weak acid/strong base at 25°C
10* x 10* x 10* x
number number number
Volume of mol of mol of mol
NaOH OH~  CH;COOH CH;COO-  Total [CH;COOH]ypicn  [CH3COO Igoien  [H3O%]/
added/cm®  added left formed  volume/cm®  left/mol dm? formed/mol dm®  mol dm™ pH
0 0.00 2.50 0.00 25 1.00 x 1072 0.00 417 x 107* 3.38
10 0.50 2.00 0.50 35 5.71 x 1073 1.43 x 1073 6.95x 107° 4.16
20 1.00 1.50 1.00 45 333 x 1073 222 x 1073 2.61 x 107> 4.58
30 1.50 1.00 1.50 55 1.82 x 1073 2.73 x 1073 1.16 x 107> 4.94
40 2.00 0.50 2.00 65 7.69 x 10~ 3.08 x 1073 434 x10°° 536
45 2.25 0.25 2.25 70 3.57 x 1074 321 x 1073 1.94 x 10 5.71
49 2.45 0.05 2.45 74 6.76 x 1073 3.31 x 1073 3.55x 1077 6.45
50 2.50 0 2.50 75 0.00 333 x 1073 724 x107° 8.14
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Table 6.4 pH titration: weak base/strong acid at 25°C
10% x 10* x 10* x

Volume number of number of number of

HCl mol H;O" mol NH; mol NH,* total [NH3]soich [NH4 " Jstoich [H;0%]/
added/cm®  added left formed  volume/cm® left/moldm™  formed/moldm™ mol dm™> pH
0 0.00 2.50 0.00 25 1.00 x 1072 0.00 237 x 107" 10.63
10 0.50 2.00 0.50 35 571 x 1073 143 x 1073 1.41 x 10710 9385
20 1.00 1.50 1.00 45 3.33 x 1073 2.22 x 1073 3.75x 10710 9.43
30 1.50 1.00 1.50 55 1.82 x 1073 2.73 x 1073 8.43 x 1071 9,07
40 2.00 0.50 2.00 65 7.69 x 1074 3.08 x 1073 225%x 107  8.65
45 225 0.25 225 70 357x 1074 321 x 1073 5.04 x 107°  8.30
49 245 0.05 245 74 6.76 x 1073 3.31 x 1073 276 x 1078 7.56
50 2.50 0 2.50 75 0.00 3.33 x 1073 1.37 x 107 5.86

Since HCI and NaOH are strong electrolytes, there are no acid-base equilibria to consider,

other than the self ionisation of water:
H;0" (aq) + OH (aq) —— H,0(1)

Ky = ([H30+] [OHi] )eq

6.2.2 Neutralisation of a strong base by a strong acid, e.g. NaOH(aq)

with HCl(aq) (Figure 6.2)

25cm’ of 1.00 x 1072 mol dm ™ NaOH is titrated with a 5 x 10> mol dm ™ solution of HCI,
and Table 6.2 shows how the pH of the solution alters with each addition of HCI.

The calculation is essentially the same as previously. The number of mol of H;O"(aq)
added gives the number of mol of OH™(aq) neutralised, from which the number of mol of

OH™ (aq) left and its concentration can be found.

pOH = —log,,[OH7] 6.4)
Kw = ([H3O+][OH7])eq
R &
CL[H307] = [OH | (6.5)
pH = —log,, (%) (6.6)
= pK,, — pOH (6.7)

6.2.3 Neutralisation of a weak acid by a strong base, e.g. CH;CO0H(aq)

with NaOH(aq) (Figure 6.3)

25 cm?® of 1.00 x 102 mol dm ™ CH5COOH is titrated with a 5 x 10~ mol dm ™ solution
of NaOH, and Table 6.3 shows how the pH of the solution alters with each addition of
NaOH.
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In this titration, the added OH™ (aq) removes an equivalent number of mol of CH;COOH(aq)
by neutralisation. From this the number of mol of the weak acid remaining is found, and from
the total volume of the solution after each addition of OH™(aq) the stoichiometric concentra-
tion of CH;COOH(aq) left can be found. This corresponds to the total concentration of
acid present at each stage of the titration. But CH;COOH(aq) is a weak acid and this
stoichiometric or total concentration of CH;COOH(aq) is partly in the form of the undissociated
CH;COOH(aq) molecules, and partly as CH;COO™(aq) ions.

[CH3COOH] stoich or total — [CH3 COOH] actual T [CH3COOi]actual (68)
K, = <[CH3COO_]aCtual [H3 Oﬂactual) (6.9)
[CH3 COOH} actual eq

The titration shows three stages, each of which must be handled differently:

e the beginning of the titration before any OH™(aq) is added, corresponds to a solution of a
weak acid on its own in water;

e after some OH™(aq) has been added, an equivalent amount of weak acid will have been
removed, and an equivalent amount of its salt with NaOH has been formed, i.e. a buffer
solution is formed;

e when an amount of NaOH equivalent to the number of mol of weak acid present initially has
been added, all the weak acid will have been neutralised, and a corresponding amount of the
salt is formed. The solution is that of a salt of a weak acid with a strong base on its own in
water.

The calculations outlined above are:

e At the beginning of the titration: a solution of a weak acid in water.

CH3;COOH(aq) + H,0O(1) == CH3COO™ (aq) + H30+(aq)

K — [CH3COO_]actual [H3 O+}aclual (6 9)
: [CH;COOH] o '

pK, = 4.76, K, = 1.74 x 10~* moldm .

actual

This is a weak acid where both of the standard approximations hold, i.e. no extensive
ionisation, and ignoring the self ionisation of water:
[H;0'];

K. = actual 6.10
* " [CH3COOH] (6.10)

stoich or total

. [H;0%] (6.11)

actual stoich or total

= \/K.[CH;COOH|

— /174 x 10-5 mol dm~> x 1.00 x 10-2 mol dm >
=417 x 10"*moldm™3
pH = 3.38
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e The region of incomplete neutralisation: the buffer region

In this region the number of mol of CH3;COOH(aq) left un-neutralised is first found, from
which the number of mol of CH3;COO™(aq) formed can be calculated. The total volume
after each addition of NaOH(aq) must be found. From this [CH3;COOH]wich ortorar @and
[CH3COO™ Jg0ich or total are calculated after each addition.

For this buffer solution, the standard approximations hold: i.e. the actual concentration
equals the stoichiometric concentration:

[CH;COOH]
[CH;COO ™|

[H3 O+] Ka stoich or total (6 1 2)

stoich or total

actual —

After addition of 30 cm®:

30
Number of mol of OH™(aq) added = mdm3 x5x 103 moldm™> =1.5x 1074

2
Number of mol of CH;COOH(aq) initially = Wgodm* x 1x10?moldm™> =2.5x 107*

Number of mol of CH;COOH(aq) after neutralisation = 1 x 10~*
Total volume = (25 + 30) cm?® = 55 cm?

1
CH3COOH],,, = —————x 1 x 10 *mol = 1.82 x 107> moldm >
[CHs her (55/1000) dm’
Number of mol of CH;COO~(aq) formed = 1.5 x 10~*
1

[CH;COO0 ] - x 1.5 % 10" mol = 2.73 x 10> moldm >

formed ™ (55 /1000) dm’
These are the stoichiometric, or total concentrations.

Using Equation (6.12) gives:

174 x 103 moldm ™ x 1.82 x 10~* moldm >
aotual = 2.73 x 103 mol dm >

pH =4.93

=1.17 x 107> moldm 3

[H;07]

e Complete neutralisation: a solution of the salt on its own in water

This corresponds to a solution of the conjugate base of the weak acid, i.e. CH;COO™(aq)
acting as a weak base.

CH;COO™ (aq) + H,0O(l) == CH3COOH(aq) + OH (aq)
Kb = & — <[CH3COOH]actual [OH]aCtual) (613)
eq

K. [CH;COO ]

actual

The anion of the salt is a weak base where the standard approximations hold, and:

[CH3;CO0 7], = [CH3COO]

actual —

(6.14)

stoich or total
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Here [CH3COO™ Jgoich or totat Must be that in the final solution at the equivalence point. It
can be calculated from the number of mol of CH;COOH present initially and the final total
volume of the solution.

—12
Ky = Kw _ [OH_]actual (6.15)
Ka [CH3COO ]stoich or total
K, |CH;COO™ | .
[OH_]acmal _ \/ [ 3 ra }Stolch or total (616)

When all of the original CH;COOH(aq) has been neutralised:
number of mol of CH;COO™(aq) = number of mol of CH;COOH(aq) present initially =
2.5 %1074

Total volume of the solution = (25 + 50) cm® = 75 cm?

1

= x25x10*mol =3.33 x 10> moldm™>
formed = (75/1000) dm?

. [CH;COO]

This is the stoichiometric concentration of the salt formed, and using the approximate
Equation (6.16) gives:

=1.38 x 10" ® moldm

OH ] — 1.00 x 10~#mol*dm® x 3.33 x 103 moldm >
actual = 1.74 x 10-5 mol dm >

pOH = 5.86
pH =14 — 5.86 = 8.14

6.2.4 Neutralisation of a weak base by a strong acid, e.g. NH3(aq)
with HCl(aq) (Figure 6.4)

25 cm® of 1.00 x 1072 mol dm > NHj is titrated with a 5 x 10~3 mol dm ™2 solution of HCI,
and Table 6.4 shows how the pH of the solution alters with each addition of HCI.
The calculations predicting the pH values for each stage in the titration are exactly analogous
to those for the titration of a weak acid with a strong base. Again there are three separate
stages:

pK, for NH; (aq) = 9.25 giving K, = 5.62 x 107" mol dm*

pKy for NH;(aq) = 4.75 giving Ky, = 1.78 x 107> moldm

e at the beginning of the titration, no HCI has been added, and the solution is that of a weak
base on its own in water.
NH;(aq) + H,O(1) == NH; (aq) + OH (aq)

o [NHJr}actua [OH_]actua
ko= (M ) (617

actual
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Making the standard approximations of ignoring the self ionisation of water and assuming
little protonation gives:

—12
Kb _ [OH }actual (6. 18)
[NH3]st0ich or total
[OHi] = \/Kb [NH3]stoich or total (6 19)

e During the titration when HCl is being added, and there is incomplete neutralisation, the
solution is a buffer. Using the standard approximation gives:

Kb _ ([NHI]SIOiCh or total [OH]actual> (620)
[N H3]stoich or total eq
NH;]|,
[OH™] = Kb[[NHi]fmw (6.21)
4 Istoich or total

e At the equivalence point when all the weak base has been neutralised the solution is that of
a salt of a weak base/strong acid in water, i.e. NH4Cl(aq). The protonated weak base is the
conjugate acid of the weak base, here NHj3:

NH; (aq) + H,O(1) = NH;(aq) + H;0" (aq)

K, = <[NH3]aCtual [H3 Oﬂaclual> (6.22)
eq

[NH,]

actual

Making the standard approximations gives:

2
[H30+]actual (6.23)

K, =
"IN

stoich or total

[H;07] = \/K,[NH]] (6.24)

stoich or total

6.3 Interpretation of pH titration curves
Figures 6.1 to 6.4 show the curves for:

e a strong acid/strong base titration,

e a strong base/strong acid titration,

e a weak acid/strong base titration,

e a weak base/strong acid titration.
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End
point ?

pH |

Equivalence
point

Amount of base
added

The equivalence point may be at a pH either above or
below 7.0, depending on what the acid and the base are

Figure 6.5 Titration of a weak acid by a weak base, e.g. CH;CO0H(aq) with NHs(aq).

The curve for a weak acid/weak base titration is the composite of the curves for a weak acid/
strong base and weak base/strong acid titrations, as indicated (Figure 6.5).

The curves for a weak acid or weak base which are weaker than ethanoic acid or ammonia
respectively, are displaced upwards for the weak acid, and downwards for the weak base
respectively, as indicated (Figures 6.6(a) and 6.6(b) respectively).

The strong acid/strong base titration curve shows a smooth increase in pH with addition of
base until around 99% neutralisation when a dramatic increase in pH over several pH units is
found. Addition of excess base past the equivalence point is also shown. This is equivalent
to the titration of a corresponding amount of strong base by a strong acid as shown. If the
initial concentration of the acid, or base, is greater then the pH titration is displaced
downwards, or upwards, respectively, and the change in pH around the equivalence point
is even greater. If the concentrations are lower, then the curves are displaced upwards, or
downwards, respectively, and the change in pH around the equivalence point is not so
dramatic (Figures 6.7 and 6.8).

This affects the choice of indicator, if used, to determine the equivalence point. An
indicator should be chosen such that it changes colour in the region of rapidly changing
pH. The end-point in a titration using an indicator is thus less well defined than the
equivalence point which is the stage at which an exactly equivalent amount of acid or base
has been added to the original basic or acidic solution. It can be pinpointed exactly on a pH
titration. For the titration of a strong acid or base, the position of exact equivalence is found at
pH = 7. However, even a minute addition of H30"(aq) or OH™(aq) at this stage will cause a
dramatic change in pH.
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(b)
Figure 6.6(a) Titration of an acid weaker than CH3COOH(aq) with NaOH(aq); (b) Titration of a base
weaker than NHs(aq) with HCl(aq).

When the weak acid/strong base or weak base/strong acid are considered several differences
appear. Looking at the curve for the weak acid/ strong base titration it can be seen that there is
an initial upturn in pH found at the beginning of the titration before the buffer region is
reached. At this stage the buffering capacity has not set in because there is a lot of HA(aq) and
very little A~ (aq). A sufficient amount of A~ (aq) has to be formed by neutralisation before the
solution acts as a buffer (see Section 5.6.7).
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(1)
pH 2
(3)

Amount of strong
base added

(1) : most concentrated acid
(8) : least concentrated acid

Figure 6.7 Titration of a strong acid by a strong base with varying concentrations of acid.

pH

—

—_ o~
— ~
~

Amount of strong
acid added

(1) : most concentrated base
(3) : least concentrated base

Figure 6.8 Titration of a strong base with a strong acid with varying concentrations of base.
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The equivalence point for a weak acid will always occur at basic pH values, e.g. pH = 8.14
for the case quoted. This reflects the basic behaviour of the salt formed, in contrast to the
neutral behaviour of NaCl in the strong acid/strong base titration. Furthermore, the change in
pH around the equivalence point is much less dramatic, again reflecting the fact that the salt
formed is involved in an acid/base equilibrium. The buffer region shows a smooth increase in
pH with addition of strong base.

The graphical representation of the data obscures to some extent the true nature of the buffer
region. Both the strong acid/strong base and weak acid/strong base show a very similar
increase in pH with addition of base, with the slopes of the curves being very similar. However,
the chemical processes occurring in each are different. For the strong acid/strong base
titration, an amount of H3;O"(aq) is removed equivalent to the amount of base added.
With the weak acid/strong base titration there is a difference. An amount of weak acid
equivalent to the amount of base added is neutralised. This, however, is much greater than
the amount of H;O"(aq) removed. This is because the undissociated acid remaining is not
fully dissociated to give an equivalent amount of H;O " (aq), but is in equilibrium with its anion
and H;0% (aq), and the equilibrium lies well over to the left. This is in contrast with the strong
acid/strong base titration where the acid remaining after the partial neutralisation exists totally
as H;0™"(aq). Table 6.3 shows that whereas addition of base to the weak acid only results in a
very small change in [H;O%], this is not the case with the strong acid titration (Table 6.1).

e For the strong acid titration: addition of 10 cm® of NaOH to the solution of total volume of
55 cm® changes [H;0™] from 1.82 x 1073 mol dm > t0 0.77 x 10~ mol dm 3, a change of
1.05 x 107> moldm 2. This does not suggest a buffer solution.

e For the weak acid titration the corresponding change in [H;0"] is very small, i.e. from
1.16 x 10 moldm > to 4.34 x 10 ®moldm™> corresponding to a change of
6.34 x 10~°mol dm ™, behaviour typical of a buffer solution.

6.4 Polybasic acids

These are acids where there is more than one ionisable proton per molecule of undissociated
acid. The simplest examples are the dicarboxylic acids:

K;
HOOC(CH,),COOH(aq) + H,0(I) =—— HOOC(CH,),COO™ (aq) 4+ H30" (aq)

K, = [H3O+]actual [HOOC(CHZ)nCOO_]aC[ual> (6.25)
[HOOC(CHZ)nCOOH]actual eq
K
HOOC(CH,),C00™ (ag) + H0(1) == ~00C(CH;),CO0™ (aq) + H;0" (aq)
Kz - ([H3O+]ﬂctual [—OOC(CH2)nCOO]aCtUﬂl) (6.26)
[HOOC(CHz)ncooi]actual eq

For all dibasic acids pK, > pK;. This is because it is more difficult to remove the second
proton from the negatively charged anion produced in the first dissociation. However, the
difference between the two pK values decreases as the value of n increases, a consequence of
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Table 6.5 pK values for some dibasic acids and tribasic acids at 25°C

acid pK; pK> PK3

oxalic HOOC—COOH 1.27 4.27

malonic (propanedioic) HOOCCH,COOH 2.86 5.70

succinic (butanedioic) HOOC(CH,),COOH 4.21 5.64

adipic (hexanedioic) HOOC(CH,),COOH 4.41 5.28

maleic (cis but-2-enedioic) cisHOOCCH=CHCOOH 1.92 6.23

fumaric (trans but-2-enedioic) transHOOCH=CHCOOH 3.02 4.38

o-phthalic 0-C¢H4(COOH), 2.95 5.41

m-phthalic m-C¢H4(COOH), 3.62 4.60

p-phthalic p-C¢H4(COOH), 3.54 4.46

glycine *"NH3CH,COOH 2.22 9.86

alanine "NH;CH(CH;3)COOH 2.22 9.97

B alanine "NH;CH,CH,COOH 3.60 10.36

phosphoric H;PO, 2.15 7.20 11.9
glutamic NH;*CH(COOH)CH,CH,COOH 2.30 4.51 9.95
citric HOOCC(OH)(CH,COOH), 3.13 4.76 6.40

the increasing separation of charge after the second proton is removed. Table 6.5 gives pK
values for some typical dibasic and tribasic acids.

Dibasic acids show two regions of rapid change in pH if the pKs are well separated. The
middle of each of these regions is taken to be the end-point, and this may be slightly different
from the point of exact equivalence. The end-point as determined by an indicator can be
difficult to pin down precisely and pH titrations are more definitive. If the pKs are
close together the regions of increasing pH may be poorly separated or may even merge.
The end-point of the titration as determined by the middle of the region of rapid change in pH
may be difficult to pin down and will be close to the second equivalence point, with the first
equivalence point unable to be pinned down from the titration curve (see Figures 6.9 to 6.11).

pH

1st equivalence
point

3rd equivalence

oint
2nd equivalence P

point

Amount of base
added

Figure 6.9 pH titration curve for phosphoric acid at 25°C. pK; = 2.15, pK, =7.20 and pK3; = 11.9.
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Figure 6.10 pH titration curve for malonic acid at 25°C. pK;=2.86 and pK, =5.70, with
corresponding monobasic acids of the same pKs.
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Figure 6.11 pH titration curve for hexane-1.6-dioic acid at 25°C. pK; = 4.41 and pK, =5.28.
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For this reason the term end-point rather than equivalence point will be used to describe the
regions of more rapid change of pH for polybasic acids.
Phosphoric acid is a typical tribasic acid showing three dissociation equilibria:

K,
H;3PO4(aq) + H,O(1) == H,PO; (aq) + H30" (aq)

K, = ([H30+]actual [H2P02]actual> (6.27)
[H3 PO4] actual eq
K:
H,PO; (aq) + H,0(1) — HPO; (aq) + H;0" (aq)
K, = ([H3o+]actual [Hpoézl]actual) (6.28)
[HZP OZ ]actual eq
K;
HPO?™ (aq) + H,0(1) == PO} (aq) + H;0" (aq)
K} _ ([H3o+]actual [Poi]actual) (629)
) [HPOi_ ] actual eq

As with the dibasic acids, it becomes increasingly difficult to remove successive protons
because of the increasing negative charges.

pH titration curves for polybasic acids depend on the relative pK values for successive
dissociations. Figure 6.9 shows the titration curve for phosphoric acid. At 25°C, pK, = 2.15,
pK> =7.20, pK5 = 11.9. Here the three end-points are well separated, and are well defined, so
that it would appear as though the curve represents the behaviour of three monobasic acids of
differing strength acting independently.

Figure 6.10 shows the curve for malonic acid, propane-1,3-dioic acid, with pK; =2.86
and pK, =5.70 at 25°C. The two pK values again differ considerably, and the titration
curve suggests that the two stages might be able to be treated independently of each other.
The overall curve shows two separated end-points, where, however, the first end-point is
not too distinct. The pH titration curves for two monobasic acids, one with pK = 2.86,
the other with pK =5.70, are also given for comparison. The latter curve can only be
distinguished from the second stage of the dibasic acid in the initial stages of titration for
the monobasic acid of pK = 5.70. In this case it will be shown that the apparent separation
of the end-points must not be taken as evidence that the two regions can be treated
independently.

Figure 6.11 shows the titration curve for adipic acid, hexane-1,6-dioic acid with pK; = 4.41
and pK, = 5.28 at 25°C. Here the curve resembles that of a monobasic acid with one extended
buffer region, and only one end-point. There is thus a clear distinction between this titration
curve and those for malonic and phosphoric acids. The two dissociations for this acid cannot
be treated as independent of each other, and analysis of the curve must consider both equilibria
simultaneously.

6.4.1 Analysis of polybasic pH titration curves

The analysis of polybasic pH titration curves is fraught with difficulties. There is no completely
general analytical solution, and in these cases it is even more important to be aware of what
approximations, if any, can be made, whether they are fully justified and what they correspond
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to physically. Assessment of the limitations imposed by these approximations must be
considered explicitly. It is even more important here, in contrast to the case of a monobasic
acid, to realise that each acid must be considered individually with respect to both approxima-
tions, their validity and to the consequences. Most of the analysis is complex. Calculation of the
equilibrium concentrations of the species actually present in a given solution again will depend
on knowing the equilibrium constants and the stoichiometric concentrations. For a polybasic
acid or base they can only be found by the use of sensible approximations, or a series of
successive approximations which are explicitly related to the physical situation.

6.4.2 A dibasic acid with two apparently separated pK values,
e.g. malonic acid

In a solution of a dibasic acid there are several species which can be present: HyA(aq),
HA~(aq), A’>~(aq), H;O"(aq) and OH (aq). Which are present in significant amounts will
depend crucially on the pH.

For a solution of HyA(aq) on its own in water:

e There are several equilibria which will be set up.

The first dissociation:
K
HA(aq) + HO(1) == HA (aq) + H;0" (aq)

_ [H3 o* ] actual [HA7 ] actual
k= (M), (630

actual
The second dissociation:

K>
HA™ (aq) + H,O(I) == A* (aq) + H;0" (aq)

2- +
% = ([A ]EXEP]I_%O ]acmm)eq (6.31)

actual

The self ionisation of water, pK,, = 14

Ky
2H20(]) pr— H3O+(aq) + OH™ (aq)

KW = ([H30+]actual [OHi]actual)eq (63)
The protonation of HA ™ (aq) as a base: pK,; = pKy, — pK] (6.32)
K
HA ™ (aq) + H,0(1) —= H,A(aq) + OH™ (aq)
K, HyA], .. ,JOH ] ..
Kbl _w ([ 2 ]dctual_[ ]dctual) (633)
K, [HA }actual eq
The protonation of A>~(aq) as a base: pKy, = pKy — pK> (6.34)

A>(aq) + HhO(1) === HA(aq) + OH (aq)

Ky ([HA ] ,uulOH ]
Ko — - — actual actual 6.35
o= (P . (6.35)

actual
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All these equilibria will contribute to the pH of the solution, and the likely contribution of each
can be assessed.

e The stoichiometric relation is:

[HZA]total = [HZA]actual + [HAi]actual + [A27]actual (636)

e Electrical neutrality gives:

[H30+] HAi]aCtual + 2[A27]actual + [OHi} (637)

actual — [ actual
Depending on the situation, it may be possible to make sensible approximations to these
equations.
Making successive substitutions from the equilibrium expressions (6.30) and (6.31) into the

equation for electrical neutrality (6.37) gives:

[H3O+]aclual _ K, [Hzf}actual 2K, [Hé_]actual Iiw (638)
[H3O }actual [H3O ]aclual [H3O ]actual
[H3O+] = K, [Hz_;,_A}acmal 2K K> [H22A]actual Iiw (639)
actua
[H3O }actual [H30+]actual [HSO }actual
[H2A] { 2K, Ky
H O+ - K actual 1 + 4+ 6.40
[ 3 ]actual : [H3 O+]actual [H3 O+]actual [H3o+]actual ( )

Equation (6.38) states that the contributions to [H30"], ., in succession are:
e contribution from HA(aq) as an acid,

e contribution from HA™(aq) as an acid;

e contribution from the self ionisation of water.

Note: This analysis automatically includes a consideration of the self ionisation of water.

Equation (6.38) can be used to estimate the relative contributions to the pH for any acid at
any pH, from each of the sources of H3O" (aq). It can be shown that these depend on the values
of K| and K.

Equation (6.40) is a cubic expression and can only be solved by a series of successive
approximations (see Section 4.8). However, the use of intelligent approximations which
depend on the given situation can give approximate values for [H;0"],.;» which could then
be used as a starting point for a more exact analysis. For instance, if the acid HyA(aq) is
weak, then there will be only slight ionisation to HA™(aq), and any subsequent ionisation to
A% (aq) will be even less, and the second term probably can be ignored. If this is the case it
would suggest that the second stage of the ionisation does not interfere in the ionisation of
H,A(aq) in its first stage. However, it is best that each term be estimated in turn.

The following problem is an exercise in making sensible approximations, and
justifying their validity.
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Worked Problem 6.1
Question
Using the following data assess whether it is likely that the second stage dissociation will

contribute to the pH of a 0.0100 mol dm ™~ solution of each acid on its own in water.

e malonic acid:
at 25°C, pK; = 2.86, K; = 1.38 x 1073 mol dm; pK, = 5.70, K, = 2.00 x 10~ mol dm .

e adipic acid:
at 25°C, pK; = 4.41, K; = 3.89 x 107> mol dm>; pK, = 5.28, K, = 5.25 x 10"® moldm 3.

Answer

e malonic acid:
Start by using Equation (6.38)
_ Ki[HyA]
actual — [H3O+]

Ky,
[H;07]

2K>[HA ]
[H;0"]

actual actual

[H;07]

(6.38)

actual actual actual

Possible approximations:
e assume that the second stage of ionisation can be ignored; this will have to be checked once
a first approximate [H3;O™] ., is found;

e malonic acid is a fairly strong weak acid in its first stage of ionisation, and so the solution
will have pH < 7. Therefore, the last term in Equation (6.38), K /[H30%], . can be
ignored;

e if the contribution to [H;07]
ionisation are ignored, then:

actual {rOm the self ionisation of water and the second stage of

[H30+]actual = [HA—]actua]

e since pK; = 2.86, it cannot be assumed that there is only slight ionisation to HA™ (aq), and
the rigorous expression must be used:
[HZA}total = [HzA]actual + [HAi]actual
Making these assumptions, Equation (6.38) becomes:
— K [H2A}actual _ K, {[H2A]tolal — [HAi}actual}
actual [H3 Oﬂactual [H3O+]

_ Ki[HA]

[H;07]
actual
total K, [H30+]
[H3 O+] actual

. 2
.. [H30+]actual +K [H30+]actual - K [HQA]total =0

actual

This is a quadratic equation with solution:

~1.38 x 1073 £ /1.905 x 106+ 5.52 x 105

[H;07) mol dm >

actual —

2
—1.38 x 1073 £7.56 x 1073 3
= mol dm

2
=3.09 x 10> moldm ™
i.e. ignoring the negative root.
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This first approximate [H30 "], ..
the second term in Equation (6.38):

, can now be used to calculate whether it is valid to ignore

Using the approximation, [HA™], ,.; = [H30"], ... Equation (6.38) becomes
[H30+] = K, [H2A]actual 2K [H30+]actual Ky
et [H3 o* ] actual [H3 0" } actual [H3 o* ] actual

and ignoring the last term, by approximation, this becomes:

K [HoA
[H3O+]ac val — ——— actual + 2K2
el [H3O+]actual
K [HA
Le. [H3O+]actual — 2K = [I{I[OZ_‘—]]aCtual
3 actual

If 2K, < [H307],. then [H30"] .. = Ki[H2A]/[H30"], 0 Which corresponds to the
term 2K>[HA ™|, 0/ [H30" ], being dropped from Equation (6.38) as well as
KW/[H30+}actual'

This can be checked as follows:

2K, =4 x 10" ®moldm 3

first approximate [H;0™| =3.09 x 1073 moldm

actual

2K, HA™
;L 2K, < [H307 and the term 2K [HA | o can justifiably be dropped from
actual [H O+] J y pPp
3 actual
Equation (6.38) as well as ———~——.
[H30+}aclual

This would suggest that the second stage does not interfere with the ionisation of malonic acid
in its first stage for the case of malonic acid on its own in water and at a stoichiometric
concentration of 1 x 102 mol dm 3.

e adipic acid:

at 25°C, pK, = 4.41, K; = 3.89 x 107> moldm *; pK, = 5.28, K, = 5.25 x 10~° mol dm .
The same approximations as for malonic acid are used with the one possible difference that
since pK; = 4.41 instead of 2.86 there is probably only slight ionisation to HA™(aq) and so
H2Al,ua = [H2A],.,;- However, to be certain, the rigorous expression will be used as in the
case of malonic acid.
_ K, [H2A] actual

Kl{[HZA}total B [HAi]actual} _ K, [HZA}lotal - K [H30+]
actual — + -
[H;07]

[H;0"] [H;07]

actual __

[H;07]

actual actual actual

giving the quadratic equation

2
[H30+]actual +Ki [H30+}actual - K [HZA}total =0
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Proceeding in this way gives a first approximate [H3;0"], ., = 6.05 x 10~*moldm .
This value can now be used to calculate whether it is valid to ignore the second term as well as
the third in Equation (6.38).

2K; = 10.5 x 10~®moldm . Thus 2K, is not negligible compared with [H;0"]
6.05 x 10~*mol dm . In the equation:

actual —

[H30+} = LS| [HZA]actual 2K> [H3o+]actual + Ky
actua [H3 O+] actual [H3 o* ] actual [H3 O+] actual
only the last term can be ignored, and
[H O+} _ K] [H2A]actual 2K2 [H3o+}actual
3 actual — H O+ H O+
[ 3 ]actual [ 3 ]aclual
. K, [H2A] ctual
.. [H3o+]actual == m + 2K2

This suggests that the second stage does interfere with the ionisation of adipic acid
in its first stage to a limited extent for the case of adipic acid on its own in water and at
a stoichiometric concentration of 1 x 10~2 mol dm 3. In contrast to malonic acid, a rigorous
calculation should not ignore this contribution from the second stage.

Although it is possible to make a first rough approximate estimate of [H30"],,,,; for both
these acids this must not be taken to mean that the second stage of ionisation to HA™(aq)
can be ignored in the buffer regions or when H,A(aq) has been half neutralised, i.e. at what
should be the first equivalence-point. Explicit expressions must be derived for these
regions.

6.5 pH titrations of dibasic acids: the calculations

The complete analysis of the titration curve must include:

e the beginning of the titration when no base has been added; i.e. the weak acid on its own in
water;

e the first and second buffer regions;
e the first and second end-points.

For acids like adipic acid there is only one end-point, corresponding to complete
neutralisation of the dibasic acid after an amount of base has been added equivalent to
twice the number of mol of acid initially present. For other acids such as malonic acid two
end-points are found and there seems to be an apparent separation of the end-points. This
must not, however, be taken to mean that the two stages of the titration curve can be treated
independently.
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6.5.1 The beginning of the titration

The analytical expression for [H30"], . has been given above (Equation 6.38) and approx-
imate values for [H;0"], ., and pH given for malonic and adipic acids. The following gives a
systematic, general and rigorous procedure for the successive approximations to a solution of
the equation:

_ Ki[HyA]
actual — [H30+]

2K,[HA]
[H;07]

Ky
[H;07]

[HS O+] actual actual (638)

actual actual actual

First approximation:

e Ignore KW/[H30+]actual and 2K [HAi]actual/[H3o+]

actual *

Assume that [A%7], .., is negligible, and that [H30™], ... = HA ], ot
Obtain a first approximate [H;O"| ., and hence [HA™], ., by solution of the quadratic
equation:
[H3o+]§ctual = Kl [HZA}actual (641)
=K [HzALotal -k [HA—}actual (642)
=K, [HZA}total - K [H30+]actual (643)
ie. [H30+]§ctua] + Kl [H3o+]actual - Kl [HZA]total =0 (644)

e Take these first approximate [H;0"] ., and [HA™], ., and substitute into the expression

for K,
27
K, = ([A Jactua [H3O+]aaua]) (6.31)
[HA7 ] actual eq
Since it has been assumed that [H; Oﬂacmal = [HA*]aCma1 in the first approximation, the first
approximate [A27]actual = K.

e Take these first approximate [HA ], .; and [A?" o and the stoichiometric relation:

actual

[HzA]total = [HZA]actual + [HAi]actual + [A27] (636)

actual
to get a first approximate [H,AJ,cqual-
e a set of first approximate concentrations has now been found.

Using these values, a series of successive approximations are made until the concentrations
have become constant.

6.5.2 The first equivalence point

At the first equivalence point half of the stoichiometric amount of H,A(aq) initially present
will have been neutralised, i.e. the HyA(aq) has been converted to an equal stoichiometric
amount of NaHA(aq) which is fully ionised to Na*(aq) and HA™ (aq).
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There are, however, two further equilibria which must be considered, since HA™ can actas a
base or as an acid:

e acting as a base:

HA ™ (aq) + H,0(1) == H,A(l) + OH " (aq)

Kw [HZ A] [OH_ }
Koy = _ actual actual 6.33
K [HA™] (6.33)

actual

e acting as an acid:

K>
HA™ (aq) + H,0(1) == A’"(aq) + H30" (aq)

AP H;0*
K2 _ <[ ]aclual[ 30 ]actual) (631)
eq

[HAi]actual
e The stoichiometric relation is:
[HZA]total = [HZA]aclual + [HAi]acmal + [A27]acmal (636)
which becomes:
[Na+]total = [HzA}total = [HZA]aCtual + [HAi]aCmal + [Azi}acmal (645)
¢ Electrical neutrality

This must include the contribution from the Na™*(aq):

[Na+]total + [H%O_‘—] = [HA—]uctual + 2[A2_]acmal + [OH_]

actual —

(6.46)

actual

Substituting Equation (6.46) for [Na*], ., into Equation(6.45)gives:

[HzA]amual + [HAi]actual+ [A27]actual+ [H30+}aclual = [HAi}actual + 2[A27]actual + [OHi]aclual

(6.47)
[H3o+]actual = [HAi]actual—’_ Z[Azi]actual—’_ [OHi]aclual - [HZA]actual - [HAi]aclual - [A27]aclual
(6.48)
[H3o+}aclual = [Az_]actual - [HZA]actual + [OH_]actual (649)
Using the equilibrium relations corresponding to K, K, and K, gives:
K>[HA™ HA™ H;0" K.
[H30+}aclual — 2[ -~ ]actual _ [ }aclual[ 3 ]actual +W (650)
[H;O ]actual Kl [H}O ]actual
HA"],..,[H:0"] K>[HA™), Ky
H O+ + [ actual actual __ actual 6.51
[ ’ ]acmal K1 [H3o+]actual [H3o+]actual ( )
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Multiply both sides by [H;07]

actual
HA™
w] = KZ[HA_}aclual + Ky (652>

[H3 O+]§ctua1 l:l + :

K> HA™ |, e + Kw

[H30+]§ctual = 2[ ]ictu‘ﬂ i (653)

1+ [HA }actual/Kl

This is a quadratic equation in [H;0"],,;, which ultimately involves four unknowns:

[HZA]actual’ [HAi]actual’ and [A27]actual and [H3o+]actual'
unknown quantities is by successive approximations.

The only easy way to obtain all

6.5.3 The first buffer region

In the buffer region only partial neutralisation will have occurred. The problem when
polybasic acids are considered lies in the possibility that the second stage of ionisation
may complicate matters. If there is no great overlap at the first end-point then it can be
confidently assumed that the second ionisation will not interfere over most of the first buffer
region. However, even with dibasic acids such as malonic acid where the two pK values differ
by 3, it has been shown that the effects of the second ionisation cannot be ignored at the first
end-point. The first buffer region, likewise, cannot be treated as if the solution were that of a
monobasic acid. The closer to the end-point, the more interference will be observed, see
comparison of the pH titration curve for malonic acid and that for a monobasic acid with the
same pK. For acids such as adipic acid where there is no separation of the end-points, it will
not be valid to assume that the two ionisation equilibria function independently. A rigorous
analysis including the effects of all the possible equilibria, K, Ky, K>, Kpp, and K, must be
found.

6.5.4 Analysis of the first buffer region

For the buffer region a series of stages of neutralisation must be considered, and this results in

[Na+]t0tal
[ 2 ]tolal
titration, and unity at the first equivalence point. At other stages of the titration x% of the
original acid has been neutralised. This ratio will be used in the equation for electrical
neutrality.

The following relations are also required:

a series of values of the ratio, = x. This ratio will be zero at the beginning of the

o The equilibrium relations:
are those given earlier, i.e. the first dissociation, the second dissociation, and the self ionisation
of water (Equations 6.30, 6.31 and 6.3).

e The stoichiometric relation:

[HZA]total = [HZA]actual + [HA_]actual + [Az_]actual (636)
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Electrical neutrality:

165

[Na+]tolal + [H30+]actual = [HAi}actual + 2[A27]actual + [OHi]aclual (646)
When a fraction x of the original acid has been neutralised:
[NaJr}total = x[H2A} total
- X[HZA} actual + X[HAi}actual + x[A27]actual (654)
and the electrical neutrality equation becomes:
X[HZA]total + [H3o+}actual = [HAi]actual + 2[A27]actual + [OHi]actual (655)
x[HzA]aCtua] + x[HA_]actual + x[Az_]actua] + [H3o+]actual
= [HA_]actual + 2[Az_]actual + [OH_}actual 656)
[H30+]actual - (1 - x) [HAi]actual + (2 - X) [Azj]actual - X[HZA}actual + [OHi]actual (657)
. — K2 [HAi]aC ua.
.- [H30+]actual = (1 - )C) [HA ]aclual + (2 _x)ftl
[H3O ]actual
HA™ H;0" K
_x[ ]actual[ 3 ]actual + +W (658)
K, [H3O }aclual
. [HA Jactua M30" Jacrua
B [H30+]actual +x actual]{l actual
_ K> [HAi], al Ky
=1 —-x)HA ] + (2 —x actua 6.59
( )[ ] wal ( ) [H3 O+]actual [H3 O+]actuu1 ( )
Multiply by [H30™], a1
HA™
[H30+]§ctual |:1 + x[ ]aclua1:|
K;
= (1 - X) [HAi]aCtual [H30+]aclual + (2 - )C)Kz [HAi}aclual + KW (660)
[H3O+]2 — (l — x) [HA_]actual [H3o+]actual + (2 — X)Kz [HA_]actual + K, (661)
acual 1 +x[HA7]actual
K,
This is a quadratic equation in [H30"],..;, and is also an equation in four unknowns, and

again the only easy way to obtain all unknown quantities is by successive approximations.

6.5.5 The second equivalence point

At the second equivalence point all of the stoichiometric amount of HyA(aq) initially present
will have been neutralised, i.e. the H,A(aq) has been converted to an equal stoichiometric
amount of Na,A(aq) which is fully ionised to Na*(aq) and A%~ (aq). This occurs when a
stoichiometric amount of base has been added equal to twice the stoichiometric amount of
H,A(aq) originally present. This can be handled in the same way as the first equivalence point.
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Depending on the values of K; and K, either the more approximate or the more rigorous
methods will have to be used.

6.5.6 The second buffer region

This will be handled either by the more approximate method, or by the more rigorous method
of successive approximations. In general, the more rigorous method will have to be used the
closer the titration is to the first equivalence point. For most of the buffer region away from the
first equivalence point, the more approximate series of successive approximations should be
adequate.

6.6 Tribasic acids

Phosphoric acid is a typical tribasic acid. A similar treatment to that for dibasic acids can be
given, from which it becomes clear that the expressions derived have a pattern to them.

In a solution of a tribasic acid there are several species which can be present: H3A(aq),
H,A(aq), HA? (aq), A’ (aq), H30™(aq) and OH (aq). Which are present in significant
amounts will depend crucially on the pH. For a solution of H3A(aq) on its own in water the
stoichiometric relation:

[H3A} = [H3A]actual + [HzAi]actual + [HAZi]actual + [A37]actual (662)

total —

can be written.
The electrical neutrality relation is:

[H30+}aclual = [HZAi]actual + Z[HA27]actual + 3[A37]actual + [OHi]actual (663)

Depending on the situation, sensible approximations to these equations can be made.
There are also several equilibria which will be set up.
The first dissociation:

K,
H;A(aq) + H,O(1) —— H,A (aq) + H;0"(aq)

_ [H'i O+]actual [HzAi]actual
k= (Mg ). (004

actual

The second dissociation:

K
H,A ™ (aq) + H,O(1) == HA2 (aq) + H;0" (aq)

o [HAZ_]actua [H30+}aclua

actual

The third dissociation:

K
HAZ (aq) + H,0(l) == A3 (aq) + H30" (aq)

A H;0"
K3 _ ([ ]actual[ 30 ]actuul) (666)
eq

[HA?"]

actual
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The self ionisation of water: pK,, = 14

2H,0(1) K:» H;0" (aq) + OH ™ (aq)
KW = ([H30+][OH7])eq (63)

The protonation of H,A " (aq) as a base: pKy,; = pKy, — pK} (6.67)

K,
H,A ™ (aq) + H,O(1) == H3A(aq) + OH (aq)

Ky H3A], . ..[OH |
Kbl _ v <[ 3 ]dctual_[ ]dctual) (668)
K, [HzA } actual eq
The protonation of HA?(aq) as a base: pKy, = pKw — pK> (6.69)

K;
HA2 (aq) + H,O() —— H,A ™ (aq) + OH " (aq)

Ky = & — <[H2A_]act13al[OH_]actual) (6.70)
K> [HA }actual eq
The protonation of A (aq) as a base: pKv3 = pKw — pK; (6.71)
Kp3
A3~ (aq) + H,O(I) —= HA> (aq) + OH (aq)
Kiz = ?W _ ([HAz]acgual [OH]actual) (6.72)
3 [A }uc[uul eq

All these equilibria will contribute to the pH of the solution, and the likely contribution of
each can be assessed.

Substituting into the equation for electrical neutrality (Equation 6.63) from the equilibrium
expressions given above:

Ki[H;A 2K>[HoA™ 3K3[HA>™ Ky

[H3O+]actual _ 1[ 37L ]aclual 2[ 2+ ]actual 3[ = ]actual + - (673)
[H3O ]actual [H3O }actual [H3O }actual [H3O ]actual

[H3O+]acmal _ K, [H3f]actual 2K K, [E%?hotual 3K1K2K3£H33A]actual Iiw (674)

[H3O ]aCtUﬂl [H3O ]actual [H3O }aclual [H3O ]actual

[H3A] 2K, 3K,K; K.
[H30+] ctual = Kl ——_cacual /] + + + (675)
etual [H3 O+]actual [H3 O+]actual [H'i O+]iclua1 [H3o+]actual

Equation (6.73) states that the contributions to [H;O0], ., in succession are:

actua!
e contribution from H3zA(aq) as an acid;
e contribution from H,A™(aq) as an acid;.

e contribution from HAZ™ as an acid;

e contribution from the self ionisation of water.
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Equation (6.73) can be used to estimate the relative contributions to the pH for any acid at
any pH, from each of the sources of H3O ™ (aq). It can be shown that these depend on the values
of Klr K2 and K3.

6.6.1 Analysis of the titration curve

This analysis is complex, but follows the pattern given for the dibasic acids. The solutions
of the final equations have to be found by successive approximation, or else by computer
curve fitting to the whole titration curve. In practice, this is how the analysis will be
carried out.

6.6.2 An important thought

Computer curve fitting using standard programs is an extremely good way of coping with a
complex analysis which otherwise would need a lot of thought in setting out the various
relations required, e.g. those given in Section 6.6. It is also very useful for carrying out the
very tedious numerical calculations which are required.

However, there are problems associated with curve fitting procedures, not least those
associated with the possibility that more than one best fit is possible.

It is also crucially important that there is full awareness of what is going on physically and
chemically in any given situation, be it a weak acid on its own in water or a buffer made up
from a polybasic acid and its salt.

This is precisely why the analysis is set out in full for each case being considered in this
chapter and others. There is no point in obtaining pKs or actual concentrations of species
present in an aqueous solution if it is not known what is going on chemically in that
solution.

6.7 Ampholytes

In Section 3.5, it was stated that aliphatic aminoacids and aminophenols showed strongly
contrasting behaviour when studied over a range of pH. Both show acidic and basic behaviour
and, for both, the titration curves show two pK values and two end-points.

Figure 6.12 shows the titration curves for glycine and m-aminophenol. Both show two
separated end-points with only the first one being well defined. At 25°C the titration curves
furnish the following pK values:

Pk, pK>
glycine: 2.22 9.86
m-aminophenol 4.17 9.87

Glycine can be titrated with HCl and must therefore be acting as a base. When fully
protonated, glycine must be *NH;CH,COOH.

Glycine can also be titrated with NaOH and here must be acting as an acid. When fully
deprotonated glycine must be NH,CH,COO™.
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Amount of base added

Figure 6.12 Titration curves for glycine and m-amino phenol at 25°C.

The titration curve has two end-points:

e one at around pH =6 which is associated with a buffer region where half-way to the
equivalence point gives pH =2.50. This buffer region corresponds to an acid with
pK,=2.22.

e one at around pH = 12 which is associated with a buffer region where half-way to the
equivalence point gives pH = 9.85. This buffer region corresponds to pK, = 9.86.

Remember: an approximate pK, can be found from the buffer region of the titration curve.
pK. ~ pH at half-way to the equivalence point.

The titration curve can be analysed as for a dibasic acid, with the two acid groups being the
TNHj; group and the COOH group. What the titration curve cannot tell directly is to which
grouping each pK refers, or what the species present at the first equivalence point actually is.
This must be found from other studies, spectroscopic analysis being the most powerful. As
shown in Section 3.5 there are two possible structures:

e NH,CH,COOH formed by neutralisation of the acidic amino group, "NH; with OH™.

e "NH3CH,COO™ formed by neutralisation of the acidic carboxyl group, COOH with OH ™.

Other studies have shown conclusively that the species present at the first equivalence point
is predominantly the dipolar, charge separated, or zwitterion, "NH3;CH,COO ™.
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The acid—base behaviour of glycine is thus:
K
*NH;CH,COOH(aq) + H,0(l) == *NH3CH,COO " (aq) + H;0" (aq)
and

K:
*NH;CH,COO™ (aq) + H,0() == NH,CH,COO™ (aq) + H30" (aq)

m-aminophenol shows a similar titration curve (Figure 6.13), again analysed as for a dibasic
acid. Likewise this titration curve can only furnish values of the two pK, values, and other
studies determine the structure of the species present at the first equivalence point. They
indicate that this is likely to be predominantly the molecular species NH,CsH4OH. The acid—
base behaviour is:

K
*NH3C6H4OH(aq) + Hzo(l) <:’1 NH2C6H4OH(aq) + I‘I3OJr (aq)
K
NH,C¢H40H(aq) + H,0(I) —= NH,C¢H,0 (aq) + H30" (aq)
Worked problem 6.2
Question
Show that the following data support the suggestion that the intermediate species, found at the

first equivalence point of titrations of aliphatic amino acids with NaOH, is the charge
separated zwitterion.

acid glycine alanine B alanine

pK; 222 222 3.60

pK> 9.86 9.97 10.36

acid CH31\IH3+ CH3COOH
pK, 10.62 4.76

All values relate to 25°C

Answer

pK; for the amino acids is similar to, though smaller than, pK, for typical carboxylic acids
such as ethanoic acid. This indicates that the process involved in these equilibria is similar:

K,
CH;3COOH(aq) + H,O(aq) —— CH3;COO™ (aq) + H;0" (aq)

K
*NH3CH,COOH(aq) + H,0(1) == *NH;CH,COO (aq) + H;0" (aq)

This conclusion is further supported by the observation that pK; < pK,. This is what would be
expected for the deprotonation of a —COOH in a positively charged species. The presence of
the positive charge would repel the approach of a proton to the negatively charged carboxylate
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group —COO™ and decrease the chance of protonation on the —COO™, or put differently the
positive charge would encourage the removal of a proton from the carboxyl group —COOH.

The fact that pK, for the amino acids is very similar to pK, for a typical protonated amine
suggests that the process involved in all the equilibria is similar, i.e. the acid—base behaviour

relates to the amino group.

K,
CH3NI‘I3+ (aq) + H20(1) pr— CH3NH2(aq) + H3OJr (aq)

K‘)
*NH;CH,CO0 ™ (aq) + H,0(I) == NH,CH,COO0™ (aq) + H30" (aq)

Worked problem 6.3

Question

Show that the following data support the suggestion that the intermediate species found at the
first equivalence point of titration of aminophenols with NaOH is a molecular species rather

than a zwitterion.

e aminophenols

aminophenol pK; pK>
o-aminophenol 4.72 9.71
m-aminophenol 4.17 9.87
p-aminophenol 5.50 10.30
e protonated aromatic amines and phenols
aromatic amines (protonated) pK. phenols pKa
aniline 4.58 phenol 9.98
o-methyl aniline 4.39 o-methyl phenol 10.28
m-methyl aniline 4.69 m-methyl phenol 10.08
p-methyl aniline 5.12 p-methyl phenol 10.14

All values relate to 25°C

Answer

For the aminophenols pK; ~ pK, for typical protonated aromatic amines, while pK, ~ pK,
for typical phenols. This can be taken to indicate that K; relates to a process which is at least

predominantly:

JrNH3C6H40H(aq) + HzO(l) pr— NH2C6H4OH(aq) + H3O+ (aq)

i.e. that K refers to the acid-base behaviour of the amino group.
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The fact that pK, =~ pK, for typical phenols suggests that K, refers to acid—base behaviour
of the phenolic group, and that K, relates to a process which is at least predominantly:

NH2C6H4OH(aq) + Hzo(l) —— NH,C¢H,O™ (aq) + Hg,OJr (aq)
These conclusions indicate that the processes involved in the deprotonation of aminophe-
nols is different from that for the aliphatic amino acids in that the intermediate species formed

at the first equivalence point of a titration against NaOH is probably the molecular species
rather than the charge separated zwitterion.

Worked problem 6.4
Question

Suggest a possible structure for the species found at the first equivalence point for the
following aminobenzoic acids.

e protonated amino benzoic acids and their methyl esters

amino benzoic acids (protonated) pK; pK> amino benzoates (protonated) pK.
o-amino benzoic acid 2.11 4.90 methyl o-amino benzoate 223
m-amino benzoic acid 3.12 4.74 methyl m-amino benzoate 3.64
p-amino benzoic acid 241 4.85 methyl p-amino benzoate 2.38

e protonated aromatic amines and substituted benzoic acids

protonated aromatic amines PK. substituted benzoic acid pK.
aniline 4.58 benzoic acid 4.17
o-methyl aniline 4.39 o-methyl benzoic acid 391
m-methyl aniline 4.69 m-methyl benzoic acid 4.27
p-methyl aniline 5.12 p-methyl benzoic acid 4.37

All values relate to 25°C

Answer

The situation is not so clear cut with the aromatic amino acids, and it becomes more difficult to
assign K and K. This is because benzoic acid and aniline have very similar pK,s, and, on the
basis of magnitude alone, pK, could be assigned to the acid—base behaviour of either the
amino or the carboxyl group. The pK; values for the aminobenzoic acids are significantly
lower than the pK,s for aniline and substituted anilines and for benzoic acid and substituted
benzoic acids. However, the pK, values for the methyl amino benzoates do give a clue. In these
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molecules there is only one group which can exhibit acid—base behaviour, i.e. the amino
group. The fact that these pK, values are very similar to pK; for the aminobenzoic acids could
possibly suggest that the acid—base behaviour might be associated with the amino group and
that the equilibrium involved is more likely to be:

K;
+NH3C¢H4COOH(aq) + H,0(1) == NH,C¢H,COOH(aq) + H;O" (aq)

rather than being associated with the carboxyl group:

K
*NH;C¢H,COOH(aq) + H,0(1) =——= * NH;C4H,COO ™ (aq) + H;0™ (aq)

On this basis the lowered pK, for the aminobenzoic acids as compared with pK, for the
anilines could be rationalised as the effect of the conjugation of the carboxyl group to the
benzene causing an increased likelihood for the protonated amino group to lose the proton.
This would increase its strength as an acid relative to aniline.

On this basis pK, would be assigned to the acid—base behaviour of the carboxyl group:

K
NH,C¢H4COOH(aq) 4+ H,0(1) == NH,C¢H4CO0™ (aq) + H;0% (1)

The alternative interpretation is that both the molecular species and the zwitterion are
present at the first equivalence point, and that both equilibria contribute to the observed pK;.

(1) +NH3C6H4COOH(aq) + H20(1) pr— NH2C6H4COOH(EI(]) + HQO(I)

This equilibrium corresponds to a K, for the protonated amino end of the fully protonated
aminobenzoic acid going to the molecular species.

(i)  *NH3CeH4COOH(aq) + H,O(1) —— *NH3C¢H4CO0 (aq) + H,0(1)

This equilibrium corresponds to a K, for the ‘acid’ end of the fully protonated aminobenzoic
acid going to the zwitterion.
This would mean that the observed pK, would also be composite:

(111) NH2C6H4COOH(aq) + HQO(I) —— NH,C¢H,COO™ (aq) + H3OJr (aq)

This equilibrium corresponds to a K, for the totally uncharged molecular species formed at the
first equivalence point going to the fully deprotonated amino benzoate.

(IV) +NH3C6H4COO_ (aq) + H20(1) —— NH,C¢H4,COO™ (aq) + H30+ (aq)

This equilibrium corresponds to a K, for the zwitterion formed at the first equivalence point
going to the fully deprotonated amino benzoate.

There are, therefore, four possible equilibria involved in the deprotonation of amino
benzoic acids. Spectroscopic observations indicate that, in fact, the more complex composite
situation is closer to reality.

6.7.1 Analysis of the titration curves for aliphatic and aromatic amino acids,
and amino phenols

This analysis will cover the possibility that both the molecular species and the zwitterion
are present at the first equivalence point of a titration of the acid with base. This means
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that the observed K., iS a composite quantity comprised of two equilibrium constants,
viz.:

e a K, for the protonated amino end of the fully protonated amino acid or amino phenol going
to the molecular species;

e a K, for the ‘acid’ end of the fully protonated amino acid or amino phenol going to the
zwitterion.

The observed K is also a composite quantity comprised of two equilibrium constants:

e a K, for the totally uncharged molecular species formed at the first equivalence point going
to the fully deprotonated amino acid or amino phenol;

e a K, for the zwitterion formed at the first equivalence point going to the fully deprotonated
amino acid or phenol.

The species present throughout the titration are:

e initially the fully protonated amino acid or aminophenol is present, represented as:
H,X"(aq);

e at the first equivalence point both the molecular species, HX(aq), (totally uncharged) and
the zwitterion, HX*(aq) (charge separated, but overall neutral) may be present;

e at the second equivalence point the fully deprotonated amino acid or aminophenol is
present, X~ (aq).

The observed K;

H, X" + H,0(l) =—— HX*(aq) + H;0" (aq)
H, X" + H,0(1) —— HX(aq) + H;0" (aq)

= K, (for the ‘acid’ end of H,X™") + K, (for the protonated amino end of HyX™")

where the ‘acid’ refers to the carboxyl in the amino acid or the hydroxyl in the aminophenol.

Analysis of the first buffer region will give a value for an observed K;. However, it cannot be
used to infer where the deprotonation equilibrium is occurring, and depending on the species it
may refer to either the ‘acid’ end, or to the protonated amino end, or to both simultaneously.
What is necessary is an independent determination of the group, or groups involved.
This cannot be done from a pH titration, and often comparison of observed pKj,s With pK,
values for substances where the deprotonation site is unambiguous is used. Spectroscopic
observations could furnish a way out. If the relative amounts of HX* and HX could be
found spectroscopically, then it would be possible to work out the relative contributions in
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Equation (6.76) from the ‘acid’ end and the protonated amino end to the overall observed,
Kiobs- In the absence of such evidence only sensible guesses can be made.

The observed K,

H;0"|[X~
Kaops = ([ZH]) (6.77)
[HX*] + [HX]
1 [HX*] + [HX] [HX*] [HX]

= ) = ore) Hrerss (6.78)

Koobs H:0"][X7] /o, \[H:O'][X7]/, \[H:0"][X7]/,
1 1
- + (6.79)
Ka for the zwitterion HX* Ka for the totally uncharged HX

KZobs — (Ka for the zwitterion Hxi) X (Ka for the totally uncharged HX) (680)

(Ka for the zwitterion HXi) + (Ka for the totally uncharged HX)

(I{a for the protonated amino end of the zwitterion HXi) X (Ka for the ‘‘acid”’end of the totally uncharged HX)

(Ka for the protonated amino end of the zwitterion HX* ) + (Ka for the “‘acid’” end of the totally uncharged HX)
(6.81)

This expression for K5 1s more complex than that for 1/K,s Which is the expression which
would be used to manipulate the experimental results. As with K5, Kpops iS @ composite
quantity, and the relative amounts of HX* and HX are required before the individual K,s can
be found.

It is important to realise that the pK; and pK, values for aliphatic and aromatic amino acids,
and for amino phenols are likely to be composite quantities, and that four deprotonation
equilibrium constants may be involved in the acid—base behaviour. It may turn out that if the
species at the first equivalence point of the pH titration is predominantly the zwitterion or the
molecular species. If this is so, then the observed pKs will approximate to a single equilibrium
constant. But it must not be assumed that this is always the case.






Ion Pairing, Complex Formation
and Solubilities

The three topics of ion pairing, complex formation and solubilities are typical aspects of

equilibrium in electrolyte solutions, and are handled in precisely the same manner as acid—

base equilibria. As in the calculations on acid—base equilibria, only the ideal case is

considered. Discussion of corrections for non-ideality are deferred until Sections 8.22 to 8.28.
In this chapter pay special attention to:

e noticing how often precisely the same logic and reasoning is used as in previous chapters on
equilibrium, e.g.

e formulating the equilibrium constant relation from the chemical equations;

e writing down both the stoichiometric relations and the expression for electrical
neutrality;

e comparing the number of unknowns with the number of equations;
and of vital importance,

e considering the approximations which can be made, the physical conditions under which
they are valid and, once made, checking that the approximations are valid.

Aims
By the end of this chapter you should be able to:

e discuss all the above points as they are applied to equilibrium calculations in:

e jon pair formation;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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e complex formation;
e solubility equilibria;

e and appreciate the distinction between ion pairs, complexes and chelates.

7.1 Ion pair formation

In any solution of an electrolyte there is always the possibility that the ions of the electrolyte
might not be fully dissociated in solution. As shown in Section 1.12, ion pairing results when
the electrostatic interactions between two oppositely charged ions become sufficiently large
for the two ions to move around as one entity, the ion pair. The extent of association into ion
pairs depends on many factors, with the most important being the nature, charges and sizes of
the ions, the characteristics of the solvent and the temperature. For example, in solutions of
Na,SOy,, the following occurs:

Kassoc
Na'(aq) + SO}~ (aq) ——NaSO; (aq)

[NaSO; Jyeual )
K _ ac ga (7 1 )
e ( [Na+]actual [Soézt }aclual eq

where K0 15 called the association constant, in its ideal form. This is an equation in three
unknowns.
Sometimes a dissociation constant is quoted. This expresses the equilibrium in terms of the

dissociation of the ion pair:
Kiissoc

NaSO; (aq)——Na" (aq) + SO?™ (aq)
where:
Kdissoc _ ([NaJr]actual [Sozzt_}actual> (7'2)
[NaSOy | cryal eq
Kdissoc = 1/Kassoc (7'3>

Most early work was given in terms of the dissociation constant, mainly because of the
analogy with acid—base equilibria where acid behaviour was considered in terms of the
dissociation of the weak acid, HA(aq), into ions, H;O " (aq) and A~ (aq). However, this analogy
must not be taken too far. In the weak acid situation, dissociation of a molecular species,
HA(aq), occurs, but in the ion pair situation dissociation is from a species which is not a
molecule; rather it is a species which is held together by simple coulombic electrostatic
interactions. It is vital that this distinction is made clear.

In modern work the association constant is usually quoted, where:

1
Kooc =
e Kdissoc
10g10 Kassoc = 10g101 - 10g10 Kiissoc
—10g10 Kassoc = _IOglOl + loglo Kdissoc
pKassoc == _pKdissoc

=
~

U N |
—_ = =

~ N
9 o

and so interconversion between the two formulations is straightforward.
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In the example quoted above, the species present are the free ions, Na*(aq) and SOZ’(aq)
and the ion pair NaSO, (aq), and the Na*(aq) is distributed between free Na™(aq) and ion pair,
NaSOj (aq). The stoichiometric or total concentration of Na™(aq) is given by:

[Na+]stoich or total — [NaJr]actual + [NaSOZ]actual (78)
A similar expression can be written for the total concentration of SOZ’(aq):
[Soi_]stoich or total — [SO4_]aCtual + [NaSO;]aCtual (79)

As with acid—base equilibria, a further equation describing electrical neutrality can be written:

[Na+]actual + [H3O+] 2[504217}%[“31 + [NaSOZ]aclual + [OHi] (710)

actual — actual

Remember: the sulphate ion is doubly charged, hence the factor two.
A solution of Na,SO4(aq) is one of a salt of a strong acid/strong base and is neutral, and
S0:
[H30"] ey = [OH]

actual —

(7.11)

actual

giving:

[Ny = 2[S03 Ty + [NaSO; ] (7.12)

actual actual

If K,so. and the stoichiometric concentration are known then there are now sufficient
equations to enable all the actual concentrations to be found.
The fraction associated, 8, for each ion is given by:

NaSO; |, u.
for the Na* (aq) : B= (M) (7.13)
[Na+]total eq
NaSO;
for the SO3 ™ (aq) : B= (W) (7.14)
[SO4 ]total eq

Be careful: this 8 describing the fraction associated must not be confused with the 8 used by
inorganic chemists to describe overall equilibrium constants in complex formation (see
Section 7.2).

All ion pairing equilibria can be handled in exactly the same manner as is illustrated by the
following worked problem. This is a lengthy problem, but it should be studied carefully as it
illustrates several important points in the argument. These will be highlighted to bring them to
your notice. The problem could be taken to be four separate exercises, but it is useful to
compare the differences in detail which result by virtue of the differing formulae for the salts
considered, even though exactly the same overall reasoning is being applied. It is also useful
to compare the differing interpretations for each salt.

Worked problem 7.1
Question

Ion pairs are formed in the following solutions. Compare the fraction associated for both
cations and anions in each of the following solutions, suggesting a possible explanation for the
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spread in values.
0.05 mol dm*Mg(I03),
0.05 mol dm—>Mg SO,
0.025 mol dm ™ (Mg),Fe(CN),
Formation of the ion pairs at 25°C:
MglOj : PKassoe = —0.71;  MgSO, :  pKagsoe = —2.23;
MgFe(CN);” : pKagsoc = —3.87

Answer

These pKassoc correspond to K. values:
MglO7 : Kassoe = 5.1 mol ™! dm?; MgSO, : Kassoe = 170 mol ™! dm?;
MgFe(CN); : Kugsoe = 7400mol ! dm?®.

e Considering the ion pair, MglOJ (aq):
2+ _ Kassoc +
Mg™" (aq) + 105 (aq) == MglO5 (aq)

MglO7 ], ...
Kassoc = [2 £ ]dCtgdl (715)
[Mg +] I03 ] eq

actual [ actual

Note: this is an equation in three unknowns, and so two more independent equations are
needed.
The stoichiometric relations are:

[Mg2+]total = [Mg2+]aclua1 + [MgIO;]actual

[Mg2+]aclual = [Mg2+]lotal - [Mglog]aclual (716)
[Iog]total :2[Mg2+}total = [IOST]actual + [MgIO;]actual
[Iog]actual :2[Mg2+]total - [Mglo}_]aclual (717)

There are two points to watch here:
o the factor 2, each mol of Mg(I103), gives one mol Mg2+(aq) and 2 mol 105 (aq);

e Equations (7.16) and (7.17) give expressions for [Mg”]acmal and [I03 ™ ]acquar in terms of the
total concentrations and the concentration of the ion pair.

Electrical neutrality gives:

2[Mg2+]actual + [MgIO;}actual + [H3o+}actual = [Iog]actual + [OHi]actual (718)
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Since the solution is of neutral pH; salt of a strong base, Mg(OH), and the relatively strong
acid, HIO5:

[H30+]actual = [OHi]

Z[MgZJr}aclual + [Mgloi]

actual

actual — [IO; ] actual

From Equation (7.15) and substituting Equations (7.16 and 7.17):
[MgIO;]actual
{[Mg2+]total - [Mglogr]actua]}{2[Mg2+]mtal - [Mgloj]actual}

2 2
[MgIO;}aCtual = KaSSOC{z[MgZJr] 3[MgIO’;‘L]actual [Mg2+]total + [MgIO;} }

total — actual

Kissoc =

. 2 2
. KﬁSSDC [MgIO;}actual - [Mgloi]aclual{:;KaSSOC [Mg2+}total + 1} + 2K355°C [Mg2+]total =0
(7.19)

This is a quadratic equation which can be solved in the normal way. Substituting for K. and
[Mg2+]total gives:

5.1[MglOF ]2, — 1.765[MgIOF ], . + 0.0255 = 0

actual

[MgIO7 2, — 0.346[MgIO7 ], .. + 0.005 =0

actual

giving [MglO] J,eruar = 0.331 mol dm > (impossible since [Mg”" ], = 0.05 mol dm ) or

0.015 mol dm>.

Take note: when solving quadratic equations a check must be made to see whether both

solutions are physically possible. Often it will be found that one solution will give either a

concentration which is negative or, as here, one which is greater than the initial concentration.
The analogue of Equation (7.13) for Mg”"(aq) is:

[105] ~ 0.10moldm™

total

. ([Mglo;]acmal) _ 0.015moldm™> _ 0.30
Mg** g /o 0-05moldm™>
i.e. Mg”" is 30% associated to the ion pair MglOj (aq).
The analogue of Equation (7.14) for 103 (aq) is:
g ([Mglo;]amuM) _ 0.015moldm™ 0.15
eq

i.e. 105 (aq) is 15% associated to the ion pair MgIO7 (aq).

Be careful here: Having found g for Mg” " (aq), it is not correct to assume that A for 105 (aq) is
the same. This is a consequence of the stoichiometric formula where there are two 105 for
each Mg ™.

e Considering the ion pair, MgSO,(aq):

KﬂSSOC
Mg**(aq) 4+ SO; (aq) =—— MgSO0,(aq)

[MgSO ]ac ual
Kassoc = ([M 2+} [4803_1] (720)
& lactual 4 lactual/ eq
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The stoichiometric relations are:

[Mg*"]

Mg2+ actual + [MgSO4]

ot = Mg actual
2 IME e =M — MESO4], (7.21)
[SOZ ot =M™ Jigtar = [SOF Jucuar + M504,
(807 actuar =M i — MESO4] (7.22)

Again note: equations for [Mg”]acma] and [SO%’]aCmal in terms of the total concentrations and
the concentration of the ion pair have been found.
Electrical neutrality gives:

Z[MgZJr}actual + [H30+}aclual = 2[Soii]actual + [OHi]aClual (723)
Since the solution is of neutral pH, salt of a strong base/strong acid:
[H30+]actual = [OH_]actual
. [Mngr}aclual = [Soézti]actual
From Equation (7.20) and substituting Equations (7.21) and (7.22):
Kassoc _ [Mgsodaclual
{[Mgpr}lotal - [MgSO4]actual}{[Mg2+]total - [Mgso4]actual}
2 2
[Mgso4]actual = KHSSOC{[Mg2+]IOLaI - 2[Mgso4]actual [Mg2+]total + [Mgsoﬂaclual}
. 2 2
. KHSSOC [MgSOéJactual - [MgSO4]actual{2KﬂSSOC [Mg2+}t0tal + 1} + KﬂSSOC [Mg2+}total =0
(7.24)

This is a quadratic equation which can be solved in the normal way. Substituting for K. and
[Mg2+]t0tal giVCSZ

170MgSO, 2. — 18[MgSO, ], + 0425 =0

actual

[MgSO,]%, . — 0.1059MgS0,], ... + 0.0025 = 0

actual

giving [MgSO4lactual = 0.070 mol dm —* (impossible since [Mg”" o1 = 0.05 mol dm ) or
0.0355 mol dm 3.
The analogue of Equation (7.13) for Mg*"(aq) is:

0.05 mol dm™3

f= ([MgSOAaCmal) _ 0.0355 mol dm™? o1
Mg*+Ho /g  0-05mol dm™>
i.e. Mg?"(aq) is 71% associated to the ion pair MgSO4(aq)
The analogue of Equation (7.14) for SO, (aq) is:
g ([MgSO4]aCma,> _ 0.0355moldm™> _ 071
eq

Nerg

total

ie. SOﬁ’(aq) is 71% associated to the ion pair MgSOy4(aq)
Note: since MgSO4(aq) is a symmetrical electrolyte By = ﬂso};-
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e Considering the ion pair, MgFe(CN)2 ™ (aq):

Kassoc _
Mg>* (aq) + Fe(CN);~ (aq) = MgFe(CN); (aq)

K _ ( [MgFe(CN)éi]aCtua] )
assoc — [
eq

Me* ] ctual [Fe(CN)gi]actual (7.25)
The stoichiometric relations are:
M it = M e + M2Fe(CN)G i
7 M et = IME i — IMEF(CN)G L (7.26)

[FC(CN)gi]total = 1/2[Mg2+]tolal = [FC(CN)gi]actual + [MgF@(CN)éT

Watch the factor %: each mol Mg,Fe(CN)Z™(aq) gives 2mol Mg®(ag) and 1 mol
Fe(CN)Z~(aq):

actual

[Fe(CN)g_]actual = 1/2[Mg2+]total - [MgFe(CN)é_]actual (727)
Electrical neutrality gives:
2[1\/Ig2+]actual + [H30+]actual = 4[Fe(CN)g_]actual + Z[MgFe(CN)E_]actual + [OHi]acmal (728)

Remember: factor of 2 for the doubly charged ions; factor of 4 for the —4 charged ion.
Since the solution is of neutral pH:

[H3o+]aclual = [OHi]actual

. 4— 2—
s [Mg2+]actual :Q[FC(CN)6 ]actual + [MgFe(CN)é ]

actual

From Equation (7.25) and substituting Equations (7.26) and (7.27):

[MgFe(CN)é_]acmal
{[Mg2+]total - [MgFe<CN)§7]actual}{I/Z[Mg2+]lotal - [MgFe(CN)éi]actual}

Kissoc =

[MgFe(CN)éi}actual :KaSSOC { 1/2[Mg2+]tzolal - 3/2[MgFe(CN)éi]aclual [Mg2+]tolal
+[MgFe(CN)§_]§ctual}
Kassoc [MgFe(CN)é_]ictual - [MgFe(CN)é_]actual{3/2KaSSOC [Mg2+]total + 1}
+1/2K g0 M2 = 0 (7.29)

This is a quadratic equation which can be solved in the normal way. Substituting for K, and
[Mg2+]total giVCSZ
7400[MgFe(CN)2_]§ctual - 556[MgFe(CN)é_]actual + 925 = 0
[MgFe(CN)z |, — 0.0751[MgFe(CN)Z ], + 0.00125 = 1
giving  [MgFe(CN)Z™ Lcuar = 0.0502 mol dm™* (impossible since [Fe(CN)gf]m[a] =
0.025mol dm~>]) or 0.0249 mol dm .
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The analogue of Equation (7.13) for Mg®"(aq) is:

2— —_
_ <[MgFe(CN)6 ]acmal) _ 0.0249moldm > _ o

Mg® 4]0 0.05 mol dm >

i.e. Mg2+(aq) is 50% associated to the associated species MgFe(CN)é‘(aq).
The analogue of Equation (7.14) for Fe(CN)‘G"(aq) is:

8= ([MgFe(CNg)]mual> ~0.0249moldm™?
~ U [Fe(CN#] e 0.025moldm~>

=0.996

total

showing that virtually all of the anion has been removed to form the associated species.
Note: this is another case where the two SBs are not equal; here there are two Mg2+ for each
Fe(CN)¢~ in (Mg),Fe(CN)g

e The degree of association follows the pattern of the pK,s.. values with the order being:

MgFe(CN);~ > MgS0, > MgIO;
This is what would be expected on electrostatic grounds:

MgFe(CN)é_(aq) is formed from a 4 2 ion and a — 4 ion;
MgSO,(aq) is formed from a+ 2 ion and a — 2 ion;

MglO7 (aq) is formed from a+ 2 ion and a — 1 ion;

and the electrostatic energy is greater the larger the product of the charges. The Fe(CN)é’ (aq)
is a large flabby ion and will be highly polarisable compared with the smaller SOi_ (aq) and
105 ions. This would be expected to lead to even stronger attractive forces (see Section 1.2.2).
Note: in this question there are sufficient equations in the equilibrium relation and the
stoichiometric relations to solve for the concentration of ion pairs and not to need electrical
neutrality. This may not always be the case and it is as well to get into the habit of always
formulating the equation describing electrical neutrality.

7.2 Complex formation

When a complex is formed there is an intimate chemical interaction between the ions, or
between an ion and an uncharged ligand. This is in contrast to the purely electrostatic
interaction which results in the formation of an ion pair. There are situations when an
unambiguous assignment of a species as an ion pair or as a complex may be difficult. These
matters are discussed in Sections 1.20 and 1.21.

However, no matter which species are considered, the equilibrium calculations involved are
identical.

But, be aware: in complex formation two formulations are typically used for the equili-
brium expression, and it is crucial to be aware of the distinctions. Equilibria are either given in
terms of step-wise formation equilibrium constants of successive complexes, Ks, or in terms
of the overall formation constant of a given complex from the metal ion and the ligand, 8.

Direct chemical interaction between a metal ion and a ligand often results in a series of
complexes. In complex formation the ligand replaces the water coordinated to the metal ion.
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Depending on the geometry of the complex formed, e.g. linear, planar, tetrahedral or octahedral
up to six ligands may become progressively attached, with a few examples where larger numbers
of ligands can be coordinated. If the metal ion is represented as M, where the charge on the metal
ion is unspecified, and the ligand as L, then the following schematic reactions can occur:

o step-wise formation

M(aq) + L (aq) === ML(aq)
_ [ML]actual
= ([M}actual [L]actual>eq

ML(aq) + L(aq)é ML,;(aq)

o (i),

actual [ actual

K
ML, (aq) + L(aq) === ML (aq)

=)

actual [ actual

Ky
ML,(aq) + L(aq) == ML,(aq)
I{,1 _ ( [MLﬂ]aCtual )
[MLH— 1 }actual [L] actual/ eq

The overall reaction is:

Koverall

M(aq) + nL(aq) —— ML, (aq)
Ko — ( [ML,]
overa [M}

where n normally can take values up to six.

actual [L] actual

e overall formation

actual
7““#> =K K)K;5...K,
actual

(7.30)

(7.31)

(7.32)

(7.33)

(7.34)

In standard treatments of complex formation equilibria, instead of individual, or step-wise, Ks
defined as above, overall equilibrium constants are commonly used. The symbol f is used for
such equilibrium constants. In the present context, the sequence of reactions are defined as:

M(aq) + L(aq) <ﬂ—>; ML(aq)
[ML]

:31 _ ( actual >
[M}aclual [L]aclual eq

M(aq) + 2L (aq) —=—= ML, (aq)

’32 — ( [MLZ] actual >
2
[M} actual [L] actual eq

(7.35)

(7.36)
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M(aq) + 3L(aq) é ML3(aq)
Bs = (W) (7.37)
eq

[M] actual [ ] actual

By
M(aq) + nL(aq)=——=ML,(aq)

IB = <[1v[Ln]aCtua]> (738)
! [M]actual [L]actual actual
where:
By = Koveran = K1 K2K3 ... K, (7.39)

These Bs must be distinguished from the Bs in ion pair calculations where f is used to describe
the fraction of metal ion or ligand associated to the ion pair.

These are not the only equilibria which may have to be considered. There is the possibility
that there may also be present complexes of the type M,L,(aq), M3L,(aq). There is also the
possibility that protonation/deprotonation of the ligand has to be considered. The chemistry of
complex formation is an extensive field of study, and reference to specialist inorganic texts is
necessary. The following only indicates some of the typical equilibrium calculations which are
involved.

7.2.1 Fractions associated

As with acid—base equilibria, fractions can be defined, e.g. the fraction, «,, of the total M
which is present as ML,;:
the fraction of M which is present as ML is:

ML, .
o = [ ]aaual (740>
[M]tolal
the fraction of M present as ML, is:
ML
o = [ 2]actual (7.41)
[M]tolal
while the fraction present as ML, is:
a, = [MLn]actual (7'42)
M]

total

As well as a1, ap, a3, . . . oy, it is useful to consider the fraction of the total M which is not
complexed, «g, where:

actual (7 43)
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7.2.2 Mean number of ligands bound

The experimental data is sometimes also analysed in terms of the mean number of ligands, L,
bound per M:

[L]total bound __ [L]total — [L]actual (744)

Y M]

total total

This definition is analogous to the definition of the mean number of bound protons on a
polybasic acid, a quantity much used by biochemists, though less often used by chemists.

7.2.3 Equilibria calculations

The various equilibrium constants in terms of step-wise or overall constants have already been
defined. In the following analysis the more common practice in complex formation is used, i.e.
express everything in terms of the overall equilibrium constants, i.e.§s.

Stoichiometric relations:

These are analogous to those in acid—base equilibria:

Ml = M ear + MLyt + MLy + ML o + -2 + MLy]yqua (7-45)
For the general case:
M(aq) + L (aq) =ML, (aq)
o= (e (7.46)
Mlactwa (Maca / g
Substitution into Equation (7.45) for each complex in terms of the corresponding S gives:
MJigar = Mlaerar + 81 IM]jea Wactuar + B2 Mlicua [Lﬁctual toeeee (7.47)
= Ml {1+ AL ctr + Bl Lo + -+ (7.48)
A corresponding set of equations could be written in terms of [L]ya-
(Lo = Macrwar T ML e + 2ML2]qq + 3[ML3J g + -0 (7.49)
= [Waetwa + B1M e [Lacruar + 282 M ] W seggar + -+ (7.50)
Lot = Mactar = B1M gt [Vacuar + 282 Mg Wzt + -+ (7.51)
= [M]aaual{ﬁl L et + 282 Lo + - } (7.52)

Equation (7.52) is required for calculation of 7, Equation (7.44).
The next step considers the quantities which can be measured experimentally.

e [M];orar and [L]io are known from the experimental conditions.

o [M].cwal can often be measured experimentally from reversible emf data.

o [L].cwa can often be measured spectroscopically, or in cases like Cl™(aq) from emfs.
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[M] actual

e From these two quantities an experimental value for oy = and n=

M can be found. total
[M]total
e The determination of values for equilibrium constants is often a matter of interpreting the
behaviour of « or 7.

o Using the definition of «, and Equation (7.48), gives:
[M]actual — 1 (753)
[M]total I+ ,31[ ]aclual + :32[ ]aclual +-

e Using the definition of 7, and Equations (7.48) and (7.52) gives:

oy =

_ [L}lotal — [L}uclual [M]actual{lgl[ ]actua] + 252[ ]actual toee } (7 54)
n= = .
[M]total [M] actual {1 + :BI[ ]dCtud] + 132[ ]actual """" }
{ﬂl [L]actual + 2ﬂ2[ ]actual o }
= (7.55)
{1 + :31[ }actual + 132[ ]actua] """ }
7.2.4 Determinationof 8,,8,,....... from the dependence of g on [L],ctuat
Taking the reciprocal of Equation (7.53) gives:
1
OTO =1+ ﬁl[ ]dgtual + 132[ }aclu'll toeee (756)
1 1-
-1 Lacua :7_ + acua+ """" 7.57
(o= 1)/ M = o = 1+ BlL 1.57)
If there are three or more distinct complexes present, Equation (7.57) is a complicated non-
linear equation, and the graph, % VS [L], . Will be a curve. Determining the values of
o [L]actual

the constants, B, B, B3, B4 .- - - then becomes an exercise in computer curve fitting, with all
the problems associated with the ambiguities which might arise from the curve fitting procedures.

If the only complexes present are ML and ML,, Equation (7.57) reduces to a linear
expression, and the values of B, and B, will follow from the intercept and slope of a plot of

l —
{ao} against [L]acwal-

o [L]actual
7.2.5 Determination of 8,,8,,....... from the dependence of n on [L].ctual
_ [L]tolal — [L]aclual {,31[ ]dctual + 2132[ Lcludl + 3163[ ]dctual + 4134[ ]acludl Feeeee }
n = =
[M]mml {1 + /31[ ]aclual + ﬁZ[ }aclual + 183[ ]actual + ﬂ4[ ]actual Foeeeee }
(7.58)

The total concentration of bound L is [L]iow — [Llacwa- This quantity can be altered by
varying [L]iow1, and finding the corresponding values of [L],.wa €Xperimentally. From these
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[Lliotar — [Llactuar values, values of 7 for any given [L]. and [M] . can be calculated and a
graph of 71 vs. [L],cwa drawn. Values of the Bs appearing in Equation (7.58) can be found by
computer curve fitting techniques, or by successive approximations.

The number of bound L can vary from zero to a value given by n, e.g. if four complexes are
formed then the number of bound L could vary from zero to four. If the concentration of bound
L,i.e. [Llota — [Llactual = [Mliotal, then 7 = 1. Simplification of the expression for 77 (Equation
7.58) can be made by finding the value of [L],.w. at which 7z = 1. This will enable the various
Bs to be found.

Whenrn =1
ﬂl [L]actual + 2ﬁ2 [L} ictual + 3133 [L] zctual + 4ﬁ4 [L]gclual Tt
=1+8 [L]actual + B, [L]ictual + B3 [L]zctual + B4 [Lﬁclual Tt (759)
and :32 [L]azctual + 2/33 [L]thua] + 3134 [L]:ctual toreeees =1 (76())

If three or more complexes are present computer curve fitting, or successive approximations,
is necessary.

However, if the only complexes present are ML and ML,, the experimental curve can be
used to find the value of [L],cwua at which 7 = 1.

If ML and ML, are the only complexes present, Equation (7.59) reduces to:
By[LL: 1 when 7=1 (7.61)

actual —

If B, can be found in this way, a value for B, can then be inferred from the experimental curve.

Worked problem 7.2
Question

Solutions of Cu2+(aq) in aqueous NHj; form a series of complexes where four (of the six) water
molecules coordinated in the square planar arrangement around the central metal ion are
progressively replaced by NHj as ligands.

The equilibria set up are:

K
Cu**(aq) + NH;(aq) == Cu(NH3)** (aq)

2+
K = (SN e ) 9770 mol ' am?  at 25°C
[
(&

Cu®*], .. [NH3]

actual [ actual

Cu(NH;)** (aq) + NH; (aq) == Cu(NH;)* (aq)

Cu(NH3)3"
K2< [CulNH3); Jucta ) = 2190mol 'dm® at 25°C
actual eq

[Cu(NH3)*"]. .., [NH;]

actual [

2+ K 24+
Cu(NH3);" (aq) + NH3(aq) =——=Cu(NH3)3" (aq)

NH3)3" ], [INH3)

actual [

Cu(NH;)3*
K; = < [CulNH3)3 Jycpya ) =537mol 'dm® at 25°C
[Cu( actual eq

24 K 24
Cu(NH3)35" (aq) + NH3(aq) =——=Cu(NH3); " (aq)
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[Cu(NH3);"]

actual
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o

a) Find the PrOdUCtS, Kl [NH3]actuala KZ[NH?:]aclual’ KS [NH3]actualv K4[NH3]actua19 for each

of the four complexes present when [NH3],cqua1 = 0.100 mol dm™
values.

[Cu(NH3)3"]

actual [

NH;|

b) Find the values for B, 8,, f; and B,.

) =93mol'dm® at 25°C
actual q

3, and comment on the

¢) Using the methods outlined in Section (7.2.1) calculate o, o1, o2, o3, and .
Comment on the values found.

Answer

a) The equilibrium constant expressions give:

[Cu(NH3)2+

] actual __

2+

+

2
3
2
2
2
4
24
3

actual

] actual

actual

actual

actual

],
[Cu(NH;3);
[Cu(NH3)
[Cu(NH;)
[Cu(NHs)
[Cu(NHs3)
[Cu(NH;3)

]
] actual
]
]

actual

K [NH3], . = 980
= K>[NH3], a = 220
= K3[NHs], = 54
= K4[NHs] o = 9

All of these ratios are greater than unity, which shows that for each equilibrium at this
particular [NH3], ... there is more of the species with the greater number of NH3 complexed.
However, these conclusions depend on the value of [NHj3],.a1, and could alter, and even
reverse, as the [NH3],cwa1 decreases. For instance, when [NH3],ciua1 = 0.0100 mol dm 3 the
respective ratios are 98, 22, 5.4 and 0.9. The conclusion to be drawn is that each case must be
worked out individually.

The fact that these ratios decrease as higher complexes are formed merely reflects the
magnitudes of the various Ks; the greater the magnitude of K, the greater the value of the ratio.

b) As shown in Section (7.2) values of S s can be found:
B, = K; = 9770 mol~! dm?
B, = KiKy = 9770 x 2190 mol % dm® = 2.14 x 10’ mol > dm®
B; = K1 K,K3 = 9770 x 2190 x 537 mol 2 dm’® = 1.15 x 10" mol * dm’
By = KiK2K3Ky = 9770 x 2190 x 537 x 93mol *dm'? = 1.07 x 10" mol~* dm'?

Remember: the gs are overall equilibrium constants of the type:

B
Cu”"(aq) 4+ nNH;(aq) —><_Cu(NH3)i+ (aq)
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/3 — [Cu(NH3)i+]actual
[Cu2+]actual [NH3]thual eq

Formation of the complex with the greatest number of ligands attached has the greatest overall
equilibrium constant. But note, the corresponding Ks decrease.

Bi
c) Cu’*(aq) 4+ NH3(aq) == Cu(NH3)*" (aq)
ﬁl _ [Cu(NH3)2+]aclual
[Cu2+ ] actual [NH3 ] actual / o

Cu®* (aq) + 2NH; (aq) === Cu(NHs)>* (aq)
( [Cu(NH3)3 )
B, =
eq

[Cu?*], . [NH3)

actual actual

Cu®*(aq) + 3NHj(aq )—>Cu(NHg) *(aq)
By = ( [CU(NH3) ]aclual )
eq

[Cu2+ ] actual [N ] 3Jactual

Cu?* (aq) + 4NH (aq) === Cu(NH3)2" (aq)

(
_([Ca(NH)E
po= (i )

] actual ] 3 Jactual

NH3

[ ( ) }aclual [ ]actual[ ]actual
2
[Cu(NH3)2+}aclual ﬂ2 [Cu2+]actual [NH3]actual
2
[Cu(NH3)3+}aClual = ﬂ% [Cu2+]actual [NH3]actual
2
[Cll (NH3 )4+} actual — ﬂ4 [Cu2+ ] actual [NH3 ] actual
2
[Cu +]total = [Cu2+]actual + [CU(NH ) }actual + [CU(NH3)2+]actual
+ [CU(NH) ]dCtud] + [Cu(NH3)42t+]actual
2
[Cu2+]actual + ,31 [ }actual [NH3]actual + 132 [Cu2+}actual [NH3}aclua1 Tt
= [Cu2+}actual{1 + 131 [NH3]actual + 162 [NH3]§ctual Foeeeees }
o = [Cu(NH3)2+]actual _ 131 [NH3}actual
[Cu2+]t0ta1 1+ :31 [NH3]aCtual + ﬂZ [NH3]§ctual +eo
2
Wy = [CU(NH3) +]aclual — /32 [NH3}actual
[Cll ]total 1 + 181 [NH3]acmal + /32 [NH3]§ctual +eee
2
o = [CU(NH’;) Jr]aclual _ 133 [NH3]actual
[Cu ]total 1+ ﬁl [NH3]actua] + ﬂ2 [NH3]§ctual +oee
2
oy = [CU(NH3) Jr]aclual _ Bs [NH3}actual
[Cu ]total 1+ :31 [NH3]actual + :82 [NH3]§clual +oee
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oy = [Cuz;]actual
[Cll Jr]total
_ [CU2+] actual
- 2
[Cu2+]actual + /31 [Cu2+]actual [NH3]aCtual + 132 [Cu2+]aclual [NH3]actual +oee

1
= 2
1 + ﬂl [NH3]actual =+ ﬂZ [NH3]actual +oeee
If [NH3]aeruar = 0.100 mol dm >

B1INH;3], 0t = 977, By [NH3 2, = 2-14 % 10°,
163 [NH3]2ctual =115 x 107’ ﬂ4[NH3]:ctual = 1.07 x 108
S 14 B INH;3 ], + BoNH3 )2 =1+977 +2.14 x 10° + 1.15 x 10’
+1.07 x 108
=1.19 x 108
1 977
Lag=— =84 x%x107° =— " _—82x107°
=119 108 U T e 108 * B
2.14 x 10° 1.15 x 107 1.07 x 108
==~ —18x1073 =" " —97x107? =" =0.90
=119 %108 X0, e =TT s = 27X 10T e = et s =09

These values show that the most predominant complex is that one with the greatest number
of ligands attached to the central metal ion, Cu(NH3)i+(aq), present at 90%, with the next
being Cu(NH3)§+ (aq), present at =~10%, with the other complexes present in minute amounts.

Worked problem 7.3
Question
In a set of experiments at 25°C on the formation of complexes of Cd*"(aq) with pyridine(aq),

the total concentration of Cd*"(aq) was 0.0200 mol dm > throughout. The following results
were obtained:

—[pyr]tmg 0.053 0.103 0.130  0.158 0.182
mol dm
7[1’“]&““3; 0.042 0.085 0.110  0.135 0.157
mol dm™
[Cd2+] actual
S5 Jwwal 00106 0.00645  0.00508  0.00405  0.00334
mol dm

Find the values for:
e 7 (the mean number of pyridine bound per Cd*™"),

e« (the fraction of the Cd*" which is uncomplexed). Ignore the possibility of any associa-
tion of the Cd*"(aq) with anions present.
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1
e Plot a graph of: (— = 1) / DY qcruar VETsus [pYT], e
@0

Examine this graph to see whether it gives any evidence on whether complexes containing
more than two pyridine are formed, and obtain values for the overall equilibrium constants §;
and f,.

Answer

[pyl‘] total [pyl‘] actual (744)

TS o)

total

The values obtained are:

(PYT ot — [PYT i) /moldm™ 0.011  0.018 0.020  0.023  0.025
n 0.55 090 1.00 1.15 1.25

The value for the mean number of pyridine bound per Cd*" eventually exceeds unity and so
there must be at least one species of complex which contains more than one bound pyridine
molecule.

[Cd*]

actual (7.43)

oy =
"7 [cd

total

and the values of ¢ for each experiment are given in the table below.
The values required to plot the graph:

1
< — 1)/[pyr]aaua1 VS. [pyr]actual
@0

are also given in the table below.

Qg 0.530 0.3225 0.254 0.2025 0.167

L 1 0.89 2.10 2.94 3.94 4.99

oo

(a_ln - 1)/[pyr]actual

E— 21.1 24.7 26.7 29.2 31.8
mol™ " dm

The graph (Figure 7.1) is slightly curved, though this would be hardly detected if the last
point were absent. If the graph had been extended to higher pyridine concentrations, and had
there been more points instead of only 5, a more definite conclusion would have been possible.
This shows how important it is to cover a wide enough range of experimental conditions
and to have enough experimental points.

Values of 8, and B, can be found from a limited form of Equation (7.57)

1 1—
(— — 1)/[L]actual == aia() = ﬂl —+ ‘B2[L}aclual + e (757)

oo 0 [L] actual
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<O:_0 —1>/[pyr]actu

al
mol-' dm? 32 /

20 L

0.12 0.16
[Py, cqya/Mol dm™3

Figure 7.1 Graph of (aio— 1)/[pyridine]actualvs [pyridine], .y a1-

If it is assumed that there are only two complexes present, this equation reduces to:

1 1-—
( - 1> /[L]actual = 70{0 - ﬂl + ﬂZ [L}actual' (762)

®o oo [L} actual

and so a plot of:

1
(OTO — 1) /[pyr]actualversus [pyr]actua]

should have intercept = 8, and slope = §,.
Taking the approximately linear earlier part of the graph to approximate to Equation (7.62)
gives:

B, = 17.5mol ! dm*
B, = 84 mol 2 dm®

where:

B
Cd** (aq) + pyr(aq) =——=Cd(pyr)’" (aq)

'31 _ [Cd(pyr)2+]aclual
[Cd2+]actual [pyr]actual eq

B>
Cd**(aq) + 2pyr(aq) =——Cd(pyr); " (aq)
,32 _ <[ [Cd(pyr)§+]aclual )
eq

2
Cdz+ ] actual [pyl'] actual
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7.3 Solubilities of sparingly soluble salts

There are a number of electrolytes which are only sparingly soluble in water at room
temperatures. Typical examples are the silver halides, AgClI(s), AgBr(s), Agl(s), but not
AgF(s) which is soluble in water. Many hydroxides are only sparingly soluble, as are fluorides
such as CaF,(s) and PbF,(s). Most carbonates are sparingly soluble, as are the sulphates,
SrSO4, BaSO4(s), and PbSO,(s). The mercury(I) halides, Hg,Cl,(s), Hg,Br,(s), Hg,1»(s) and
the corresponding lead halides, e.g. PbCl,(s), are also sparingly soluble.

In the saturated solution of a sparingly soluble salt, equilibrium is set up between the solid
salt and its ions in water, e.g. when AgCI(s) is dissolved in water, the following equilibrium is
set up:

s

AgCl(s) —— Ag" (aq) + Cl (aq)

where:

K, = (A€ €1 (7.63)

actual [ actual ) eq

and K is called the solubility product. It is important to realise that there is no term for the

solid AgCl in the equilibrium expression (see Section 8.14). All three species must be present

for equilibrium to be set up, but only the ions appear in the equilibrium constant expression.
When a saturated solution of CaF, is prepared, the equilibrium set up is:

Ks
CaF,(s)=——Ca>" (aq) + 2F (aq)
where:

K = ([Ca“} F ) ) (7.64)

actual [ actual
eq

and as with all the other equilibrium constants previously quoted, this is for the ideal case.

7.3.1 Formulation of the solubility product in terms of the solubility

Data on the solubility of sparingly soluble salts can be listed either in terms of the solubility
product, K, as defined above, or as the raw experimental quantity, the solubility, s. The
solubility is expressed as a number of mol per dm®.

If the solubility in water of AgCI(s) is s, then this means that s mol dm > of AgCl are
dissolved in the solution. Since one mol of AgCl(s) gives rise to one mol of Ag*(aq) and one
mol of Cl™(aq) then:

[Agf]=[ClT] =5 (7.65)
Ki=sxs=5 (7.66)

and:
s = VK, (7.67)

Using this relation the solubility product can be found from the solubility in water, or vice-versa.
Care must be taken when dealing with unsymmetrical electrolytes. For instance, if the
solubility in water for CaF,(s) is s, then s mol dm 3 of CaFy(s) gives rise to s mol dm > of
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Ca*"(aq) and 25 mol dm > of F~(aq), giving:

KS = ([Ca2+]acmal [F_]ictual)eq (768)
Ky =5 x (25)?
= 4s° (7.69)
and:
1 1/3
— -k, 7.7
= 3%) o

7.3.2 Solubility relations when a sparingly soluble salt is dissolved
in a solution containing one of the ions of the solid: the common ion effect

Note: as in previous chapters it is important
e to check on the sources of the species involved in the equilibrium;

e to formulate relations between stoichiometric and actual concentrations;

to judge when it is appropriate to make approximations;

to see what are the physical conditions are under which the approximations are made;

and then to look at the results to see if they validate the approximations.
The solubilities of a sparingly soluble salt in water and in a solution containing one of its ions

will be different, but both are governed by the solubility product. For example, the
solubility of BaSO, in an aqueous solution of Na,SO, is governed by:

Ks 24 2
BaSOy(s)=——=Ba~"(aq) + SO; (aq)

Ks = ([Ba2+]actual [Soézli]actual)eq (771)
But:
e the source of Ba>"(aq): dissolution of the solid only;
e the source of SO?[(aq): dissolution of the solid and the Na,SOy4(aq).
Let the solubility of the BaSO, be s/,
Let the concentration of Na,SO,4 be ¢
[Ba2+]actual = S, (772)
[Soii]actual =c+ S/ (773)

Ko=5 x(c+5)=5c+ (s) (7.74)
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This is a quadratic equation in one unknown, and can be solved to give s'.
But are there any sensible approximations which can be made?
In the equilibrium:

K pa2+ 2
BaSOy(s)=——=Ba~"(aq) + SO; (aq)

if there is an added source of SO} (aq), then this will push the equilibrium to the left, as
compared with that set up in water alone. This will mean that [Ba*],cqua in a solution of
BaSO4(aq) and Na,SOy,q) Will be less than that of BaSO,(s) dissolved in water alone.

Since the solubility of BaSOy4(s) in water is low, then the solubility in Na,SO4(aq) s’ will be
even lower and so:

s < ¢ (7.75)
Sets ~ce (7.76)
Ky~ cs (7.77)
and
K
o 7.78
. (1.78)

Worked problem 7.4
Question

Calculate the solubility of BaSOy4(s) in a 0.0100 mol dm™> solution of Na,S0y4(aq).
Ky = 1.2 x 107" mol* dm® at 25°C.

Answer

Let the solubility of BaSOy(s) be s’
[Ba2+}actual = S/
[SO3 .cas = 8" + 0.0100 mol dm >
Ky =5 x (0.0100 + 5') = 0.01005" + (5')*

if s < 0.0100
.. Ky = 0.0100s’

and

, K, 1.2 x 1079 mol?> dm°
s = =
0.0100 0.0100 mol dm 3

The validity of the approximation can be checked by calculating the solubility, s, of BaSO4(s)
on its own in water.

Ki=5 .. s=vVK,=V12x10710=1.1 x 107> moldm ™

=1.2x 103 moldm ™
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This can be contrasted with the much smaller solubility in the Na,SO, solution,
s’ = 1.2 x 10~® moldm >, and shows that the approximation was justified.

This behaviour is very similar to the common ion effect in acid—base equilibria where the
addition of a strong acid to a weak acid will suppress the dissociation of the weak acid. Here
addition of a common ion will suppress the solubility of a sparingly soluble salt.

7.3.3 Possibility or otherwise of precipitation of a sparingly soluble salt
when two solutions containing the relevant ions are mixed

The principles given above can be used to determine whether precipitation of solid will occur
when two solutions are mixed together. BaCl,(s) and Na,SOy(s) are both highly soluble in
water, but if they are mixed together there is the possibility that precipitation of the sparingly
soluble BaSO, could occur. The stoichiometric concentrations of the ions present in the
mixture can be found on dilution. A decision on whether precipitation will occur can be made
from the following:

o if [Ba”]swich X [SO%’]StOiCh > K, then precipitation will occur to reduce the product
[Ba”]swid1 X [SO?{]Stoich until it reaches K;. When this happens precipitation ceases,
and equilibrium is established between BaSOy,(s), Ba”(aq) and SOi_ (aq),

o if [Ba® yoich X [SO}[]Swich < Kj, precipitation cannot occur. If, however, solid BaSOy is
added to the solution, it will dissolve until the product, [Ba2+]m,ich X [SOﬁ’]Smich, reaches
K, and equilibrium is established between BaSQOy(s), Ba”(aq) and SOﬁ’(aq).

o if [Ba® yoich X [SOi_]Stoich = K, then the solution is just saturated, with no precipitate
apparent.

Worked problem 7.5
Question

Would precipitation occur when 0.020 mol dm —* BaCl,(aq) is mixed with an equal volume of
0.012 mol dm ™~ Na,SO4(aq)? K, for BaSO, = 1.2x 10 ' mol* dm ® at 25°C.

Answer
Dilution will occur on mixing, and since equal volumes were used the concentrations will be
halved.

[Ba2+]stoich :0010 mOI dm73,
SO o1 =0-0060 mol dm >
[Ba2+]stoich X [Soézl_]stoich :(0010 X 00060) In()]2 dm—6 =6 X 10_5 molz dm_6

6 x 107> mol®> dm~° >> K, and precipitation will occur.
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Since Ba2+(aq) is in excess over SOﬁ’(aq), nearly all the SO?[(aq) will be removed from
solution. The maximum concentration of Ba*"(aq) which can be removed is given by the
initial concentration of SOi_(aq), and is equal to 0.0060 mol dm™3. [Ba”]left =(0.010 —
0.0060) mol dm > = 4.0x 10~ mol dm .

The actual value of [SO?[] remaining in solution can then be found from the equilibrium
relation:

Ba>], .t X [SOF o = Ks = 1.2 x 1079 mol? dm™°

actual

1803 T = 1.2 X 10719 mol? dm /4.0 x 1073 moldm ™ = 3.0 x 107 moldm .
This is a very low value for [SOﬁ’}aCmal remaining, and justifies the assumption that virtually
all of the sulphate ions will be removed as the precipitate, BaSOy(s).

The following two worked problems give further practice at handling aspects of solubilities.

Worked problem 7.6
Question

SrF; is sparingly soluble in water. The equilibrium constant governing the process:
StF,(s) = Sr**(aq) + 2F (aq)
has a value Ks = 3.0 x 10~ mol’ dm™~? at 20°C. Calculate the solubility of StF; in:

a) water alone;
b) a solution which is 0.030 mol dm ™2 with respect to NaF;
¢) a solution which is 0.030 mol dm > with respect to Sr(NO3),;

d) would precipitation occur if 100 cm® of a 0.050 mol dm > solution of Sr(NO3), is
mixed with 200 cm® of a 0.020 mol dm ™ solution of NaF?

Answer

a) StF,(s)——=Sr*"(aq) + 2F (aq)

12
K = ([Sr2+]actual[F ] )eq
Let the solubility in water be s

. [Sr2+]actual =S [F_]

K, = s x (25)°
= 45>

2s

actual —
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J/Ky  3/3.0 x 1079 mol® dm™®
"S“/ZS\;/ X 4m° M 9.1 x10*moldm™>

S S = 9-1 x 107" moldm

[F e = 182 x 107> moldm ™

b) This is no longer the simple case of a solubility in water. Here there is an added source of
F(aq).

Let the solubility of SrF, in the solution be s'.
*. ¢ mol dm 3 of Sr”(aq) and 25’ mol dm > of F~(aq) come from the solid SrF,.
But 0.030 mol dm > of F(aq) also come from NaF(aq).

S e =5 [F Jacua = 25 +0.030

Ky =5 x (25 4 0.030)*

actual

This is a cubic expression which can be solved by successive approximations. But possible
sensible approximations should be considered first. The solubility in water is low;
[F Jactual = 1.82% 1073 mol dm > and the presence of a second source of F~ (aq) will suppress
the dissolution of the solid SrF,, and so 25’ < 1.82 x 1073 mol dm 3.

.. 25" 4 0.030 approximates to 0.030
K, =5 x (25' 4+ 0.030)*

which can be approximated to:

K, = 5’ x (0.030)*
g 30x 10~ mol® dm°
(0.030)* mol® dm°
L[S = 3-3 X 107 mol dm ™

[F7]

=33 x 10 moldm™

= 0.030 mol dm ™3

actual

In water [SI* |aerar = 9.1 10~ mol dm . This is much higher than 3.3x107°mol dm >,

and shows conclusively that added NaF(aq) decreases the solubility of SrF,(s) dramatically.

¢) In this case there is an added source of Sr**(aq), and the treatment is analogous to that for
part b).

Let the solubility of SrF, in the solution be s’

", s’ mol dm ™ of Sr”(aq) and 25’ mol dm > of F(aq) come from the solid SrF,.
But 0.030 mol dm > of Sr”(aq) also comes from Sr(NO3),(aq).
2s'

S = 8 +0.030 [F]

-~ Ky = (s 4 0.0300) x (25')*

actual —
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Again this is a cubic expression, and can be approximated in the same manner as in part b).
Since s is low, 5" + 0.030 approximates to 0.030
K, = (0.0300) x (25')
=0.120 x (s)*

K. 3.0 x 10~ mol® dm™
(s) = ‘/01;():\/ OX120 nll‘; = 1.6 x 10 *mol dm
. . mol am

L[S = 0-030 mol dm ™
[F] o = 3-2 x 107*mol dm™*

actua
actual

Again, addition of a common ion decreases the solubility, but not so dramatically as in part b).
e) On mixing:

100 cm?® of 0.050 mol dm > of Sr”(aq) solution is diluted to 300 cm®
L[St = 0-0167 mol dm 3
200 cm? of 0.020 mol dm ™ of F~(aq) solution is diluted to 300 cm®
" [F ] = 0-0133 mol dm ™

The solubility product, K, given by the product of the actual concentrations when equilibrium
is established is:

Ky = ([Srzﬂ

actual

al X [F_]z

actual)eq =3.0 x 107 moldm™

actu

The corresponding product of the actual concentrations present in the solution can be
formulated and compared with the equilibrium product.
[Sr*7] [F)2a = 0-0167 x (0.0133)> mol® dm ™
=3.0 x 10" °mol’ dm ™’

2 —12 2 —12
[Sr +]actual x [F ]actual > ([Sl‘ +}actual x [F ]actual)eq

actual X

and so precipitation will occur until the concentration decreases sufficiently for the equili-
brium product to be attained.

So far, there has been no need to use electrical neutrality. But, as with acid—base equilibria
and ion pair formation, sometimes it is needed when the equilibrium relation(s) and stoichio-
metric relations are fewer in number than the number of unknowns which have to be found.
The following illustrative problem cannot be solved easily without invoking the relation
describing electrical neutrality.

Worked problem 7.7
Question

A mixture of solid calcium sulphate and strontium sulphate is equilibrated in distilled water at
25°C so that an excess of each solid remains. If the solubility products are 1.2 x 107 and
3.2 x 1077 mol® dm~° respectively, calculate the concentrations of Ca®"(aq) and Sr*"(aq) in
the resulting solution.
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Answer

CaSO4(s) —— Ca’"(aq) + SO} (aq)

([C ]actual [Soz_}actual )eq
SrSO4(s) —— Sr*"(aq) + SO;" (aq)
( [Sr2 ] actual [S Oi_ ] actual )eq

There are three unknowns in these two equations. To be able to obtain [Sr”]acma], [Ca”]acma]
and [SO%’]acmal individually, a further independent equation relating these two quantities is
needed.

One relation can be obtained from the ratio of the solubility products:

([Ca ]dctual [SO4 ]dctual) — 1.2 x 1076 1’1’1012 dm_6 =3.75
q

[SI‘ }aclual [SOZ_]actual 32x 10_7 m012 dm_6

" [Ca® ), = 3-75[S177]

actua actual

However, this is not an independent equation. It is just rewriting the relationships for the

equilibrium constants for dissolution of CaSQOy(s) and SrSO4(s), given above, in another form

and, as such, does not give the third independent equation required.

Be careful with this point: always check that any extra equations are truly independent.
One further relation is still needed. The most obvious one is that dealing with electrical

neutrality — the sum of the positive charges in solution must be balanced by the sum of the

negative charges.

2[C32+]actual + 2[Sr2+]aclual + [H3o+]aclual = z[soi_}amual + [OH_]actual

Remember: factor of 2 for the divalent ions.
Since the solution is one of two salts each formed from a strong acid/strong base, the
solution will be neutral, and so:

[C32+]actua] + [Srz ]actua] [804_]actual
SubStitUting [Ca2+]actual = 3-75[Sr2+]aclual giVCSZ

4.75[Sr*M] o = [SOF7]

actual — actual

This equation taken with the solubility product relation for SrSO4(s) gives two simultaneous
equations, which give:

(1S pewa X 4-75[St*"] =3.2x 107" mol* dm®

actual) g
" [S = 6.74 x 107 mol> dm™~°
(1S yeuat Jeq = 2-60 X 10~ mol dm ™
But [Ca® Jacrwar = 3.75[51° Tactuar
([Ca™ ot )eg = 975 X 107 mol dm ™
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7.3.4 The effect of complexing on solubility equilibria

Ion pair formation, or complex formation, is indicated when the solubility of a sparingly
soluble salt increases in the presence of an ion which could form an ion pair, or with a ligand
which could form a complex with one of the ions of the salt. In these cases there are at least two
equilibria, and all must be satisfied simultaneously.

Worked problem 7.8
Question

Taking the action of edta®~(aq) in complexing with Ca**(aq) to be:

K

Ca’'(aq) + edta* (aq) —— Caedta’ (aq)
and the value of the equilibrium constant at 20°C to be 6 X 101° mol~! dm?, obtain a value for

the equilibrium constant for the reaction:

K>

CaCOs(calcite) + edta’™ (aq) =—— Caedta® (aq) + CO3 (aq)

The solubility product for calcite, Kj, is 4.8 x 1072 mol® dm®at 20°C.

Calcite was added to a solution of edta47(aq) until no more solid would dissolve. The
concentration of the complex was found to be 0.042 mol dm . Find the concentrations of
edta4_(aq) remaining and of the free Ca2+(aq) in solution.

Answer

There are three equilibria involved:

K
CaCOs/(calcite) = Ca*"(aq) + CO3™ (aq)
K, = ([Ca®*],0u[CO3 ]

actual [ actual ) eq

K
Ca’*(aq) + edta*” (aq) =—— Caedta®" (aq)

K, = [Caedt327 } actual
[Ca®'] edta*] w

actual [ actual

K
CaCOj3(calcite) + edta*~ (aq) —— Caedta®" (aq) + CO3 (aq)

Kz — ([Caedtaz]aclual [Cog_]actuzﬂ)
eq

[edta®"]

actual
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Addition of the chemical equations for the first two equilibria gives the third. This is the
reaction for which the equilibrium constant is required. Addition of the chemical equations
corresponds to multiplication of the equilibrium constant relations:

- [Caedta®"]
KS X Kl = ([Ca2+]actual [CO% ]aclual)eq>< ([Ca2+] [edt:liga]l
actual eq

_ ([Caedtaz]acmal [CO%]aCtuﬂ)
eq

actual

[edta®"]

actual
=K

K, =48 %10 mol’dm ® x 6 x 10'° mol~! dm*
= 288 moldm™3

The concentration of the complex is given. In the reaction:

K
CaCOs(calcite) + edta*™ (aq)<:>2Caedta2’ (aq) + CO3 (aq)

the complex and CO%‘(aq) are formed in a 1:1 ratio, hence [CO%‘]aCmal =0.042 mol dm>.

Since [CO%‘]acma] and [Ca’* )yl are related to each other by the solubility product of
CaCOx;(s) there is now a route to [Ca”]acmal.

KS = ([Ca2+]actual [Cogi]aclual)eq
K. 4.8 x 10~ mol®> dm ¢
[C ]y = iy A8 X 0TmOlTdm Ty 677 ol g
[CO5 |ctual 0.042 mol dm

There are two ways to determine [edta* ] ocral-

° [CO%’]aCmal, [Caedtazf]actual and [edta47]acmal are all related through K.
([Caedtaz } actual [Cog]acmal>
K, =
eq

ledta* ] al
 ([Caedta™ |
actual — Kz
~0.042moldm ™ x 0.042mol dm
B 288 mol dm >
= 6.1 x 10°®moldm™?

CO3]

actual) eq

.. [edta*]

o [Ca’ M acrars [Caedta® Juemar and [edta* ] are also all related through Kj.

K — Z[Caedta2’]aitua,
[Ca jLLiclual [edta 7]actual eq

Caedta®™
[edta“_]eq = 7[ S Je
[Ca ]qul

7 0.042mol dm
"~ 1.14 x 1007 moldm > x 6 x 1019 mol~' dm—
=6.1 x 10" moldm™
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7.3.5 Another interesting example

The behaviour of AgCl(s) in aqueous ammonia solutions is interesting. It is found that AgCI(s)
dissolves extensively in aqueous solutions of ammonia, silver bromide dissolves quite appre-
ciably and silver iodide dissolves only to a slight extent. In water AgCI(s) is only very sparingly
soluble. This suggests that the known complexing behaviour of NH;(aq) with Ag*(aq) may be
having a significant effect on the solubilities. Any Ag*(aq) formed by dissolution of AgCl(s)
will be immediately mopped up by formation of the complex with NH3(aq), with consequent
further dissolution of AgCI(s) occurring to maintain the solubility equilibrium.

When AgClI(s) dissolves in aqueous NHj, two equilibria are set up and both will be
simultaneously satisfied. They are:

Ks
AgCl(s)——=Ag " (aq) + Cl™(aq)
= ([Ag+]aclual [Cl_]actual)eq (779)
=1.8x 107 ""mol’dm™® at 25°C
Ag(NH3); (aq)

Kassoc:< [Ag(NH3) ]actual > (780)
A N )

Kassoc

Ag'(aq) + 2NH;——

actual actual

=17 x 10"mol 2dm® at 25°C

This is a very large value for the equilibrium constant for the complexing effect of NH3(aq) on
Ag™(aq), and consequently the ratio:

< [Ag (NH3 ) ;] actual)
[Ang ] actual eq

is also very large. This implies that the total concentration of dissolved silver, present
predominantly as the complex with ammonia, can be high even though [Ag™ ], is
small.

The experimental observation is the dissolution of the solid AgCl in the NH;(aq) which
continues until equilibrium is established. This overall process is:

K/
AgCl(s) + 2NH; (aq)—#Ag(NHﬁ;(aq) + Cl™ (aq)

K — ([Ag(NHS)Jr]actual [Cl}aclual> (781)
INH; 2 «

actual

K’ is a composite equilibrium constant describing the simultaneous setting up of the two
equilibria defined above.

K' = Kygoe X K (7.82)
K' =17 x 10" mol 2dm® x 1.8 x 107" mol> dm~°
=3.1x1073

The standard procedures can now be used to enable the solubility of AgCI(s) in aqueous NH3
to be found for any given stoichiometric concentration of NH3(aq).
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Stoichiometric relations
+ _ + T =
b [Ag ]tmal - [Ag ]aclual + [Ag(NH3)2 ]actual =S (783)

where s is the solubility in NH3(aq)
Since Ag*(aq) and Cl~(aq) will be formed in a 1:1 ratio:

[Ang]tolal = [Cli]actual =S (784)

If [Ag " |actual is very small, as it must be since AgCl(s) is highly insoluble in water, then:
[Ag+}lotal ~ [Ag(NH3);]aCtual (785)
b [NH3]tolal - [NH3]actual + 2[Ag(NH3);]actual (786)

Be careful here: remember to include the factor 2; for each complex ion formed two NH3
molecules are taken up.

Electrical neutrality

[Ang}actual + [Ag(NH3)2+]actual + [H30+}actual = [Cli]actual + [OHi]actual (787)

But be careful: this equation can be contrasted with that given in the analysis of the solubility
of BaSO,(s) in water where it could be assumed that the solution is neutral and
[H30" lactual = [OH Jacwar- This is not the case here; NHs(aq) is a weak base, and the pH
will be >7. Fortunately, use of the electrical neutrality relation will not be required.

Equilibrium relations

KS = ([Ag+}actual [Cl_]actual)eq (779>
Ag(NH;3)3 ],

Kassoc=< [ f< 3)2]““;‘“-1 ) (7.80)

[Ag ]actual [NH3]actual eq

[Ag(NH3),5 ]y [C17]

K = ( 2 actzua] actual (7.8 1)

[NH3 ] actual eq
K = Kassoc X K (782)

Substituting Equation (7.86), [NH3}iota1 = [NH3lactual + 2[AZ(NH3)3 lucral, into the expression
given for K’ results in:

K — [Ag(NH3);]aaua] [Cli]actual (788)
([NH3] Z[Ag(NH?ﬁ);]aCmal)z eq

total

Since in this equilibrium Ag(NH;); (aq) and C1™ (aq) are produced in a 1:1 ratio, and since the
amount of Cl (aq) dissolved is equal to the total amount of Ag*(aq) dissolved and is thus
equal to s:

[Ag(NH3); ]y = [C17]

actual —

2
, s

K = o (7.89)

s (7.84)

actual —

total —
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N
VK = VKK, = 7.90
sfhassoc [NH3][0ta] — 2y ( )

from which s can be found for any given stoichiometric concentration of NH;3(aq).

Worked problem 7.9
Question

Use the following data to explain the observation that AgClI(s) dissolves extensively in
1.6 mol dm ™ aqueous NHs, AgBr(s) dissolves appreciably, but Agl(s) dissolves only to a
slight extent.

The solubility products, K, for each solid at 25°C are:

1.8 x 107" mol>dm™® for AgCI(s)
5.0x 1073 mol?dm™® for AgBr(s)
8.5 x 107" mol’dm® for Agl(s)

The association constant for formation of the complex of Ag*(aq) with NH;(aq), Kassoc iS
1.7 x 10" mol 2 dm®,

Answer

As shown in Section 7.3.5 the overall reaction when silver halides dissolve in aqueous
NH; is:

AgX(s) + 2NH; (aq) —— Ag(NH3){ (aq) + X (aq)

K = ([Ag (NH3 );}acztual [X]aclual>
[NH| y

actual

and:
K = K X Kygsoc

Using the data quoted gives the following values for K’:

1.8 x 107 mol>dm ™ x 1.7 x 10" mol 2dm® = 3.1 x 10~ for AgCI(s)
5.0 x 1073 mol>dm° x 1.7 x 10" mol >dm® = 8.5 x 10°® for AgBr(s)
8.5 x 1077 mol>dm™° x 1.7 x 10’ mol >dm® = 1.5 x 107 for Agl(s)

Using the expression for K’ given in Section 7.3.5 (Equation 7.90), i.e.

\/E: KsKa%oc:
N

K
2s

total —
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gives:
s = [NH3],oy X VK' — 2sVK'
s+ 25VE = [NHy) o VK
_ \/E[NHﬂtotal
1+ 2VK'
where
s = [X_]aclual - [Ag(NH3);—]aCtual
and
K
Ag*t =%
[ g ]actual [X—]

actual

Solving this equation for each halide in turn gives the following solubilities, s, and [Ag " Jacrar:

K /[X7]
K/ \/I—(v/ 1 + 2\/1?7 \/E[NHfi]total s = [X_]aclual Ks = [Agﬂ

actual

actual

AgCl  31x107 56x1072 1.112 89x102 80x102 1.8x107° 22x107°
AgBr  85x107° 29x 107 1.0058 4.6x107° 46x1073 50x 107" 1.1 x 10710
Agl 1.5x 107 3.8x107° 100008 6.1 x107 6.1 x 107 85x 1077 1.4x 10712

These calculations fall very clearly in line with the experimental observations, and indicate
that the complexing behaviour of the Ag*(aq) ion with NHs(aq) along with the relevant
solubility products predicts that:

AgCl(s) goes into solution to a considerable extent,
AgBr(s) goes into solution to an appreciable extent,

but Agl(s) is not much more soluble in NH; (aq) than in water.

7.3.6 Further examples of the effect of complexing on solubility
The complex can have an overall positive, negative or neutral charge.

Silver halides are only sparingly soluble in water. Their solubility can be enhanced, as in
photographic techniques, where the complex with thiosulphate is used.

AgX(s) + 2820§’(aq) pr— Ag(8203)§7 (aq) + X (aq)

This behaviour is very similar to that with the neutral ligand NH3(aq).



WORKED PROBLEM 7.10 209

When sparingly soluble salts are dissolved in a solution of the anion of the salt, it would be
expected that the solubility would be decreased.

AgCl(s)=——Ag" (aq) + CI" (aq)
KS = ([Ag+]aclual [Cli]actual)eq (779)

Addition of Cl (aq) will cause the equilibrium to move to the left until the product of
concentrations has decreased to the equilibrium value, at which stage further precipitation
of AgCl(s) will cease. Further addition of Cl (aq) would be expected to result in further
precipitation (provided sufficient Ag*(aq) is available), but it is found that when the chloride
jon reaches a concentration of around 3 x 10~ mol dm > AgCl(s) will start to re-dissolve. This
is due to the formation of the complex ion AgCl; (aq), though others, such as Ag*Cl (aq),
may also be involved.

A further variant on this is the observation that the highly insoluble Hgl,(s) will pass
into solution if enough iodide is present. Again, this is the result of formation of a complex
ion.

Hgl,(s) + 21" (aq) = Hgl; (aq)

Worked problem 7.10
Question

AgCl dissolves only sparingly in water, Ks = 1.75 x 10~ mol> dm~% at 25°C. In the pre-
sence of excess Cl™ (aq) the solubility at first decreases and then increases, and the following
species are formed:

1(assoc)

Agt(aq) +Cl- (aq)—>Ag+Cl (aq)

[AgTClT]
K] (assoc) = < actual )
eq

aclual } actual

KZ(assoc)
Ag*Cl™ (aq) + CI” (aq)=——=AgCl; (aq)
K2< )= ( [AgCIE]actual )
B [Ag+cr]actual[Cli}actual eq

The following are values of the solubility of AgCl(s) in aqueous solutions of KCl:

10°[C17]
mol dm >
107

mol dm >

0.50 1.00 2.00 3.00 5.00 7.00 9.00

6.75 5.1 4.5 4.5 4.9 54 59
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a) Calculate the concentration of free Ag*(aq) in water.

b) From the value of the solubility product, calculate the expected actual concentra-
tions of Ag™(aq) in each solution. Compare these values with the total concentration
of Ag*(aq) as given by the solubility, and indicate whether these results are
compatible with the presence of Ag™Cl ™ (aq) and AgCl; (aq).

¢) How would the concentrations of these species be expected to vary with increasing
Cl (aq) concentration?

d) Would this be compatible with the statement that: ‘only an anionic species’ would be
expected to give a solubility which increases with increasing [Cl™ Jioa1?

e) Use the data given to find values for K (assoc) and Ko (assoc)-

Answer

a) The solubility of AgCl(s) in water is governed by the equilibrium:

K

AgCl(s)=—=Ag" (aq) + CI (aq)

KS = ([Ang}actual [Cl_]actual)eq

Let the solubility of AgCl(s) in water be s, then:

[Ag+]actual = [Cl_] = s and Ks = s2

actual

This expression applies only if there are no ion pairs present and so throughout the presence
of the associated species AgTCl (aq) in the saturated solution in water is being ignored.

s =K, = V175 x 10~ mol> dm ® = 1.32 x 10" mol dm >
b) Let the solubility of AgCI(s) in KCl(aq) solution be s'.

KS = ([Ag+]actual [Cl_]
K

actual — W

actual

actual )eq

[Ag*]

Now watch: there may be more than one source of each ion.
Sources of Ag*(aq) and Cl™(aq):

e Ag'(aq) comes from one source only, i.e. from the dissolution of the solid AgCl.

e Cl” comes from two sources: the dissolution of the solid AgCl and the Cl™ (aq) from the
KCl(aq).
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If the expected solubility in the KCl(aq) solution is s’, then:
[C]_}actual = S/ + [C]_]from KCl

Since AgCI(s) is highly insoluble in water, the [Cl Jfom k1 > §
[Cli]actua] ~ [Cli]from KCl1
2 C o ka

and so the following table can be drawn up:

C[AgT]

103[C1™

[7_]3 0.50 1.00 2.00 3.00 5.00 7.00 9.00

mol dm

107[Ag*

L]af;‘“l 3.5 1.75 0.88 0.58 0.35 0.25 0.19
mol dm

The value of [Ag " J,cwar in a saturated solution in water is 1.32 x 107> mol dm >. Addition of
Cl™ (aq) would be expected to suppress the dissolution of AgCI(s) by pushing the equilibrium
to the left, the common ion effect. On a first look at the expected [Ag ™ ],cwar given in the table
this has occurred, but when these figures are compared with the actual observed solubilities, it
becomes evident that the solubilities cannot be explained in terms of the expected common ion
effect. Atrelatively low [KCl] the observed solubility does decrease with increasing [C1™], but
it soon reaches a minimum and then starts to increase. Furthermore the calculated [Ag ™ ], cuars
found assuming the common ion effect to be the sole cause of the decrease in solubility, is
always less than the actual observed solubilities. Something else must be happening to cause
the solubility to increase in the manner given in the table of the question.

If the species, Ag"Cl (aq) and AgCl; (aq) are also present in solution these would be
expected to increase the solubility. Removal of Ag*(aq) from solution through formation of
the associated species would cause the solubility equilibrium to move to the right with more
solid AgCl dissolving, until the equilibrium value for [Ag " |,cwual is set up. This value will be
dictated by the simultaneous setting up of the three equilibria involved.

s

AgCl(s) (Kj Ag'(aq) + C1™ (aq)
K = ([Ag" |ueua[C17]

actual [ actual )eq

Kl(assoc)
Ag"(aq) + CI” (aq)——=Ag " Cl" (aq)
Kl( )= ( [Ag+C17]actual )
assoc) — —
[Ag+]actual [Cl }aclual eq

K assoc
Ag"Cl™ (aq) + C1™ (aq) ——2 AgCl; (aq)

KZ( )= < [AgCIE]actual >
assoc) — - —
[Ag+ Cl ]actual [Cl } actual / eq
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The observed solubilities are compatible with the presence of the two associated species.
¢) Considering the Ag"Cl (aq):

[Ag+C17]actual = Kiagsoc [Ag+]

= Kjassoe X K
a constant

actual [C17 ] actual

Hence, the concentration of the associated species, Ag"Cl (aq), would not change with
increasing [Cl ], and the presence of this species would not give rise to a solubility which
increases with increasing [Cl .

On the other hand, considering the AgCl; :

[AgCIZ_]aclual = K2 assoc [AngCl_]actual [Cl_}
= K3 ass0c K1 assoc [Ag+]actual [Cli]actual [Cli}actual
= K2assoc X Kl assoc X Ks X [Cli}

actual

actual

Hence, the concentration of the associated species, AgCl, (aq) will increase as [Cl7]
increases, and this in turn will cause more solid AgCl to dissolve.

d) These equilibrium arguments are consistent with the statement that: ‘only an
anionic species’ would be expected to give a solubility which increases with increasing
[Cli]totab

e) The solubility of AgCl(s) in KCI solution is s’. The total amount of Ag'(aq) in
solution is made up of contributions from the free Ag*(aq), and the two associated species,
ie.

[Ag+]lolal = S/ = [Ag+]actual + [Ag+C1_]actual + [AgCIZ_]actual
S8t = [AgT] AgCl ] o + K2assoe[AZTCT | [C17]

actual — [ actual actual

= K/ + KzassocK/[Cli]

actual

where  [Ag"Cl7] u = K’ = KiassocKs = a constant

a plot of s — [Ag"], . against [C17],,, should be linear with :

intercept = K’ = [Ag"Cl™]
where [Ag"Cl™]

actual

actual — Kl assoc X [Ag+]actual X [Cl_]actual

= Kl assoc X Ks
Slope = K3 ass0c [Ag+C1_]acmal = K> assoc Kiassoc Ks = K2 assoc K’
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.. both Kjag0c and Kp g0 can be found from the graph.

10°[C1-
107ery 0.50 100 200 3.00 500 700 9.00
moldm
1074
. 6.75 5.1 45 45 49 5.4 5.9
moldm
107[Ag"
107142 Tt 35 175 088 0.58 035 025 0.19
mol dm
107 ! A +
ol gfl“‘“*“} 325 335 3.62 3.92 455 515 571
moldm™

The graph, see Figure 7.2, of a plot of (s — [Ag"],...) against [Cl ]y is linear with:

intercept = [Ag"Cl™ ], a1 = Kiassoc X Ks = 3.1 x 107" moldm?
31x 10 7moldm ™ 3.1 x 10"’ moldm*
K 175 x 10719 mol* dm™~°
SIOPC = K3 ass0c X [Ag+le]aCmal =29 x 1075
29x107° 29 x107°
[Ag"Cl |,ea 3.1 x 10-7 mol dm ™3

UK assoc = =1.77 x 10* mol~! dm?

KZassoc = =94 II10171 dl’l’l3

1 07{31_[Ag+]actual}

mol dm73 6 /G/
@
/@/

4r o

@/®
_/G)/

2L
1 1 1 1 1 1 1 1 1

0 2 4 6 8

1073[CI"}/mol dm

Figure 7.2  Graph of s —[Ag™],uaVS [CL Jotal-
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Practical Applications
of Thermodynamics for Electrolyte
Solutions

In this chapter the focus will be on K, the equilibrium constant, and the following thermo-
dynamic quantities, U, the energy, H, the enthalpy, G, the free energy, S, the entropy, V, the
volume, C the heat capacity, and u, the chemical potential. The significance of standard
changes in the values of these quantities, AU®, AH®, AG®, AS®, AC,°, and AV? for the study of
electrolyte solutions will be discussed.

Attention will be directed to carrying out calculations on the use of these quantities in the
study of electrolyte solutions as well as explaining the principles involved.

Aims
By the end of this chapter you should be able to:

e be aware of the importance of thermodynamic concepts and expressions in the study
of electrolyte solutions and solution equilibria;

e derive the algebraic form of the equilibrium constant for a wide variety of reactions in
aqueous solution from the expression dG = > u;dn;;
i
o follow through arguments leading to an interpretation of entropy in terms of order and
disorder;

e discuss the effect of temperature and pressure (where relevant) on AH?, AG®, AS® and K;

e give an interpretation of AS® and AV?® for reactions in electrolyte solutions;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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¢ understand the need to take account of non-ideality in solutions of electrolytes;

e formulate the relation between the mean activity coefficient and the individual
activity coefficients for any electrolyte, and use the various Debye-Hiickel expres-
sions to calculate activity coefficients;

e predict the effect of ionic strength on a variety of reactions;

e make corrections for non-ideality graphically and by calculation;

e carry out calculations on all aspects of this chapter.

A very brief description of the essential thermodynamic background is given before applica-
tions to electrolyte solutions are discussed.

8.1 The first law of thermodynamics
The first law discusses changes in the energy of a closed system and states that there is a
quantity U such that for small changes, denoted by a small d:

dU=qg+w (8.1)

or for large changes, denoted by a A, AU = g + w.
This reads that a small change in U can result from heat being transferred, or work being
done on the system, or both occurring simultaneously.

e ¢ can be negative, positive or zero corresponding to heat given out, heat taken in by the
system, or no heat transferred.

e w is the work done on the system.

For experimental chemistry it is easy to visualise heat being transferred to a reaction flask, e.g.
by heating. The concept of work done on a chemical system is more difficult to visualise.
However, for the purposes of this book there are three types of work which have to be
considered:

e work done on the system as a result of a change in volume, where
w = —pdV (8.2).

This will be used when setting up the thermodynamic criteria for, and equations describing,
chemical equilibrium.

e electrical work done on the system due to the passage of a charge through the system

where

w = —FEdQ (8.3)
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This will be used when discussing electrochemical cells.

e electrostatic work done when charges are brought together or moved apart where

o 210 (i_l) (8.4)

dmepe, \ry 1N

The charges are Q; and Q,, and they are initially at a distance r; apart and finally at a distance
r, apart.

This will be relevant to Debye-Hiickel theory where Q; and O, become the charges z;e and
z,e of two ions.

8.2 The enthalpy, H

This is a quantity whose meaning is explicable only in terms of the defining equation:

H=U+pV (8.5)
dH = dU + pdV + Vdp + dVdp (8.6)

A small change in H, dH, can result from a small change in U, dU, or a small change in p, dp, or
a small change in V, dV, either individually or simultaneously. If only small changes are
considered, the dVdp term can be ignored to a first approximation, giving:

dH = dU + pdV + Vdp (8.7)

8.3 The reversible process

A reversible process is one which can be made to go in reverse by a very small change in
external conditions. A subsequent very small change in external conditions of an opposite
kind can cause the system to return to its original state. All changes must be very small, and
all changes in both directions correspond to a very small change across a position of
equilibrium. This process is crucial to the discussion of thermodynamic aspects of
equilibrium, electrolyte solution behaviour and reversible emfs. An irreversible process
does not conform to these statements: there are no small changes across a position of
equilibrium.

8.4 The second law of thermodynamics

This introduces the important quantity, S, the entropy which with the definition of G, the free
energy, allows discussion of equilibria in thermodynamic terms.

The second law states that there is a quantity, S, such that for small changes in a closed
system:

TdS > ¢ (8.8)

or dS> (8.9)

NI
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A reversible change corresponds to the equality in the above statement of the second law.
An irreversible change corresponds to the inequality in the statement of the second law.

8.5 Relations between g, w and thermodynamic quantities

When it is appropriate to do so, g can be replaced by:

e TdS for a reversible process, which is the type of change discussed in this book; or

e AU for a process at constant volume;

e AH fora process at constant pressure;

and w can be replaced by:

e —pdV when the work done on the system is that due to a volume change;

e —EdQ when the work done on the system is due to passage of a charge;

e —pdV — EAQ when both contribute to the work done on the system;

010, (1 1

— — — ) when electrostatic work is considered.
Admepe, \ry 1

8.6 Some other definitions of important thermodynamic
functions

The free energy, G, can be defined by the relation:
G=H-TS (8.10)

A small change in G, dG, can result from a small change in H, dH, a small change in 7, d7, or a
small change in S, dS, and these can occur either individually or simultaneously.

dG = dH — TdS — SdT — dSdT (8.11)
For small changes at constant 7, d7 = 0, and:

dG = dH — TdS (8.12)
8.7 A very important equation which can now be derived
H=U+pV (8.5)

G=H-TS (8.10)
=U+pV—TS (8.13)
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taken together with the first and second laws result in a very useful thermodynamic equation

required later, applicable to reversible changes where the only work done is w = —pdV
dG = Vdp — SdT (8.14)
At constant T
oG
(5) -v (8.15)
op)r
and at constant p:
oG
— | =-S 8.16
(), @15

where O represents a partial derivative relevant to conditions where the derivative of one
quantity is found with respect to another when all other variables are kept constant.

This equation is fundamental when dealing with chemical equilibria, chemical potentials
and non-ideality.

8.8 Relation of emfs to thermodynamic quantities

Equation (8.14) corresponds to reversible changes where the only work done is w = —pdV.
When the work done is also due to the passage of charge, —EdQ, it follows that
dG = Vdp — SdT — EdQ (8.17)

Experiments on reversible cells are normally carried out at constant 7 and p.
..dG = —EdQ (8.18)
An expression for dQ is needed, and this can be illustrated by reference to the redox reaction:
Au’(aq) + 2Au(s) == 3Au" (aq)

This equation reads as:
1 mol of Au3+(aq) reacts with 2 mol of Au(s) to form 3 mol of Au™(aq)
But to find the charge passed when this occurs it is necessary to write out the individual redox
reactions showing the number of electrons, z, involved for the reaction with stoichiometry as
written:
Au*f(aq) + 2e — Au'(aq)
2Au(s) — 2Au" (aq) + 2e

The number of electrons involved, z = 2.

The charge passed, dQ for the reaction as written is:

dQ = ZFd(nAuBJr reacted)
.dG = —zFEd (n, ;-

reacted)

For large changes:

AG = —zFE (8.21)
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and for the standard state, see Section 8.10:
AG® = —zFE®

These equations are fundamental to the study of reversible cells (see Chapter 9).

8.9 The thermodynamic criterion of equilibrium
It can be shown that for constant 7" and p:

dG =¢q —TdS
But from the second law TdS > g

S.dG <0

(8.22)

(8.23)
(8.8)

(8.24)

which requires that, for constant T and p, G can only decrease or stay the same. Hence the
final state, i.e. equilibrium, can only be where G for the whole system is a minimum for a given

T and p (see Figure 8.1). The slopes of tangents to this curve define the quantity, AG.

Equilibrium corresponds to the minimum of the curve, and at the minimum:
the gradient of the tangent to the curve AG =0

which is the criterion of equilibrium. This requires that:

(8.25)

e approach to the position of equilibrium occurs with decreasing G and so conforms to the

second law;

e spontaneous reaction occurs in a direction approaching equilibrium;

e moving away from the position of equilibrium would occur with increasing G and would

break the second law;
e movement away from the position of equilibrium is impossible;
e at equilibrium, AG = 0.

G T constant, p constant

amount converted

Figure 8.1 Schematic graph of G vs. amount converted.

(8.25)
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8.10 Some further definitions: standard states
and standard values

Changes in the values of thermodynamic functions such as AG and AS can be measured for
various conditions, but there are conditions called ‘standard conditions’ where these quantities
take specific values. Because these conditions are known and are standard for all species, then
the measured quantities can be directly compared because they have been measured under the
same standard conditions.

Standard values and conditions relate to:

e the conditions under which each substance is present,
o the phases of the substances present.

e For a solid, the standard state is the pure solid.

e For a liquid, the standard state is the pure liquid.

e For a gas, the standard state is gas at a pressure of 1 bar. Originally the standard state was
taken to be the gas at 1 atm pressure, and unfortunately most of the tabulated data still

relates to a standard state of 1 atm. This is something to watch out for.

e For a solute, the standard state is unit activity often approximated to a concentration of 1
mol dm 3, i.e. y =1 where a = yc and y — 1 when ¢ — 0 (see Section 1.10 and 8.13).

e The standard states and conditions are denoted by 6, e.g. AG® is the standard value of AG
and AH" is the standard value of AH.

Standard values for thermodynamic quantities such as AG® relate to substances, and to reactions
between substances, present in their standard states. Generally reactions are not carried out
under standard conditions, and for some reactions it may be impossible to do so. Standard
thermodynamic quantities are directly related to conditions where the reaction is at equilibrium,
and, in particular, can be determined by measurement of the equilibrium constant (see Section
8.14).

8.11 The chemical potential of a substance

For chemical substances, chemical reactions or phase changes, the free energy, G, depends on:
e the temperature, T,

e the pressure, p, and

e the amount of each substance, i, present, n;

If there is an amount of one substance, n;, present in a mixture when the amounts of all the
other substances, n,, n3 . . ., are kept constant, and where the temperature and pressure are also
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constant, a small change in G, dG, will result from the small change in the amount of the
substance, drn;. This can be written as:

(dG>T,p,n2.n3... X dl’L] (826)
..dG = pqdny (8.27)
where . is the constant of proportionality called the chemical potential.
oG
ny T,p,ny,n3...
In general:
0G
= (—) (8.29)
On; T, p,all other n

If the amounts of all the substances are allowed to change, but 7 and p are still kept
constant, then the change in G will be a sum of terms for each change of amount for each
substance:

dG = pdny + pydngy + psdng + . .. (8.30)
= wdn; (8.31)

If both T and p are allowed to vary as well:

dG = Vdp — SAT + > p;dn; (8.32)

8.12 (Criterion of equilibrium in terms of chemical potentials

In a chemical reaction, reactants are removed in the forward reaction and products are formed
by reaction. This is equivalent to matter being removed in the forward reaction and added by
forming products. The change in G, dG, at constant T'and p resulting from this has been shown
to be:

dG = pydny + pypdny + psdng + . .. (8.30)
= Z uidn; (8.31)

For the general reaction occurring at constant 7 and p:
aA + bB —— ¢C +dD

when the forward reaction occurs:
a mol of A react with b mol of B to form ¢ mol of C and d mol of D
and the overall change in G is given as:

AG = +cpc +dpp — ap — bug (8.33)

This is the change in G for a reaction which need not necessarily be at equilibrium.
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The second law of thermodynamics requires that the criterion for equilibrium is that Gis a
minimum for constant 7 and p (see Section 8.9), and so at equilibrium:

AG=0 (8.25)
and +cpuc +dup —app —bug =0 (8.34)

or in general terms, at equilibrium:
dG = pdn; =0 (8.35)

Explicit expressions for the chemical potentials for the substances involved in the reaction are
now required.

8.13 Chemical potentials for solids, liquids, gases and solutes
These can be defined by the following:

e Solids and liquids

n=n’ (8.36)

where 11° is a constant dependent on T and slightly on p.
Note: there is no RTlog. term in the expression for p for solids and liquids.

e A gas:

This is a very different situation from the solid or liquid case, and if non-identity is neglected
w = u® 4+ RTlog.p (8.37)

where 11° is a constant dependent on T only.
For a mixture of gases, a corresponding equation will hold for each constituent gas:

i = ;" + RT log ep; (8.38)
where 1, is a constant dependent on T only.

e A solute in solution

There is no explicit thermodynamic derivation of the expression for the chemical potential of
a solute in solution. However, experimentally it is found that the expression for the
emf of a reversible cell has an nRT log, term in it. Since the emf is directly related to AG
for the cell reaction, AG = —zFE, then the expression for u for a solute is given by analogy
as:

n=u+RTlog.a (8.39)

where 11° is a constant dependent on T and slightly on p.
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This equation can be written in terms of the concentration and a factor, y, the activity
coefficient:

a=yc where y—1 as ¢c—0 (8.40)
w=u®+RTlog.yc (8.41)
For a mixture of solutes a corresponding equation can be written for each solute:
w; = i + RT log .y,ci (8.42)
a; =y;c; where y; — 1 as Zci —0 (8.43)

8.14 Use of the thermodynamic criterion of equilibrium in the
derivation of the algebraic form of the equilibrium constant

This is a very important aspect of thermodynamics and one of great relevance to the
quantitative description of electrolyte solutions. It rests directly on the quantities described
above.

Consider the following reaction which involves species in the gas, solid and aqueous
solution phases:

Pb(s) + 2CH3COOH(aq) = 2CH3COO (aq) + Pb** (aq) + Ha(g)

Following the argument given in Section 8.12:
At constant T and p

AG = 21cu,c00- (aq) T Hppt (aq) T HHa(g) — HPb(s) — 2HCH,COOH (aq) (8.44)
= 2UeH,c00 (aq) T 2RT 108 eCH1,c00- (aq) + /’Lgbz‘(aq) + RT log edpyy )
+ ity (g) T RT10ZePry(e) = Mbn(s) — 2Hew,coon(ag) — 2RT10g caci,coonag)  (8:45)
e for the solid, Pb(s), i = u® where 11® depends on T and slightly on p,

o for the gas, Hy(g), u = u® + RT log, py, where 1 depends on T only,

e for the solutes, Pb2+(aq), CH;COO™ (aq), CH3COOH(aq), u = u® +RT log. a where u
depends on T and slightly on p.

Gathering together the standard terms:
AG® = 211,000 (ag) + Myt (aq) + Hiia(e) — MPb(s) — 2HCH,COOH (aq) (8.46)
where AG? is a constant dependent on T and slightly on p.

az A2t (40P
.AG = AG® + RT log , ~1C00 () ™ (s 7Hh(&) (8.47)

ACH;COOH(aq)

Note: 2RT log, x = RT log, x*
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Pay particular attention to the following:
The quotient in Equation (8.47) is one where the values of the activities and partial pressure are
ones relating to situations when the reaction is not necessarily at equilibrium

2
But: at equilibrium AG = 0 . AG® = —RT log, (aCH}CO"z(a@aP"“("‘q) P H2<g)> (8.48)
4CH;COOH(ag) eq

Take note:

Equation (8.48) involves a quotient which relates to activities and partial pressure when the
reaction is at equilibrium.

Since AG? is a constant dependent on 7 and slightly on p, so the quotient of activities and
partial pressure is also a constant dependent on 7 and slightly on p. This is the equilibrium
constant K.

a2 — () APB2t (ag) PH,
K= Cchooz(dq) Pb*" (aq) PHa(e) (8.49)
4CH;COOH (aq) eq

AG® = —RTlog K (8.50)

This is one of the most important thermodynamic relations, and it allows the algebraic
expression for the equilibrium constant to be identified with the standard free energy for
the reaction.

If the analysis is limited to the ideal case, all activities can be approximated to concentra-
tions. This is the form in which all equilibrium constants discussed in earlier chapters have
been given.

Note, and the following is of crucial importance:

there is no logarithmic term for the solid in the expression for AG, and correspondingly no
term for the solid in the expression for K;

e likewise there will be no logarithmic term for any liquid in the expression for AG, and
correspondingly no term for the liquid in the expression for K;

e this derivation gives a thermodynamic proof as to why in earlier chapters it has been
stressed that, e.g. for the dissolution of a sparingly soluble salt in water, there is no term
relating to the solid in the equilibrium constant, or for the case of the ionisation of a weak
acid there is no term for the solvent H,O;

e the algebraic expression for any reaction can be derived in a similar manner, and the
pressure and temperature dependencies assessed from the dependencies of the various u°
values;

e The quotient of activities and partial pressure which appears as a logarithmic term
in the expression for AG is one which is of the same algebraic form as that
appearing in the equilibrium constant. It, however, relates to a situation when the reaction
is not at equilibrium. It must be clearly distinguished from the quotient defining
the equilibrium constant which describes a situation when reaction is at equilibrium. It is
for this reason that a subscript eq is always added to the quotient describing equilibrium
values.
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Worked problem 8.1
Question

Explain the distinction between AG and AG®, and summarise the information contained in
each quantity.

Answer

It is absolutely vital that the distinction between these two quantities is fully appreciated, and
that the two are not confused.

o AGYisrelated to the equilibrium constant and to activities and partial pressures for reactions

at equilibrium.
AG® = —RTlog .K

Knowing K enables the value of AG® to be found, and vice-versa.

o AG" gives information about the magnitude of the equilibrium constant, and about the
position of equilibrium:

e If AG® is positive, then K < 1 and the equilibrium lies to the left.
e If AG® is negative, then K > 1 and the equilibrium lies to the right.
o IfAG? =0, thenK = 1.
e AG relates to processes which are not at equilibrium
e The sign of AG gives information about the direction of reaction
e If AG is positive, then reaction cannot occur in the forward direction.
e If AG is negative, then reaction can occur in the forward direction.

e If AG is zero, then reaction is at equilibrium.

Worked problem 8.2

Question

Deduce the algebraic form for the equilibrium constant for each of the following reactions:
(1) The ionisation of a weak acid, HA(aq),

(i1) The solubility product for dissolution of the sparingly soluble salt LaF5(s).
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Answer
(i) HA(aq) + H,O(1) ——=H;0" (aq) + A~ (aq)

AG = 1,0 (aq) T Ha-(ag) — HH5.00) ~ HHA(aq)
= Mle.13o+<aq) + RT 108 ey,0+ (aq) T uj,@q) + RT 10g cap-(aq)

0 0
~ Mu,0(1) — MHA(aq) — RT l0g caya ag)
a +(aq) A~
— AGG +RT10ge H;0 (q) A (aq)
@HA (aq)

where A.G6 = “%;o*(aq) + M?r(aq) — “2120(1) — M%A(aq) and AGY is a constant dependent on
T and slightly on p.
Note: there is no logarithmic term involving H,O(l). This is because u = u? for a liquid.

At equilibrium AG = 0,

a +(aq)AA-
© AG" = —RTlog, (M)
9HA (aq) eq

a + AA-(a .
Since AG? is a constant dependent on T and slightly on p, RT log, <M) is a
AHA (aq) eq

44507 (ag) %A~ (aq)

constant dependent on 7T and slightly on p from which ( is a constant

HA (aq)
dependent on T and slightly on p, and is the equilibrium constant K, i.e.:

K= <“H30*<aq>aA<aq>>
@HA (aq) eq

eq

where K is a constant dependent on 7 and slightly on p.
(ii) LaF3(s) —— La*" (aq) + 3F (aq)

AG = l,LLa3+<aq> + 3/1«F’(aq) - MLaF3<S)
= Wt (ag) T RT10Z et (aq) + 31 (o) + 3RT 108 clr (aq) — Mar )
=AG® +RT log eaLa”(aq)alS:’(aQ)

where AG" is a constant dependent on T and slightly on p.

Note: there is no RT log, a term for the solid LaFs. This is because u = u® for a solid.
Remember: 3RT log, x = RT log, x*

At equilibrium AG = 0,

AG6 = —RT IOg e (aLa:‘Jr (aq)ag* (aq)) eq

Since AG? is a constant dependent on T and slightly on p, RT log, (aLa3+<aq)al3:,(aq)) is a
eq
constant dependent on 7 and slightly on p from which (auu(aq)ag,(aq) is a constant
eq
dependent on T and slightly on p, and is the equilibrium constant K, i.e.:

3
K= (“La”<aq>“F*<aq>)e

where K is a constant dependent on 7 and slightly on p.

Cl
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Note well because this is important:

e The quotients or products which appear in the expressions for AG, involve a quotient of
activities for situations where the reaction has not reached equilibrium.

e The quotients or products which appear in the expressions for AG?, involve a quotient of
activities for situations where the reaction is at equilibrium, and this is specified by the
subscript eq.

The quotients or products which appear in the expressions for AG, AG® and K are
of activities, and are therefore applicable to all conditions, ideal or non-ideal. So far in this
book, such quantities have been given in terms of concentrations, and, as such, are non-ideal
quantities unless they are for infinite dilution where all concentrations — 0. However, many
experimental determinations are based on concentrations and, in principle, should be corrected
for non-ideality. This will be dealt with in Sections 8.21, 8.24 to 8.27.

Worked problem 8.3
Question

Solubility products of calcite and aragonite at 25°C are 8.9 x 10~° mol * dm ° and
1.22 x 1078 mol® dm™° respectively.

CaCOs(calcite) =—— Ca>" (aq) + CO3 ™ (aq)
CaCO; (aragonite) = Ca’* (aq) + CO3 ™ (aq)

(i) Find AG® for each of these processes.

(i1) Assuming that non-ideality can be ignored, explain whether it would be possible to dissolve
(A) calcite
(B) aragonite

in a solution in which both [Ca*"] and CO3~] are 1.00 x 10~* mol dm>. Do this

(a) by using an equilibrium argument;
(b) by determining AG for the two possibilities.
Answer

@) CaCO;(calcite) —— Ca’*(aq) + CO3 ™ (aq)
Keatciee = ([Ca®*] [Cogi])eq
AG® cuicire = —RT log Keaicire
= —8.3145 x 10 kImol ' K™! x 298.15K x log,8.9 x 107°
= (—8.3145 x 1073 x 298.15 x —18.537) ki mol ™" = 45.95kJ mol '
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CaCOj3(aragonite) —— Ca’* (aq) + CO3 ™ (aq)
Karagonite = ([Caz+] [Cog_])eq
AG?

aragonite

= —RTlog Karagonite

= —8.3145 x 10 kJmol ' K™! x 298.15K x log,1.22 x 1078
= (—8.3145 x 107> x 298.15 x —18.222)kJ mol !

= 45.17kI mol ™!

(i) (a) In the solution [Ca®"] = [CO3 "] = 1.00 x 10~ *mol dm~, and so [Ca®"] [CO% ] =
1.00 x 10~® mol* dm™°

This can be compared with the equilibrium product given by K ,jcite
[Ca”][CO%‘] > 8.9 x 10~ mol> dm—°

.. it is impossible for calcite to dissolve in the solution.
The product can also be compared with the equilibrium product Kiragonice-

[Ca®*][CO2] < 1.22 x 10~® mol dm

.". some aragonite will dissolve until the equilibrium product, ([Ca®™] [CO%’])eq =122x107%
mol? dmfﬁ, is reached.

(b)AG = HCa?t(aq) + MCO%’(aq) — Kcaco;(s)
0 0 0
= e (aq) T M0t (ag) ~ HCaC0s(aq) T RT 108 elicrt (ag) + RT 108 eUc03-(ag)
= AG’ + RT 108 el uq)dcor (

aq)

where AG? is a constant dependent on T and slightly on p. Approximating this expression to
concentrations i.e. ignoring non-ideality, gives:

AG = AG® + RT log . [Ca*"][CO37]

For calcite:

AG = 45.95kJmol ! 4 (8.3145 x 10 kJmol ' K™ x 298.15K x log.1.00 x 107%)
= (45.95 — 45.66) kI mol ' = +0.29 kI mol !

For aragonite:

AG = 45.17kI mol ! + (8.3145 x 10> kImol ' K™! x 298.15K x log.1.00 x 10~*)
= (45.17 — 45.66) kI mol ! = —0.49kJ mol !

e AG for the process CaCOs(calcite) —— Ca”(aq) + CO%’(aq)

is positive and so this process cannot occur, i.e. calcite cannot dissolve in the solution.

e AG for the process CaCO;(aragonite) —— Ca?" (aq) + CO3 ™ (aq)
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is negative and so this process can occur, i.e. aragonite can dissolve in the solution.
This conclusion can be compared with that reached when non-ideality is considered (see
Worked Problem 8.16).

8.15 The temperature dependence of AH®

Modern calorimetry allows highly accurate estimates of AH to be made, and, from these,
extrapolation to zero ionic strength gives AH®, see Sections 8.24 onwards.

AH® can vary with temperature, and plots of AH® vs. T can be linear or non-linear with
slopes which can be positive, negative or zero. The dependence of AH® on temperature defines
another thermodynamic quantity, the change in heat capacity at constant pressure, AC]‘?. Since
a slope defines a derivative:

OAH® o
( T )p Ac) (8.51)

and values of AC[‘j can be found experimentally from such graphs. This is the main method
for determining ACI‘j for reactions in solution in contrast to the possibility of using statistical
mechanics for reactions of gases. It has proved extremely difficult to give significant
interpretations of ACI(? values for electrolyte solutions.

Worked problem 8.4
Question
Data on the ionisation of the trimethylammonium ion show that AH® varies with temperature.

Use the following data to determine AC,°. Why is it not necessary to convert temperatures to
kelvin in this problem?

temperature

C 15 25 35 45
AH®
W mol T 35.0 36.8 38.6 40.4
mo
Answer

AC) = (8AHG/8T)‘”. Hence a plot of AH” vs. T should be linear if AC} is independent
of temperature and non-linear if ACE varies with temperature. In this case the graph is linear
and the gradient gives ACI‘? = 4180 Jmol~! K~!. In this problem there is no need to convert to
kelvin because all that is required is a difference in temperature, and the numerical magnitude
of this difference is the same in °C as in K.
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8.16 The dependence of the equilibrium constant, K,
on temperature

The most direct way, and possibly the most accurate method, for determining AH and AH®
for reactions in solution is a direct calorimetric determination. However, the dependence of
K on temperature also enables AH® to be found.

8.16.1 Calculation of AH® from two values of K

AG® = —RTlog, K and AG® = AH® — TAS®. Assuming that AH® and AS? are both indepen-
dent of temperature, then:
Kr. AH® 1 1

loge—2=—— | — —— 8.52
Bek, R {Tz Tl] (8.52)

1

However, it is highly unlikely that AH® and AS° are independent of temperature, and so the
calculation will only be approximate. The smaller the range of temperature involved the
smaller will be the error resulting from treating AH® as constant. This simple calculation using
data limited to two temperatures only is often used to get a first approximate value.

8.16.2 Determination of AH® from values of K over a range of temperatures

Here what is required is a relation between K and 7'which lends itself to a plot where either an
intercept or a gradient of a tangent leads to a value of AH®. Two approaches are possible.

(i) Substituting AG® = —RTlog. K into AG® = AH® — TAS® and differentiating with
respect to temperature and for constant p gives:

<aloge K) _ AH®

or J, RT?

This corresponds to a plot of log.K vs. T where the gradient at any value of T is equal to

AH® /RT2. Because of the 1/77 in the denominator, the plot will be a curve which can have
either:

(8.53)

e a negative slope, corresponding to a negative AH®, where K decreases with temperature;
e a positive slope, corresponding to a positive AH?, where K increases with temperature;
e have a zero slope corresponding to zero AH®.

However, it would be much better to have a graph where the slope is independent of
temperature, or nearly so.

(i) What is needed is a plot of log.K vs. 1/T.

Olog. K| _ e <810ge K> _ AH®  AH®

o1 ot RZ- R (8.54)
T P
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This corresponds to a graph of log.K vs. 1/T. This graph can be linear or curved, but the
important feature is that the gradient of the linear plot, or the gradient of a tangent to the curved
plot is equal to —AH®/R, and does not involve a term in T.

e A linear graph implies that AH? is independent of temperature over the temperature range
of the graph. This, in turn, implies that ACg is zero over the range.

e A curved plot implies that AH is varying with temperature, and so AC’ 2 is non-zero over the

range of the graph. Hence finding the gradients of tangents to the graph of AH® vs. T and
their sign at a given temperature gives the value and sign of ACIE’ at that temperature.

Worked problem 8.5

Question

The pK, of benzoic acid at 20°C is 4.213 and at 45°C is 4.241. Calculate AH® and AS®. Explain
any approximations made in the calculation and state what this implies about AC,?-
Answer

Two temperatures only are given and so a calculation of AH® must be made from the equation:

Kr, AH® { 11 }
which assumes that AH® does not vary with temperature over the temperature range studied.

pK, = 4.213, ie. K, = 6.12 x 107> moldm ™ at 293.15K,
pK, = 4.241, ie. K, = 5.74 x 107> moldm > at 318.15K

| 5.74 x 1073 AH® 1 1 1
(0] = — — —_
£e612 x 105 8.3415 x 10 3 kImol ' K~' [318.15 293.15| K
AH® 203.15 — 318.15] 1
0.0644 = — — S— 93.15 318 151 1
8.3145 x 103 kIJmol ' K~! |318.15 x 293.15| K
AH®
= ——— x 2.681 x 107K
8.3145 x 10~3kImol~' K
0644 x 8.3145 x 1073
S AR — Q0644 X 83145 X107 ¢t ) 001k mol !

2.681 x 104

Remember: R must have the units kJ mol ' K~ for consistency of units with those of AH®
which has units kJ mol .

If AH? is assumed to be independent of temperature between 20°C and 45°C, then so is AS®.
Hence AS? can be estimated from data at either temperature.

At20°C: K, = 6.12 x 1073 mol dm .
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AG® = —RTlog .K, = —8.3145 x 10> kJmol ' K x 293.15K x (—9.701)
= 423.65kJ mol ™!
AG® = AH® — TAS®

AH® — AG®  (—2.0 —23.65)kImol '
T o 293.15K
=-875x 103 Kmol ' K" = —87.5Tmol ' K~!

SASY =

If AH® and AS® are independent of temperature, this would imply that ACg is zero over the
range of temperature covered.

Worked problem 8.6
Question

(i) The acid ionisation constant of the trimethylammonium ion in aqueous solution is found to
be as follows:

temperature
°C
pKa 10.128 9.907 9.692 9477

10 20 30 40

Determine AH® for the acid ionisation graphically.

(i) More complete data is given below. Use this data to draw a more complete graph, and
compare it with the graph obtained in part (i). What further information can be obtained
from this extended graph?

t t

e 0 10 20 30 40 50
PK, 10.354 10.128 9.907 9.692 9.477 9.270
Answer

(1) This requires use of Equation (8.54) (see Section 8.16.2):

dlog. K, |  AH®
(N | R
(7)
T » .
A plot of log.K, vs. 1/T, where the temperature is in kelvin, should have a gradient = — ' if

the graph is linear.
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temperature 10 20 30 40
°C

PK, 10.128 9.907 9.692 9.477
10

M 0.745 1.240 2.03 3.34

mol dm—3

log K, —-23.32 —22.81 —-22.32 —-21.82

T

K 283.15 293.15 303.15 313.15

103 x (%)

—xT 3.532 3411 3.299 3.193

The graph is approximately linear within the experimental error and has gradient
—4.395 x 10°K = —AH°/R.

SAHY = +4.395 x 10°K x 8.3145Tmol ' K™! = +36.5 kI mol .

Watch: units of R.

AH" is thus approximately independent of temperature over the range 10°C—40°C, and so AC S
is approximately zero over the same range. If AH® is independent of temperature, then AS® is
also independent of temperature over the same range of temperature.

(ii)) More complete data are given in the table.

temperature

C 0 10 20 30 40 50

pKa 10.354 10.128 9.907 9.692 9.477 9.270

10K,
? 0.442 0.745 1.240 2.03 3.34 5.37
moldm
log, K, —23.84 —23.32 —22.81 —22.82 —21.82 —21.35
T
K 273.15 283.15 293.15 303.15 313.15 323.15
10° x (%)
—xT 3.661 3.532 3411 3.299 3.193 3.095

(a) Using this data, the graph of log K, vs. 1/T is now a curve, indicating that AH® and AS®
both vary with temperature, leading to a non-zero AC;’. These two graphs show how vital itis to
carry out experiments over as wide a range of conditions as possible. In this case, if the more
limited data is used a completely erroneous interpretation of the results is obtained.

(b) The gradient of tangents to the graph will give —AH® /R at the particular temperature at
which the tangent is drawn, hence AH® can be found at these temperatures. AG® at these
temperatures can be found since AG® = —RT log, K,,. Since AG® = AH® — TAS®, once AH®
and AG? have been found from the graph of log, K, vs. 1/T values of AS? can be found at these
temperatures.
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Worked problem 8.7
Question

At 25°C, the equilibrium constant, K, for the second stage of the acid ionisation of glycine:

*NH;CH,COO ™ (aq) + H,O(1) = H;0" (aq) + HoNCH,COO ™~ (aq)

is 1.66 x 10~'"mol dm 3, and AH® for this process is +44.1 kJ mol'. Estimate the acid
ionisation constant, K, at 40°C. State any assumptions which are made. Calculate AS? at each
temperature and comment.

Answer

In this question the values of AH® and K, at one temperature are given. Calculation of K at the
second temperature requires use of the equation:

1 e = ———
Bel, R

1

Kr, AH® {1 1]

where the temperatures must be in kelvin, and AH? is assumed to be independent of
temperature which implies that AC;’ is zero.

log = 40.852

Kasiz 44.1kJmol ™! 1 171
“Kauros  8.3145 x 103 kJmol ' K~ ! [313.15 298.15| K

Remember: R must have the units kJ mol ' K~ for consistency of units with those of AH"
which has units kJ mol .

- log eKus1s = log oKyaos + 0.852 = —22.519 + 0.852 = —21.667

Ky313 = 3.9 x 107" moldm ™3
e Calculating values of AG® and AS® at 298.15 K:

AGS4 = —RT log .Kaog = —8.3145 x 10> kI mol ™' K™' x 298.15K log . 1.66 x 1071
= —8.3145 x 10 *kImol 'K~ x 298.15K x —22.519
= +55.82kJ mol !
AGY = AH® — TAS®

AH® — AG®  +(44.1 — 55.82) kImol '
T N 298.15K

_—11.72

"~ 298.15

Watch: the conversion between kJ and J when dealing with AS and AS®

SASY =

Kmol 'K™! = —-393 mol ' K~!
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o Calculating values of AG® and AS® at 313.15 K:

AGS; = —8.3145 x 10 kI mol ' K™' x 313.15K x (—21.667) = +56.41kJ mol '

+(44.1 — 56.41) kI mol !

_ —1 -1
15K = —-393Jmol ' K

Asgls =
This calculation indicates that AS® does not vary with temperature, which is what would be

expected for a calculation which assumes that AH® is independent of temperature.
Remember: If AH? is independent of temperature, then so must AS°.

8.17 The microscopic statistical interpretation of entropy
There are two microscopic interpretations of entropy:
e in terms of statistical mechanics,

e in terms of order and disorder.

8.17.1 The statistical mechanical interpretation of entropy

Entropy can be interpreted in terms of the number of distinct ways in which a given overall
situation can occur, or the number of ways of arranging the system:

S = klog W (8.55)

where W is the number of distinct ways,
and k is the Boltzmann constant.

If W increases, then the number of ways of arranging the system increases, i.e. the
randomness increases, and from the equation:

e an increase in randomness is equivalent to an increase in entropy;

e a decrease in randomness is equivalent to a decrease in entropy.

8.17.2 The order/disorder interpretation of entropy

Although there are some crucial distinctions, particularly for gas phase systems where the
correlation is only partial, there is for electrolyte solutions a correlation between order/
disorder and entropy. It is this correlation which has proved to be very fruitful for the
interpretation of AS®:

e increase in order is equivalent to a decrease in randomness, which is equivalent to a
decrease in entropy;

e decrease in order is equivalent to an increase in randomness, which is equivalent to an
increase in entropy.
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If a system changes from one which is ordered to a less ordered system, then the number of
ways of arranging the system must increase, and so the randomness will increase leading to an
increase in entropy.

Typical examples for electrolyte solutions are:

e Breaking down of an ionic crystal lattice to an aqueous solution of ions. Here the crystal
is highly ordered and will dissolve to give at least two ions which are solvated.
Forming more than one solute species will give an increase in entropy, but this may
be offset by solvation increasing the order of the solvent, HO(l), and causing a decrease
in entropy. AS? for dissolution of a sparingly soluble salt can be positive or negative.

e When ions in the gas phase give ions in aqueous solution there is usually a large decrease in
entropy. Here the number of solute species is the same as the number of species in the gas
phase. However, the solute species will be solvated leading to an increase in the order of the
solvent, and AS®will be negative.

8.18 Dependence of K on pressure

The standard chemical potential for substances other than gases depends on pressure, and
so equilibrium constants for reactions in solution depend on pressure. Often a considerable
dependence is found. This is highly relevant to the study of electrolyte solutions.

dG = Vdp — 8dT (8.14)
dAG® = AVPdp — AS*dT (8.56)
From this it follows that, at constant temperature:
0
OAGTY  _ ape (8.57)
dp T
log K AV
. (OlogKy AV (8.58)
o Jr RT

This corresponds to a plot of log. K vs. p at constant 7, and there are several situations which
can occur.

e If the plot is linear then the gradient of the straight line is equal to —AV®/RT. If the gradient
of the line is negative, then AV? is positive; if positive then AV? is negative. Linear plots are
often found unless the solution is inherently highly compressible, or if the pressures are so
high that the compressibility of the solution has to be considered.

e If the plot is a curve then the gradients of tangents to the graph at various pressures will give
AV?® at these pressures.

Worked problem 8.8
Question

The following table brings together data for propanoic acid and butanoic acid and the results,
for 25°C, obtained in Worked Problems 8.5 to 8.7. Comment on and interpret these results.
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AH® AS®
Acid - e pe—"
kJ mol Jmol™' K

CgHsCOOH —-2.00 —87.5
CH;CH,COOH —-1.0 —-96.2
CH3;CH,CH,COOH —2.95 —102
(CH;);NH" +36.5 —65.2
TNH;CH,COO~ +44.1 —39.3

Answer

AH? values:

e The carboxylic acids, CgHsCOOH, CH;CH,COOH and CH;CH,CH,COOH:
RCOOH(aq) 4+ H,0(1) == RCOO ™ (aq) + H;0" (aq)

Contributions to AH® would be expected to be large and positive for bond breaking. Formation
of ions from molecular species would be expected to give a large negative AH® due to
solvation. The observed values are close to zero suggesting that the contributions from bond
breaking and solvation approximately cancel out.

e (CH3);NH " (aq):
(CH3)3NH+(aq) + HzO(]) e H3OJr (aq) + (CH3)3N(aq)

Again bond breaking would be expected to have a large positive AH®, but here one ion is being
replaced by another ion. A first thought would be that there would thus be no great change in
solvation, so that for AH® bond breaking would predominate. The results indicate this to be the
case, especially in comparison with the carboxylic acids where there is likely to be a large
increase in solvation.

e The second stage acid ionisation of glycine:
*NH;3CH,COO ™ (aq) + H,0(1) == H;307" (aq) + NH,CH,COO (aq)

In effect this reaction replaces the positive charge on the glycine by the positive charge on
H307"(aq), and is charge-wise similar to that of (CH3);NH"(aq). Similar reasoning would
indicate a AH® of approximately the same value as for (CH;);NH " (aq), and this is observed.

AS? values:

e The carboxylic acids:

Bond breaking would be expected to give a positive AS®, but because ions are formed
there will be a considerable increase in solvation. This means an increase in the order of
the solvent and would lead to a large negative AS® which is observed for all the carboxylic
acids.

e (CH;);NH"(aq)
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A first thought would be that there would be no great change in entropy, but it is likely that
H;07(aq) would be more highly solvated than (CH3);NH " (aq). This would give a decrease in
entropy, but one which is not as great as that for the carboxylic acids where ions are produced
from molecular species. The values quoted bear this out.

e The second stage acid ionisation of glycine:

As in the case of (CH3);NH " (aq), this reaction effectively replaces the positive charge on the
glycine by the positive charge on H30"(aq), and the value of AS® could be expected to be
similar to that for (CH3);NH™(aq), but considerably less than for the carboxylic acids.
Qualitatively this is observed.

Worked problem 8.9
Question

The acid ionisation constant for propanoic acid has been studied over a wide range of
temperatures and has been shown to give a maximum in K, at 20°C. What information
does this furnish about AH®, AS® and AC? over this range of temperatures. What information
would be required to calculate AV®?

For propanoic acid the following values are found at 25°C

AH® = —1.0kJmol™!, AS®=-962Jmol 'K, AV®=—13.5cm’mol™!

Give a brief interpretation of these values.

Answer

AG® = —RTlog K,
AH® — TAS® = —RT log .K,

Olog.K,\ AH®
oT p’ RT?

Since K, shows a maximum in value at 20°C, then so will a plot of log.K, vs. T show a
maximum at 20°C, i.e. 293.15 K.

e At the maximum i.e. 20°C, (0log.K,/9T),= 0 and so AH? is also zero.

e Below the maximum, i.e. below 20°C, (9log eKa/aT)p is positive, and so AH? is also
positive.

e Above the maximum, i.e. above 20°C, (9log.K,/IT), is negative, and so AH® is also
negative.

e The graph of AH® vs. T has a negative gradient and so ACIE’ is also negative since
AC,(? = (8AH9/8T)p.
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o If AH® varies with temperature, then so also will AS°. Since (9AS*/0T),= AC) /T and AC)
is negative, then AS® decreases with increase in temperature.

If K, is determined over a range of pressures AV? can be found. Since: (9AG® /8p),= AV, it
follows that (0log¢K,/Op);= —AV®/RT and so a plot of log.K, vs. p has slope equal to
—AVY/RT.
e Interpretation

HA(aq) + H,O(1) ——= H;0" (aq) + A~ (aq)

AH®: see Worked Problem 8.8 where bond breaking and solvation appear to balance each
other.

AS?: see Worked Problem 8.8 where the conclusion was that solvation more than compensates
for bond breaking.

AV?: The interpretation is very similar to that for AS®. Bond breaking is expected to give a
positive AVY. Solvation results in water going from the tetrahedral array of water molecules in
the bulk solvent to a more closely packed arrangement around the ions and this corresponds to
a decrease in the overall volume occupied by the water molecules. The observed AV? is
negative and so solvation is the dominant factor.

Worked problem 8.10
Question

Interpret the magnitudes of AS® and AV? for the following reactions:

@ AS? /Tmol ' K~!
(a) Ca’*(aq) + SO3 (aq)—Ca’"SO3 (aq) 67
(b) CH;COOH(aq) + H,0(1)—CH3COO~ (aq) + H30" (aq) —-92
(c) CsHsNH (aq) + HyO(1)—CgHsNH; (aq) 4+ H;0* (aq) 11.7
(d) CaCOs(calcite)—Ca’* (aq) + CO% (aq) —-202.9
(e) Ni*"(aq) + C,03 (aq)—NiC,04(aq) +101.3
(i) AV® /em? mol ™!
(a) CH;COOH(aq) + H,0(1)—CH3CO0~ (aq) + H30" (aq) —~11.3
(b) Cr(H,0);" (aq) + H,0(1)—H;0" (aq) 4 Cr(H,0);OH>* (aq) -3.8
(c) CeHsNH7 (aq) + HO(1)—CsHsNH, (aq) + H3;0™ (aq) +4.5
(d) Ni*"(aq) + SO?™ (aq)—Ni*"S0? (aq) +8.6

(e) SrSO4(s)—Sr*"(aq) + SO (aq) -52
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Answer

Only a relatively qualitative interpretation can be given in terms of the obvious gross changes
occurring on reaction, e.g. consideration of change in the number of species, change in the
charges and consequent changes in solvation.

(i) AS? values

(a) Formation of an ion pair from two ions corresponds to a decrease in the number of species
which should result in an increase in order corresponding to a decrease in entropy. There will
also be a change in solvation and the ion pair (a neutral species, but perhaps a dipole) would be
expected to be less solvated than the individual ions. This would give an increase in disorder
created by release of water molecules of solvation from the free ions. Observation corresponds
to an increase in S and a decrease in order indicating that the change in the solvation pattern is
the dominant effect.

(b) Formation of ions which are solvated gives an increase in order of the solvent and more
than compensates for the decrease in order on forming two ions from one solute molecule.
Therefore, overall a decrease in entropy.

(c) Here there is a small increase in entropy. A small increase in solvation and a small
decrease in entropy is expected because H;O0"(aq), being smaller, will be more highly
solvated than C6H5NH3+(aq). This decrease is more than compensated by the increase in
entropy resulting from one solute species going to two.

(d) Here two ions are formed from the solid lattice which is highly ordered and this
would give an increase in entropy. However, the divalent ions will be considerably
hydrated leading to a large increase in order of the solvent. The data show that solvation is
predominant.

(e) In this reaction two species form one species which would result in an increase in order
and a decrease in entropy. But reaction involves two charged species which will be hydrated
giving an overall uncharged species which will be considerably less hydrated, resulting in a
large increase in disorder for the solvent, and hence a large increase in entropy. The data shows
that this latter process predominates.

(i) AV? values

(a) There is a decrease in volume of the solvent because of solvation of the ionic products, and
this dominates over the increase in volume resulting from one solute molecule forming two
ions; see note at end of question.

(b) This reaction forms two ions which will be solvated, but they are formed from one highly
charged, highly solvated ion. Hence there is a much smaller change in volume of the solvent
compared with reaction (a). Also one ion giving two ions will give a contribution correspond-
ing to an increase in volume.
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(c) The increase in volume here reflects the increase in the number of solute species which is
not compensated by the increase in solvation on forming H;O"(aq) from C¢HsNH3 (aq).

(d) Formation of an ion pair of overall zero charge from two charged (+2), (—2) ions will
release water of solvation which will give a large increase in volume of the solvent which is not
compensated by the decrease in volume due to the decrease in number of solute species.

(e) The solid ionic lattice gives solvated ions, giving a large decrease in volume of the solvent
compared with the increase in volume expected for formation of two species. Solvation is
dominant.

A close look at the values for AS® and AV® for given reactions shows that, in the main, there is
aclose correlation between them. This is not unexpected since the physical process involved is
basically the same. However, there are cases where the correlation does not hold e.g. for
(CH3);NH'(aq) the signs of AS® and AV® are different: AS® = —65Kmol ! K~! and
AV® = +6.0cm® mol ..

Note well: in this question the argument deals with changes in the number of solute particles;
the solvent molecule must therefore not be included.

8.19 Dependence of AG’ on temperature

AG® = AH® — TAS® (8.59)

The dependence of AG® on temperature is complicated by the possible dependence of both
AH® and AS® on temperature. Two situations are possible:

e AH® and AS® are independent of temperature, in which case a graph of AG® vs. Twould be
linear with intercept = AH® and gradient equal to —AS®. It is very unusual for this
assumption to be valid.

e AH® and AS® depend on temperature, in which case the plot is now curved. The gradient
of a tangent to the curve at any given T corresponds to (JAG® /OT) ,» Where (0AG®/ or),=

—AS®. AS® values at various temperatures can thus be found from plots of AG® vs. T. AH®

values at various temperatures can then be calculated from the corresponding AG® and AS®.
The standard emf of a cell is closely related to AG® and so these relations can often be used
to obtain AH® and AS*from E® and its temperature dependence.

8.20 Dependence of AS® on temperature

For most reactions AS®, like AH®, depends on temperature, and these dependencies reflect the
non-zero AC]? found for such reactions.

For reversible processes at constant p:

(8.60)

AS® ACY
giving (8—S> =—r (8.61)
P
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This corresponds to a graph of AS® vs. T where the gradient of a tangent to the graph at any
temperature equals AC;’ /T giving AC;’ at that temperature. For many reactions which can be
carried out easily under normal laboratory conditions, a direct calorimetric determination of
AH® over a range of temperature will be preferable. However, for reactions carried out in an
electrochemical cell, AC[? is easily found at a given temperature from sufficiently accurate
measurements of the dependence of either AH® or AS® on temperature.

Worked problem 8.11
Question
The standard emf of the cell:

Zn(s)|Zn>* (aq) i Fe?*(aq), Fe’* (aq)|Pt(s)

is 1.534 Vat 25°C and 1.576 V at 65°C. Find K, AH®, AG®, and AS® for this reaction at 25°C.
The overall reaction is:

Zn(s) + 2Fe*" (aq) = Zn*" (aq) + 2Fe’* (aq)

and z = 2, so that for the reaction as written 2 faraday is the charge passed.

Answer
AGY = —zFE®

At 298.15K :AG? = —2x 96485 x 1.534 coulomb volt mol™' = —296.0kJ mol !

At 338.15K :AG® = —2 x 96485 x 1.576 coulomb volt mol~' = —304.1kJ mol ™!
Note : coulomb volt = joule

AG*
AG® = —RTlog K ..logeK = ———
G og og RT
At 298.15 K:
—296.0kJ mol !
log K = o — 119.4

83145 x 10-3kJmol ' K~' x 298.15K
S K=73x% 10" moldm™3

OAG"®
(-)—_
as = - (%57 )

(-304.1 — (—296.0)} KJmol! 8.1 I
- = % Kmol 'K
40K 40 ™Mo

= —0.2025kJK 'mol™! = —202.5TK " mol ™!

AGY = AH® — TAS®
SAHY = AG? + TAS? = —296.0k) mol ™! —298.15K x 0.2025 kJ mol ! K™
= —356.4kImol ™!
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8.21 The non-ideal case

So far the thermodynamic analysis relates only to the ideal solution, or to reaction carried out
under ideal conditions. This is only approximated to in very dilute solutions, and most
solutions and reactions are studied under non-ideal conditions.

All the equilibrium constants discussed earlier have been quoted in terms of concentrations.
There are two reasons for developing equilibria relations in terms of concentrations:

e many actual experimental measurements are made in terms of concentrations, not activities,
and the equilibrium constants are therefore concentration constants;

e it is generally simpler to give an elementary account of equilibrium constants and their
related thermodynamic quantities, and then to introduce corrections for non-ideality after-
wards. These corrections generally involve extrapolation of the concentration equilibrium
quotient over a range of ionic strengths, rather than correcting each concentration term
individually.

8.21.1 Non-ideality in electrolyte solutions

Non-ideality in electrolyte solutions is primarily due to electrostatic interactions
between the ions and is taken care of by the activity coefficient, y;, for any species, i,
defined by:

a; = y;ci where y;— 1 as c; — 0.

The Debye-Hiickel theory, developed in Chapter 10, gives theoretical expressions for calcu-
lating the activity coefficient of any species in solution.

Non-ideality in electrolyte solutions manifests itself in experimental studies in the follow-
ing ways:
e concentration equilibrium constants are found to vary systematically with concentration;
e molar conductivities for strong electrolytes vary with concentration;
e emf expressions are not satisfactory when concentrations appear in the log[ ] terms.

In this chapter ways of modifying the theoretical expressions for the equilibrium constant

for a reaction in solution to take account of non-ideality will be explained, while emf and
conductance studies will be described in Chapters 9 and 11 respectively.

8.21.2 The ionic strength and non-ideality
The ionic strength takes account of both the ionic concentration and the ionic charges. For any

given concentration the ionic strength will be higher the higher the charges on the ions of the
electrolyte, and the larger the ionic strength the greater is the non-ideality.
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The ionic strength is a special type of summation over all charged species in solution, and is
defined as:

I1=1/2) ezl (8.62)

where c; is the concentration of each type, i, of ion in solution, and

z; is the algebraic charge on each type, i, of ion in solution, i.e. it includes the sign of the charge.
The Debye-Hiickel theory (see Sections 10.7, 10.10.1 and 10.10.2) allows a calculation of the
activity coefficient, y;, for any ion from the known ionic strength.

e The Debye-Hiickel limiting law: log,,y; = —AzV/I is valid in very dilute solutions
corresponding to ionic strengths < 1 x 1073 moldm ™, and A = 0.510 mol~'/2 dm*/? for
water at 25°C.

e The Debye-Hiickel equation: log,, y; = —Az*v/1/(1 + /) holds for moderate concentra-

tions corresponding to ionic strengths in the range 1 x 1073 to 0.1 mol dm .

e The Debye-Hiickel extended equation: log,, y; = —Az?>\/I/(1 + \/I) + bl is used for ionic
strengths >0.1 mol dm ™~ where b is an empirical factor.

e Deviations from each of these equations are observed, and are greater the higher the charge
on the ion and the greater the ionic strength.

e The activity coefficient for any uncharged species present in an aqueous electrolyte solution
is, to a first approximation, taken to be unity since Azi2 will be zero.

Worked problem 8.12
Question

(i) Calculate the ionic strength, Z, for 0.05 mol dm 2 solutions of KCl(aq), MgSOy4(aq) and
LaFe(CN)g(aq).

(i) Using the equation, log,,y; = —Az2v/T/(1 + +/I) where A =0.510 mol~ "> dm*? for
water at 25°C, calculate the activity coefficient for the K*(aq), Mg*"(aq) and La®"(aq)
ions for solutions of ionic strength equal to 0.1 mol dm—>. Comment on these values and
give a brief explanation for the difference in the values.

(iii) Now calculate the activity coefficient for the K™ (aq), Mg2+(aq) and La3+(aq) ions in the
original solutions of concentration equal to 0.05 mol dm >, and compare the results with
those from part (ii).

Answer

() I=1/23 ez}
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e KCl(aq) solution: I = 1/2[0.05 x 1% 4 0.05 x 1?] = 0.05 mol dm?
e MgSO,(aq) solution: I = 1/2[0.05 x 2% 4 0.05 x 2%] = 0.20 mol dm >
e LaFe(CN)g(aq) solution: 7 = 1/2[0.05 x 3% +0.05 x 3?] = 0.45 mol dm >

This calculation shows the dramatic increase in the ionic strength which occurs as the charge
on the ions increases, despite all the solutions being of the same concentration. Non-ideality
will be expected to increase in line with increasing ionic strength.

i) log,y y; = —Az? VI
(i) logo ¥ T

v/0.10
log 10yk+ = —0.510mol "/2dm?? x 12 x ———— mol'/2dm /2
1++/0.10
= —0.510 x 1 x 0.240 = —0.1225
oy = 0.754
v/0.10
log 10YMmgt = —0.510mol "/2dm?? x 22 x ———— mol'/2dm /2
1 ++/0.10
= —0.510 x 4 x 0.240 = —0.490
S Ymg = 0.323
v/0.10
log 10y g+ = —0.510mol~"/2 dm3/? x 3% x ———— mol'/?dm /2
1 ++/0.10
= —0.510 x 9 x 0.240 = —1.102
YL = 0.079

These are activity coefficients calculated for the same value of the ionic strength. The
decreasing values

YK+ > )/Mg2> > YLa¥

reflect the increasing non-ideality as a result of increasing ionic interactions which are a
consequence of increasing charge on the ion.

2 VI

T
iii) lo = —Azr ——=
(i) log 10y; Z 1+ VI

e 0.05 mol dm > KClI has an ionic strength of 0.05 mol dm .

log 10k = —0.510mol~"/2dm?/? x 12 x 1L /(())505 mol'/? dm~3/2
+ .
= —0.510 x 1 x 0.1827 = —0.093

e 0.05 mol dm > MgSOy, has an ionic strength of 0.20 mol dm .
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v0.20
10g 107pg2+ = —0.510mol /2 dm*/? x 2% x V020172 g2
14++0.20
= —0.510 x 4 x 0.309 = —0.630

Cymgr = 0234

e 0.05 mol dm™? LaFe(CN)g has an ionic strength of 0.45 mol dm™.

1v0.45
log 10y 3+ = —0.510 mol /2dm3? x 32 x — "= mol'/2dm3/2
1++v0.45
= —0.510 x 9 x 0.401 = —1.843
YL+ = 0.014

Gathering all the calculations together gives the following table:

Y+ 0.754 0.807
I/mol dm~3 0.10 0.05
Vug 0.323 0.234
I/mol dm~* 0.10 0.20
Yo 0.079 0.014
I/mol dm~> 0.10 0.45

These results shows that increasing both the ionic strength and the charge results in a dramatic
decrease in the activity coefficient, with the decrease being greatest for the most highly
charged ion. This reflects the increasing non-ideality as both the charge and the ionic strength
increase.

For the ideal solution the activity coefficient will be unity. Comparing this with the results
obtained shows how necessary it is to take account of non-ideality in electrolyte solutions.

8.22 Chemical potentials and mean activity coefficients

The Debye-Hiickel theory gives a calculation of the activity coefficients of individual ions.
However, although the individual concentrations of the ions of an electrolyte solution can be
measured, experiment cannot measure the individual activity coefficients. It does, however,
furnish a sort of average value of the activity coefficient, called the mean activity coefficient,
y., for the electrolyte as a whole. The term ‘mean’ is not used in its common sense of an
average quantity, but is used in a different sense which reflects the number of ions which result
from each given formula. Such mean activity coefficients are related to the individual activity
coefficients in a manner dictated by the stoichiometry of the electrolyte.

Demonstrating the thermodynamic arguments leading up to such relations requires use of
the chemical potential for the solid electrolyte and the aqueous ions.



248 CH8 PRACTICAL APPLICATIONS OF THERMODYNAMICS FOR ELECTROLYTE SOLUTIONS

In Section 8.11 the chemical potential was defined as u; = (0G/0n;)
Consider the case of the dissolution of NaCl(s) in water:

T, p,all other n

NaCl(s) = Na" (aq) + Cl™ (aq)

For constant temperature and pressure, and using the arguments developed in Section
8.12. and 8.14:

AG = [ina*(aq) T HCI (aq) — HNaCl(s) (8.63)
= it (aq) T A (aq) — Macits) T RT10g ey + RT log ecacr- (8.64)
where uga+(aq), I’L?:l’(aq) and ,u%aCl (s) are constants dependent on 7 and slightly on p,
.AG = AG® + RT log cay,+ + RT log .aci- (8.65)
where AG? is a constant dependent on 7 and slightly on p.
.AG = AG® + RT log.[Na"] 4+ RT log .[Cl ] + RT logeyn,+ + RTlogeye-  (8.66)
" AG = AG® + RTlog [Na®][Cl™] + RT 10g c ¥xu+ V1 (8.67)

If the concentration of the aqueous solution is ¢, then [Nat]=[Cl ]=c and:

AG = AG® + RT log .¢* + RT10g c Yna' Vi (8.68)
= AG® +2RTlog .c + RT 10g . Vna+ VeI (8.69)
= AG® 4+ 2RTlog .c + 2RT 1og o (Vna+ ycr)l/z (8.70)

The individual ion activity coefficients cannot be measured, but an analogous equation to
Equation (8.70) can be written involving the mean activity coefficient y for the electrolyte as
a whole. This is a quantity which can be measured (see emf measurements, Section 9.20.5,
Worked Problems 9.28 and 9.29 and Sections 10.6.15, 10.7, 10.10 and 10.11).

AG = AG® + 2RT log .c + 2RT log .y, (8.71)

Comparing this equation with:

AG = AG® + 2RT logcc + 2RT log e (ynar var- )/ (8.70)

it follows that, since they are both describing the same quantity, AG for the dissolution of NaCl
in water:

2RTlog .y, = 2RTlog c(yn,+ yle)l/z (8.72)
. 2
N ES (VNaﬂ’cr)l/ (8.73)

The Debye-Hiickel equation can be written in terms of a mean activity coefficient (see Section
10.6.15) log 10y, = —Al|z1z2|v/1/(1 + /I) where |z,z3| reads ‘mod’ z,z, and means that only
the charges appear and not the sign. The limiting law can be written similarly.
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Worked Problem 8.13
Question

(1) Deduce the relation between the mean ionic activity coefficient for CaCl,(aq) and the
individual ionic activity coefficients for Ca2+(aq) and Cl™ (aq).

(ii) Do likewise for Fe,(SO4)3(aq).
Answer

(i) CaCly(s) —— Ca®"(aq) + 2Cl" (aq)

AG = Hca?* (aq) + 2':l’LCI’(aq) — MCaCly(s)

AG = gt (uq) + 2HEr (ag) — Meacny(s) + RT10g a2+ + 2RT log caci-

where Mgaz_ . /“‘?:r(aq) and “gacb (s) are constants dependent on 7and slightly on p,

(ag
AG = AG® + RT log cac,+ + 2RT log caci-

where AG" is a constant dependent on T and slightly on p.

AG = AG® + RT log . [Ca*"] 4+ 2RT log ¢ [C17] + RT log ¢ Y2+ + 2RT log ey

".AG = AG® + RTlog [Ca>"|[CI7]* + RT log ey V-

If the concentration of the aqueous solution is ¢, then [C] ] = 2[Ca**] = 2¢ and:
AG = AG® + RT log.(4c®) + RT log e ycp- vy
= AG® + RT log .4 + 3RT log.c + 3RT log(ycp+ V%r ) 13

The analogous equation involving the mean activity coefficient y, for the electrolyte as a
whole is:

AG = AG® 4 RTlog .4 + 3RT log .c + 3RT log ...
Comparing these equations gives:
— 2 \1/3
3RTlogey. = 3RTlog (e var-)

. 1/3
Ve = (VCa“V%r) /

(i) Fe(SO4)4(s) = 2Fe** (aq) + 3503 (aq)
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Following the argument given previously,

AG = 2“Fe3+(aq) + 31““50%’ (aq) — HFey(804)5(s)

AG = 235 (1q) + 3HG02- (ag) — Mes(500)y(5) T 2RT 10g et + 3RT l0g eaige:-

AG = AG® + 2RT log cares+ + 3RT log cager-

AG = AG’ + 2RT log..[Fe’"] + 3RT log[SO; | + 2RT log e yges+ + 3RT log evsoz-

AG = AG® + RT log . [Fe*P[SO2 7]’ + RTlog 7 ygoﬁ*

where AG? is a constant dependent on 7 and slightly on p.
If the concentration of the aqueous solution is ¢, then [Fe**] =2¢ and [SO?[] =3¢ and:
AG = AG® + RTlog (108¢”) + RT log ¢ vz s+ yéoi,

= AG® + RTlog 108 + 5RT log cc + SRT log o {y? 5. 3o }'/°
4

The analogous equation involving the mean activity coefficient y, for the electrolyte as a
whole is:

AG = AG® + RT10g 108 + SRT log .c + SRT log ...

Comparingthese equations gives:

5RTlog.y; = 5RTlog{y7 ygoi, }1/5

Sve = e}
Worked problem 8.14

Question

(i) Calculate the individual activity coefficients for a 0.100 mol dm > solution of
MgCl,(aq).

(i) Use these to calculate the mean activity coefficient for the electrolyte.

(iii) Use the Debye-Hiickel expression for the mean activity coefficient to calculate the mean
activity coefficient.

(iv) Comment on this result.
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Answer

(i) The Debye-Hiickel expression for the individual activity coefficient, y; is:

| Az?\/i
0 P= —
BT
I=1/2)ciz; = 1/2{0.100 x (2)* +0.200 x (1)*} = 0.300 mol dm >

VI = 0.548 mol'/2 dm3/2
0.548

— " mol'2dm 3% = —0.722
1+0548 " M

" log 10y = —0.510 mol ™ /2dm3/? x 4 x
Vg = 0.190
0.548
log 10y = —~0.510mol'? dm /% x 1 x =g mol'/? dm /% = ~0.181
0g 10¥cr 0.510mol"/* dm x 1 x 150543 mol'/~ dm 0.18
S va- = 0.660

(i) The non-ideal part of AG for dissolution of MgCl, is RT log e ypg2+ Vcr =
3RT loge(yMgz+ Yer) '3 The non-ideal part of AG can be written in terms of the mean
activity coefficient of the electrolyte as a whole, y., as 3RT log .y ...

Sve = (vuever)'? = {0190 x (0.660)°}' = (0.0828)" = 0.436

(iii) The Debye-Hiickel equation for the mean activity coefficient of an electrolyte, v, :

1 Alziza|VI1
og10yY+ = _T\/Z
log 10+ = —0.510mol~/2dm3/? x 2 x 1 x _0.548 mol'/?dm 32 = —0.361
1 +0.548
Cye = 0.436

(iv) As expected, calculation of y, by the two methods gives the same value for y_, though
that using the Debye-Hiickel equation for y, is the simpler.

8.23 A generalisation

Section 8.22 and Worked Problems 8.13 and 8.14 derive the expressions for the mean activity
coefficient explicitly for specific electrolytes. This is preferable to simply fitting into a general-
ised expression which is often quoted for unsymmetrical electrolytes as it makes quite clear
exactly what the thermodynamic argument actually is. The generalised expressions are:

e for symmetrical electrolytes: AB(s) — A**(aq) + B*~(aq)
ve = {ravp ) (8.74)

e for unsymmetrical electrolytes: A,By(s) — xA’" (aq) + yB* ™ (aq)

Ve = {(yas) (ype )} (8.75)
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Worked problem 8.15

Question

(i) HgCly(s) is sparingly soluble in water at 25°C, solubility =6.5x10" "mol dm >,
Calculate the solubility product and explain why it is not necessary to correct for
non-ideality.

(i) Calculate the solubility in 0.100 mol dm 3 KNOj; solution.

(iii)) Compare the solubilities in the two solutions.

Answer

(i) Hg,Cly(s) == Hgj" (aq) +2Cl " (aq)
KS = ([Hg%Jr] [Cli]z)eq

If the solubility in water is s, then K, = s x (25)> = 45> = 4 x (6.5 x 1077)’ mol*dm™® =
1.1 x 1078 mol® dm ™.

The solubility of Hg,Cl,(s) is so low that the saturated solution will be so dilute as to be ideal.
Hence corrections for non-ideality are not needed.

(@i1) In 0.100 mol dm KNOs;(aq) correction for non-ideality will have to be made.

I = 0.100 mol dm™> AT =0.3162mol'/? dm—3/2
K, = aHg?aér = [Hg§+]yHg§+ [CIT*y2, = 4(s')3yHg§+yél, = 4(s')’y3
1/3

since y, = (yHg§+ yéf) , and where s is the solubility in the KNOj3(aq) solution.
The calculation can proceed in two ways:

e the individual activity coefficients can be calculated from the Debye-Hiickel equation,
and substituted direct into the expression for K in terms of individual activity coefficients;

e the mean activity coefficient for the electrolyte as a whole can be calculated from the
Debye-Hiickel expression for a mean activity coefficient.

AT
In terms of the individual activity coefficient, y;: log 1oy, = — ‘i vI
14+ VI
0.510mol~"/2dm?? x 4 x 0.3162 mol'/2 dm /2
log Yy = — mo m* x4 x mo m 0490
£ 1.3162
Vhg = 0.323
0.510mol~"/2dm*? x 1 x 0.3162 mol'/? dm /2
logye- = — 13162 =—0.123

Ve = 0.754
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But KS = aHg?a%r = [Hg%+]yHg§+ [le]ZV%r = 4(S/)3]/Hg§+ )/%1,
where s’ is the solubility in KNOj3(aq).
SK=4(5) % 0323 x (0.754)? = (5/)° % 0.736 = 1.1 x 10 "¥ mol® dm
2 () =1.495 x 1078 mol* dm™°

o8 =114 x 107 mol dm™>

.. . A\Z1Z2|\/i
In terms of the mean activity coefficient, . : lo =
y V110810V + 1+ V1
| AXZ a0 T VI 0.510mol 2 dm™? x 2 x 1 x 0.3162mol'/% dm ™2
0 = — = —
210V + 1+ I 1.3162
= —0.245
oy =0.569

_ N3.3 _ "3 3 _ N3 _ —18 3 -9
L= = . =0. =1.
K, =4(s")yL =4(s")" x (0.569)° = 0.736(s")” = 1.1 x 10 "° mol” dm
(')} = 1.495 x 1073 mol® dm™°

¢ =1.14 x 10°* moldm™3

As expected both calculations give the same result.

(iii) Non-ideality causes the solubility to increase by a factor of 1.75.

Worked problem 8.16
Question

The calculations given in Worked Problem 8.3 ignored non-ideality. Rework this problem
taking account of non-ideality.

Answer
In this problem [Ca>"] = [CO} ] = 1.00x10~* mol dm>.

1
1= (1.00 107 x 2 + 1.00 x 10™* x 2%) moldm > = 4.00 x 10~* moldm >

VI =2.00 x 1072 mol'/? dm /2
Alaiza|VI — 0.510mol /2 dm*? x 2 x 2 x 2.00 x 10~2mol'/? dm /2

IOg 0Y+ = — 1+ \/i - 1.020
= —0.0400
Cy. = 0912

(i) The values of AG® are unaffected, but the equilibrium relation is now:

K= (aca2+ acog* ) eq: {)/i [Ca2+] [Cogi] }eq
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The values of K are:
Keacite = 8.9 x 107" mol*dm™®  and  Karagonite = 12.2 x 107 mol® dm .
The value:
Y2[Ca>][CO% ] =(0.912)* x 1.00x 10™* x 1.00 x 10~* mol> dm ™~ = 8.32 x 10~ mol?> dm~®

has now to be compared with the solubility products for calcite and aragonite. In both cases
¥2.[Ca*T][CO37] is smaller than K, and so both forms could dissolve in this solution.

(i) AG = AG® + RT log cacp-acoe- = AG” + RT log.{ y1[Ca**][CO3 ]}
e For calcite:

AG =45.95kTmol ! +8.3145 x 10 3 kJmol ' K~! x 298.15K x loge{(0.9l2)2 x 1% 10—8}
= (45.95-46.12)kJmol ' = —0.17kJmol !

e For aragonite:

AG=45.17kJmol ! +8.3145 x 10 3 kJmol 'K~ x 298.15K x loge{(0.912)2 1% 10*8}
=(45.17—-46.12)kIJmol ' = —0.95kJmol

Both these values are negative and so both forms can dissolve. This is the same conclusion as
in (i) which, of course it should be.

However, when this conclusion is compared with that reached in Worked Problem 8.3, it
can be seen that when non-ideality is taken into consideration, calcite will now dissolve. This
demonstrates how crucial it is to take non-ideality into account. This is particularly so when
multiply charged species are involved, even when the concentration is low.

Worked problem 8.17
Question

The mean activity coefficient for an aqueous solution of KBr at 25°C has been found at the
following ionic strengths:

1
— 0.001 0.002 0.005 0.010 0.020 0.050
moldm™

Vi 0.965 0.952 0.927 0.903 0.872 0.822

(i) Plot log, v vs. VI and v/I/1 4 /I and comment on the shape of the graphs.
(ii) Plot log oy +A|zlz2|\/f/(1 + \/T) vs. I and comment on the results.

(iii) The following table gives data at higher ionic strengths. Include these points on the three
graphs already drawn and comment on the results.
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I
— 0.100 0.200 0.500
moldm
Vi 0.777 0.728 0.665

Answer

I
— 0.001 0.002 0.005 0.010 0.020 0.050
moldm™
T
% 0.0316 0.0447 0.0707  0.1000 0.1414 0.2236
mol'/? dm~3/
]

v /mol'/zdnr‘/2 0.0307 0.0428 0.0660  0.0909 0.1239 0.1827

14+ VI

0.510v/1

VI /moll/zdm’yz 0.0156 0.0218 0.0337  0.0464 0.0632 0.0932

14+ VI

Ve 0.965 0.952 0.927 0.903 0.872 0.822

—log10y4 0.0155 0.0214 0.0329  0.0443 0.0595 0.0851

log 1oy++ 0.0002 0.0004 0.0008  0.0021 0.0037 0.0081

0. lO\/i/moll/2 dm3/2
1+VI

(i) and (ii) The graph of log,, ¥, vs. VI is a quite decided curve (Figure 8.2(a)), with
systematic deviations occurring at ionic strengths greater than 1 x 10~ mol dm 3. This is in
line with statements that the Debye-Hiickel limiting equation should not be used for
jonic strengths greater than 1 x 107> moldm™. The Debye-Hiickel equation, log 10Y+
= —Alz1z2|v1/(1 + V1), fits the data at the low end of the ionic strengths, but systematic
deviations start to occur at ionic strengths greater than 0.02 mol dm™3 (Figure 8.2(b)). Use of the
Debye-Hiickel extended equation, log 10y, = —A|z122|VI/(1 + V/I) + bl gives an approxi-
mately linear graph going through the origin and with gradient = 40.171 (Figure 8.2(c)).

(iii) Using the higher ionic strength data gives:

1

mol dm >
VI
mol'/? dm~3/?

Vi
1+ VI
0.510v/1
1+VI

Y+

—log1oys
log oy +
0.510+/1

14+ I

/mol'/2 dm=3/2

/mol'/? dm=3/2

/mol'/? dm=3/2

0.100

0.316

0.2402

0.1225

0.777
0.1096
0.0129

0.200

0.4472

0.3090

0.1576

0.728
0.1379
0.0197

0.500

0.7071

0.4142

0.2112

0.665
0.1772
0.0340
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Figure 8.2 (a) Graph of log,yy. vs. vI; (b) Graph of logy, vy vs. VI/(1++I); (c) Graph of
l0g4g ¥+ + Alz122|VI/(1 + v/I) vs. I; (d) Graph of logy, ¥, vs. v/I for high ionic strength data; (e)

Graph of logy, v+ vs. VI/(1+ V1) for high ionic strength data; (f) Graph of (og,, y, + Alziz|
VI(1++/T) vs. I for high ionic strength data.
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The graphs relating to the Debye-Hiickel limiting law and the Debye-Hiickel equation are now
very decidedly curved and show considerable deviations from the theoretical behaviour
(Figure 8.2(d) and 8.2(e)). The graph of log 10y, + Alz1z2|VI/(1 + /) vs. I is interesting.
Including the higher ionic strength data shows this graph also is a curve (Figure 8.2(f)).

Note: this result shows the importance of covering a wide enough range, here in ionic strength.
A totally wrong interpretation results if only a limited range is considered.

Note also: Many electrolytes show similar behaviour. Graphs of logoy.+
Al|z122|v/T1/(1 + /T) vs. I are only linear at the low end of ionic strengths and the deviations
from linearity observed are specific to the particular electrolyte under study. Values of b
found from graphs over a limited ionic strength range are specific to the electrolyte. It
is observations such as these which have pushed theoreticians into deciding that further
work should not involve the Debye-Hiickel calculation, and other approaches should be
used.

8.24 Corrections for non-ideality for experimental equilibrium
constants

Experimental determinations made in terms of concentrations give concentration quo-
tients which are non-ideal constants. Corrections for non-ideality are made in terms of
the calculated ionic strength and the various Debye-Hiickel expressions. However,
emf experiments, including pH measurements, can sometimes furnish equilibrium
constants directly in terms of activities, and as such these will be ideal equilibrium
constants.

8.24.1 Dependence of equilibrium constants on ionic strength
The relation between K and the ionic strength should be worked out for each given reaction.

The argument will be given for the reaction used previously to derive the algebraic form of the
equilibrium constant (see Section 8.14).

Pb(s) + 2CH;COOH(aq) —— 2CH;COO0 (aq) + Pb*" (aq) + Ha(g)

(8.49)

2
a — (2 P2+ PH
. .. CH;CO0 Pb g
For this reaction it was shown that K = < 3 (aq) 2l )>
eq

22
CH3COOH (aq)

where K depends on 7 and slightly on p.
This is a quotient of activities and thus is an ideal equilibrium constant.
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Equation (8.49) can also be written in terms of concentrations:

Ko — [CH;COO *[Pb**|py, \ [ Vém,coo- Yoo+ (8.76)
ideal =— :
[CH;COOH] Y&H,Co0H
V%H CO0~ VP2t
= ADpon-ideal ;27 (877)
YCH;CO0H

where K,o,_idear 1S the quotient of concentrations at equilibrium.

The Debye-Hiickel theory can be used to express activity coefficients in terms of the ionic
strength of the solution.

e For an uncharged solute y can be approximated to unity, .". Ycp,coon = -

e For a charged solute the Debye-Hiickel expressions are used: log 1py; = —Az,-zx/i for dilute
solutions, and for more concentrated solutions log oy; = —Az%\/i /(14 /T), where, for
25°C, A =0.510 mol "> dm .

Writing Equation (8.77) in the logarithmic form gives:
log 10Kigeat = 10g 10Knon-ideal + 2102 10¥cn,co0- + 108 10¥pp2+ — 2102 10Vcn,coon (8:78)

where the logarithm is to base 10 because the Debye-Hiickel theory is given to base 10.

2x (=1)’AVI  (2PAVI

log 10Kideal = 10g 10Knon—ideal — 1+ \/i 1+ \/i (879)
6AVT
=lo Knon-i eal — T~ 8.80
210 deal 1+ \/i ( )
6AT
.. log 10K non-ideal = 10g 10Kideal + ————= 8.81
g 108 non-ideal g 108ideal g \/f ( )

From this it is clear that the equilibrium constant expressed in concentrations, i.e. Kjon_ideals 15
not a true constant but depends on the particular ionic strength at which the measurements are
made. This applies, in particular, to any equilibrium which involves charged species or charge-
separated species, since these are more likely to cause non-ideality than molecular species. All
concentration equilibrium constants should thus be corrected for non-ideality.

There are two main ways of doing this, and both require use of the Debye-Hiickel
theory.

e Activity coefficients for each species can be calculated from the Debye-Hiickel theory. The
actual ionic strength must be calculated from the experimental conditions, and this gen-
erally involves successive approximations (see Worked Problem 8.22).

e Corrections can be made graphically. For the reaction discussed above a plot of
10210Knon-igear V8- VI /(1 + +/I) should be linear with slope equal to 64 and intercept equal
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to log0Kigear- This, however, will hold only at moderate ionic strengths, and more accurate
results will be found using the extended Debye-Hiickel expression:

6AVT

= log 10Kideal + bI 8.82
1+\/7 g 1084deal ( )

10g 10Knon-ideal —

M is plotted against /.

14+ V1

This method of correcting for non-ideality is the more straightforward and accurate, and
should be used in preference to that using calculated activity coefficients found at one given
ionic strength. Since what is required is the ideal K, a procedure giving an accurate extra-
polation to zero ionic strength will suffice; with detailed consideration of the validity or
otherwise of the Debye-Hiickel theory being of less importance here than in calculations of the
actual activity coefficients at any specific ionic strength.

where log 10Knon—ideal —

Worked problem 8.18

Question

Predict the effect of ionic strength on the following equilibria:
1. Cu*'(aq) + SO~ (aq) —— Cu’*SO3 (aq)

2. CaF,(s) —— Ca’"(aq) + 2F (aq)

3. Co**(aq) + 4NH;(aq) = Co(NH3); " (aq)

Answer

1. Cu*"(aq) + SO} (aq) = Cu*"S0O; (aq)

K Acy+s02 ( [Cu*tSO;7] Ycu+sor K Ycu+sor
ideal = | =/ = . 5 = Bcone - —
dewdsor ) [Cu™][SOy ]/ oy Yew+ Vsor- Yout Vsor

K Kk Ycu Vsoi
- -Bconc — Nideal
Ycutsol-

Taking logarithms to base 10:

log 10Kcone = 108 10Kideal +10g 10Vcu2t 4108 107502~ — 10 10V 02+ 502
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e logoy; = —AZVI/(1 + 1) = —0.510mol~"/2 dm*/? x 4/I/(1 + /T) for the two diva-
lent ions,

e since the overall charge is zero, y for the ion pair is taken to be unity and 10g 10¥jon-pair = O-
However, this can only be an approximation since the ion pair is likely to be a charge-
separated species.

2 x 44T 8AVI

. log 10Kcone = 10g 10Kideal — BT/ log 10Kidgeal — .

a plot of logioKeone Vvs. VI /(1 + VI ) should be linear with slope=—8A4 =
—4.08 mol~ 2 dm*?, and intercept log 19Kiqeal leading to a value for Kjge,. The observed
experimental equilibrium constant decreases as the ionic strength increases.

A more accurate extrapolation taking account of deviations at higher ionic strengths and the
likely dipolar nature of the ion-pair involves a plot of:
8AVI
log 10Kcone + T\/j VS.
Even if this graph shows deviations from non-linearity at the high ionic strength end, the
extrapolation to zero ionic strength will be accurate and give an accurate value of Kjgea.

(2) CaF,(s) = Ca*"(aq) + 2F (aq)
Using the same arguments:

log 10Kideal = 10g 10Kcone +10g 10¥c2+ + 2108 10VE-
. log 10Kcone = 10g 10Kideal — 10g 10V 2+ — 210g 10¥E-

2PAVI 2 x (1)*VI 6AVI
2) + 0 = log 10Kideat + =
1+V1 1+v1 1+V1

" a plot of 1og 10Kcone VS. VI/(1 4 +/T) should be linear with slope = +6A and intercept
equal to log 19Kijgea1- The observed experimental equilibrium constant will therefore increase

as the ionic strength increases.

= log 10Kideal +

log 10K cone —6A Vi /(14 VI ) vs. I will give a more accurate extrapolation to zero ionic strength.
(3) Co®*(aq) + 4NH;(aq) =—— Co(NH3); " (aq)
10g 10Kigeal = 10g 10Kcone + 108 10Y o, 2+ — 108 10V o2t — 410g 10¥nm,

(2)°AVI N (2)°AVI
1+vVI 1+

10g IOKconc - 10g IOKideal

= IOg Kconc — 0= 10g IOKconc

In this case the experimental concentration equilibrium constant should be independent of
ionic strength. However, deviations from non-ideality not accounted for by the Debye-Hiickel
expression could be taken care of by plotting log oKconc Vs. I. This is likely to be necessary at
high ionic strengths.
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Worked problem 8.19
Question
The following data at 25°C give the dependence of the equilibrium constant for protonation of

methylamine, CH3NH,(aq), on ionic strength. Use a graphical procedure to find the ideal
constant.

10°K,
e 4.48 4.90 5.11 6.76 7.41
moldm™

1
— 0.0010  0.0050  0.0100 0.0500  0.1000
moldm ™

Answer
CH;NH,(aq) + H,O(aq) —— CH;3NH; (aq) + OH™ (aq)
K dcu,NH; 4OH~ ([CH:;NH;][OH}) YeuNay You . YeHNH; YO
ideal = = = il il
“ ACH;NH, [CH3NH,] eq  VCH3NH, o YCH;NH,

DAV (=D*VI 24V1
IOg IOKideal = log 1()Kc0nc - (+ ) \/— - ( ) \/— +0= log 1()Kconc - —\/_
1+vVI 1+VI 1+ VI

2AVT

lOg IOKconc = 10g lOKideaI + T\/i

log 10Kcone Vs. VI /(1+ Vi ) should be linear with slope = +2A and intercept = log 19 Kigeal-

1

e 0.0010 0.0050 0.0100 0.0500 01000
mol dm
Vi
e 0.0316 0.0707 0.100 0.2236 0.3162
mo )
Vi 1/2 30-3/2

[ moldm 0.0307 0.0660 0.0909 0.1827 0.2402
10K,
% 4.48 4.90 5.11 6.76 7.41

mol dm
— log 10K (conc) 3.349 3310 3292 3.170 3.130

The graph using the experimental data is linear and no further corrections for non-ideality are
needed. The intercept is —3.379, and K, = 4.18 x 10~* mol dm 3.
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8.25 Some specific examples of the dependence of the
equilibrium constant on ionic strength

For most equilibrium constant measurements the amount of a reactant or product present is
found as a concentration, e.g. spectrophotometric or conductance analyses. However, pH and
some emf methods determine the activity of a species directly rather than a concentration, and
so corrections for non-ideality for these species will not be necessary. But, there are also some
situations where, although the basic experimental measurement is an activity, subsequent
calculations involve stoichiometric relations given in concentrations. Unless care is taken, the
final equilibrium constant could end up involving terms in activities and concentrations, i.e. is
mixed. Here corrections for non-ideality will still have to be made. Specific cases will make
this clearer.

8.25.1 The case of acid/base equilibria

The standard method of determination of K for acid/base equilibria is from emf or pH
measurements. These strictly lead direct to the activity of H;0"(aq) rather than [H;0™"].

pH = —log 10an,0+ = —10g 10([H:0"|yp,0+) = —log 10([H;0]y) (8.83)

where yy,o+ has been replaced by the measurable quantity .
Note: in previous chapters where concentration quotients have been discussed the standard
approximation that pH = —log;o[H30"] has been consistently used. This, however, strictly
applies only in very dilute solutions which can be taken to be ideal.

Whether or not the resultant K based on the approximation, pH = —log;o[H30"], depends
strongly on ionic strength is decided by the strength of the acid or base.

8.25.2 The weak acid where both approximations are valid

If the acid is weak then it is possible to ignore the self ionisation of HO(l) and assume only
slight ionisation of the weak acid.
The ionisation of ethanoic acid is a typical example:

CH;COOH(aq) + H,O(1) —— CH3COO0 ™ (aq) + H;0" (aq)

K. = [CH3COOi]aCtua] [H3 O+]aclual ~ [H3 O+]ictual (8 84)
a [CHg COOH} eq [CH3 COOH] total .
e

actual

Since this equilibrium constant involves concentrations it is, by definition, a non-ideal
constant, and in principle may show an ionic strength dependence. Generally the experimental
measurement is the pH, found either directly from the pH of the given solution, or, more
accurately, from a pH titration. The rigorous definition of pH is:

pH = —log jpay,0+ = —log 10([H30™]y.) (8.83)
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and this means that it is strictly the activity of H;0"(aq) which actually appears in the
experimentally determined equilibrium relation which, therefore, is a mixture of concentra-
tion and activity:

CH3;COO™ ...
K, could be given as the quotient ([ > ]d“”“lamw) :

[CH;COOH],_,,
but [CH3CO0 |y = 00" (8.85)
Vi
+ _ aH307
and [H3O ]aclual - (886)
Vi

and assuming both approximations hold,

[CH;COO"] H;0"] (8.87)

actual — [ actual

then ACH,CO0~ = dy,0t (8.88)

since y, relates to both ions

ag o
(K )ex erimental — . (889)
e @l [CH3COOH]t0lal

Since CH3COOH is an uncharged species, ycy,coon 18 €xpected to be approximately unity so
that acp,coon =~ [CH3COOH] and:

ag o
(Ka)experimemal ~ (#) (890)

ACH,COOH ) a1

Thus, for a weak acid where both approximations hold, the experimentally determined K,
found from the fundamental experimental measurement of pH is approximately a Kjgear-

However, if the experimental method had measured a concentration rather than an activity,
then the experimental K:

K. = [CH3COOi]actual [H3 O+]aclual ~ [H3 O+]iclual (8 9 1)
? [CH;COOH] «  \[CH;COOH],, '
e

actual

would have been a non-ideal equilibrium constant which would have had to be corrected for
non-ideality via the ionic strength.

K _ aH3 o+dCH;CO0™ . [H3 o* } actual yH3 ot [CH3 COO~ ] actual Y CH;COO~
( a)ideal - a -
CH3;COOH eq

(8.92)
[CH;COOH] total ¥ CH;COOH )eq

log 1o (Ka)ideal =logio (Ka)non-ideal +logio YH,0t T log o YcH;c00~ — log o Y CH;COOH (8.93)
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=102 10(Ka) pon-igeas = A1) VI = A(=1)’VI+ A0’V (8.94)

=108 10(Ka) non-ideal — 2AVI (8.95)

108 10(Ka) pon-ideat = 10210(Ka)igear + 2AVT (8.96)

where the ionic strength can be found from the known concentrations of the ions present.
Similar arguments apply to the case of a weak base where both approximations are valid.

Worked problem 8.20

Question

The pH of a 0.050 mol dm solution of a weak acid is 3.53 at 25°C.

1. Calculate K,, making the standard approximation that pH = —log;o[H;0™].

2. A conductance measurement on this solution gives [H3z0™ J,cwa = 3.04 x 10~* mol dm 3

directly. Comment on the difference between this value and that found using the approximation
in 1. What implications does this have?

Answer
HA(aq) + H,O(1) == H;0" (aq) + A~ (aq)

. ([HO[I]{A] [A]mlq

actual

1. If the usual approximation that pH can be taken to be a measure of the concentration, rather
than the activity, is used:

pH = —log o[H;0"] = 3.53, giving [H;0"],,,.; = 2-95 x 10~*moldm™3.

This value suggests that the acid is sufficiently weak for there to be little ionisation, and for the
self ionisation of water to be ignored.

. _ [H3o+]ictua
K= (W) )

total

2.95 x 1074)* mol? dm°
_ 295X 107 ) moldm?_ ) 21076 mol dm
0.05 moldm

pK. =5.76

2. The measured [H3O+]amua1:3.04><1074 mol dm™® is to be compared with
that found from the approximation pH = —log,o[H;0"]=3.53 which gives
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[H30 acrua = 2.95 % 10~* mol dm 2. These two values are very similar suggesting that
the solution is close to ideality.

If the calculation is carried out using the formal rigorous definition of pH,
pH = —logpay,o+, then it is ay o+ which is equal to 2.95x 10~* mol dm ™, rather than

[H;0™]. Since ay,o+ = [H;0 "]y, then:

agor 295 x 10~ moldm™

= = = 0.970.
Ve [H;0%]  3.04 x 10~ moldm >

This value is close to unity, the value of y, for an ideal solution, confirming the previous
conclusion that the solution is close to ideality.

8.25.3 The weak acid where there is extensive ionisation

In this case there is only one valid approximation, i.e. the self ionisation of water can be
ignored.
The ionisation of chloro-ethanoic acid is a typical example:

CH,CICOOH aq) + H,0(1) = CH,CICOO~ (aq) + H30™ (aq)

K, = [CHZClCOOi]actual [H3 Oﬂactual (8.97)
[CHzClCOOH}aclual eq
_ (__ [CHyCICO0 ]y [H3O ]y (8.98)
[CH;CICOOH], ,, — [CH3CICO0 |,/ '

~ actual

H;0°]; (8.99)
[CH,CICOOH] H30 cwar / '

total [

Since this involves a quotient of concentrations it is a non-ideal equilibrium constant.

However, if the fundamental experimental measurement is a pH, then what is strictly
measured is apy,o+. But, the stoichiometric relation between [CH,CICOOH] i,
[CH>CICOOH],¢tua1 and [CH,CICOO™ [,crua Temains the same, i.e. is concentration based
and not activity based:

[CH,CICOOH],,,; = [CH,CICOOH], ,,.,, + [CH,CICOO] (8.100)

actual

which becomes:

[CH,CICOOH] [CH,CICOOH], ..., + [H30™ ], (8.101)

total —

and this involves a concentration of H;0"(aq) rather than an activity. To be able to use this
relation the concentration of H;0"(aq) must be found from the measured activity.
The ideal expression is:

Aay,0+ACH,CICO0~ Aay,0*+AdCH,CICO0™
(Ka)idea = (—“ ) = ( : ) (8.102)
a)ideal A4CH,CICOOH eq [CHZCICOOH]aCtuaIVCHZCICOOH eq

0121 o+
= 2 - (8.103)
{[CHQCICOOH]toml - [H3O ]actual}yCHZCICOOH eq
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This quotient involves the activity of H;0"(aq) in the numerator and the concentration of
H;07(aq) in the denominator, and is thus a mix of activity and concentration.

In this case non-ideality must be taken into account explicitly, in contrast to the situation
which obtained when the approximation of only slight ionisation is considered where there is
no term in [H30" ] a1 in the denominator, and the quotient of concentrations is virtually the
same as the quotient of activities.

Worked problem 8.21

Question

An aqueous solution of an acid, HX, at 25°C has a stoichiometric concentration of
6.24 x 1072moldm>. A spectrophotometric determination of [X ] carried out at a fre-
quency at which HX(aq) does not absorb gives [X ] =2.08x10"% mol dm .

1. What can be said about the strength of this acid?

2. Find pK, if non-ideality is totally ignored.

3. Find pK, when corrections are made for non-ideality.

4. Comment on the results.

Answer

L. [X ], = 2:08 x 1072 moldm~3; [HX],,..., = 6.24 x 10~2moldm >,

stoich

[Xi]actual B 2.08 x 1072 mol dm*3
HX] i, 6.24 x 10-2mol dm >

actual

=0.333

Fraction ionised =

This shows that the acid is considerably dissociated, and no approximations, other than
ignoring the self ionisation of water, can be made.

2. Ignoring non-ideality:
[HX] o = HX g + X Jacrual
Since there is only one source of H;0"(aq) and X (aq), viz. the ionisation of HX(aq):
[H;07]
X

X" ] actual
HX]

actual — [

[HX} HX] actual — [ total — [H3O+]actual

= (6.24 x 107 —2.08 x 107?)moldm

actual — [ total — [

=4.16 x 107> moldm >
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If non-ideality is ignored then the equilibrium constant is given as a quotient of concentrations
at equilibrium:
K ([H30+][X]) _2.08 x 10~* mol dm™ x 2.08 x 10~2moldm
: HX] /., 4.16 x 10-2mol dm >
= 1.04 x 10> moldm
..pK, = 1.98

3. Making corrections for non-ideality:

The activity coefficients have to be calculated from the ionic strength, found from the actual
concentrations of the ionic species.

I=1/2) ciz; =1/2(2.08 x 107> moldm ™ +2.08 x 10~> mol dm?)

=2.08 x 1072 moldm ™3

Since this is a fairly concentrated solution, then the Debye-Hiickel equation must be used
rather than the limiting law:

1 V2. 102
log 10; = —Az; v = —0.510mol"/2dm—/ x 1? 08 x 10

14V 1+ +/2.08 x 102

0.1442
— 0.510mol /2 dm? x 2502 1ol2 dm > = —0.064
0.510 mo dm™“ x [ 1412 mol /< dm 0.0643

mol'/2 dm—3/2

Since HX is uncharged yyx =1

K o <aH30+ aX) o ([H30+]actualyH30+ [X]actualyx>
a(ideal) — \ — -
eq eq

[HX] actual YHX
2.08 x 1072 moldm > x 0.862 x 2.08 x 1072 moldm~> x 0.862
4.16 x 10~2 moldm™>

apx

=7.74 x 107> moldm ™
-.'pKa(ideal) =211

In this case, allowing for non-ideality changes the value found for K, from
1.04 x 10~2moldm > to 7.74 x 103 mol dm >, with the change in pK, from 1.98 to 2.11.
This is a significant change, and shows that, for this acid where the basic measurement is a
concentration, corrections must be made for non-ideality. This should be contrasted with the
situation which obtains when the basic measurement is from an emf or from a pH, i.e. where
the basic measurement is an activity. This is illustrated in the following worked problem
where the pH of the same solution is the basic experimental measurement.

Worked problem 8.22
Question

The same aqueous solution of the acid, HX, of stoichiometric concentration equal to
6.24 x 1072 mol dm ™~ has a pH of 1.75 at 25°C.
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1. Find pK, if non-ideality is totally ignored.
2. Find pK, when corrections are made for non-ideality.

3. Comment on the results.

Answer
1. Ignoring non-ideality:

This means that the relation, pH = —log;o[H30"] can be used rather than pH = —log 104H;0* -
—log 19[H;0"] = 1.75, giving [H30"], .., = 1.78 x 1072 mol dm>.
Since there is only one source of H;0"(aq) and X (aq):
[H;07] X et = 1.78 x 107> mol dm 2.
HX], e = HX] o1 — H30 |, = (6:24 x 1072 — 1.78 x 10~%) mol dm ™
= 4.46 x 107> moldm

[H30+][x]> ~ 178 x 102 moldm ™ x 1.78 x 10> mol dm
eq

actual — [

Kafnon—i =
a(non—ideal) ( [HX] 4.46 x 10-2mol dm >
=7.1 x 107> moldm?
pKa(non-ideal) =2.15.
2. Correcting for non-ideality:
This requires calculation of I and y; which is carried out by a series of successive approxima-

tions. A simple calculation as in the previous problem is not possible since the fundamental
quantity which is known is the activity of H;0"(aq), whereas it is [H;0"] which is required.

o first approximation:

This is based on taking the concentrations as worked out in part 1. i.e. approximating the
activities to concentrations.

[H;0"] = [X7] = 1.78 x 10">mol dm > giving I = 1.78 x 1072 moldm 3.

0.510mol~ /2 dm>*? x 12v/1.78 x 102 mol'/2dm—3/2
lOg 10)/I- _ mo m X X mo m _ 70060

14++v1.78 x 102

.'.)/H30< - )/Xf - 0871
But yy,0+ [H307] = 1.78 x 107> mol dm*
1.78 x 1072
0.871

e This can be used to give a second approximate / = 2.04 x 10~> moldm > from which
Ym,0+ and [H;0™] can be found.

S [H;01] = moldm > = 2.04 x 102 mol dm >
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Successive approximations give as final values:
H30™], i = X Jactuar = 2-06 x 1072 mol dm ™
[HX], oy = (6.24 x 1072 —2.06 x 107) moldm > = 4.18 x 1072 mol dm*

actual —

actual

Ym0t = Yx- = 0.863 and yyux =1

The pH gives ay,o+ direct: pH = —logpay,o+ = 1.75
so that ay,o+ = apgx- = 1.78 x 10~ mol dm .

K _ (amorax-\ _ (178X 102 moldm > x 1.78 x 10~2 mol dm /2
a(ideal) = eq_ 4.18 x 102 moldm > x 1
= 7.6 x 10~ mol dm >

pKa(ideal) =212

aux

The values found for pK, are:
e ignoring non-ideality, pK, = 2.15.
e correcting for non-ideality, pK, = 2.12

Correcting for non-ideality gives a much smaller correction here, where pH measurements are
the basis, than was found for the same solution when spectrophotometry was the basis.

8.26 Graphical corrections for non-ideality

The most straightforward way to take account of non-ideality is to make measurements over a
range of ionic strengths, and then extrapolate to zero ionic strength. Solutions of differing
ionic strengths can be prepared in two ways:

e by making up differing concentrations of the weak acid on its own in water. This has the
disadvantage that even fairly high concentrations of a weak acid may not give much of a
range of ionic strengths simply because there never are sufficient ions present. However, the
ionic strengths obtained would be sufficiently low for the solutions to be close to ideality.

e by making up solutions containing the same stoichiometric concentration of acid but with
added inert electrolyte of differing amounts so that the ionic strengths of the solutions vary over
a wide range of ionic strengths. This method is by far the most systematic and accurate.

8.27 Comparison of non-graphical and graphical methods
of correcting for non-ideality

Calculated values of K, could be found from experimental data for each solution, with
corrections for non-ideality made by calculating the activity coefficients yy,o+ and y,- for
the ionic species and assuming yp, equal to unity. This would include any uncertainty
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associated with the Debye-Hiickel and Debye-Hiickel extended equations, and more impor-
tantly the inherent uncertainties resulting from the assumption that yy, is always unity, no
matter how high the ionic strength. The beauty of the graphical procedure is that it auto-
matically corrects for these uncertainties. In addition, since the ideal K is that found at zero
ionic strength what is needed is an accurate extrapolation. Deviations at high ionic strengths
should not affect this, but would affect a calculation of the ideal equilibrium constant found by
using the Debye-Hiickel equation to calculate activity coefficients.

8.28 Dependence of fraction ionised and fraction protonated
on ionic strength

Calculations show that the fraction ionised and fraction protonated increase as the ionic
strength increases. These calculations show that there should never be an automatic assump-
tion of only slight ionisation or slight protonation, especially at moderate or high ionic
strengths.

In general there are three important conclusions which can be reached:

e Jonic strength can have a quite dramatic effect on the pK of an acid or base, and conse-
quently on the fraction ionised or the fraction protonated, even though the stoichiometric
concentration remains the same.

e There could be situations where the effect of ionic strength could alter the fraction ionised
or fraction protonated to such an extent that the approximation of only slight ionisation or
protonation is no longer valid.

e Non-ideality must never be ignored when dealing with electrolyte solutions.

8.29 Thermodynamic quantities and the effect of non-ideality

If the equilibrium constant depends on ionic strength then so do the other thermodynamic
quantities relating to the equilibrium process such as AH®, AG®, AS®, AV® and AC). Hence
these must be calculated from the ideal K, or, if found independently of K, they must be
extrapolated to zero ionic strength.






Electrochemical Cells and EMFs

When a current is passed through a solution two contributing effects have to be considered:
e what the chemical effect is at the electrodes: this is considered in electrolysis;

e what the chemical effect is in the solution: this is considered in conductance studies;

e while in electrochemical cells and emf studies both effects must be considered.
Electrolysis and electrochemical studies will be discussed in this chapter, while conductance
will be discussed in Chapters 11 and 12.

In this chapter attention will be focused on carrying out calculations relating to emfs of
cells as well as explaining the principles involved.

Aims
By the end of this chapter you should be able to:

e discuss electrolysis in terms of the cathode and anode reactions, and migration of the
ions in solution;

e describe what is meant by an electrochemical cell, describe what is meant by a cell
operating reversibly and irreversibly, and formulate the conditions for reversibility of
cells;

e describe the reactions occurring at the electrodes of an electrochemical cell and the
migration processes taking place in the solutions around the electrodes;
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e list the types of electrodes commonly used in electrochemical cells;
e state the conventions for writing down electrochemical cells;

e understand the processes occurring in a cell with transport and a cell without
transport;

e appreciate the migration processes occurring in a cell where (i) a narrow tube, (ii) a
porous pot, (iii) a salt bridge joins the two electrode compartments;

e formulate thermodynamic quantities derivable from the emf of a cell;

e derive the Nernst equation for a variety of cells and correct for non-ideality;

e discuss the uses of concentration cells and ‘concealed’ concentration cells;

e carry out calculations leading to thermodynamic quantities for a wide variety of
reactions including acid/base equilibria, pH measurements, solubility products, ion
pair and complex formation;

o describe the use of cells in studying non-ideality and determination of y, values;

e explain the use of cells with and without transport to determine transport numbers.

9.1 Chemical aspects of the passage of an electric current
through a conducting medium

An electric current is the result of movement of an electric charge through a medium.
Quantitatively, the current is the charge passing per unit time.

In a metallic solid, the current is carried by movement of electrons in the solid. In a
solution, however, the current is carried by movement of charged particles, ions, present in the
solution.

A battery is often used as a source of current with the electron flow a result of the chemical
reactions occurring at the electrodes of the battery. The direction of the flow of electrons is
determined by the reactions at the electrodes of the battery. The negative terminal which is
connected to the negative electrode acts as the source of the electrons and so the chemical
reaction occurring at this electrode must be oxidation. The positive terminal which is
connected to the positive electrode acts as a sink for the electrons and so the reaction occurring
there must take up electrons, i.e. reduction.

If a metal is connected to a battery, then the current flowing is caused by movement of
electrons from the negative terminal of the battery through the solid metal and then back to the
positive terminal of the battery.

Study of the flow of a current in solution requires the solution to be connected to the
terminals of a battery by metal connectors connected to electrodes dipping into the solution.
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A different situation now results. The current is carried through the solution by means of any
charged particles in the solution, i.e. ions. Both cations and anions can carry the current. The
electrode which dips into the solution and is connected to the negative terminal of the battery
will be negatively charged, and so the reaction occurring on that electrode will be one which
takes up electrons and is therefore reduction. By convention, the electrode at which
reduction occurs is called the cathode. The electrode which dips into the solution and is
connected to the positive terminal is positively charged, because electrons must flow from here
back to the positive terminal of the battery. The reaction occurring here will be one which
produces electrons, i.e. oxidation. The electrode at which oxidation occurs is called the
anode. The overall flow is from the negative terminal of the battery through the solution back
to the positive terminal of the battery.

The terms cathode and anode are almost exclusively confined to a discussion of electrolysis
and are rarely used when discussing batteries and electrochemical cells where the important
feature is a statement of the polarity of the electrodes of the battery or cell. The terms cathode
and anode do not imply anything about the polarity, i.e. the charge, or sign, of the electrode.

In the solution being electrolysed the current is carried by the cations moving to the negative
electrode, the cathode, and by the anions moving to the positive electrode, the anode. The
fraction of the current carried by one ionic species in a solution is called the transport
number. The fraction of the current carried by the cations moving to the negative electrode is
written as 7., the fraction carried by the anions moving to the positive electrode is z_, where
ty+to=1.

If there is more than one type of cation present in the solution then, to a first approximation,
the cation which is in higher concentration will carry the greater fraction of the total current.
The same will apply to the anions. The other factor which influences the fraction of the current
carried by a given ion is the speed at which the ion moves in solution. However, with the
exception of H;O% (aq) and possibly OH™ (aq), the speed at which the ion moves is of much
lower importance in determining the fraction of the current carried by a particular ion than is
the concentration of the ion. H;0"(aq) and OH ™ (aq) are exceptions to this rule because they
have very high mobilities in aqueous solution relative to other ions, and this may counter-
balance the concentration effect.

9.2 Electrolysis

If two inert wires, such as platinum wires, acting as electrodes dip into an aqueous solution
and are connected to a source of electricity, such as a battery, a current will flow around the
circuit. After some time it becomes clear that something is happening at the electrodes
dipping into the solution. Bubbles of gas appear at each electrode. H,(g) appears at the
negative electrode, and O,(g) at the positive electrode. Likewise, a current will flow if two
copper electrodes dip into a solution of CuSOy4(aq). In this case Cu(s) will be deposited at the
negative electrode, and at the positive electrode copper will pass into solution as Cu>*(aq)
ions.

Processes such as these are termed electrolysis, i.e. a chemical reaction produced by
passage of an electric current through a solution. The type of reaction produced, e.g. evolution
of a gas, dissolution of a metal, deposition of a metal depends critically on what substance is
used as an electrode, and on the solution.
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Worked problem 9.1
Question
Interpret the following results in terms of:

e the cathode reaction;

the anode reaction;

e migration of the ions in solution;

the ions which carry the current.

1. Ag electrodes dipping into AgNOj(aq): Ag(s) goes into solution at the anode, and is
deposited at the cathode.

2. Ptelectrodes dipping into AgNO3z(aq): O, is evolved at the anode, and Ag(s) is deposited at
the cathode.

3. Pt electrodes dipping into H;SO4(aq): O, is evolved at the anode, and H;(g) is evolved at
the cathode.

4. Ptelectrodes dipping into NaCl(aq): Cl,(g) is evolved at the anode and H,(g) is evolved at
the cathode.

Answer
1. Ag(s) dipping into AgNO3(aq)

The solution contains: Ag*(aq), H;0™ (aq), NO; (aq), and OH ™ (aq). Reactions at the electro-
des are seen to involve deposition or dissolution of Ag(s) only. Thus H;0™ (aq), NO; (aq), and
OH™ (aq) do not contribute to the electrode processes.

Cathode reaction: involves uptake of electrons, Ag™ (aq) + e — Ag(s)
Anode reaction: involves release of electrons, Ag(s) — Ag™(aq) +e
Migration of ions: Ag™(aq), H;O"(aq) migrate to the cathode
NO5 (aq), and OH™ (aq) migrate to the anode.
Current carried by: mainly by Ag*(aq) since [Ag"] > [H;07]
mainly by NOJ (aq) since [NO3| > [OH™]

2. Pt(s) dipping into AgNO5(aq)
The solution contains Ag*(aq), H30" (aq), NOj (aq), and OH™ (aq). Ag(s) is deposited at the
cathode while O,(g) is evolved at the anode.

Cathode reaction: involves uptake of electrons, Ag™(aq) + e — Ag(s)
Anode reaction: involves release of electrons. However, in this electrolysis there is no Ag(s)
to go into solution. The electrode is platinum which is a very inert metal and does not readily
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dissolve in aqueous solution to give ions and release electrons. Also some species in the
solution must be the source of the O,(g) and must also be able to release electrons. Out of the
two anions present only OH™ (aq) can produce O,(g) and the chemical reaction must be:
20H™ (aq) — Y202(g) + H,O(1) + 2e

Migration of ions: Ag™(aq), H;O"(aq) migrate to the cathode

NO; (aq), and OH™ (aq) migrate to the anode.
Current carried by: mainly by Ag™(aq) since [Ag™] > [H307]

mainly by NOj (aq) since [NO3| > [OH™]

3. Pt dipping into H,SOy4(aq)

Here there is no metal involved in the electrode reactions and the ions in solution are
H;07(aq), SO (aq) and OH (aq).
Cathode reaction: involves uptake of electrons; the only species which could do this is
Hj,()+ (Elq)7 2H3O+ (aq) + 2e — H2 (g) —+ 2H20(1)
Anode reaction: involves release of electrons. Of the two anions in solution it is only
OH™ (aq) which could release electrons and give Ox(g):
20H (aq) — ¥0,(g)+ H,0(1) + 2¢

Migration of ions: H;0" (aq) migrates to the cathode

SOff(aq), and OH™ (aq) migrate to the anode.
Current carried by: by H;O" (aq) only, there being no other cation present

mainly by SO (aq) since [SO3 "] >> [OH]

4. Pt dipping into NaCl(aq)

The ions in solution are Na*(aq), H;07 (aq), Cl~ (aq) and OH ™ (aq).

Cathode reaction: involves uptake of electrons; the only species which could do this are
Na'(aq) and H;O " (aq). It is very difficult to deposit Na(s) from solution — remember: Na(s)
reacts violently with HO(1). The only way to deposit Na(s) from solution would be to have it
come immediately into contact with Hg(l) to form a non-reactive amalgam, and this is not
possible here. Hence discharge of H;O7" (aq) is the only possible cathode reaction:

2H3,OJr (aq) + 2e — Hz(g) + 2H20(1)

Anode reaction: involves release of electrons. The only two species which could do this
are Cl (aq) and OH (aq) giving Cly(g)and Oy(g). Cl,(g) is observed, and so the anode
reaction is:

2C1" (aq) + 2e — Cly(g)

Migration of ions: Na™ (aq) and H;O"(aq) migrate to the cathode
Cl™ (aq) and OH™ (aq) migrate to the anode.
Current carried by: mainly by Na*(aq): [Na*] > [H;0"]
mainly by Cl™(aq) since [C17] > [OH ]

Note: Discharge of a particular ion at the electrode depends on the nature of the electrolyte in
this case, whereas in (1) and (2) it depended on the nature of the electrode.
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9.2.1 Quantitative aspects of electrolysis

Experiment shows that the number of mol of a substance evolved, deposited or going into
solution at an electrode is proportional to the amount of electrical charge passed. The charge is
given by the product of the current passed and the time for which it is passed. The units of
current are ampere, A, and so the units of charge are ampere second, A s, or coulomb, C. If one
mol of electrons is passed, the charge passing is called one faraday, and this is found to be
9.6485 x 10* C. The charge on one electron is 1.60218 x 107! C, so that the charge on one
mol of electrons is 1.60218 x 10712 C x 6.0221 x 10?* = 9.6485 x 10*C.

The quantitative aspect of electrolysis is an exercise in stoichiometry, identical to those
given in other chapters, but, in addition, it includes a consideration of the number of electrons
involved. Since reaction at the positively charged anode involves release of electrons the
chemical reaction occurring is one of oxidation, while at the negatively charged cathode the
reaction involves uptake of electrons and is thus reduction. The amount of substance oxidised
or reduced at the electrodes is related to the amount of electricity passed, i.e. the charge
passed, through the stoichiometry of the redox processes occurring.

When Zn electrodes dip into ZnSQOy, solution, Zn(s) goes into solution at the anode and Zn(s)
is deposited at the cathode and the reactions occurring are:

at the anode  Zn(s) — Zn*"(aq) + 2e
at the cathode Zn*"(aq) + 2e — Zn(s)

and 2 mol of electrons, i.e. 2 faraday, would cause 1 mol of Zn”(aq) to be formed around the
anode and 1 mol of Zn(s) to be deposited at the cathode,

or n faraday would cause 1/2 mol of Zn>* (aq) to be formed around the anode and 7/2 mol of
Zn(s) to be deposited at the cathode.

Worked problem 9.2
Question

Carry out the same sort of analysis as given above in Section 9.2.1 for reaction 2 of Worked
Problem 9.1.

Answer
at the anode : 20H" (aq) — Y20,(g) + H,O(1) + 2e
at the cathode : Ag'(aq) +e — Ag(s)

In this case the number of electrons have to be the same, and so the cathode reaction will have
to be written as:

2Ag" (aq) + 2e — 2Ag(s)

and so 2 mol of electrons, i.e. 2 faraday, will cause %2 mol of O,(g) to be formed around the
anode and 2 mol of Ag(s) to be deposited at the cathode. Likewise 2n faraday will cause n/2
mol of O,(g) to be formed around the anode and 2xn mol of Ag(s) to be deposited at the cathode.
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An alternative procedure would be to halve the initial reaction occurring at the anode giving
for the electrode reactions:

at the anode : OH ™ (aq) — %40,(g) + 2H,0(1) + e
at the cathode : Ag'(aq) + e — Ag(s)

with the corresponding statement:

1 mol of electrons, i.e. 1 faraday, will cause % mol of O,(g) to be formed around the anode
and 1 mol of Ag(s) to be deposited at the cathode. Likewise n faraday will cause n/4 mol of
0O,(g) to be formed around the anode and n» mol of Ag(s) to be deposited at the cathode.

It is immaterial which stoichiometry is used, provided everything is internally self
consistent.

Worked problem 9.3
Question

A 0.1 mol dm~ solution of H,SO, is electrolysed using Pt(s) electrodes. If a current of 0.500
A is passed for 1 hour 40 minutes, find the number of mol deposited or released at the
electrodes.

Answer

3000
9.6485 x 10*
=3.11 x 10~ *faraday

Charge passed = 0.500 A x 100 x 60s = 3000C = faraday

Anode reaction: release of electrons and evolution of O,(g)
20H (aq) — %0,(g) + HO(1) + 2e

Cathode reaction: uptake of electrons and evolution of H,(g)
2H;07 (aq) + 2e — Hy(g) + 2H,0(1)

Passage of 2 mol of electrons, i.e. 2 faraday will release ¥2 mol of O,(g) and 1 mol of H(g).
.". Passage of 3.11 x 1072 faraday will release % x 3.11 x 10~2mol of O,(g) = 7.77x
1073 mol of O, (g) and %2 x 3.11 x 1072 mol of Hy(g) = 1.555 x 1072 mol of Hy(g).

9.2.2 A summary of electrolysis

e The direction of flow of electrons determines the charge on an electrode, and this in turn
determines the type of reaction occurring at that electrode.

e If electrons flow to an electrode, the electrode becomes negatively charged. The reaction
which occurs is one which can take up electrons, i.e. reduction, and the electrode is called
the cathode.

o Ifelectrons flow from an electrode, the electrode becomes positively charged. The reaction which
occurs is one which gives up electrons, i.e. oxidation, and the electrode is called the anode.
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e The current flows in the solution from the negatively charged electrode, the cathode, to the
positively charged electrode, the anode.

o In solution, the current is carried by the ions in solution, with the cations moving to the
cathode and the anions moving to the anode.

e The fraction of the current carried by each type of ion is called the transport number.

9.3 Electrochemical cells

What is being studied here is how a chemical effect, at the battery electrodes, leads to an
electrical effect, a current, in contrast to the situation in electrolysis where an electrical effect,
the current, leads to a chemical effect, electrolysis.

An electrochemical cell is a source of electricity. Such cells can operate irreversibly when
being used as a source of a current, or reversibly, as in emf studies. The terms irreversible and
reversible are being used in the thermodynamic sense of the terms (see Section 8.3).

9.3.1 The electrochemical cell operating irreversibly or reversibly

A battery is an electrochemical cell operating irreversibly, and is capable of generating a
current and a potential difference. The potential difference is set up by virtue of the chemical
reactions occurring at the electrodes of the battery. This potential difference can be measured
by connecting a voltmeter across the terminals of the battery. When current is taken from the
battery, e.g. in electrolysis, it is operating irreversibly.

If, however, the battery is connected to another cell and the potential difference is balanced
by an equal and opposite potential difference the cell can operate reversibly (see Sections 9.3.4
and 9.3.5 below).

The chemical reactions occurring externally by virtue of the battery generating a current
are studied in electrolysis. In contrast, the chemical processes occurring at the electrodes of
the cell itself are the subject of emf studies.

9.3.2 Possible sources of confusion

Confusion can result from the terminology used. When a cell is being used to generate an
electric current, it is termed a battery and it is then operating irreversibly. When a cell is being
used reversibly to study emfs then it is called an electrochemical cell, or galvanic cell.
However, the processes occurring in the cell are the same in both cases. What differs is the
use being made of the cell.

Confusion can also arise in the use of the terms anode and cathode. These should be
confined to electrolysis. The electrodes of an electrochemical cell are best described in terms
of their polarity.

9.3.3 Cells used as batteries as a source of current, i.e. operating irreversibly

The Daniell cell is most commonly used for illustrative purposes. In this cell, a zinc electrode
dips into an aqueous solution of ZnSO, and a copper electrode dips into an aqueous solution of
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CuSO,. These two solutions are separated by a porous partition to avoid bulk physical mixing
of the two solutions, but which allows electrical contact between the two solutions.

If a Zn(s) wire dips into an aqueous solution of ZnSO, two things might happen. The Zn(s)
might go into solution as Zn>*(aq) or the Zn>*(aq) might deposit out from the solution as
Zn(s). Likewise for a Cu(s) wire dipping into an aqueous solution of CuSQOy,, either Cu(s)
might go into solution as Cu2+(aq) or Cu(s) might deposit out. It will be shown later that both
Zn(s) and Cu(s) have a tendency to form Zn”(aq) ions and Cu* (aq) ions in aqueous solutions
of their ions, but that the tendency for Zn(s) to do this is much greater than that for Cu(s).
Similarly, when Zn(s) and Cu(s) are placed in a solution containing both Zn>*(aq) and
Cu”(aq), the tendency for Cu(s) to deposit out of solution is greater than for Zn(s).

If the Zn(s) and Cu(s) are connected together via a voltmeter, a potential difference is set up
and electrons flow in this external part of the circuit. The electron flow direction is found from
the direction of deflection of the voltmeter needle, and for this cell electrons flow from the
Zn(s) through the voltmeter to the Cu(s). Since electrons flow from the Zn(s), then electrons
are being generated on the Zn(s) electrode by virtue of the chemical reaction occurring at this
electrode. Putting electrons into the electrode causes it to be the negative electrode. Genera-
tion of electrons corresponds to an oxidation reaction. By definition, an electrode at which
oxidation occurs is the anode, but as indicated earlier this term is best restricted to electrolysis.
The important point is that the Zn electrode has a negative polarity. The reaction will be
conversion of the Zn(s) electrode to Zn>*(aq) in solution. The electrons generated by reaction
then leave this electrode to flow, via the terminal of the cell, through the external circuit to the
Cu electrode.

At the Cu electrode the reaction is, therefore, uptake of electrons, i.e. reduction, and at this
electrode Cu“(aq) comes out of solution, takes up the electrons and is deposited as Cu(s).
Since the electrons are removed from the electrode it becomes the positive electrode, and
more importantly it has positive polarity. Again, this electrode could be termed the cathode.

The current in the external circuit corresponds to a flow of electrons from the negative Zn
electrode to the positive Cu electrode. But, in the cell itself the current is carried by the
migrating ions. Some of the Cu®>*(aq) ions migrate to the electrode at which they are being
used up, i.e. they migrate to around the positive electrode. Electrical neutrality around the
Cu(s) electrode is maintained partly by Cu**(aq) migrating in and partly by SO3~(aq) moving
out, i.e. some SOﬁ‘(aq) migrates to the negative electrode. It is important to realise that the
amount of Cu’* (aq) migrating in only partially replaces the Cu?>*(aq) removed by reaction at
the electrode (see Worked Problem 9.4).

Some of the Zn>*(aq) ions migrate away from the electrode at which they are being
produced, i.e. they migrate away from around the negative electrode. Electrical neutrality
around the Zn electrode is maintained partly by Zn>*(aq) migrating out and partly by
SOﬁ’(aq) moving in, i.e. some SO%’(aq) migrate to the negative electrode. It is also
important to realise that not all of the Zn>*(aq) produced at the negative electrode will
migrate away.

Take note:

e The migration processes are contrary to what might be expected:
Zn”*(aq) ions migrate away from the negative Zn(s) electrode;

Cu’*(aq) ions migrate to the positive Cu(s) electrode;
SOZ‘(aq) ions migrate to the negative Zn(s) electrode from the positive Cu(s) electrode.



282 CH9 ELECTROCHEMICAL CELLS AND EMFS

e Migration of the ions is the physical process by which the current is carried through the
solution. Removal or production of the ions at the electrodes is the chemical process by
which electrons can flow to or from the battery to the external circuit.

e The magnitude of the potential difference set up between the two electrodes of the Daniell
cell is a measure of the relative tendencies for the two following processes to occur:

Zn(s)—Zn>" (aq) + 2e

Cu(s)—Cu?*" +2e
and depends on the relative magnitudes of the activities of the two ions in solution, and on
the temperature. When the cell is used as a source of current it continues to operate until

either all of the Zn(s) is used up, or all of the Cu2+(aq) is deposited out of solution. In this
respect it is acting irreversibly.

e The fundamental principle governing all aspects of electrolyte solutions is that electrical
neutrality must be maintained throughout the solution (see Section 2.12).

Worked problem 9.4
Question

Explain the statements that not all of the Zn>* (aq) going into solution migrates away from the
negative electrode, and that the amount of Cu?"(aq) migrating into the solution around the
positive electrode only partially replaces the Cu*(aq) removed by reaction at that electrode.
Use an argument based on transport numbers.

Answer

Processes occurring around the negative electrode
Zn(s)—Zn>" (aq) + 2e

2 faraday of electricity cause 1 mol of Zn(s) to go into solution as Zn>*(aq). The fraction of the
current flowing through the solution carried by the migrating Zn>"(aq) will be 7., and the
charge carried by the migrating Zn>*(aq) will be 2z, faraday. Consequently the amount of
Zn*(aq) migrating away from the electrode and through the solution will be 7, mol and not
1 mol. Hence not all of the Zn>* (aq) which is produced at the negative electrode will migrate
away, only 7, mol do. The fraction of the current carried by the SO?[(aq) migrating in the
opposite direction will be (1 — ¢.), i.e. 7_, and the charge carried by the migrating SOﬁ’(aq)
will be 2¢_ faraday. The amount of SOi’(aq) migrating to the electrode will be 7_ mol not 1 mol.

Remember

both 7, and 7_ are necessarily less than unity: by definition £, +¢_ = 1.



WORKED PROBLEM 9.5 283

Processes occurring around the positive electrode
Cu?"(aq) 4 2e—Cu(s)

2 faraday of electricity cause 1 mol of Cu®"(aq) to come out of solution as Cu(s). The fraction
of the current flowing through the cell carried by the Cu>* (aq) as it migrates towards the Cu(s)
electrode will be 7, and the charge carried by the migrating Cu®*(aq) will be 2¢, faraday.
Consequently the amount of Cu®"(aq) migrating to the electrode will be #, mol and not 1 mol.
Hence not all of the Cu®*(aq) which is removed at the positive electrode will be compensated
by the Cu* (aq) migrating to the electrode, only 7, mol. The fraction of the current carried by
the SOZ’ (aq) migrating in the opposite direction will be (1 —¢,), i.e. 7_, and the charge
carried by the migrating SOZ’(aq) will be 2¢_ faraday. The amount of SOﬁ’(aq) migrating
away will be 7_ mol not 1 mol.

These processes taken together will maintain electrical neutrality throughout the solution.

Worked problem 9.5
Question

Discuss the processes occurring in the following electrochemical set up. A Daniell cell is
being used to generate an electric current which causes electrolysis in a solution of
AgNO;j(aq). The electrodes are Ag(s) wires dipping into the AgNO;s(aq) solution. It is
observed that electrons flow from the Zn(s) electrode of the Daniell cell to the electrolytic
cell, and from the electrolytic cell back to the Cu(s) electrode of the Daniell cell.

Answer

e Since electrons flow from the Zn(s) electrode of the Daniell cell they must be generated at
that electrode, and so the reaction occurring is release of electrons, i.e. oxidation: Zn(s) —
Zn**(aq) + 2e. The Zn(s) electrode is the negative electrode of the Daniell cell.

e Electrons flow through the conducting wire to the Ag(s) electrode of the electrolytic cell
forcing this electrode to be negative. The reaction occurring is uptake of electrons i.e.
reduction: Ag*(aq) +e — Ag(s) and the electrode is the cathode. The Ag*(aq) in the
solution being electrolysed will migrate to it.

e The other Ag(s) electrode which is connected to the Cu(s) of the Daniell cell must be a
positive electrode since electrons must flow from this electrode to the Cu(s) electrode to
complete the circuit. The reaction occurring must generate these electrons, i.e. oxidation
occurs: Ag(s) — Ag*(aq) + e, and the electrode is an anode. The NOj (aq) anions in
solution being electrolysed will migrate towards it.

e Since electrons are flowing from the anode of the electrolytic cell to the Cu(s) electrode of
the Daniell cell, the reaction occurring at this electrode must take up these electrons i.e. be
reduction:

Cu’*(aq) + 2e—Cu(s).
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e Since electrons are being removed at this electrode it is positively charged.

e The current is carried between the two electrodes of the Daniell cell by migration of the ions
in the solution through the porous pot separating the two electrode compartments. Zn>* (aq)
ions migrate away from the negative electrode of the Daniell cell and Cu®**(aq) ions move
towards the positive electrode of the Daniell cell, with SOﬁ’ (aq) ions moving to the
negative electrode.

9.3.4 Cells operating reversibly and irreversibly

Provided the argument is restricted to what happens at the electrodes, the Daniell cell can
also be used to demonstrate what is meant by a cell operating reversibly and operating
irreversibly.

The Daniell cell, an opposing second cell and a galvanometer are joined up in series in a
complete circuit. The galvanometer is present to demonstrate whether a current is flowing and,
if so, the direction of the flow of electrons.

o If the second cell has an equal potential difference, then the two potential differences are
exactly balanced, there will be no current flowing from the Zn(s) through the external
circuit to the Cu(s) and the Daniell cell will operate reversibly. There will be no reactions
occurring at the electrodes.

o If, however, the emf supplied by the cell in the external circuit is less than that of the Daniell
cell, then electrons will flow from the Zn(s) electrode through the external circuit to the
Cu(s) electrode, and the cell is operating irreversibly and spontaneously. Reaction will
occur at the electrodes of the Daniell cell with the Zn(s) electrode being the negative
electrode from which electrons will flow to the external circuit, and thence to the Cu(s)
electrode which will act as a sink for these electrons and be positively charged. Current will
thus flow through the external circuit. The reactions occurring are:

at the negative electrode : Zn(s) — Zn>"(aq) + 2e
at the positive electrode : Cu”*"(aq) 4 2e — Cu(s)

o If, however, the external emf is greater than that of the Daniell cell, then this will force
electrons to flow from the cell in the external circuit to the Zn(s) where reaction will be
uptake of electrons leaving the Zn(s) electrode positively charged. Electrons will then flow
back to the external cell from the Cu(s) which is thus being forced to behave as a supplier of
electrons, making it be the negative electrode of the Daniell cell. Current will thus
flow through the external circuit. The Daniell cell is again operating irreversibly and
spontaneously, but the electrode reactions occurring in the Daniell cell are now reversed,
ie.

at the negative electrode : Cu(s) — Cu’*(aq) + 2e
at the positive electrode : Zn>"(aq) + 2e — Zn(s)

This type of experiment defines the conditions for reversibility.
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9.3.5 Conditions for reversibility of cells

For an electrochemical cell to be reversible in the thermodynamic sense, it must satisfy all of
the following conditions:

e When there is no current flowing through the cell, as when it is connected to a balancing
external potential difference, then there must be no chemical change in the cell.

e Starting from a state in which no current flows and no chemical change occurs, it must be
possible to produce a flow of current through the cell and chemical change in the cell by a
vanishingly small change in the external circuit.

e It must be possible to exactly reverse the flow of current and the accompanying chemical
change by a corresponding vanishingly small displacement in the opposite direction.

9.4 Some examples of electrodes used in electrochemical cells

9.4.1 Gas electrodes

The H, electrode, Pt(s)|H,(g)|HCl(aq), is the most common and most often used gas
electrode. The vertical lines represent boundaries between different phases, and the Pt(s) is
the part of the electrode which connects to any external circuit. This electrode consists of a
platinum wire covered by finely divided platinum and saturated with bubbles of H,(g) at a
known pressure dipping into aqueous HCI of known concentration. The reactions occurring at
the electrode depend on whether the electrode functions as a positively charged electrode or as
a negatively charged electrode in an electrochemical cell.

e As a positive electrode: electrons are removed from the electrode leaving it positively
charged, reaction is uptake of electrons and reduction occurs: H3;0"(aq) +e —
Y2H,(g) + H2O(1)

e As a negative electrode: electrons are generated on the electrode making it negatively
charged, reaction releases electrons and oxidation occurs: %2 Hy(g) + H,O(1) —
H30"(aq) +e

e Which occurs depends on the electrode to which the H; electrode is paired in the electro-
chemical cell.

e Both Hy(g) and H30"(aq) must be simultaneously present and the electrode is termed
reversible with respect to the species in solution, here H;0" (aq). H;0"(aq) is the species
in solution which appears in the electrode reactions occurring when it functions as a positive
or as a negative electrode.

Other typical gas electrodes are:

(i) chlorine gas bubbling over a platinum wire dipping into a chloride solution,
Pt(s)[Cla(g)[|CI™ (aq).
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(i) oxygen gas bubbling over a platinum wire dipping into a hydroxide solution,
Pt(s)|O2(g)| OH™ (aq)

Worked problem 9.6
Question

Write down the reactions occurring at the electrodes when each of these electrodes quoted
above functions as (i) a positive electrode, (ii) a negative electrode. What is the species to
which these are reversible?

Answer

(1) as a positive electrode: electrons are used up and the electrode is positively charged,

Cly(g) + 2e—2Cl1 (aq)
150,(g) + HoO(1) + 2e—20H ™ (aq)

(i1) as a negative electrode: electrons are generated and the electrode is negatively charged,

2CI" (aq)— Cly(g) + 2¢
20H (aq)— %0,(g) + H,0(1) + 2e

The species in solution which appears in the electrode reaction is the species with respect to
which the electrode is reversible. This is C1~(aq) for the chlorine electrode and OH™ (aq) for
the oxygen electrode.

9.4.2 Metal electrode dipping into an aqueous solution of its ions

Typical examples are: Cu(s)|Cu’*(aq), Zn(s)|Zn**(aq), Sn(s)|Sn>*(aq), Pb(s)|Pb**(aq),
Ag(s)|Ag*(aq). The reactions occurring again depend on the other electrode in the
electrochemical cell. The species in solution which appears in the electrode reaction is
the species with respect to which the electrode is reversible. In general when the electrode
functions:

e as a positive electrode: reaction is uptake of electrons, i.e. reduction, M* (aq) + ze —
M(s),

e as anegative electrode: reaction is release of electrons, i.e. oxidation, M(s) — M*" (aq)+
Ze’

o the metal cation in solution is the species to which these electrodes are reversible.



WORKED PROBLEM 9.6 287

9.4.3 Metal coated with a sparingly soluble compound of the metal
dipping into an aqueous solution containing the anion of the sparingly
soluble compound

One of the most common examples is that of a Ag(s) wire coated with a silver halide and
dipping into an aqueous solution of the halide. It is worthwhile remembering here that a
source of the halide must always be present in solution.
1. Ag(s)|AgCl(s)|HCl(aq)
The reaction occurring at this electrode depends on the electrode with which it is coupled. It is
more difficult to work out what happens at this electrode than with a Ag(s)|Ag™ (aq) electrode.
The AgCl(s) is made up of a lattice of Ag™ and Cl1~ ions. The Ag™ ions in the solid can take up
electrons generating Ag(s) which is part of the electrode. The excess C1~ ions of the lattice end
up as ions in the solution. The reverse process can occur. It is important to realise that for this
electrode to work all of Ag(s), AgCl(s) and Cl~ (aq) must be simultaneously present and part of
the electrode assembly, and the electrode reaction involves the AgCl(s) and the Cl~(aq) as
well as the Ag(s).

When it acts:

e as a positive electrode: reaction takes up of electrons, i.e. reduction, AgCI(s) +e —
Ag(s) + CI” (aq),

e as a negative electrode: reaction releases electrons, i.e. oxidation, Ag(s) + Cl™(aq) —
AgCI(s) +e.

This electrode is called an electrode which is reversible to C1~(aq). The electrode is reversible
with respect to the species in solution which is involved in the electrode reaction. In this case
Cl™ (aq) is formed in the solution around the electrode when it acts as a positive electrode, and
is removed from the solution around the electrode when it is acting as a negative electrode. If
there were no Cl~(aq) in solution, the electrode would not function as an electrode.

2. Hg(1)[Hg,Cly(s)|CI (aq)

This is the calomel electrode and is often used in electrochemical studies. Hg(1), Hg,Cl,(s) and
Cl~(aq) must be part of the electrode assembly and all must be present, and the electrode
reaction involves the Hg>Cl,(s) and the Cl™(aq) as well as the Hg(1).

The solid Hg,Cl, acts as a source of Hg3 " and C1~ ions. The Hg3 " ions in the solid can take
up electrons generating Hg(1) which is part of the electrode. The excess C1~ ions generated end
up as ions in the solution. The reverse process can occur.

When it acts:

e as a positive electrode: reaction takes up electrons, i.e. reduction, Hg,Cl,(s) + 2e —
2Hg(1) + 2Cl1™ (aq);

e as a negative electrode: reaction releases electrons, i.e. oxidation, 2Hg(1) + 2C1™ (aq) —
Hg,Cl,(s) + 2e.

The species in solution is the CI~(aq), and the electrode is termed reversible with respect to
Cl™(aq).
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Worked problem 9.7
Question

Write down the reactions occurring when the Pb(s)|PbL,(s)|KI(aq) electrode functions as a
(i) positive electrode, (ii) negative electrode. What is the ion with respect to which this
electrode is reversible?

Answer

(i) as a positive electrode: reaction must involve uptake of electrons
Pbl,(s) + 2e—Pb(s) + 21" (aq)

(i1) as a negative electrode: reaction must involve generation of electrons
Pb(s) 4+ 2I" (aq)—Pbly(s) + 2e

The electrode is reversible with respect to I~ (aq), and all three species Pb(s), Pbl,(s), " (aq)
must be present for this to act as an electrode.

9.4.4 The redox electrode

This electrode is made up of a platinum wire dipping into an aqueous solution of ions of a
metal in two oxidation states. Alternatively the solution could be that of a complex of a metal
in two oxidation states. The electrode is reversible to the oxidised and reduced forms of the
species in solution which appear in the electrode reactions.

Typical examples are:

Pt(s) dipping into Fe(NOs),(aq) and Fe(NOs)3(aq), i.e. a solution of Fe** (aq) and Fe®(aq).

Pt dipping into Fe(CN)g_ (aq) and Fe(CN)g_(aq), essentially a solution of Fe**(aq) and
Fe® +(aq).

Pt(s) dipping into a solution containing Sn*"(aq) and Sn*"(aq) ions.

Pt(s) dipping into a solution containing Ce**(aq) and Ce*"(aq).

9.4.5 Reactions occurring at the electrodes in a redox cell
1. Pt(s)|Fe’* (aq), Fe*" (aq)

Note: both oxidised and reduced forms must be present in the same solution, and so are
written as separated only by a comma and not by a line.
When this electrode functions:

e as a positive electrode: reaction takes up electrons, i.e. reduction. The Fe’"(aq) can be
reduced, and the electrode reaction is: Fe** (aq) + e — Fe?*(aq).
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e as a negative electrode: reaction releases electrons, i.e. oxidation. The Fe2+(aq) can be
oxidised, and reaction is: Fe* (aq) — Fe’*(aq) + e

The species in solution involved in the electrode reactions are Fe”(aq) and Fe”(aq). The
electrode is reversible with respect to both Fe?*(aq) and Fe®"(aq).
2. Pt(s)[Fe(CN); ™ (aq), Fe(CN)5~ (aq)

This electrode consists of Pt(s) dipping into an aqueous solution containing Fe(CN);‘* (aq) and
Fe(CN), (aq). But a solution of Fe(CN)¢ ™ is an equilibrium mixture of Fe?"(aq), CN™(aq),
and the complex Fe(CN)¢ ™ (aq),

Fe(CN)¢ (aq)=—=Fe’" (aq) + 6CN~(aq)

and functions as a source of Fe”(aq).
Likewise a soluti013170f Fe(CN )27 (aq) is an equilibrium mixture of Fe®"(aq), CN~(aq),and
the complex Fe(CN); ™ (aq),

Fe(CN)} ™ (aq)=—=Fe** (aq) + 6CN~(aq)
and functions as a source of Fe3+(aq).

The cell is thus essentially a redox cell where Fe?" (aq) can be oxidised, and Fe3+(aq) can
be reduced, and the reactions occurring at the electrodes can be written as for Pt(s)[Fe?" (aq),
Fe™* (aq)

When this electrode functions:

e as a positive electrode: reduction occurs, Fe** (aq) + e—Fe’ " (aq)

e as a negative electrode: oxidation occurs, Fe’" (aq)—Fe**(aq) + e

The electrode is reversible with respect to both Fe>"(aq) and Fe® "(aq), but it could also be said
to be reversible with respect to both Fe(CN)gf(aq) and Fe(CN)zf(aq) since these are the
principal species present in solution and the complexes are the sources of Fe*'(aq) and
Fe**(aq). When the electrodes are thought of in this way, the reactions are:

e as a positive electrode: reduction occurs, Fe(CN); (aq) + ¢ — Fe(CN), ™ (aq)

e as a negative electrode: oxidation occurs, Fe(CN)¢ (aq) — Fe(CN); (aq) + e

Worked problem 9.8
Question

e Giving your reasoning, write down the electrode reactions occurring when the following
electrode, Pt(s)|Co(edta)*™ (aq), Co(edta)~ (aq), acts as:

(1) a positive electrode, (ii) a negative electrode. What are the species to which this electrode is
reversible?
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Answer

Both oxidised and reduced forms must be present in the same solution, and these can be
considered to be either Co”(aq) or Co(edta)~(aq) as the oxidised species, and Co”(aq) or
Co(edta)zf(aq) as the reduced species.

A solution of Co(edta)®” is an equilibrium mixture of C02+(aq), edta4_(aq), and the
complex Co(edta)zf(aq), and so functions as a source of Co”(aq).

Likewise a solution of Co(edta)~(aq) is an equilibrium mixture of C03+(aq), edta47(aq) and
the complex Co(edta)™(aq), and so functions as a source of Co’ *(aq).

The cell is thus essentially a redox cell where Co** (aq) can be oxidised, and Co® *(aq) can
be reduced.

When this electrode functions:

e as a positive electrode: reaction takes up electrons, i.e. reduction, and reaction is
Co’ +(aq) +e— C02+(aq), or equivalently Co(edta) (aq) +e — Co(edta)zf(aq).

e as a negative electrode: reaction releases electrons, i.e. oxidation, and reaction is
Co*"(aq)— Co3+(aq) + e, or equivalently Co(edta)®~ (aq)— Co(edta) (aq) +e.

The electrode is reversible with respect to both Co®"(aq) and Co®(aq), or equivalently to
both Co(edta)zf(aq) and Co(edta)~ (aq).

9.4.6 The amalgam electrode

These are mainly used in the study of reactions involving alkali metals. Because of the
extreme reactivity of alkali metals it is impossible to have a reversible electrode of the type
M(s)|M " (aq) or M(s)[MX(s)| X~ (aq). This can be overcome by dissolving the alkali metal in
Hg(1) which gives an alkali metal amalgam which is attacked much less vigorously by water.
The Na(Hg)|Na " (aq) electrode is a common example of this type of electrode which behaves
reversibly.

When this electrode functions:

e as a positive electrode: reaction takes up electrons, i.e. reduction, Na'(aq)+e —
Na(Hg),

e as a negative electrode: reaction releases electrons, i.e. oxidation, Na(Hg)— Na'(aq) +e.

This electrode is reversible with respect to Na™(aq) since this is the species in solution.
A similar electrode is the cadmium amalgam electrode, Cd(Hg)|Cd2+(aq) where:

reaction as a positive electrode : Cd*"(aq) + 2e — Cd(Hg)
reaction as a negative electrode : Cd(Hg) — Cd*"(aq) + 2e

The electrode is reversible with respect to Cd*"(aq).
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Worked problem 9.9
Question
Write down the reactions occurring when the following electrodes act as:

e a positively charged electrode;

a negatively charged electrode;

write down the species to which the electrodes are reversible.
1. Pb(s|Pb**(aq)

2. Pt(s)|Sn**(aq), Sn**(aq) ions.

3. Cu(s)|CuCl(s)|Cl™ (aq)

4. Pt(s)|Ce** (aq), Ce** (aq).

5. Pb(s)[PbSO4(s)|SO3 (aq)

Answer

Remember — when an electrode functions as:

e a positively charged electrode, reaction is uptake of electrons, i.e. reduction;
e a negatively charged electrode, reaction is release of electrons, i.e. oxidation.

e The number of electrons involved is determined by the charges on the oxidised and reduced
forms.

1. Pb(s)[Pb*"(aq)
positive electrode: Pb”(aq) +2e — Pb(s)
negative electrode: Pb(s) — Pb>" (aq)+2e
reversible with respect to: Pb>"(aq)

2. Pt(s)|Sn**(aq), Sn**(aq) ions.
positive electrode: Sn4+(aq) +2e — Sn”(aq)
negative electrode: Sn”(aq) — Sn4+(aq)—|—26
reversible with respect to: Sn*"(aq) and Sn*"(aq)

3. Cu(s)|CuCl(s)|Cl™ (aq)
positive electrode: CuCl(s) + e—Cu(s) 4+ Cl™ (aq)
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negative electrode: Cu(s) 4+ Cl™(aq) — CuCl(s) + ¢
reversible with respect to: C1™ (aq).

4. Pt(s)|Ce*"(aq), Ce**(aq).
positive electrode: Ce*" (aq) + e — Ce**(aq)
negative electrode: Ce** (aq) — Ce**(aq) +e
reversible with respect to: Ce** (aq) and Ce** (aq)

5. Pb(s)[PbSO4(s)|SO; ™ (aq)
positive electrode: PbSOy(s) + 2e — Pb(s) + SO~ (aq)
negative electrode: Pb(s) + SO~ (aq) — PbSO4(s) + 2e
reversible with respect to: SO3~ (aq)

9.4.7 Glass electrodes

A glass electrode generally consists of a tube and bulb containing a known concentration of
HCl(aq) into which there is inserted a Ag(s)| AgCI(s) electrode. The tube and bulb are made of
special glass which is permeable to, and reversible with respect to H;O"(aq). The glass
electrode is coupled with a second electrode, often a calomel electrode, and both are placed in
an external solution whose properties are being studied. The emf of the cell set up is governed
by the pH of the external solution. This set-up is particularly suited to the measurement of pH,
and is the standard method for determining the pH of unknown solutions. The theory of the
glass electrode is complicated, and expressions for the emfs of such cells are not derived for
routine work. Instead, the cell is calibrated against solutions of accurately known pH. Special
glasses are used for solutions which are strongly acidic or strongly basic.

‘Ton-selective’ electrodes sensitive to ions other than H;0"(aq) can also be used. Here the
glass of the electrode is permeable and reversible with respect to the specific ion in question.
Silver halide electrodes are used to determine Cl (aq), Br—(aq), I"(aq) and CN~(aq);
lanthanum fluoride to determine F~(aq); Ag,S electrodes to determine S*~(aq), and Ag " (aq),
and electrodes made from a mixture of divalent metal sulphides and Ag,S are used to
determine Pb2+(aq), Cu2+(aq) and Cd2+(aq). Other types determine Na*(aq), K*(aq),
Ca**(aq), organic cations, and anions such as NO; (aq), ClO; (aq) and organic anions. Ion-
selective electrodes have proved very useful and particularly suitable for monitoring the
concentration of ions other than H;0(aq) or OH™(aq) in biological systems.

9.5 Combination of electrodes to make an electrochemical cell

If a Pt(s)IH,(g)HCl(aq) electrode is coupled with a Hg(1)[Hg,Cl,(s)ICl~(aq) electrode the
resulting cell will be a potential source of an electric current. If the two electrodes are
connected through an external circuit containing a voltmeter, deflection of the needle will
indicate that a potential difference has been set up between the two terminals and that an
electric current is flowing. The direction of the flow of electrons along the wires of the external
circuit is given by the direction of the deflection (see Section 9.6.1), and in this example the
electrons flow from the Pt(s)[H,(g)IHCl(aq) electrode to the Hg(1)IHg,Cl,(s)IC1™(aq) elec-
trode. This means that oxidation, i.e. ¥2H,(g) + H,O(1) — H307 (aq) + e, must be occurring
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at the Pt(s)IH,(g)[HCl(aq) electrode, which is thus the negative electrode. Reduction must be
occurring at the Hg()IHg,Cl(s)ICl (aq) electrode, i.e. Hg,Cly(s) +2e — 2Hg(1)+
2Cl1™ (aq), which is thus the positive electrode.

If, however, the Pt(s)IH,(g)IHCl(aq) electrode is linked to a Mg(s)IMg2+(aq) electrode,
deflection occurs in the opposite direction indicating that in this cell the potential difference
set up when the circuit is completed causes the electrons to flow from the Mg(s)IMg?*(aq)
electrode to the Pt(s)IH,(g)IHCl(aq) electrode. Reduction is now occurring at the Pt(s)/H,(g)!
HCl(aq) electrode, i.e. H;07 (aq) + e — Y%H,(g) + H,O(1), making it the positive electrode.
Oxidation occurs at the Mg(s)IMg** (aq) electrode, i.e. Mg(s) — Mg>* (aq) + 2e, making this
the negative electrode.

Experiment can thus determine the direction of flow of electrons in the external circuit and
can determine which is the positive electrode and which is the negative electrode of the cell set
up. It now remains to decide on a standardised manner of writing down the cell which would
allow inferences to be made about the polarity of the electrodes, reaction at the two individual
electrodes and the direction of flow of the electrons in the external circuit.

9.6 Conventions for writing down the electrochemical cell

The cell is written down from left to right so that the inference is that:

e the reaction occurring at the left hand electrode produces electrons, i.e. is oxidation, and
this electrode has negative polarity;

e the reaction occurring at the right hand electrode uses up electrons, i.e. is reduction, and
this electrode has positive polarity;

e the overall cell reaction is a balanced sum of the processes occurring at each electrode;

e solid lines represent phase boundaries. Double broken lines represent a salt bridge, which
keeps the solutions physically apart, but allows the current to be carried between the two
separated solutions by virtue of migration of the ions of the salt bridge (see Section 9.8.6).
A single broken line between two solutions means that they are physically separated by a
narrow tube or a porous partition which allows migration of the ions of the solution through
the porous partition or tube, but inhibits physical mixing to give a homogeneous solution
(see Sections 9.8.4 and 9.8.5).

It now remains to find out experimentally whether the reactions which actually occur are
those inferred from the way in which the cell is written down. This requires finding the polarity
of the electrodes, or put otherwise, finding the direction of the flow of electrons in the external
circuit.

e If the left hand electrode has a negative polarity and electrons flow from the left hand
electrode to the right hand electrode which will therefore be of positive polarity, then the
emf is deemed to be positive.

e If the electron flow is from the right hand electrode, which has negative polarity, to the left
hand electrode which will have a positive polarity, then the emf is deemed to be negative.
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e This requires finding the polarity of the electrodes. This is found using a digital voltmeter
which measures both the potential difference and the direction of the current.

9.6.1 Use of a voltmeter to determine the polarity of the electrodes

When a voltmeter is connected to a cell the polarity of the electrodes determines the polarity of
the terminals of the voltmeter, and this, in turn, determines the direction of deflection of the
needle of the voltmeter.

For some cells it is possible to determine the polarity of each electrode by direct observation
of the reactions at the electrodes when the cell is operating irreversibly as a source of current.
One such cell is Zn(s)|ZnCl,(aq) :: CuCl,(aq)|Cu(s). When run over a period of time it
becomes clear that Zn(s) is going into solution making it the negative electrode and Cu(s) is
coming out of solution making it the positive electrode. The standard convention (Section 9.6)
states the emf to be positive since the actual reactions occurring are the same as those inferred
from the way the cell is written down. The direction of the deflection of the voltmeter needle
will correspond to a positive emf, and in modern digital voltmeters this often is a deflection to
the right. The polarities of the terminals of the voltmeter corresponding to a positive emf are
now known.

If another cell is taken where reduction is occurring at the left hand electrode, then this
electrode will have a positive polarity and a deflection in the opposite direction is found. This
will correspond to a negative emf since the polarities of the terminals have been reversed.

From experiments such as these, the direction of the deflection will indicate the polarities of
the terminals of the voltmeter which, in turn, allows the polarities of the electrodes of the cell
to be inferred. If these turn out to be what is inferred from the way in which the cell is written
down, i.e. the left hand electrode has negative polarity corresponding to oxidation, then the
emf is positive. If, however, the left hand electrode turns out to have a positive polarity
corresponding to reduction, then the emf is negative.

Worked problem 9.10
Question

The cell, Zn(s)|ZnSO4(aq)|Zn(Hg), is shown to have a positive emf. Using the convention
given above, write down, with explanation, (i) what the electrode reactions are, (ii) what the
overall reaction is, (iii) the polarity of the electrodes, (iv) the direction of flow of the current in
the external circuit, and (v) explain how the current is carried in solution.

What differences would it make if the electrolyte were changed to ZnCl,(aq)?

Answer

Zn(s)|ZnSO4(aq)|Zn(Hg):

Using the convention:

o left hand electrode: produces electrons, i.e. oxidation .". the negative electrode reaction is:
Zn(s) — Zn>*(aq) + 2e
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e right hand electrode: uses up electrons, i.e. reduction .". the positive electrode reaction is:
Zn’*(aq) + 2e — Zn(Hg)

e The overall reaction is the sum of these two electrode reactions.

But watch: check that these balance in terms of electrons; they do:
Zn(s) — Zn(Hg)

Since the measured emf is positive this is the actual reaction occurring in the cell.

The current is carried through the external circuit by electrons flowing from the
Zn(s)IZnSO4(aq) electrode to the ZnSO4(aq)lZn(Hg) electrode.

The current is carried across the solution to around the electrodes by migration of the ions
in solution.

At the negative electrode Zn(s) goes into solution and reaction is Zn(s) — Zn>"(aq) + 2e.
Passage of 2 faraday of electricity forms 1 mol of Zn*"(aq) around the electrode, causes 7, mol
of Zn>"(aq) to migrate from around this electrode and across the solution giving a net gain of
(1 —1t,) mol of Zn**(aq). To maintain electrical neutrality (1 —7,) mol, i.e. 7 mol of
SO7 ™ (aq) must migrate across the solution to the negative electrode.

At the positive amalgam electrode Zn®'(aq) is discharged and reaction is
Zn*"(aq) + 2e — Zn(Hg). Passage of 2 faraday of electricity will discharge, i.e. remove
1 mol of Zn** (aq) from around the electrode, causes ¢, mol of Zn*"(aq) to migrate across the
solution towards the positive electrode, giving a net loss of (1 —¢;) mol of Zn**(aq). To
maintain electrical neutrality (1 — ¢, ) mol, i.e. £~ mol of SO3~(aq) must migrate away from
this electrode across the solution to the negative electrode.

Note: the direction of migration of the ions to the electrodes is the opposite of what is found
in electrolysis. For the electrochemical cell the anions migrate to the negatively charged
electrode and the cations migrate to the positively charged electrode (Section 9.3.3).

Zn(s)|ZnCl,(aq)|Zn(Hg)

The electrode reactions and the overall reaction are the same as above. The difference lies in the

migration of the ions in the solution. It is Cl1~(aq), not SOi‘(aq), which now migrates. And

more importantly 2(1 — 7, ) mol or 27_ mol of C1~ (aq) migrates in contrast to (1 — ;) mol or

t_ mol of SO3~(aq). The Cl~(aq) has only one negative charge compared with two for the

SO7~(aq) and so twice as much must migrate to enable electrical neutrality to be maintained.
At the negative electrode Zn(s) goes into solution and reaction is:

Zn(s) — Zn**(aq) + 2e

Passage of 2 faraday of electricity:

e forms 1 mol of Zn2+(aq) around the electrode;

e causes 7. mol of Zn>"(aq) to migrate from this electrode and across the solution;
e giving a net gain of (1 — 7,) mol of Zn*"(aq);

e to maintain electrical neutrality 2(1 — ¢, ) mol, i.e. 2¢_ mol of C1~(aq) must migrate across
the solution to the negative electrode.
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At the positive amalgam electrode Zn>"(aq) is discharged and reaction is:
Zn*"(aq) + 2e — Zn(Hg)

Passage of 2 faraday of electricity:

e will remove 1 mol of Zn2+(aq) from around the electrode;

e causes 7, mol of Zn>"(aq) to migrate across the solution towards the positive electrode;
e giving a net loss of (1-z,) mol of Zn*"(aq)

to maintain electrical neutrality 2(1—#,) mol i.e. 2¢_ mol of CI™~(aq) must migrate across the
solution to the negative electrode.

Note well: It is C1~(aq) which now migrates. And more importantly 2(1 — ¢, ) mol or 27_
mol of Cl~(aq) migrates in contrast to (1 — ;) mol or - mol of SO (aq) in the cell
Zn(s)lZnSO4(aq)lZn(Hg). The factor of two is required since the Cl~(aq) has only one
negative charge compared with two for the SO3~(aq) and so twice as much must migrate to
enable electrical neutrality to be maintained.

Worked problem 9.11
Question

The cell, Pt(s)[Hx(g)IHCI(aq)IAgCl(s)IAg(s), is shown to have a positive emf, but the
cell, Pt(s)IH,(g)HCl(aq) - CdCl,(aq)ICd(s), is shown to have a negative emf. Using
the convention given above, write down, with explanation, (i) what the electrode reactions
are, (ii) the polarity of the electrodes, (iii) what the overall reaction is, (iv) the direction of
flow of the current in the external circuit, and (v) indicate how the current is carried in
solution.

Answer

Pt(s)[Hx(g)[HCl(aq)|AgCl(s)|Ag(s)

The inference from the way the cell is written down is:
e left hand electrode: oxidation .". negative electrode: ¥2H,(g) + H,O(1) — H30" (aq) + e
e right hand electrode: reduction .". positive electrode: AgCl(s) + e — Ag(s) + Cl™ (aq)

e the overall reaction is the sum of these two electrode reactions, but watch: these must be
balanced so that the same number of electrons appears in each:
VaH,(g) + Hy0(1) + AgCl(s)—H307 (aq) + Ag(s) 4+ Cl~(aq)

e since the measured emf is positive this is the actual reaction occurring in the cell.
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electrons are formed at the left hand electrode, i.e. Pt(s)IH,(g)[HCl(aq) and flow through the
external circuit to the right hand electrode, i.e. C1™ (aq)IAgCI(s)IAg(s)

the current is carried across the solution by the ions in solution.

For passage of 1 faraday of electricity,

1 mol of H30™(aq) will be formed at the Pt(s)IH,(g)[HCl(aq) electrode and ¢, mol will
migrate away from the electrode and across the solution giving a net gain of (1 — #;.) mol of
H;0%(aq). (1—t,) mol, i.e. f_ mol of C1~(aq) migrates across the solution to the electrode to
maintain electrical neutrality.

1 mol Cl™(aq) is formed at the Cl (aq)lAgCl(s)IAg(s) electrode and ¢_ mol of Cl~(aq)
migrates away from this electrode across the solution giving a net gain of (1—7_) mol of
Cl~(aq). (1—¢_) mol i.e. r, mol of H;0"(aq) will migrate across the solution to this
electrode to maintain electrical neutrality.

Pt(s)|H,(g)[HCl(aq) :: CdCl,(aq)|Cd(s)

The inference from the way the cell is written down is:

left hand electrode: oxidation .". negative electrode: ¥2Hy(g) + HO(1) — H30" (aq) + ¢
right hand electrode: reduction .". positive electrode: Cd*" (aq) + 2e — Cd(s)

since the measured emf is negative then the actual reactions occurring at the electrodes are
the opposite from those inferred from the way the cell is written down, i.e.

left hand electrode: reduction is occurring .. positive electrode: H;O0"(aq) +e
— %5Hy(g) + H,0(1)

right hand electrode: oxidation .". negative electrode: Cd(s) — Cd** (aq) + 2e

the overall reaction is the sum of these two electrode reactions.

But watch: the same number of electrons must appear in both electrode reactions:
Cd(s) + 2H;0 7" (aq) — Cd**(aq) + Ha(g) + 2H,0(1)

the electron flow in the external circuit is from the right hand negative electrode, i.e.
CdCl,(aq)|Cd(s) to the left hand positive electrode i.e. HCI(aq)|Hz(g)|Pt(s).

the current is carried across the solution by the ions in solution.

Passage of 2 faraday of electricity will cause:

2 mol of H30™(aq) to be removed from around the Pt(s)IH,(g)IHCl(aq) electrode and 2t
mol of H3;0™(aq) to migrate across the solution towards it, leaving a net loss of 2(1 —z.)
mol of H3O+(aq). To maintain electrical neutrality ClI™(aq) will move away from the
electrode across the solution to the salt bridge.
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e 1 mol of Cd**(aq) is formed at the Cd**(aq)|Cd(s) electrode but only , mol Cd**(aq) will
migrate from the electrode leaving a net gain of (1 — £, ) mol of Cd**(aq). To maintain
electrical neutrality 2(1 — ¢,) mol = 2z_ mol of Cl~ (aq) will migrate across the solution to
the Cd**(aq)|Cd(s) electrode.

But note: There will also be migration occurring at the junctions of the ends of the salt bridge
with the solution. These will be described in Section 9.8.6.

Watch: The factor of two is required since the C1~(aq) and H;O " (aq) have only one negative
charge compared with two for the Cd®>"(aq) and so twice as much must migrate to enable
electrical neutrality to be maintained.

Note well: the important point is the direction of the flow of electrons in the external circuit.
This is found from the experimentally measured emf, and it determines the polarity of the
electrodes which in turn determines the type of reaction occurring at the electrode, viz.,
whether it be uptake of electrons or production of electrons, and this in turn determines the
migration process in solution.

9.7 One very important point: cells corresponding to a ‘net
chemical reaction’

In the above description of what happens in a cell, an overall reaction has been found by
combination of the reactions occurring at the two electrodes. This overall cell reaction is a
‘formal representation’ in the sense that it does not actually take place in the cell. The only
chemical reactions which actually occur are those at the electrodes, but their net effect
corresponds in quantitative terms to what would be expected if the overall chemical reaction
did actually occur. The observed potential difference or emfis related to the AG for the overall
cell reaction. It is this property of electrochemical cells which makes them so useful as they
allow determination of thermodynamic quantities which are impossible to study directly.

The cell, Zn(s)|ZnSOy4(aq) : CuSOy(aq)|Cu(s), corresponds to the overall reaction
Zn(s) + Cu*"(aq) — Zn’*(aq) + Cu(s). But this reaction does not actually happen in the
cell. The cell is totally distinct from the situation when some solid Zn is placed in a solution of
CuSO0y4(aq) where the chemical reaction does actually occur, viz. the lump of Zn(s) disappears
gradually and Cu(s) appears instead and only one solution is involved.

9.8 Liquid junctions in electrochemical cells

An electrochemical cell must have two electrodes coupled together so that the current can flow
around the whole electrical circuit. There are several ways in which this can be achieved.

9.8.1 Cells without liquid junction

Two electrodes can dip into one solution with each electrode being reversible with respect to
one of the ions of the solution, e.g. a hydrogen electrode, Pt(s)|H,(g)|HCl(aq) could be
coupled with a Ag(s)|AgCl(s)|Cl (aq). The hydrogen electrode is reversible with respect to
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the H;0 (aq) of the HCl(aq). The Ag(s) |AgCl(s)|Cl (aq) is reversible with respect to C1~(aq),
and this can be supplied by the HCl(aq) or by NaCl(aq) added to the solution as a source of
Cl™(aq). The current is carried by the migrating ions of the common solution. The two
possible cells would be: Pt(s)|Hx(g)|HCl(aq)|AgCl(s)|Ag(s), or Pt(s)|H,(g)|HCl(aq),NaCl
(aq)|AgCI(s)|Ag(s).

Such a cell can operate rigorously as a reversible cell, and is termed a cell without a liquid
junction. Such cells are ideal since, by operating reversibly, they furnish exact thermody-
namic quantities.

9.8.2 Cells with liquid junction

These are cells where the two electrode solutions must be kept physically separate. Basically
there are two types:

e where the two electrode solutions must be kept physically separate because chemical
reaction would occur between the ions of the two solutions, e.g. the cell
Zn(s)|ZnCly(aq) :: AgNO,(aq)|Ag(s). Unless these two solutions were kept separate,
here by a salt bridge, AgClI(s) would precipitate out. Another example is the Daniell cell,
Zn(s)|ZnSO4(aq) : CuSO4(aq)|Cu(s) where reaction of Zn(s) with Cu*(aq) would occur
if the electrode compartments were not separated by the porous pot.

e where there are two chemically identical electrodes with the solutions around the electrode
at different concentrations (see Section 9.18). These solutions must be kept separate
otherwise physical mixing would rapidly occur to produce a homogeneous solution at
one concentration. One example would be copper electrodes dipping into CuSO, solutions
of different concentrations. These are called concentration cells.

9.8.3 Types of liquid junctions

There are three ways in which this physical separation can be achieved:

e by means of a narrow tube separating the solutions;
e by means of a porous pot separating the two electrode solutions;

e or by means of a salt bridge.

Under these conditions the current is carried in solution by ions migrating in the solutions and
also through the narrow tube, or the porous pot, or through the salt bridge. Such cells do not
operate reversibly in a rigorous manner because the processes occurring at the junctions will
contribute to the thermodynamic quantities. Such cells are called cells with liquid junctions.

9.8.4 Cells with a liquid junction consisting of a narrow tube:
a cell with transference

In the Zn(s)|ZnCl,(aq) : CuCly(aq)|Cu(s) cell the two solutions must not come into direct
contact otherwise chemical reaction would occur. Direct physical mixing can be avoided by
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connecting the two electrode solutions by a long narrow tube which initially has only air
present.

When the solutions are connected by the tube, some ZnCl,(aq) flows into one end and some
CuCl,(aq) flows into the other end and the two solutions will meet somewhere along the tube.
Initially, the solutions in the tube each have their bulk concentrations, but they will immedi-
ately start to mix to give a uniform gradient of concentration along the tube for both solutions.
This concentration gradient is set up very rapidly, before any measurements will be made.

Thereafter, a very much slower diffusive process is set up along the tube by virtue of the
composition gradients along the tube. This occurs irrespective of whether or not a current
flows. Zn”(aq) diffuses along the tube towards the CuCl,(aq)|Cu(s) electrode compartment,
while Cu**(aq) diffuses in the opposite direction. C1~(aq) diffuses in a direction which will
maintain electrical neutrality along the length of the tube. Eventually, if the cell were left
indefinitely in the absence of any electrical activity, this very slow diffusive process would
replace the concentration gradients with uniform concentrations of both electrolytes. In
practice, only an infinitesimal amount of diffusion takes place when the cell is being used
to gather electrochemical quantities, and so this diffusive process is generally ignored in
setting up the theoretical expressions for the emf of the cell. This is fortunate since the
diffusive process is thermodynamically irreversible, making any theoretical description
extremely difficult. In general, diffusion is also minimised by having a very narrow tube.

When the cell is operating, e.g. when the emf is being measured, then the current is carried
through the tube by migration of the ions of the two electrolytes, here Zn>'(aq), Cu**(aq) and
Cl™ (aq). In the Zn(s)|ZnCl,(aq) electrode compartment, the current is carried by Zn2+(aq)
migrating away from the Zn(s) with electrical neutrality being maintained by Cl™(aq)
migrating towards the Zn(s)|ZnCl, (aq) electrode. In the CuCl,(aq)|Cu(s) electrode compart-
ment the current is carried by Cu®"(aq) migrating to the Cu(s) with electrical neutrality being
again maintained by C1~(aq) migrating away from the CuCl,(aq)|Cu(s) electrode (see Section
9.3.3). Within the tube itself Zn2+(aq) will continue migrating towards the CuCl,(aq)|Cu(s)
electrode compartment and Cu®"(aq) will migrate along the tube in the same direction, with
electrical neutrality being maintained by the Cl~(aq) moving in the opposite direction.
Derivation of a theoretical expression for the contribution to the overall emf of the cell from
this migration of the ions through the tube can be made, but this is complicated by there being
two different cations moving through the tube.

Because there are concentration gradients along the tube which may not necessarily balance
out, there will be a small charge gradient along the tube. As a consequence a potential
difference is set up along the tube. This is called the liquid junction potential. It can be
positive, or negative, and provided it is reproducible can often be ignored. Calculations of the
magnitude of this potential difference can be made for the simple case where one cation only
migrates through the tube, but even this calculation is difficult. An indication of the magnitude
of this potential difference can be made in certain cases.

Worked problem 9.12
Question
The cell Zn(s)|ZnCl,(aq) : CuCl,(aq)|Cu(s) has been used to illustrate the liquid junction

using a narrow tube. It has a positive emf. Explain the direction of migration of the ions
Zn>"(aq), Cu*"(aq) and Cl~(aq) in this cell and in the tube.
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Answer
Using the convention:

e left hand electrode: produces electrons, i.e. oxidation .. the negative electrode:
Zn(s) — Zn**(aq) + 2e

e right hand electrode: uses up electrons, i.e. reduction .. the positive electrode:
Cu*(aq) + 2e — Cu(s)

e The overall reaction is the sum of these two electrode reactions.
Zn(s) + Cu*"(aq) — Cu(s) + Zn*"(aq)

Since the measured emf is positive this is the actual reaction occurring in the cell.

At the Zn(s)|ZnCly(aq) electrode, passage of 2 faraday of electricity forms 1 mol of
Zn**(aq) at the electrode, causes 7, mol of Zn>"(aq) to migrate from around this electrode,
giving a net gain of (1 — ,.) mol of Zn>"(aq). To maintain electrical neutrality 2(1 — £, ) mol,
i.e. 2¢t_ mol of CI~ (aq) must migrate to the solution around the negative electrode and this will
be replaced by Cl~(aq) migrating in from the tube.

Remember Cl~ has only one negative charge while Zn>" has two positive charges.

At the CuCly(aq)|Cu(s) electrode, passage of 2 faraday of electricity discharges 1 mol of
Cu”"(aq), causes 7, mol of Cu*"(aq) to migrate towards the positive electrode, giving a net
loss of (1 — ;) mol of Cu®*(aq). To maintain electrical neutrality 2(1 — #, ) mol, i.e. 2_ mol
of Cl~(aq) must migrate away from around the negative electrode and into the tube.

Migration along the tube
There are three ions in the tube, i.e. Zn*"(aq), Cu®"(aq) and Cl~ (aq). Since Zn”> " (aq) is being
formed at the Zn(s)|ZnCl,(aq) electrode and is migrating away from the electrode, it will
continue migrating along the tube towards the CuCl,(aq)|Cu(s) electrode. Since Cu2+(aq) is
being removed from the solution around the CuCl,(aq)|Cu(s) electrode, Cu”(aq) will migrate
to this electrode from the solution around the electrode and from the tube. The Cl~(aq) will
migrate along the tube from the CuCl,(aq)|Cu(s) electrode to the Zn(s)|ZnCl,(aq) electrode,
i.e. in the opposite direction to the migrating Zn*"(aq) and Cu*"(aq).

The current is carried through the tube by these migratory processes. This allows the
electrical circuit to be completed.

9.8.5 Cells with a porous pot separating two solutions:
a cell with transference

The Daniell cell, Zn(s)|ZnSO4(aq) : CuSOy(aq)|Cu(s), is the standard example of this type of
junction. Here a porous pot replaces the narrow tube to separate the two electrode compart-
ments. The porous pot is a more complex situation since there are a large number of channels
through the pot linking each compartment. Each individual channel is equivalent to a very
narrow tube. The processes occurring in this arrangement are essentially the same as those
described for the narrow tube. A liquid junction potential is set up across the porous pot, and,
as with the tube, very slow diffusion takes place through the channels. As previously discussed
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this process is ignored in the theoretical discussion of what contributes to the overall emf of the
cell. The migration processes are similar to those described for the cell where a narrow tube is
used to provide the liquid junction.

9.8.6 Cells with a salt bridge: cells without transference

The main method of minimising the liquid junction potential and making it reproducible is to
use a salt bridge instead of the tube. When a narrow tube is used it operates by virtue of the
solutions in the individual electrode compartments flowing along the tube until they meet:
there are no extraneous ions in the tube. With the salt bridge, however, the tube is wide and is
filled with a saturated or highly concentrated solution, generally of KCl(aq), KNOs(aq) or
NH4NO;(aq), and it is principally the ions of the salt bridge electrolyte which do the migration
into or out from the salt bridge. Under reversible conditions, there is only a limited amount of
migration into and out of the ends of the salt bridge.

Cells using a salt bridge are called cells without transference since the migration process is
largely independent of the ions of the electrode compartments.

The liquid junction potential set up by these salt bridges is often highly reproducible and
very small, provided that the solution of the bridge is highly concentrated or saturated. Studies
of the emf of a given cell using salt bridges with differing concentrations show that, as the
concentration of the solution of the salt bridge increases while everything else remains the
same, the observed emf of the cell approaches a constant value. This suggests that the liquid
junction potential is dropping to a minimal, constant and reproducible value. Saturated
solutions of the bridge electrolyte are generally used.

For comparison with the cell discussed above, i.e. Zn(s)|ZnCl,(aq) : CuCl,(aq)|Cu(s),
the processes involved in the cell with a salt bridge, i.e. Zn(s)|ZnCl,(aq) : CuCl,(aq)|Cu(s)
will be described. The electrode reactions and the overall reaction will be the same as for the
cell Zn(s)|ZnCl,(aq) CuCl,(aq)|Cu(s) cell. The migration processes are different.

At the Zn(s)|ZnCl,(aq) electrode, passage of 2 faraday of electricity forms 1 mol of
Zn*"(aq) around the electrode, causes ¢, mol of Zn>"(aq) to migrate away from around this
electrode, giving a net gain of (1 — ;) mol of Zn**(aq) around this electrode. To maintain
electrical neutrality in this compartment, some Cl~(aq) will migrate across the solution
towards the electrode and these will be replaced by anions migrating out of the salt bridge
into the electrode compartment. These will normally be singly charged anions since the salt
bridge electrolyte is generally KCl(aq), KNOs(aq) or NH4;NO5(aq). Hence 2(1—1,) mol, i.e.
2¢_ mol of anions migrate out from the salt bridge.

At the CuCl,(aq)|Cu(s) electrode, for passage of 2 faraday of electricity 1 mol of Cu®"(aq)
is removed from around this electrode, ¢, mol of Cu”*(aq) migrates to this electrode, giving a
net loss of (1—7,) mol of Cu**(aq) around the electrode. To maintain electrical neutrality in
this compartment C1~(aq) will migrate across the solution in the electrode compartment to the
salt bridge and cations will also move in from the salt bridge. Since the concentration of the
ions in the salt bridge is much higher than [CI™] in the electrode compartment the dominant
effect will be migration of cations from the salt bridge.

Carrying the current through the salt bridge is effectively done by cations of the salt bridge
migrating through the salt bridge and into the positive electrode compartment, i.e. CuCl,(aq)!
Cu(s) and anions of the salt bridge migrating in the opposite direction into the negative
electrode compartment, i.e. Zn(s)|ZnCl,(aq).
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Worked problem 9.13
Question

The cell Pt(s)IH,(g)IHCI(aq) CuSOy(aq)ICu(s) has a positive emf. Discuss the processes
occurring at the electrodes and in the salt bridge.

Answer

The inference from the way the cell is written down is:

e left hand electrode: oxidation .". negative electrode: ¥2Hy(g) + HO(1) — H30™ (aq) + ¢
e right hand electrode: reduction .". positive electrode: Cu®*(aq) + 2e — Cu(s)

e the overall reaction is the sum of these two electrode reactions, but watch: these must be
balanced so that the same number of electrons appears in each.

Ha(g) + 2H,0(1) 4+ Cu*" (aq) — 2H30" (aq) 4 Cu(s)
e since the measured emf is positive this is the actual reaction occurring in the cell.

e clectrons are formed at the left hand electrode, i.e. Pt(s)|H,(g)|[HCl(aq) and flow through the
external circuit to the right hand electrode, i.e. CuSOy4(aq)|Cu(s).

e the current is carried across the solution by the ions in solution and across the salt bridge
by migration of the ions of the salt bridge.

At the Pt(s)|H,(g)/ HCl(aq) electrode, for passage of 2 faraday of electricity 2 mol of
H;07(aq) is formed, 2¢, mol of H;0(aq) migrates away from the electrode, giving a net gain
of 2(1—¢;) mol of H;07(aq) around the electrode.To maintain electrical neutrality some
C1™ (aq) will move across the solution to the electrode and will be replaced by anions of the salt
bridge migrating into the solution in the electrode compartment. Since 2 faraday of electricity
is passed, then either 2(1—7.) mol, i.e. 2¢_ mol of a singly charged anion, or (1—7,) mol, i.e.
t_ mol of a doubly charged anion of the salt bridge migrates into the Pt(s)[H,(g)IHCl(aq)
electrode compartment.

At the CuSOy4(aq|Cu(s) electrode, for passage of 2 faraday of electricity 1 mol of Cu2+(aq)
is removed: Cu’*(aq) + 2e — Cu(s), t, mol of Cu®"(aq) migrates to the Cu2+(aq)|Cu(s)
electrode, giving a net loss of (1—r,) mol of Cu?*(aq). To maintain electrical neutrality
(1—t,) mol, i.e. _ mol of SO~ (aq) could leave the compartment area and migrate to the salt
bridge. But the cations of the salt bridge could also migrate into the electrode compartment to
maintain electrical neutrality. Since the ions in the salt bridge are at a much higher concentra-
tion than the SO (aq) in the electrode compartment, the current will be carried mainly by
migration of the cations along the salt bridge and into the solution around the
CuSO04(aq)|Cu(s) electrode.
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Worked problem 9.14

Question

Suggest cells which correspond to the following reactions:

(1)
(i1)
(iif)
@iv)
(v)

Cu(s) +2Ag" (aq) — Cu**(aq) + 2Ag(s)
Sn(s) + 2Eu’* (aq) — Sn**(aq) + 2Eu*(aq)
Hg,Cly(s) 4 2Ag(s) — 2Hg(1) + 2AgCI(s)
AgBr(s) +1"(aq) — Agl(s) + Br™(aq)

Cu(s) + 2H30" (aq) — Cu**(aq) + H,(g) + 2H,0(])

Answer

Here the overall chemical process must be split up into two parts, each of which is the
chemical equation for one of the electrode reactions, i.e. each must involve electrons. The
reaction which releases electrons would correspond to the left hand electrode, and the reaction
which takes up electrons would correspond to the right hand electrode.

®

(ii)

(i)

(iv)

Cu(s) — Cu*(aq) + 2e would correspond to Cu(s) in Cu**(aq)
2e +2Ag" (aq) — 2Ag(s) would correspond to Ag(s) in Ag*(aq)

A possible cell is Cu(s)|Cu®*(aq) :: Ag*(aq)|Ag(s), with salt bridge.

Sn(s) — Sn>*(aq) 4 2e would correspond to Sn(s) in Sn**(aq)

2e + 2Eu’* (aq) — 2Eu”*(aq) would correspond to a mixture of Eu**(aq) and Eu*"(aq)
with a Pt electrode

A possible cell is Sn(s)ISn*"(aq) :: Eu”*(aq), Eu®"(aq)IPt(s), with a salt bridge.
2Ag(s) +2CI~ (aq) — 2AgCI(s) 4 2e corresponds to Ag(s) coated with AgCI(s) dip-
ping into Cl~(aq).

2e + Hg,Cly(s) — 2Hg(1) + 2Cl1~ (aq) corresponds to Hg(l) surrounded by Hg,Cl,(s)
dipping into Cl™ (aq).

A possible cell is Ag(s)IAgCl(s)ICI (aq)Hg,Cl,(s)IHg(l). A salt bridge is not necessarys;
both electrodes are reversible with respect to C1~(aq) and both dip into Cl™(aq).

Ag(s) + T (aq) — Agl(s) + e corresponds to Ag(s) coated with Agl(s) dipping into
I"(aqg).

e + AgBr(s) — Ag(s) + Br~(aq) corresponds to Ag(s) coated with AgBr(s) dipping into
Br(aq).

A possible cell is Ag(s)IAgI(s)IT (aq) 3 Br (aq)lAgBr(s)IAg(s). The salt bridge is
needed to separate the solutions. The left hand electrode is reversible with respect to
1" (aq) while the right hand electrode is reversible with respect to Br~(aq).
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(v) Cu(s) — Cu®*(aq) + 2e corresponds to Cu(s) in Cu*"(aq).
2H;07" (aq) + 2e — Hy(g) + 2H,0(1) corresponds to Hx(g) bubbling through H3;0"(aq)
with Pt as electrode

A possible cell is Cu(s)|Cu®"(aq) :: H;0™(aq)|H,(g)|Pt(s) with salt bridge
In all these cases the actual reactions occurring can be inferred from the observed emf. If the
emf is positive, then reaction will be as given above. If it is negative, then both the electrode
reactions and the overall reaction will be the reverse.

9.9 Experimental determination of the direction of flow
of the electrons, and measurement of the potential difference

In a cell, the electron flow in the external circuit is from the electrode at which electrons are
generated to the electrode at which they are removed. Sometimes the direction of the current
can be seen directly by observation of the chemical reactions at the electrodes. But for most
cells, however, the chemical reactions occurring are not obvious, and the polarity of the
electrodes is determined by instrument. The direction of the deflection of the needle of a dc
ammeter or galvanometer gives the direction of the current (see Section 9.6.1). Modern digital
voltmeters give directly both the emf and the direction of the current.

9.10 Electrode potentials

The overall reaction in a cell is made up of the reactions occurring at the electrodes. It is
reasonable to assume that the overall emf of the cell is also made up of contributions from each
electrode. To put this on a quantitative and comparative basis it is necessary to couple each
electrode to one standard electrode. The Pt(s)IH,(g) 1 atm/HCl(aq) (unit activity) electrode is
such a standard and by definition is taken to have zero electrode potential. Every other
electrode potential is relative to this standard hydrogen electrode which is always written
on the left of the cell.

Since the emf of the standard hydrogen electrode is taken to be zero, the measured emf gives
the electrode potential of the electrode coupled with the hydrogen electrode. If the emf is
positive, the polarity of the hydrogen electrode will be negative and that of the electrode whose
potential is being measured is positive. Reaction at this electrode will use up electrons, i.e. will
be reduction. If the emf is negative then the electrode potential will be negative. The electrode
in question will have a negative polarity and oxidation will take place on the electrode
generating electrons.

9.10.1 Redox potentials

This is the emf of a cell made up from the standard hydrogen electrode at the left coupled with
a redox electrode (see Section.9.4.4). For example the cell:

Pt(s)[H,(g) 1 atmlHCI(aq) unit activity :: Cr**(aq), Cr*"(aq)|Pt(s)
is a redox cell and its emf will give the redox potential for the solution containing the ions,
Cr*f(aq), Cri'(aq).
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9.10.2 Electrode potentials for standard and non-standard conditions

For any given cell the measured emf will vary with the concentration and/or the partial
pressures of the species making up the electrode. Because of this, two aspects must be
considered:

e clectrode potentials must be found for standard conditions so that meaningful comparisons
between electrodes can be made. This will furnish a list of standard electrode potentials.

e a theoretical expression must be derived relating the observed emf of the cell to the
concentrations and/or partial pressures of the species making up the electrode. Such
relations are called Nernst equations; see Section 9.13.

9.11 Standard electrode potentials

These relate to electrodes where all the species making up the electrode are in their standard
states, i.e.:

e solids and liquids are pure;

e gases are at 1 atm pressure;

e solutions are at unit activity.

Such electrodes are coupled with a standard hydrogen electrode and the emf measured. This
will be the standard electrode potential. If the emf is positive, then the electrode will have
positive polarity and electrons will be used up at it. If the emf is negative, then the electrode
will have negative polarity and electrons will be produced on it.

Examples of cells which would give standard electrode potentials are:

e Pt(s)[Hy(g) 1 atm|[HCl(aq) unit activity :: Br~(aq) unit activity|AgBr(s)|Ag(s) has an
emf =0.0732 V,

e Pt(s)|Hx(g) 1 atm|HCl(aq) unit activity i Cu*"(aq) unit activity|Cu(s) has an emf =
0.340 V

e Pt(s)|Ha(g) 1 atm|HCl(aq) unit activity 0 Zn*" (aq) unit activity|Zn(s) has an emf =
-0.763 V

e Pt(s)|Hx(g) 1 atm|HCl(aq) unit activity . OH ™ (aq) unit activity|O,(g) 1 atmlPt(s) has an
emf =0.401 V

e Pt(s)|H,(g) 1 atm|HCl(aq) unit activity :: OH (aq) unit activity|H,(g) 1 atm|Pt(s) has an
emf =—0.828 V

where the values quoted are for 25°C.
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9.11.1 Standard redox potentials
These relate to redox electrodes where the oxidised and reduced components are present in
their standard states. For example, if the emf of the cell:

Pt(s)|Ha(g) 1 atm[HCl(aq) unit activity :: Fe*"(aq), Fe’"(aq)[Pt(s)

is studied over a range of concentrations of Fe”(aq) and Fe? *(aq), extrapolation to zero ionic
strength will give EY, the standard electrode potential for the redox electrode, Fe*(aq),
F63+(aq)|Pt(s) (see Section 9.13.1 and Worked Problems 9.17 and 9.18).

As will be shown later (Section 9.17 and Worked Problem 9.20), the standard electrode
potential is related to the equilibrium constant for the cell reaction. This has proved extremely
useful for determining equilibrium constants for the redox reactions of inorganic systems and
for redox reactions occurring in biological systems.

Worked problem 9.15
Question

What are the polarities of the electrodes in the five cells given above?

Answer
The sign of the emf allows the polarities to be assigned:

e If the emf is positive, the left hand electrode has a negative polarity and the right hand
electrode is positive.

o If the emf is negative, then the left hand electrode has a positive polarity and the right hand
electrode is negative.

—ve +ve
Pt(s)|Hx(g) 1 atm|HCl(aq) unit activity : Br (aq) unit activity| AgBr(s)| Ag(s)

—ve +ve
Pt(s)|Hx(g) 1 atm|HCl(aq) unit activity : Cu”*(aq) unit activity|Cu(s)

+ve —ve
Pt(s)|Hx(g) 1 atm|HCl(aq) unit activity : Zn*"(aq) unit activity|Zn(s)

—ve +ve
Pt(s)|H,(g) 1 atm|HCl(aq) unit activity :: OH (aq) unit activity|O,(g) 1 atm|Pt(s)

+ve —ve

Pt(s)|H,(g) 1 atm|[HCl(aq) unit activity :: OH (aq) unit activity|Hx(g) 1 atm|Pt(s)

However, sometimes it is impossible and often inconvenient to set up an electrode in its
standard state, e.g. solubility problems may make it impossible to set up an electrode in which
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the ion to which the electrode is reversible is at unit activity. Also it may just be more
convenient to set up the electrode not at standard conditions, in which case it becomes
necessary to be able to find an alternative route to the standard electrode potential. This
will be dealt with in Worked Problems 9.17 and 9.18.

9.12 Potential difference, electrical work done
and AG for the cell reaction

The cell, Zn(s)|ZnCl,(aq)|AgCl(s)|Ag(s), can be used to illustrate the meanings of the terms:
charge, current, potential, potential difference, electrical work done and the relation between
the potential difference and the free energy change resulting from the combined effect of the
chemical reactions occurring at the electrodes.

This cell has a positive emf. Hence the reactions actually occurring are the same as those
inferred from the way in which the cell is written.

Left hand electrode is negatively charged, electrons are produced and reaction is
Zn(s) — Zn*"(aq) + 2e.

Right hand electrode is positively charged, electrons flow to it from the Zn(s)|Zn>* (aq)
electrode and the reaction is 2AgCI(s) + 2e — 2Ag(s) + 2ClI™ (aq).

For every mol of Zn(s) oxidised and every 2 mol of AgCl(s) reduced, 2 mol of electrons flow
through the external circuit, and this flow of electrons constitutes an electric current. The total
charge conveyed is the total charge on the electrons, and for every mol of Zn(s) oxidised and 2
mol of AgCl(s) reduced the charge conveyed is 2 x 6.0221 x 10% x 1.6022 x 10'° =
2 % 9.6485 x 10* C (coulomb) =2 faraday. The current passed is the charge passed per
unit time having units C s~' = A (ampere).

If Zn(s) is dipped into a solution of Zn>"(aq) ions nothing happens. But if it is joined by a
wire which allows electrons to flow along it, and if, at the end of the wire, there is something
which will take up these electrons then the Zn will start going into solution as Zn>"(aq) and
will generate electrons. It will continue to do so until either the Zn(s) is all used up, or until the
system receiving the electrons can no longer take them up.

The tendency for the reaction Zn(s) — Zn** (aq) + 2e to occur is greater than the tendency
for 2Ag(s) + 2C1~ (aq) — 2AgCI(s) + 2e to occur. It is this difference which allows electrons
to move along the external circuit to the Cl™ (aq)|AgCl(s)|Ag(s)|electrode and forces the
reaction 2AgCl(s) + 2e — 2Ag(s) + 2Cl1™ (aq) to occur. The combined chemical reactions
thus cause the electrons to flow.

The chemical reactions can be thought of as ‘something pushing or pulling the electrons
along the wire’, depending on which is being considered. Work is therefore done ‘pushing’
electrons along the wire, and this work is done by the cell. Once the argument is translated into
thermodynamic language this work done by the cell will have to be translated into work done
on the cell, since all the relations generated in Chapter 8 relate to work done on the system,
here the cell.

The term potential is often referred to in electrostatics. It is a quantity such that the potential
difference (see below) between two points is equal to the difference between the value of the
potential at one point and its value at the other. The term turns up in the Debye-Hiickel theory
(see Chapter 10, especially Section 10.4.5).

The electrostatic potential difference is the electrical work done by the cell per unit charge
conveyed between two points, here the terminals of the cell. In physical terms the potential
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difference is what causes the current to flow through the wire of the external circuit and, as
shown, this is a consequence of the differing tendencies of the reactions Zn(s) — Zn”(aq) +
2e and 2Ag(s) + 2C1™ (aq) — 2AgCl(s) + 2e to occur.

electrical work done by the cell  Waone by the cell

potential difference = (9.1)

charge conveyed N [9)

where Q is the charge conveyed.
In the context of electrochemical cells, this potential difference is generally referred to as
the electromotive force, E, or emf. This term will be used in the following discussion of cells.

9.12.1 Thermodynamic quantities in electrochemistry: relation of AG to E

The electrical work done by the cell by virtue of a charge being passed can be expressed in two
ways:
e In terms of the charge conveyed, O, and the potential difference, or emf, E, of the cell:
electrical work done by the cell in conveying the charge = E x Q 9.2)
But the electrical work which is relevant to a thermodynamic analysis is the work done on
the cell by virtue of the charge conveyed.

.".electrical work done on the cell in conveying the charge = —E x Q 9.3)

e In thermodynamic terms, for reversible processes at constant T and p, the electrical work is
given as:

the electrical work done on the cell in conveying the charge = AG 9.4)

see Section 8.8 and Equations (8.17) and (8.18).

e From Equations (9.3) and (9.4) it follows that:

AG = —EQ (9.5)
But Q=zF (9.6)
(see Section 8.8).
“AG = —zFE (9.7)
e For standard conditions: AG® = —zFE® 9.8)

For the cell, Zn(s)|ZnCl,(aq)| AgCI(s)|Ag(s), operating reversibly, the overall reaction is
thus Zn(s) + 2AgCl(s) — 2Ag(s) + 2Cl (aq) + Zn2+(aq) for every 2 electrons produced. If 1
mol of Zn(s) is removed and 2 mol of Ag(s) deposited, then 2 mol of electrons, i.e. a charge of
2 faraday, flows along the external circuit.

".AG = —2FE (9.9)
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If the electrode reactions had been halved then the overall reaction becomes
15 Zn(s) + AgCl(s) — Ag(s) + Cl (aq) + V2 Zn”(aq). If %2 mol of Zn(s) is removed and
one mol of Ag(s) is formed, then one mol of electrons, i.e. a charge of one faraday, flows along
the external circuit. In this case AG = —FE, where AG refers to conversion of ¥2 mol of Zn(s)
and formation of one mol of Ag(s), and is consequently %2 of the value of AG for the cell
reaction written in terms of one mol of Zn(s) removed and 2 mol of Ag(s) formed.

In general, a charge of z faraday will pass if z is the stoichiometric coefficient for the
electrons appearing in the equations for the electrode processes.
Note well:

e Itis vitally important always to write out the electrode reactions and to formulate the overall
cell reaction as a balanced sum of the electrode reactions. This procedure will ensure that
the correct value of z is used, and that AG, z, the electrode reactions and the overall cell
reaction are all internally self-consistent.

o If the emf is positive for the cell as written, then AG for the cell reaction is negative and so
reaction as inferred from the way the cell is written down occurs spontaneously.

o If the emf is negative, then AG for the cell reaction as written is positive and so reaction as
inferred from the way the cell is written down does not occur spontaneously, and the reverse
reaction must occur.

9.12.2 Thermodynamic quantities in electrochemistry:
effect of temperature on emf

Study of the dependence of the emf on temperature will give further thermodynamic
quantities. For processes occurring reversibly in a closed system (Section 8.7, Equation
8.14):

dG = Vdp — SdT (9.10)

At constant p: dG = —SdT .11
. dAG = —ASdT (9.12)

and <88ATG>p —AS (9.13)
But, AG = —zFE 9.7

(49) (%) s 029

Hence the change in entropy for the cell reaction of a reversible cell can be found from the
variation of the emf with temperature.

Since AG = AH — TAS (9.15)
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if both AG and AS have been found from the emf of the cell and its variation with temperature,
AH can then be inferred.

OAH OAS
Since AC, = () = T() (9.16)
r ar ), ar ),

a value can easily be found for AC,, from accurate emf studies.

Worked problem 9.16
Question

The standard emf of the cell:
Zn(s)|Zn>" (aq) :: Fe’*(aq), Fe*" (aq)|Pt(s)

is +1.534 Vat 25°C and +1.576 V at 65°C. What is the cell reaction? Find AG®, AS®, AH® and
K at 25°C, and state any assumptions which are made. What would be the values if the
electrode reactions were changed by a factor of two?

Answer

Left hand electrode: Zn(s) — Zn”(aq) + 2e

Right hand electrode: 2Fe’*(aq) + 2e — 2Fe”'(aq)

Overall cell reaction: Zn(s) + 2Fe3+(aq) — Zn”(aq) + 2Fez+(aq)
AG® = —zFE® where z = 2 for the cell reaction as written.

SAGY = =2 x 96485 Cmol ™! x 1.534V = —296.0kJ mol " at 25°C

Remember: CV =]
OAG? OE®
0 _ —.F
AsT = < orT ) < <8T)p

p

If AS® and AH%are assumed to be independent of temperature then so will (OE? /OT) , also be
independent of temperature and a simple difference of the E® values can be taken.

_2x 96485 Cmol ! x (1.576 — 1.534) V _2x96485 x 0.042VCmol ' K™!

SAS?
40K 40
=203Jmol ' K™!

Again remember: VC =]

AH? =AG®? + TAS® = —296kImol ™' +298.15K x 203 x 10 3 kJmol ' K~! = —236kJmol

AG® = —RTlog. K

AG® 296.0kJmol ™!

log, K =26 _ 96.0kJmo —119.4

" RT 83145 x 10-3kJmol~' K~! x 298.15K
K =7 x 10’ moldm>.
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The cell reaction as written corresponded to z = 2. If, instead, the electrode reactions were
written as:

left hand electrode: V2 Zn(s) — V2 Zn”(aq) +e

right hand electrode: Fe*"(aq) + e — Fe?'(aq)

overall cell reaction: ¥2 Zn(s) + Fe3+(aq) — 1 Zn”(aq) + Fe”(aq)

then the values for AG®, AS® and AH® would be halved.

a +a2 24
K= (721122 Fe” ] =7 x 10°" mol dm™.
eq

g3+

is the equilibrium constant when 2 electrons are involved in the electrode reactions,

1/2
. A, o Ape2t . . .
while K= (-22—— is the constant when 1 electron 1is involved.
Ape3+ eq
agqiaFe” Az A\ 12 25 - 11/2 4 —3/2
Ko () () g ot
Ape3+ €q aFe” eq

9.13 AG for the cell process: the Nernst equation

As will become apparent from many of the following problems there are two aspects of
solving problems which, if understood and assimilated, make formulation of the equation
relating the emf of a cell to the activities/concentrations and/or partial pressures a straightfor-
ward procedure. They are:

e writing down the electrode processes and thereby formulating the overall cell reaction;

o formulating AG for the cell reaction in terms of sums and differences of chemical potentials
for the species involved in the overall cell reaction.

The following cell will be used to illustrate the procedure.

Pt(s)|Ha(g) HCl(aq)| AgCl(s)| Ag(s)
reaction at the left hand electrode: Y2 H,(g) + H,O(I) — H;0"(aq) + ¢
reaction at the right hand electrode: AgCl(s) + e — Ag(s) + Cl (aq)
overall cell reaction: ¥ Hy(g) + H,O(l) + AgCl(s) — H;0"(aq) + Ag(s) + Cl (aq)

In Sections 8.11 to 8.13, Equations (8.31) and (8.33) it was shown that:
dG =) pdn; (9.17)

and for the general reaction, aA + bB——cC + dD

AG = +epe +dpp — ap — bug (9.18)
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S AG = Uy,0t (aq) T Hag(s) T Kl (aq) — Y24, (2) — FagCl(s) — HH,00) (9.19)
= /Lf130+(aq) + RT logeaH30+(aq) + Mig(s) + /LQC,—(aq) + RT logeacr(aq)
- I/ZM%Z(g) — %2 RT log.pu, — :U«/H-\gcus) - #%20(1) (9.20)
= AG’ + RTlog, %ﬁa(q’ (9.21)
Py,

where AG? is a constant depending on 7 and p, and is a sum and difference of standard
chemical potentials
Remember:

e 1 for a pure solid or pure liquid = u® where 1? is a constant which depends on T and
slightly on p. The standard state is pure solid at constant 7.

e u foragas =’ + RT log, p where 1% is a constant which depends on Tonly. The standard
state is pure gas at unit pressure, generally listed in tabular data as 1 atm, but rigorously
should be 1 bar.

e u for a solute = u® + RT log, a where 1% is a constant which depends on 7 and p, and
a = cy where y — 1 as ¢ — 0. In dilute solutions, which are approximately ideal, the
activity, a, can be approximated to the concentration, c. The standard state is solute at unit

activity, or, for ideal solutions, a concentration of 1 mol dm—3.

The relation between AG for the cell reaction and the emf generated by virtue of the
electrode processes can now be used:

Since AG = —zFE and AG® = —zFE® (9.7) and (9.8)
RT a1,0* (aq)@C1~ RT H;0%][C1"] RT
E—E_ 710gew _ Y _ 710gew — o log e Vo Vo (9.22)
oF P F mi, @ 3
2 2

Here, from the chemical equations representing the electrode reactions, z = 1.
If the ideal case is being considered, then this equation reduces to:

fﬂlog [H;0"][C1]

e 2
F PH,

E=E° (9.23)

Note: E? is the emf generated by the cell when all the species involved are in their standard states.

9.13.1 Corrections for non-ideality

If non-ideality is being considered the full expression involving activity coefficients has to be
used, i.e.
_ 2.303RT o [H;07][C17] _ 2.303RT

g10 172
ZF pH/z ZF

E=E°

10810)/1-130+ Yer- (9.24)

where the logarithms have been converted to base 10, see note below.
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This equation can be given in terms of the ionic strength, from which the effect of ionic
strength on the emf can be predicted.

o If the Debye-Hiickel limiting law is used, log,, y; = —zl-zAxﬁ (9.25)
" logiym,ot Ve = 10g10¥n 0t +10g10Ye = —A X P x VI-Ax 1> x VI
= 24VI (9.26)
2.303RT a acr-(a
CE=E— log,q 0/ CL (9
ZF P
2.303RT H;0%][C1~ RT
—E" log,, [H; 1]2[ L4 23038T  oavi (9.27)
7F PH/Z zF

Note: it is important to remember that in the basic expression for the emf the logarithmic terms
are to base e. When Debye-Hiickel equations are being used to relate the activity coefficients
to the ionic strength, logarithms to base 10 are involved. Conversion between the two bases is
essential. Hence the 2.303 in the above equation: log.x = 2.303log;ox.

Vi
o If the Debye-Hiickel equation is used, lo L= —7A 9.28
Yy q 210 Y i (9.28)
g 230RT OO 303 BT 0a v (9.29)
S E= F €10 p;/ﬁz : 7F 1+1 ‘

This is a standard method for deducing the expression for the emf of a cell, and should be
used under all circumstances.
It also furnishes a method for extrapolation to give the standard emf of a cell.

2.303RT H;07][CI~ RT 1
E+ log, [Hs 1]2[ | g 23038 VT (9.30)
7F pH/2 r 1+ I
2.303RT H;07][CI~ 1
and a plot of E 4+ log; [Hs 1]2[ ] 'S L (9.31)
zF pH/2 1+ \/j

will give E? as intercept.

9.13.2 A further example deducing the Nernst equation
and the dependence of emf on ionic strength

The cell:

Cu(s)|CuSO4(aq)c; :: CuSOy4(aq)cs|Cuf(s)

is a concentration cell. The expression for the dependence of the emf on ionic strength can be
deduced in the same manner as in Section 9.13.1, but it has one feature specific to concentra-
tion cells: it has no term in E? in the Nernst equation.
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reaction at the left hand electrode, (lhs): Cu(s) — Cu®*"(aq)(lhs) + 2e
reaction at the right hand electrode (rhs): Cu®* (aq)(rhs) 4 2e — Cu(s)
overall cell reaction: Cu(s) + Cu”*"(aq)(rhs) — Cu*"(aq)(lhs) + Cu(s)

AG = HMcut2(ag) (lhs) + Hcu(s) = Mcu?t(aq) (I‘hS) — HcCu(s) (932>
= pf o () (Ihs) + RT log.ac,z+ (4q) (Ths) + ugu(s) — /L’eu2A(aq) (ths)
— RTlog dcp+ (4q) (ths) — u?:u(s) (9.33)

Ay (aq) (1DS)

=RT1
08 Ayt (aq) (Ths)

(9.34)

Note very carefully: there is no AG? in this expression. This is because the standard values for
Cu(s) formed and removed at the electrodes cancel, and the standard values for the Cu2+(aq)
formed and removed at the electrodes cancel. This always happens with concentration cells.

AG = —zFE (9.7)
RT Acy+ (ag) (Ths _RT ). RT +(lh
E=—— 7C 2 (ag) (115) —log, Luz s —log, Yoy (1hs) (9.33)
ZF 7 Ay (4 (ths) CZF [Cu™], 2F Yeur+ (1hs)
2.303RT 2+ 2.303RT, +(lh
E — _ 10 [ u2 ]]hi logl() yCu2 ( S) (936)
zF [ u +]rhs zF Ycourt (I'hS)
Y w2t (th
logo V(c:u“ (ths) = log oY e+ (Ths) — logigy e+ (ths)
T T
= —Ax2%x v (Ihs) + A x 2% x v (rhs) (9.37)
+VI 14+ VI
2.303RT Cu*t RT T ]
E=— loglo[ o T +2.303 x 44 X — ( v (lhs) — L(rhs)> (9.38)
F [Cu® ] 1+VI 1+ VI
where z=2

Note: how important it is to distinguish between the solutions of CuSOy4(aq) in the left hand
and right hand electrode compartments.

9.14 Methods of expressing concentration
There are three ways of expressing concentration:

e As a molar concentration where the ‘concentration’ is given as: number of mol in a 1 dm®
volume of solution. This is the usual definition, and is used in many aspects of quantitative
chemistry. It is the quantity used throughout this book. Here ionic strengths are also molar
quantities and mean ionic activity coefficients are thus based on molar quantities.

e As a molal concentration where the ‘concentration’ is given as: number of mol per 1 kg of
solvent. This is used in highly accurate electrochemical studies, and quantities derived from
experiment are then given in terms of molal concentrations. Most tabulated electrochemical
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data is based on molal concentrations. In particular, compilations of mean activity coeffi-
cients are always given as molal y, and awareness of this is crucial. For simplicity, in this
book all quantities are given in terms of molar concentrations, but care must be taken with
tabulated data. Molal concentrations do not vary with temperature since both quantities
involved, i.e. the number of mol and the amount of the solvent are based on masses, and
these do not vary with temperature. Molar concentrations, however, do depend on tem-
perature since the volume of a given solution will vary from temperature to temperature.
This is of importance when the dependence of thermodynamic quantities such as AG®, AH®,
AS® on temperature is being sought. The same considerations will apply for experiments at
high pressure where AV® are being determined. Molal concentrations do not vary with
pressure, but molar concentrations do.

e Asamol fraction where the ‘concentration’ is given as: the number of mol of the substance
per total number of mol of all substances present. Mol fractions are rarely used for
electrolyte systems, but again it is well to be aware of the possibility of results being
expressed in this manner.

e In electrolyte studies both molar and molal concentrations are extensively used, so again
attention must be paid to the manner in which data is presented.

Worked problem 9.17
Question

Deduce the expression for the dependence of the emf on ionic strength for the following
cell,

Pt(s)|Ag(s)|Ag" (aq) :: Fe** (aq), Fe’* (ag) [Pt(s)

and show how E? for the cell can be determined.

Answer

Reaction at the left hand electrode: Ag(s) — Ag*(aq) +e
Reaction at the right hand electrode: Fe** (aq) + e — Fe** (aq)
Overall cell reaction: Ag(s) + Fe’*(aq) — Ag'(aq) + Fe’*(aq)

AG = pagt (ag) + e (ag) — IEe* (ag) ~ Hg(s)

0 0 0 0
= MAg*(aq) +RT logeaAg+ —+ I’LFe”(aq) +RTlOgeaFez+(aq) — I’LFe”(aq) — RTlOgeaFe3+(aq) — I’LAg(s)

Ao TR 2+
— AG* ¢ RT1og, P& IFT] | ko,
Apedt(aq) [Fe‘ ] yFe“(aq)

AAg* (aq) dFe?* (aq) YAg* (aq) VFe? (ag)

=AG" +RTlog,

where AGY is a constant depending on T and p.
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Since AG = —zFE and AG® = —zFE®

o 2.303RT - [Ag™][Fe*"] _ 2.303RT log,g YAg* (aq) VFe? (aq)
F [F63+] zF VEe3+ (aq)

E=F

Dealing with the term in the activity coefficients:

2303RT,  Vag (q)Vre*(aq) 2.303RT
log;o =
F yFeH(aq) F

{lOgIOJ/Ag+(aq) + 1OgloyFe”(aq) - lOgIOJ/Fe”(aq)}

_2.303RT{ Ax 12VI A><22\/7+A><32\/7}_2.303RTX4A\/7
- F Y /R T/ e

o 2.303RT [AgT][Fe*"] 2.303RT  4AVI
— log, 3 — X
F [Fe’*] ZF 14+ V1

S E=E

2.303RT [Ag*][Fe”]_Ee 2.303RT  4AVI

S E+ lo = X
F BRI F I+

2.303RT [AgH[Fe*"] VI
.".a plot of E+ lo Vs
P FOOBO RS BT VT

should give E%as intercept

2.303RT x 4A .
and — 7Fas gradient.
Z

Be careful here: the equation relating AG and the activity is given in terms of logarithms to
base e. The Debye-Hiickel expression, however, is one in terms of logarithms to base 10.
Hence the expression for E must be given in terms of logarithms to base 10 where
logex = 2.303log ox.

9.15 Calculation of standard emf values for cells
and AG" values for reactions

Cells can give an excellent route to equilibrium constants and thermodynamic quantities for

reactions which cannot readily be carried out in the laboratory. They can also give insights into

the practical aspects of non-ideality. Such studies can be best explained by worked examples.
In all problems:

F = 9.6485 x 10* Cmol™!

¥:0.02569V at 25°C  and @:0.0S9I6V at 25°C

Jmol 'K™'K ] CV

RT
Units of — —_— ===
nits o 7 are Cmol | C C
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Worked problem 9.18
Question

The cell, Pt(s)|H,(g) 1 atm|HCI unit activity AgNO3(aq)|Ag(s) has the following depen-
dence of emf on concentration at 25°C. Use a graphical procedure to find E?. Why is it
necessary to have highly accurate emf data? What is the value of AG® for this cell? Comment
on the fact that emf studies can furnish such a quantity. How could other thermodynamic
quantities be found for this cell reaction?

TANOL 6004 00030 0.0100  0.0600  0.1000
mol dm

E

o 1000 09470 09148 08657 0.8514

Answer

Left hand electrode: ¥2H,(g) + H,O(1) — H307 (aq) + ¢
Right hand electrode: Ag™(aq) + e — Ag(s)
Overall reaction: ¥2H,(g) + HO(1) + Ag*(aq) — H30" (aq) + Ag(s)
Using the standard procedure:
AG = 11,07 (aq) T Hag(s) — Y2 HH,(g) — HH,00) — HAg* (aq)
= Mi1,0¢ aq) + RT 108101 (ag)  Hiarg(s) — Y2 Mty
—RT IOgePII{/ZZ - M?{ZO(I) - Mggwaq) — RT logeag+(ag)
9H;0" (aq)

12
PH, 4Ag* (aq)

= AG® + RT log,

Since HCl(aq) is present at unit activity, i.e. ay,o+(aq) = 1 mol dm~2 and PHy(g) = 1 atm
AG = AG’ — RT10g,ap g+ (aq)
Since AG = —zFE and AG? = —zFE® and for the cell reaction as written, z = 1:

2.303RT10g100a5 (a0) _ o N 2.303RTlog,o[Ag"] N 2.303RT10g 0¥ £ AgNO; (aq)

E=E°
+ F F F

where ¥, (uq) 18 replaced by the measurable quantity ¥4 sen0, (ag)-

F F

Using the Debye-Hiickel equation to take account of non-ideality gives:

£ 2.303RTlog,,[Ag"] B 2.303RT10g,(¥ +AgNO, (aq)

0.510mol~ /2 dm3/2\/1

E —0.05916 Vlog, [Ag™] = E® — 0.05916 V
g10[Ag"] 1+ I
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. aplot of E — 0.05916 Vlog,o[Ag"] vs. v/I/(1 + +/T) should be linear with intercept equal
to EY and slope equal to —0.0302.

[Ag']

— 0.0004 0.0030 0.0100 0.0600 0.1000
mol dm
1

— 0.0004 0.0030 0.0100 0.0600 0.1000
moldm™

VI
- 0.0200 0.0548 0.1000 0.2449 0.3162
mol!/2 dm~3/2

Vi 1/2 3...-3/2
/mol dm 0.0196 0.0519 0.9091 0.1968 0.2403

1+VI
log,o[Ag™] —3.3979 —2.5229 —2.0000 —1.2218 —1.0000
0.059161og,, [Ag*] —0.2010 —0.1493 —0.1183 —0.0723 —0.0592
€ 1.0000 0.9470 0.9148 0.8657 0.8514
E
v 0.059161logo[Ag™] 0.7990 0.7977 0.7965 0.7934 0.7922

Plot of E — 0.05916log,,[Ag*] vs. v/I/(1+4 /1) is linear with intercept equal to E® =
0.7994V and slope equal to —0.029.

A look at the values for E — 0.05916log,,[Ag*] shows why very accurate emf data are req-
uired. The changes in E — 0.05916log,,[Ag "] as the ionic strength is varied are occurring in the
third and fourth significant figures, hence data accurate to four significant figures is required.
Changes in E — 0.05916log,,[Ag™] are small compared with values for the quantity itself.

The cell reaction is ¥2H,(g) + Ag*(aq) + H,O(1) — H30" (aq) + Ag(s)

12

a +
Kidgeal = (HSO(aq)> and AG® = —RTlog K
PH, AAg* eq

AG? = —zFE? = —1 x 96485 Cmol ™! x 0.7994V = —77.13kJ mol !

Remember: CV =]
Since E? has been found by extrapolation of emfs to zero ionic strength it will generate an
ideal K for the reaction.

AG® —77.13kJ mol '

log. K = — = — g Qe =31.11
RT 8.3145 x 103 kJmol™ K" x 298.15K

K =32 x 107 atm™'/2

This calculation illustrates one of the most useful functions of emf studies for chemists, viz.,
they can give information about reactions which do not take place in the laboratory. In the
present case, the reaction of H,(g) with AgNOs(aq) solution to generate Ag(s) and H;0"(aq)
just does not occur. However, by utilising the reactions occurring at the electrodes of this cell,
information about the reaction can be found.

If the emf is studied over a range of temperatures AH® and AS® can be found, and if the cell
could be set up at a variety of pressures AV® can also be found.
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9.16 Determination of pH

Fundamental studies of the pH of a solution rest on the rigorous definition of pH:
pH = —logpay,0+ = —logo[H30™ |yp,0-- (9.39)

Highly accurate measurements of the emf of appropriate cells can lead to a highly accurate
determination of the pH of one of the electrode compartments. Typical cells used are:

Pt(s)|Hx(g) 1 atm|HCl(aq) unknown concentration|Hg,Cl,(s) [Hg(1)
Pt(s)|Hx(g) 1 atm|HCl(aq) unknown concentration| AgCl(s)|Ag(s)

where the deduction of the relation between emf and the activity of H;0 " (aq) is straightfor-
ward (see Worked Problems 9.19 and 9.23). ‘Concealed’ concentration cells are often used. In
practice for routine measurements a glass electrode is used (see Section 9.4.7).

Worked problem 9.19
Question

The emf of the cell:
Pt(s)|Hx(g) 1 atm|HCl(aq) unknown concentration|AgCI(s)|Ag(s)

is 0.4425V at 25°C, and E® for the cell is 0.2224 V at 25°C
(i) Find the pH of the electrode solution.

(i1) From this calculate [HCI].

Answer
(i) Left hand electrode: ¥2H,(g) + H,O(1) — H3;0™ (aq) + e
Right hand electrode: AgCl(s) + e — Ag(s) + Cl (aq)
Overall reaction: ¥2H,(g) + H,O(1) + AgCl(s) — H3;0™ (aq) + Ag(s) + Cl~ (aq)
AG = pi,0% (aq) T i (aq) + Bagls) = Y2Hy(g) — F,0() — HAgCl(s)
= “?ﬁo@q) + RT log.ay,o+- + liecr(aq) + RT log.aci(aq) + /’L?\g(s)

- l/zu“le—lz(g) — 1/2RT log.py, — MI?IZO(I) - M.eAgCl(s)

ay,o+acl-
1/2
PH,

= AG® + RT log,

RT ag.otacr
. _ H;0" ¢Cl
PH,
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z =1 for the cell reaction as written above, and py, = 1 atm. Since [H;0"]=[Cl7] and
a0t = H30™ ]y ey = [C ]y = aar, then:

RT. 2 x RT

E — Ee = — ?logeaH30+ = — logeaH3o+

0.4425V — 0.2224 V = —(2 x 0.02569 x 2.303) Vlog,oy,0*
= —(2 X 0.05916) Vlog, gay, o+

. loggay,or = —1.860

.ap,o+ = 0.0138 moldm ™
Using the rigorous definition of pH: pH = —log,yay,o+ = 1.860
(ii) What has been found is ay,q+ where ay,o+ = [H3O"]y4 a)

But [H3O+] =[Cl ] =[HCl] = ay,0+*

Y+(HQ)
The calculation requires calculating Y-£(HCI) for the unknown [HCI] and so has to find [H;07].
Vi
The Debye-Hiickel equation is required: lo = —Alzg.0+2c- | ———
y q q Zi0Vx |20t 2c ‘1+\ﬁ

But watch: the ionic strength is based on concentrations:

[=1/2) ¢z =1/2[[H:0"] x 12 + [CI7] x 1] = [H30"]

What is known, however, is ap,o+. Calculating [H30™] requires a series of successive
approximations.

First approximation:

Assume [HCI] = 0.0138 mol dm >

I =0.0138moldm™> and /7 =0.1175mol"/2dm3/2

0.510mol~"/2dm?/? x 12 x 0.1175mol"/? dm—3/2
10g,07+Hey = — 11175 = —0.0536

'.'yi(HCl) = 0.884
amot _ 0.0138 mol dm*

= 0.0156 mol dm >
y:l:(HCl) 0.884

- [HCl) =

Second approximation:

I1=0.0156moldm™> and V7 =0.1249 mol'/> dm3/?

0.510mol~"/2dm?/? x 12 x 0.1249 mol'/? dm—3/2
10g0Y+Hey = — 11249 = —0.0566

.'.yi(ch = 0878
ay,or _ 0.0138mol dm™?
yi(HCl) 0.878

S [HC] = =0.0157 mol dm >
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Third approximation:

I =0.0157moldm™> and /7= 0.1254mol"/?dm—3/2
0.510mol~"/2dm>? x 12 x 0.1254 mol'/? dm—3/2

logygY+ucy = — 1.1254 = —0.0568
.'.)/i(HCl) - 0877
+ 0.0138moldm ™
L [HCI) = 20 o~ 0.0157 moldm 3

Y+(HCl) 0.877

There is no need to make any further approximations.

The pH based on the simple definition —log;o[H;0™"] = 1.804

This is to be contrasted with the rigorous calculation which takes non-ideality into account
where pH = 1.860.

[HCI] is sufficiently high for non-ideality to be significant. Such considerations have to borne
in mind when calculations of the pK of a fairly strong weak acid or a fairly strong weak base
are made from pH titrations (see Section 8.25.3 and Worked Problems 8.21 and 8.22), or from
emf measurements (see Worked Problem 9.23).

9.17 Determination of equilibrium constants for reactions
where K is either very large or very small

Emf studies can also be used to determine the equilibrium constants for reactions where the
equilibrium constant is so large or so small that experiment cannot determine it accurately.
The reaction:

2Cr** (aq) + Sn*"(aq) — 2Cr*"(aq) + Sn** (aq)

can be carried out in the laboratory. However, it goes to virtual completion and the equilibrium
constant cannot be measured. It is frequently found that the equilibrium constants for redox
reactions are either much too large or much too small for the equilibrium constant to be found
using standard measurements of concentrations at equilibrium. Emf measurements are
particularly important in the determination of such equilibrium constants.

Another example is the redox reaction:

Fe’"(aq) + Ce*"(aq) — Fe’* (aq) + Ce’*(aq)

The cell which would be used to calculate AG® and K is:
Pt(s)|Fe® "(aq), Fe’"(aq) :: Ce*(aq), Ce**(aq)|Pt(s)
The equilibrium constant for this reaction is 1.6 x 10'%.
Examples of reactions which have Ks which are too small to measure directly are:

Agl(s) + Cl” (aq) —— AgCl(s) + I (aq)
Agl(s) + Br~ (aq) —— AgBr(s) + 1" (aq)
AgBr(s) + Cl™ (aq) = AgCl(s) + Br™ (aq)

with Ks approximately equal to 5 x 1077, 3 x 10~* and 2 x 1073 respectively.
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The cells which would correspond to these reactions are:
Ag(s)|AZCI(s)[CI (ag) :: 1 (aq)|Agl(s)|Ag(s)
Ag(s)|AgBr(s)|Br(aq) : I (aq)|Agl(s)| Ag(s)
Ag(s)|AgCI(s)[C1 (ag) : Br (aq)| AgBr(s)|Ag(s)

The following problem illustrates the ease with which emf studies can furnish such
equilibrium constants.

Worked problem 9.20
Question

The cell:
Pi(s)|Cr* " (aq), Cr**(aq) :: Sn**(aq), Sn**(aq)|Pi(s)
has the following concentrations.

[Cr*"]=2.80 x 10*mol dm >; [Cr*"] = 9.5 x 10~* mol dm >; [Sn*"] = 1.55 x 10~ ? mol
dm>; [Sn*"]=6.50 x 10~ mol dm>.

The emf is 0.133 V at 25°C. Find E® and the equilibrium constant for the cell reaction.

Answer

Left hand electrode: Cr2+(aq) — Cr3+(aq) +e€
Right hand electrode: Sn4+(aq) +2e — Sn”(aq)
Overall cell reaction: 2Cr*"(aq) + Sn*"(aq) — 2Cr’*"(aq) + Sn*"(aq)

AG = 2p1cp+(ag) + s (ag) = 2 (ag) — Hsnt (ag)
= 2M2r3+(aq) + 2RT log.acp+(oq) + “gn“(aq) + RT log.ag,+ (g

_ zﬂ«ngJr( - 2RT IOgeaCr2+(aq) — Mgn4+( — RT logeasn4+(

aq) aq) aq)

2

a’ s Ag 2+
Cr?t (aq) ““Sn”" (aq)
= AG" + RTlog, 5—*+———

Aot (aq)aSIﬁJr (aq)

In this problem this equation will have to be approximated by a logarithmic term in
concentrations, i.e. ideality will have to be assumed. This is because there is insufficient
information given to calculate the ionic strength for the solutions in each electrode compart-
ment. Hence mean ionic activity coefficients cannot be calculated.

[Cr P sn*]

JAG = AG® + RTlog, ——5——
el st
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z =2 for the cell reaction as written above.
o 2.303RT logy, [Cr**]%[Sn?"]
2F [Cr?**[Sn*t]
0.05916 V logyq (9.50 x 1074)* x 1.55 x 1072
2 (2.80 x 1074)* x 6.50 x 103
CLE® = 0.133V +0.02958 Vlog,(27.45 = 0.133 V 4+ 0.0426 V = 0.1756 V
SAGY = —zFE® = —2 % 96485Cmol ™! x 0.1756 V = —33.9kJ mol !

S E=E

50133V =E%—

Remember: VC =]
AG” = —RTlog.K

AG® 33.9kJ mol !
Cdog K = ——— = — = 13.68
RT 8.3145 x 103 kJmol " K~' x 298.15K
S K=8.7x10

9.18 Use of concentration cells

These are cells where there are two chemically identical electrodes with the solutions around
the electrodes at different concentrations. The electrode compartments must be kept physi-
cally separate generally by means of a salt bridge. The net reaction is the equivalent of

transferring the solute from one electrode compartment to the other. This is effected by means of
the electrode reactions and not by any actual transfer. The following problem illustrates this.

Worked problem 9.21

Question

What is the overall ‘reaction’ and the expression for the emf for each of the following cells:
(i) Ag(s)|AgNO;(aq) 0.01 mol dm > :: AgNOs(aq) 0.005 mol dm >|Ag(s)

(ii) Cu(s)|CuSOy4(aq) 0.0020 mol dm™3 CuSOy4(aq) 0.0075 mol dm73\Cu(s)

Calculate the emf of the second cell, ignoring non-ideality. Indicate how non-ideality can be
taken into account.

Answer
(i) Ag(s)|AgNO;(aq) 0.01 mol dm ™ :: AgNOs(aq) 0.005 mol dm | Ag(s)
Left hand electrode: Ag(s) — Ag'(aq)(lhs) + e

Right hand electrode: Agt(aq)(ths) +e — Ag(s)
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Overall cell reaction: Ag*(aq)(rhs) — Ag™(aq)(lhs)
AG = MAg*(aq)(lhs) - MAg*(aq)(rhs)
= “’?\g*(aq) + RT10g,apg+ (o) (Ths) — Mgg+(aq) — RT log apg+ (aq) (ths)
[Ag" sV (agnoy,) (1hs)
“ [AZ s Y +(AgNO;) (rhs)

Pay particular attention: there is no AG? for a concentration cell because the 1%°s refer to the
same species in solution and cancel out.

= RT log

2.303RT
= - F log,o

[Ag™ ] V+(AgNO,) (Ihs)
[Ag+]rhsy:t(AgNO3) (rhs)

Likewise take note: there is also no E°.

(ii) Cu(s)|CuSO4(aq) 0.0020 mol dm > :: CuSOy4(aq) 0.0075 mol dm>|Cu(s)

Left hand electrode: Cu(s) — Cu2+(aq)(lhs) + 2e
Right hand electrode: Cu”(aq)(rhs) + 2e — Cu(s)
Overall cell reaction: Cu®"(aq)(rhs) — Cu®"(aq)(lhs)
AG = [yt (ag) (INS) = Kyt (oq) (ths)
= “?:u“(aq) + RT10g e 2+ (4q) (1hS) — “gu2+(
A2+ (aq) (10S)
acy2+ (aq) (ThS)

2. RT Ay (ag) (1hS
g 2303 log,, 2 (aq) (1hS)
ZF acuzA (aq) (rhs)

aq) — RTlogac,p+ (rhs)

= RT log,

For the cell reaction as written z = 2.
Ignoring non-ideality gives:
_ 2.303RT og [Cu”](lhs)
10 [Cu2+](rhs)

zF
_ 005916V, 00020
2 £100.0075

Taking account of non-ideality:

_ 2303RT

= oF logy,

= 40.02958 V x 0.5740 = +0.0170 V

[CUH] (Ihs) ¥'£(CuSOy) (lhs)
[Cu™*] ) Vx(cusoy) (Ths)

Since there are no equilibria involved in either electrode compartment the actual ionic strength
is found directly from the concentrations, and the mean activity coefficients for each of the
electrode compartment solutions can be calculated from the Debye-Hiickel equation.
I =1/2Y" ciz? where z =2 for each of the two ions involved and

i

” ~ AZVI 0510mol 2 dm’/? x 22 x VI
10V + 1+ \/7 1+ \/7
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(a) for the left hand electrode compartment = 1/2[0.0020 x 2% + 0.0020x
2% = 0.008 mol dm*

" __0510mol"/*dm*? x 22 x 1/0.0080 mol'/> dm~*/?
B0 1+ 1/0.0080

(b) for the right hand electrode 7 = 1/2[0.0075 x 22 + 0.0075 x 2%] = 0.0300 mol dm *

—0.1675.".y, = 0.680

logys ~0.510mol"/*dm®/? x 2% x 1/0.0300 mol'/* dm />
1 + 1/0.0300
B 2.303RT 02,0 [Cuzﬂ(lhs) V:t(CuSO4)(1hS)
oF [Cu™] ) V-t(cusoy) (Ths)

_ 0.05916V logyq 0.0020 x 0.6800

2 0.0075 x 0.4998

It can be seen that accounting for non-ideality makes a considerable difference to the
calculated emf, illustrating how important it is not to ignore non-ideality.

= 0.3012.".y, = 0.500

= 40.02958 V x 0.4403 = +0.0130 V

9.19 ‘Concealed’ concentration cells and similar cells
These are used extensively in emf work to find, in particular, equilibrium constants, solubility
products and equilibrium constants for complexing and ion-pair formation. Practice is

necessary in recognising such situations and in handling them, and this is given in Worked
Problems 9.23 to 9.27.

Worked problem 9.22
Question

Show how the following two cells can be regarded as equivalent.
Ag(s)|AgNOs(aq) ¢; :: AgNOs(aq) c2|Ag(s)
Ag(s)|AgCl(s)[KCl(aq) :: AgNOs(aq)|Ag(s)

Answer

o Ag(s)|AgNOs(aq) ¢; - AgNO3(aq) co|Ag(s)

This is a typical concentration cell with electrode reactions as follows:
Left hand electrode: Ag(s) — Ag'(aq)(lhs) +e
Right hand electrode: Ag*(aq)(rhs) +e— Ag(s)
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Overall cell reaction: Ag*(aq)(rhs) — Ag™(aq)(lhs)
AG = M’Ag*(aq) (lhs) — luAg*(aq) (rhs)
= /’ng+(aq) +RT logeaAgi(a‘J)(th) - H’?\g*(aq) —RT logeaAg+(aq) (I‘hS)
[Ag"]jhsY+(aeno,) (1hS)
[Ag+]rhs yj:(AgN03) (rhs)

= RT log,

o Ag(s)|AgCl(s)|KCl(aq) :: AgNOs(aq)|Ag(s)

The left hand electrode is generally considered to be described as:
Ag(s) + Cl™ (aq)(Ihs) — AgCl(s) +e
The right hand electrode reaction is:
Ag'(aq)(rhs) +e — Ag(s)

Overall reaction: Ag™(aq) (rhs) + Cl (aq) (lhs) — AgCI(s)
Pay particular attention: the two ions are in different solutions.

AG = MAgCl(s) — MAg*(aq) (rhs) — Har( (lhs)

= ,ufZgCl(s) - uig+(aq) — RT 10g.Axg+ (aq)(ths) — :U«gr(aq) — RT log.acy- (aq) (1hs)
AG = AG® — RT10g,a g+ (o) (ths)aci- (aq) (1hs)

But acy-(aq)(lhs) is related to a@pg+(4q)(lhs) by the solubility product for AgCI(s), i.e
Kq = aAg+<aq)(lhs)acr(aq)(lhs)

g'(aq) ( hS)

K;
AG=AG® —RT10g,{ apy+ (s (ths)—————— + = AG® — RTlog,K, RTloge
{ Ag*(aq) (pg* (aq)(lhs)

aAg+ (aq) <th)
But RT log K = —AG?" is a relation for the dissolution of AgCI(s)
AgCl(s)——=Ag" (aq) + ClI" (aq)

0 _ .0 0 0
where AGdissolution - H’Ag*(aq) + I’LCI’(aq) - I’LAgCl(s)

and this is the negative of AG". = Ui gcis) —ugg, )~ I¢y- (o) aPpearing earlier in the
equation for AG for the cell reaction.
rhs o+ (ag) (1S
SAG = AGY — AG® — RTlogeM = RTlogeM
Aag* (ag) (1) Aag* (ag) (ThS)

[Ag ]m;Vi (AgNO;) (lhs

)
= RT log,
[Ag+]rh§yi (AgNO3) (rhs)

and this is the same as the expression derived assuming that the cell can be treated as a
concentration cell with electrode reactions as follows:

Left hand electrode: Ag(s) — Ag*(aq)(lhs) +e
Right hand electrode: Ag™(aq)(rhs) +e — Ag(s)
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Overall cell reaction: Ag*(aq)(rhs) — Ag*(aq)(lhs)

Aagt,) (Ihs) _ RTlog [Ang]lhsyi(AgNO})(th)
Qygt (rhs) ¢ [Ag+]rhsyi(AgNO3)(rhs)

(aq)

AG = RT log,

9.20 Determination of equilibrium constants and pK values for
reactions which are not directly that for the cell reaction

These can be illustrated by the use of emf measurements to find the equilibrium constants
for weak acids and bases, for the self ionisation of water, for the formation of a complex
or ion pair and for the solubility of sparingly soluble salts. This, taken with the situations
described in the previous worked problems, illustrates the extreme versatility of emf
studies.

Modern digital voltmeters allow the measurement of highly accurate emfs. If the emfs are
measured over a range of ionic strengths this will allow the effect of ionic strength on the
equilibrium constants to be studied in detail. Furthermore if the dependence of emf on
temperature is measured, the thermodynamic quantities, AH?, AS® and ACg can be found
and interpretations of the magnitudes made. If the experimental set-up can be adapted to
a determination of the emfs at various pressures to be made, then AV? values can also be
found.

9.20.1 Determination of pK values for the ionisation of weak acids and weak
bases, and for the self ionisation of H,0(l)

When emf studies are used to determine these quantities the overall cell reaction is not that for
the equilibrium being studied. The emf will give, however, the concentration of H;O"(aq)
which then allows pK,, pKj, or pK,, to be found by standard equilibrium calculations. This is

illustrated in Worked Problems 9.23 and 9.24. Determinations of pK,, pK, or pK,, from emf
studies often make use of the ‘concealed’ concentration cell.

Worked problem 9.23
Question
The cell:
Pt(s), H(g)1 atm|CsHsCOOH(aq) :: KCl(aq)[Hg,Cl,(s)[Hg(1)
0.0100 moldm—>  0.0200 mol dm >

has an emf = 0.5564 V at 25°C. If E? is 0.2675 V at 25°C, find
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(i) The pH of the left hand electrode compartment solution and K, for the acid ionisation of
CsHsCOOH(aq) at 25°C, ignoring non-ideality,

(i) The pH and K, correcting for non-ideality.

Answer

Left hand electrode: ¥2H,(g) + H,O(1) — H3;0™ (aq) + ¢
Right hand electrode: ¥2Hg,Cl,(s) + e — Hg(l) + Cl™(aq)
Overall cell reaction: ¥2H,(g) + ¥2Hg,Cly(s) + H,O(1) — Hg(1) + H;0™ (aq)+ Cl~(aq)

Take note: H;0"(aq) and Cl (aq) are in different electrode compartments.

AG = ppg(ty + Mi,0% (aq) T i (aq) = 72 Pita(e) = 2 HHg,Cla(s) — HH,00)
SAG = M%g(]) + /LQH}O+ (aq) T RT'10g,a11,0+ (aq) + M?:r(aq) + RT log,aci-
— Yo i, () — V2RT10gepr, — Y5 g (s) — Minoq)
AH;07 (aq) 4C1™ (aq)
% = AG’ + 2.303RT 10g0011,0° (aq) 41 (aq)

H,

= AG’ 4 2.303RT log,,

Note: the term in le{/2 . drops out because py, = 1 atm.

(i) Ignoring non-ideality enables the activities to be replaced by concentrations giving:

AG = AG? + 2.303RT log,,[H;0"][CI]

Remember: H;07(aq) and Cl~(aq) are in different electrode compartments.

o 2.303RT 2.303RT

E=E F log;o[H30™] — —F log,[C17]

where z = 1 for the cell reaction as written.

2.303RT
zF

2.303RT log,,[Cl7]
F
= 0.2675V — 0.5564V — 0.05916V x (—1.699)
= (—0.2889 + 0.1005)V
= —0.1884V
. logo[H;07] = %98182‘ = -3.185
" [H30™] = 6.54 x 10~* mol dm ™

log,,[H;0"] = E* — E —

Assuming the approximate definition of pH, pH = — log,,[H;0"] = 3.185

[CeHsCOOH],...;, = [CsHsCOOH], ., + [CcHsCOO]

actual
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Assuming that the self ionisation of H>O(1) can be ignored, then:

[H3O+]actual = [CéHSCOOi}
[C6H5COOH] = [C6H5COOH]stm’ch — [H30+}

actual —

=0.0100moldm > — 6.54 x 10~*moldm™> = 9.35 x 107> mol dm >
Ka _ ([H30+]aclual [C6H5coo]actual> _ [H30+Ectual
eq [ e

actual

actual

[C6H5 COOH] actual CeHs COOH] actual

6.54 x 10~*)* mol® dm°
_ (34> 107 moldm 7 1075 mol dm
9.35 x 103 moldm

pK, =4.34
(i1) Correcting for non-ideality:

AG = AG’ + 2.303RT 10g,0a,0* (ag)4CI" (aq)

Be careful here:

e Since the ionic strength is not known for the solution in the left hand electrode compart-

ment, dy, o+ (5q) cannot be replaced by [H;O "y ..

e Since the ionic strength for the solution in the right hand electrode compartment can
be found from the quoted concentration — there are no equilibria involved here and the
stoichiometric ionic strength is the same as the actual ionic strength — acj-(4q) can be
replaced by [C1” ]y kc)-

o 2.303RT 2.303RT
_TloglOaI-hOJr_Z—F

For the right hand electrode compartment:

SE=E logyo[Cl" ]y (kc1y Where z=1

I = 0.0200moldm™.".v/I = 0.1414 mol'/?> dm~3/?
logy 7. = Alzzer VT _ ~ 0.510mol ' dm*/* x 0.1414 mol'/> dm />
1+ I 1.1414
. VKCl(ag) = 0-865
.0.05916V log, a0

= —0.0632

aq) = E" — E —0.05916 V log,,(0.0200 x 0.865)
=0.2675V —0.5564V +0.1042V = —0.1847V

- 10810a1,07 (aq) = —3-121  .ap,0¢ (aq) = 7-57 x 10"  moldm ™

If the formal definition of pH is used, i.e. pH = — log¢ay,0+ (aq)» then the pH of the left hand
solution is 3.12.
Taking account of non-ideality is now an exercise in successive approximations as illustrated

in Worked Problem 9.19.

aq)

e first approximation

The activity found above is taken as a first approximate [H;0 "], i.e. 7.57 x 10~* mol dm >,
and since the self ionisation of H,O(l) can be ignored:
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first approximate [C¢gHsCOO™] = [H301]=7.57 x 10~* mol dm 3

first approximate [C¢gHsCOOH] = [CsHsCOOH ] gpich — [H;0™1]
=0.0100 mol dm > — 7.57 x 10~* mol dm >
=9.24 x 10> mol dm >

first approximate ionic strength and activity coefficient:

[=1/2) eigp =1/2{757x 107 x 1 +7.57 x 10~* x 17} =7.57 x 10"*moldm

0.510mol™"/2dm*? x 12y/Tmol'/?dm > 0.510 x 0.0275 _

1 b= = =—0.0137
]/H30+ == 0969
7.57 x 10~*mol dm ™
[H;0%] = 215 0.96‘;(’ M _7.81x 10~*moldm™3
continuing with successive approximations, see Worked Problem 9.19 gives:
7.57 x 10~ _ _
[H;0"] = “oogo = 18210 “moldm™ and yy,o- = 0.969
[CeH5COO ™ |, = [H30™ ] = 7-82 x 10~ moldm
[CGHSCOOH]aCtual = [CGHSCOOH]stoiCh - [H3o+]actual

=0.0100moldm > — 7.82 x 10~* mol dm™>

=922 x 10> moldm 3

_ 2 2
307" [C6H5COO ™|y V0t Yeghiscoo H30" o V11,00

o [C6H5 COOH] actual ¥ C¢HsCOOH [C6H5COOH] actual ¥ C¢HsCOOH

7.82 x 10742 mol? dm® x 0.9692
_ (782 1077) mol"dm 7 x 0969°_ ¢ >3 . 10~ mol dm
9.22 x 10~3 moldm

assuming that YC¢HsCOOH = L.

pK, = 4.21
The rigorous definition of pH = —logyay,o+ = 3.12

Note: the approximate and rigorous pH values do not differ much for this acid. That this is so is
explained in Section 8.25.2 and Worked Problem 8.20.

Worked problem 9.24
Question

How could the following cell be used to determine K, for H,O(l) at 25°C?
Pt(s)|H,(g) 1 atm|NaOH(aq) 0.015 mol dm >|AgCl(s)|Ag(s)
NaCl(aq) 0.015 mol dm >

If the observed emf is 1.0499 V and the standard emf for the C1™(aq)|AgCl(s)|Ag(s) electrode
is 0.2224 V at 25°C, find K.
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Answer

Left hand electrode: ¥2H,(g) + H,O(1) — H30" (aq) + ¢
Right hand electrode: AgCl(s) + e — Ag(s) + Cl™(aq)
Overall cell reaction: ¥2H,(g) + HyO(1) + AgCl(s) — Ag(s) + H;0™ (aq) + Cl™ (aq)

AG = ppg(s) T HH,0% (aq) T Hal (ag) — Y2MH,(e) — FH,00) — HAgCl(s)
SAG = M/e\g(s) + MglgO*(aq) +RT logeaHzOJr + Mgl’(aq) +RT logeacr(aQ)

1/2
— le%(g) - RTlong/2 - M?Izoa) - MggCl(s)
172
sz

= AG" + RT log,

The factor pll{/2 2 drops out since py, = 1 atm.

RT
S E = EY — 2.303Z—F logloaH30+(aq>aCl—(aq)

where z = 1 for the reaction as written.

E% = 0.2224V is the standard emf of the Cl (aq)|AgCI(s)|Ag(s) electrode, and it is also by
definition the standard E® of the cell:

Pt(s)|Hx(g) 1 atm|HCl(aq) unit activity| AgCl(s)|Ag(s)
It is also the standard emf of the cell:

Pt(s)|Hx(g) 1 atm|NaOH(aq) 0.015 mol dm | AgCl(s)| Ag(s), E® = 0.2224V
NaCl(aq) 0.015 mol dm >

because this is a ‘concealed’ type of cell analogous to the ‘concealed’ concentration cells.
The mixed solution of NaOH(aq) and NaCl(aq) can be regarded as an extremely dilute
solution of HCl(aq). Likewise the left hand electrode reaction can be written in two equivalent
ways:

Y2 Hy(g) +H,0(l) — H;0 " (aq) +e (D
72 Hy(g) + OH (aq) — HO () +-¢ @

Subtracting the second equation from the first gives the equation for the self ionisation
of water, where the concentrations of H;0™ (aq) and OH ™ (aq) are related to each other by K.

2H,0(1) — H307 (aq) + OH (aq)

2.303RT

TR 10810811,0* (aq)dCr (aq) = E* — E = 0.2224V — 1.0499V = —0.8275V
, 0.8275V
s logIOaHgoJr(aq)aCl’(aq) = m = —13.987

1,0° (aq)@C1- (aq) = 1.03 X 107"* mol* dm™°
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Strictly, Ky = ay,0+@0oH (ag)» 2lthough in the elementary chapters on equilibria Ky, was taken
to be equal to [H;0"][OH].
Ky
@OH" (aq)

a a _ KwaCl’(aq) o Ky [Cli]yCI’(aq)
. + CI- — - -
H:0" aq) AOH™ (aq) [OH ]yOH’(aq)

AH;0% (aq) =

Since OH ™ (aq) and C1™ (aq) are in the same solution and thus relate to the same ionic strength
and since both are univalent anions, Yoy~ (aq) a0d Y1~ (aq) €an, to a first approximation, be taken
to be equal and thus cancel out.

K]

" [OH7]
But [OH ] =[Cl ]=0.015 mol dm >
S Ky = 1.03 x 107"* mol>dm—°

=1.03 x 107"* mol> dm™®

However, if the Debye—Hiickel equation does not fully cope with non-ideality, then the
extended Debye-Hiickel equation is required to account for yoy-(aq) and Ycr-(aq) DOt quite
cancelling each other out. Also it is possible that y, for NaOH(aq) and NaCl(aq) are not quite
equal because the value of b in the bl term of the extended Debye—Hiickel equation
log,ov. = —Al|z122|v/1/(1 + /) 4 bl may not be the same for the two electrolytes.

9.20.2 Solubility products

Determination of solubility products can be difficult using standard analytical procedures.
These require that equilibration between the solid and the solution is complete and require
constant shaking of the solution for a considerable length of time, followed by analysis of the
saturated solution. Emf measurements allow a much faster and highly accurate determination.
This is because emf values can generally be read accurately to 4 significant figures.
‘Concealed’ types of concentration cells with salt bridge are generally used.

Worked problem 9.25
Question
The cell:

Hg(1)[Hg,Cly(s)|[KCl(aq)  0.025 moldm > :: Hg,(NO3)x(aq) 0.005  mol dm>|Hg(l)
has emf = 0.3679 V at 25°C. Find the solubility product of Hg,Cl,(s).

Answer

This cell can be treated as a ‘concealed’ concentration cell.
Left hand electrode: 2Hg(l) — Hg%*’(aq)(lhs) + 2e
Right hand electrode: 2e + Hg3 " (aq)(rhs) — 2Hg(1)
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Overall cell reaction: Hg%*(aq)(rhs) — Hg%*(aq)(lhs)
z = 2 for the cell reaction as written.
If non-ideality is ignored, then:
AG = MHg§+(aq)(1h5) — Mgt (ag) (rhs)
=u 2 (ag (1NS) + RT log, H ) — ,ng? (g — RTlog, [HE} ] )

Hg2*],...
- RTloge@

2
[HgZ]rhs
Note: there is no AG? term because the u%s are the same for each electrode. As mentioned
earlier, this always happens with concentration cells and with cells treated as ‘concealed’
concentration cells.

2.303RT Hgs"
—— log | g§+]lh8 =0.3679V
[ng ]rhs
[Hg3 ™y, 2F 0.3679 x 2V
S log g2 = —0.3679V =— =—12.44
OB1072F] “2303RT~ 0.05916V

H 24
A5 s 3651071

[Hg g
[Hgs ™) =365 x 1075 x [Hg3 "], =3.65x 107" x 5 x 10> moldm >

=1.8x 10 " moldm™?
Hg,Cl,(s)———Hg3" (aq)(lhs) +2C1™ (aq)(lhs)

K,= ([Hg?][cr}z)lh —1.8% 10 S moldm™> x (0.025)*mol2dm® = 1.1 x 10~ * mol? dm™°

Note: this calculation assumes ideality

9.20.3 A further use of cells to gain insight into what is occurring in an
electrode compartment - ion pair formation

Emf and conductance studies have been used extensively in compilations of data on ion pair
formation.

Worked problem 9.26

Question

The cell: Cd(s)|CdCly(aq) 3.25 x 10~*mol dm ™ :: Cd(NOs), 3.25 x 10~* mol dm>|Cd(s)
has an emf = 7.6 x 10~* V at 25°C. Estimate the concentration of Cd”(aq) in the left hand
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electrode solution, stating any assumptions which are made, and from this find the equilibrium
constant for

Cd*"(aq) + Cl~ (aq) =———=CdCl" (aq)

Assume that there are no CANOJ (aq) ion pairs present.

Answer

Left hand electrode: Cd(s)—Cd*" (aq)(lhs) + 2e
Right hand electrode: Cd** (aq)(rhs) + 2e — Cd(s)
Overall cell reaction: Cd*" (aq)(rhs) — Cd*" (aq)(lhs)
AG = pcges (aq) (IDS) = pege (ag) (ths)
= ,u,gdﬂ(aq) + RT log.ac g+ (4q) (1hs) — “’gd”(aq) — RT log.dcg+ (g (ths)
Acg* (ag) (1hS)
Aeg (ag) (rhs)

_ _2303RT e+ (aq) (1hs)
o 2F glo aCd2+ (aq) (I‘hS)

."AG = RT log,

Ignoring non-ideality, this approximates to:

2.303RT [Cd** )
E=— °F log;g g
[Cd ](rhs)
where z = 2 for the reaction as written.
Cd**] s 2% 7.6x 1074V
logio Hh“‘) SRk ik — —0.0257
[Cd ](rhs> 0.05916 V
Cd2+
g [ zj“‘“) — 0.9425
[Cd ](rhs)
]

[Cd2+]total = [Cd2+]actual + [CdC1+]actual = 325 X 10_4 IIlOl dm_3

" [CACI], s = (3:25 x 107* —3.06 x 107*) moldm ™ = 1.9 x 107> moldm >
[Cli] = [Cli]aclual + [CdCl+]
[

total actual

O ] = (2% 325 107 — 1.9 x 107°) moldm > = 6.31 x 10~* moldm >
Ko 2[Cdcﬁ]aclgal _ 1.9 x 193*5 moldm > —— 98mol ' dm’
[Cd*"], e [C17] 3.06 x 10~#*moldm ™ x 6.31 x 10~4 mol dm

actual

To take account of non-ideality it would be necessary to calculate a first approximate ionic
strength assuming the concentrations as calculated above. From this, first approximate activity
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coefficients and first approximate activities could be found. Using the ideal expression for the
emf the calculation could be repeated until successive approximations show no change in the
concentrations.

9.20.4 Complex formation

Worked problem 9.27
Question

The cell: -
Ag(s)|AgNO3(aq) 0.10 mol dm™> 3 AgNO;(aq) 0.05 mol dm*3\Ag(s)
NH;s(aq) 0.50 mol dm™ NaNOs3(aq) 0.05 mol dm™

has an emf = 0.409 V at 25°C. Calculate the equilibrium constant for the complex formed
between Ag*(aq) and NHs(aq).
Answer

The complex is formed as:

Agt(aq) + 2NH3(aq):’Ag(NH3);(aq)

_ [ [Ae(NH3), ] Yagoumy); )
[Ag"|[NHs*  Vag' ()

) assuming yny, = 1
eq
This can be treated as a ‘concealed’ concentration cell:
left hand electrode: Ag(s) — Ag'(aq) (Ihs) +e
right hand electrode: Ag*(aq) (rths) +e — Ag(s)
overall cell reaction: Ag*(aq) (ths) — Ag*(aq) (Ihs)

AG = [iagt(aq)(1hS) — Hag* (aq) (Ths)

= M?\g+(aq)(1hs) + RT10g,apg+ (aq) (Ths) — M?\g+<aq) (ths) — RT 10g.aag+ (aq)(rhs)

[Ag+] (1hs) Vag*(aq) (th)

= RT log
© [AZ"] (hs) Vg (ag) (ThS)

2.303RT [AZ"] (1hs) Y Ag (aq) (1DS)
= 1OgIO A + h
[Ag ](rhs)yAg*(aq)(r s)

F

where z = 1 for the reaction as written.
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e In the left hand compartment the singly charged Ag*(aq) is being replaced by the singly
charged complex, and to a first approximation the activity coefficients can be taken as equal
and will cancel out in the equilibrium constant expression.

K:C@mmm>

+ 2

A INH )

e The ionic strengths in the two electrode compartments are the same, i.e. 0.10 mol dm ™~ and

so the activity coefficients for the Ag*(aq) in each compartment will be the same and will
cancel out in the emf expression.

_ 2303RT og [AZ"] 1ns)
F 10 [Ag+](rhs)
AL 1ns E —0.409V
E loglo[ g+]“h‘> =- = = —6.913
(A (he) 0.05916V ~ 0.05916 V
A +
" [{ﬂ =122x 1077
[Ag ](rhs)

C[Ag hyy = 5 X 1077 x 1.22 x 107" mol dm ™ = 6.1 x 10~* mol dm >
In the left hand compartment:
(AL T = (A2 |yt + [AZ(NH3),3 T
S AE(NHS)S |t = (A2 o — (A2 s = (010 — 6.1 x 107%) mol dm ™ = 0.10 mol dm >

[NH3}total = [NH3]actual + Z[Ag(NH3)2]
2[Ag(NH3)2]

total

actual

[NH3), a1 = INH3] o1 — st = (0.50 — 2 x 0.10) mol dm ™~ = 0.30 mol dm ™

Remember: 2NHj; are removed for every Ag(NH;), formed.

_ <M\I}h)2+]> B 0.10 mol dm ™3

= 1| = 3 s————— = 1.8 x 10°mol * dm°
[Ag"][NH;] 6.1 x 10~ moldm ™ x (0.30)" mol* dm ™~
eq

This is a further example of how useful emf measurements are in finding the equilibrium
constant for a reaction which appears to have gone to virtual completion, but where a finite K
can be found.

9.20.5 Use of cells to determine mean activity coefficients and their
dependence on ionic strength

Emf studies have been the major route to the determination of highly accurate y, values for
electrolytes. They have also been used extensively in testing the Debye—Hiickel limiting law at
low concentrations, and the Debye—Hiickel equation and extended equation over a large range
of concentrations. Determinations at high concentrations have led to extensive compilations of
data for a large number of electrolytes, and these are highly pertinent to the assessment of
more advanced theories of non-ideality.
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Worked problem 9.28
Question

At 25°C, the following cell:
Pt(s)|H,(g) 1 atm|HCl(aq) unit activity :: CuSO,(aq)|Cu(s)

has a standard emf = 0.3394 V and the following dependence on concentration of CuSOy4(aq).

CuSO
4[ 4 ‘i 0.0010 0.0030 0.0050 0.0100
mol dm

‘E/ 0.2461 0.2571 0.2618 0.2679

e Find y, for each CuSOy(aq) solution.

o Using the Debye—Hiickel equation, calculate y, for each CuSOy4(aq) solution and comment
on the two sets of values.

e Experiments at high concentrations give the following results:

o]
— 0.1000 0.2000 0.3000 0.4000
mol dm
1
— 0.4000 0.8000 1.200 1.600
mol dm
v+ (exptl) 0.150 0.104 0.083 0.0705

e Compare these values with the corresponding values calculated from the Debye—Hiickel
equation, and comment.

Answer

Left hand electrode: ¥2H,(g) + HO(1) — H30% (aq) + e

Right hand electrode: Cu*"(aq) + 2e — Cu(s)

Overall cell reaction: Hy(g) + 2H,0(1) + Cu**(aq) — 2H;0"(aq) + Cu(s)
AG = 21up,0% (aq) + Hcu(s) — KHy(g) — ZHH,00) — Heu (ag)

AG =24}, o (o) + 2RT108e1,0 (aq) + W) — Mine) — RT logep,

_ 2#?{2 o) — '“?:uZ' (aq) — RT 108002+ (aq)

. Acu? (ag)PHa(g)
+.AG = AG" — RT log, 192

H;07 (aq)
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Since the electrode on the left hand side is a standard hydrogen electrode, ap,o+(aq) =

1 moldm 2 and pu, = 1 atm, and the above equation reduces to:

AG = AG® — RT log,[Cu>" ]y (cuso,)
2.303 x RT

SE=E'+

where z = 2 for the cell reaction as written.

.(0.02958) V1og 0¥+ (cuso,) = E — E° — (0.02958) V log;p[Cu?*]

log,,[Cu*"] +

2F

2.303 x RT

log;o Y +(CuS0y)

\%
[Cu®']
mol dm™3

0.02958 log,[Cu**]

E - E°
0.02958log gy+ = v

—0.02958 log[Cu®*]

log o ¥+(cuso.)

Y+(cuso,)(exptl)

0.2461

—0.0933

0.0010

—0.0887

—0.0046

—0.154

0.701

0.2571

—0.0823

0.0030

—0.0746

—0.0077

—0.259

0.550

0.2618

—0.0776

0.0050

—0.0681

—0.0095

—0.322

0.476

0.2679

—0.0715

0.0100

—0.0592

—0.0123

—-0.417

0.383

e The Debye-Hiickel equation can be used to calculate the mean activity coefficients for the

CuSOy4(aq) solutions.

AX2x%x2x+I
logy, = ———"2Z3  and  1=1/2Y ¢,z = 1/2{2*[Cu®*] + 22[SO2~
— 4[CuSO4]
CuSO
[CuSO4]. 0.0010 0.0030 0.0050 0.0100
moldm
I
— 0.0040 0.0120 0.0200 0.0400
moldm ™’
7
IL 0.0632 0.1095 0.1414 0.2000
mol'/? dm~3/?
Vi 1/2 4..-3/2
mol"/? dm 0.0595 0.0987 0.1239 0.1667
14+ VI
~1/2 4..3/2
_0510mol P dmE x4 x VI —02014  —02528  —0.3400
1+ VI
Y+ (cuso)(calc) 0.756 0.629 0.559 0457
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Comparison of observed and calculated values:

¥+ (cuso,) from emf data 0.701 0.550 0.476 0.383
Y (cuso,)calc from Debye-Hiickel 0.756 0.629 0.559 0.457

It can be seen that the observed y. cys0,) are considerably lower than the y . ys0,) calculated
from the Debye—Hiickel equation. This is most probably due to formation of the ion pair
Cu®"SO; (aq). Since both ions are doubly charged, ionic interactions are high and formation
of the ion-pair is favoured.

e The data at high concentrations give the following calculated ..

[CuSO,]

— 0.1000 0.2000 0.3000 0.4000
moldm™
1

— 0.4000 0.8000 1.200 1.600
mol dm
L 0.6325 0.8944 1.095 1.265
mol!/2 dm 3/

v 0.3874 0.4721 0.5228 0.5585
T4 v/ mol' /2 am=3/2 : : : :

—1/2 3:113/2
_0.510mol ¥ x 4 x VI ~07903 09632 —1.066  —1.139
1+ VI

7+(cusoy)(calc) from Debye-Hiickel theory) 0.1620 0.1089 0.0858 0.0726
Y+(cuso,) from emf data 0.150 0.104 0.083 0.0705

The difference between the observed and calculated values of y, is now much smaller. Ion
association would be expected to be greater at these high ionic strengths and the difference
between the y, values would be expected to be even greater than at the low ionic strengths.
The fact that this is not so can only be attributed to the inadequacy of the Debye—Hiickel
equation at these high ionic strengths and as evidence for the necessity of a bl term as is
postulated in the extended Debye—Hiickel equation:

VI
logpyy = — T

A ‘ZCu”ZSOi’ bl

Worked problem 9.29
Question

At 25°C, the cell:
Pt(s)|Ha(g) 1 atm|HCl(aq)|AgCI(s)|Ag(s)
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has the following dependence on [HCI].

HCI
% 7.84x 107 250x 107 476 x 107 8.10x 107 1.44x 102
moldm -
E
v 0.5915 0.5332 0.5010 0.4749 0.4466

e Find E® and calculate values for Y+ for each solution.

e When [HCI] = 2.15 mol dm > the observed emf is 0.1782 V. Calculate Y+(ucl) and com-
ment on its value.

Answer

Left hand electrode: Y2 H,(g) + H,O(1) — H30"(aq) + e
Right hand electrode: AgCl(s) + e — Ag(s) + Cl (aq)
Overall cell reaction: ¥ Hy(g) + H,O(l) + AgCI(s) — Ag(s) + Cl (aq) + H;0(aq)
Note: the H;07(aq) and Cl~(aq) refer to the same solution.
AG = [iag(s) T et (aq) T RH:0%(aq) — Y2HH,(g) — HE,0(1) — HAagCl(s)

AG = Mgg<5) + ud (aq) T RT 10g.acr- (ag) + Mgbo, (aq) T RT108:a1,0* (aq)

1/2
— V2l o) — RTIOgepH/z — Who() — Magcs)

AH,;07 (aq)4Cl™ (aq)
1/2
P, (g)

. AG = AG® + RT log,

Since Hy(g) is present at 1 atm:

AG = AG® +RT log, [H3o+]7/i(HCl) [Cl_]yi(HCI)

o 2303RT

E=E — log,([H;07] [Cr}yi(ﬂcn

where z = 1 for the cell reaction as written.

2 x 2.303RT

2.303RT _
t—F logo[H;07][C17] = E — 7 1oZiVxman
2.303RT - 2 x 2.303RT  Alziz|VI
S E+~Z"—— log,,[H;0"][CI"] = E* + X
F g0[H307][C17] F L+ I

A plot of:

E + (2.303RT/F) log,,[H;0"][C17] vs. v/I/(1 + +/T) should be linear with intercept E* and
slope 0.0603 V mol~""* dm*?
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Since:

2 x 2.303RT

RT _
F logyoy 1 (neny = E'—E - 2-3037 log;[H;0][C1]

RT
=E — (E+2303 & logio [H;0™][C17])
and E® has been found, then this equation will allow calculation of Y+(ucr for any [HCI].

e The table below gives the data required for the graph of E + (2.303RT/F) log,,[H;0"][Cl1™]
vs. VI/(1+ /1)

c

7.84x 107* 250x 1072 476 x 1072 8.10 x 107> 1.44 x 1072

mol dm™3

% 0.5915 0.5332 0.5010 0.4749 0.4466

2.303RT/F) log,, [H;0"][CI~

(2.303RT/ )("/g“’[ s07][Cl] —0.3675 —0.3079  —0.2748 —0.2475  —0.2179

R

E+ (2303RT/F )Vlog“’[H3o I 6 2240 0.2253 0.2262 0.2274 0.2287
Vi

N S 0.0280 0.0500 0.0690 0.0900 0.1200

mol'/2 dm—3/2

I+ VD) 0.0272 0.0476 0.0645 0.0826 0.1071

mol!/2 dm—3/2

The graph of E + (2.303RT/F)log,,[H;O"][CI7] vs. VI/(1 ++/I) is linear with inter-
cept = E® = 0.2225V and slope = 0.059 V mol~"* dm™?.

e The table below gives the data required for the calculation of (2 x 2.303RT /F) log ;oY 4 (ucy)
— E% — (E + (2.303RT/F) log,,[H;07][CI")

H +
[34% 7.84x107* 250 x 1072 4.76 x 1072 8.10 x 107> 1.44 x 102
moldm™
% 0.5195 0.5332 0.5010 0.4749 0.4466
e
E+ (2303RT/F )Vlog“’[H3O I 6 2240 0.2253 0.2262 02274 02287
2 x (2.303RT/F)log,y v+
% ~0.0015 —0.0028  —0.0037 —0.0049  —0.0062
where E? =0.2225V
log,, v.. where 2 x 2.303RT/F  —0.013 —0.024 —0.031 ~0.041  —0.052

=2x0.05916V

Vi 0.971 0.947 0.931 0.909 0.886




9.21 USE OF CONCENTRATION CELLS WITH AND WITHOUT LIQUID JUNCTIONS 343

This calculation shows that the mean activity coefficient for HCl(aq) decreases with increas-
ing concentration, and this reflects the increasing non-ideality as the concentration increases.
When [HCI] = 2.15 mol dm*:
2.303RT
X S
F

2.303RT
F
= {(0.2225 — 0.1782 — (2 x 0.05916log,(2.15)} V

= (0.2225 — 0.1782 — 0.0393)V

2 log,gy. =E'—E log,y[H;0"][C17]

— +0.0050V
0.0050 V
o — Y 0,042
o107 = +35 005016y~ 100
Sy =110

Not only is this y, greater than the values calculated above, but it is also greater than unity.
This is a very clear indication that a term opposing the —A|zz|v/1/(1 + v/I) term is needed.
This is precisely what the b term in the extended Debye—Hiickel equation does: log,,y. =
—Alzz|VI/(1+VI) +bl.

Studies of the emf of this cell at high concentrations furnish very accurate data for the
determination of b for HCl(aq).

9.21 Use of concentration cells with and without liquid
junctions in the determination of transport numbers

There are three main techniques for measuring transport numbers: emf methods and the
Hittorf and moving boundary methods described in Sections 11.19.1 and 11.19.2 to 11.9.4.

The transport number has been defined in Section 9.1 as the fraction of the total current
carried by a given ion. This is the definition most useful to the determination of transport
numbers from emfs. In Chapter 11 the transport number is defined in terms of ionic mobilities,
and/or individual molar ionic conductances (see Section 11.17), which are more directly
linked to the methods described in that chapter.

Transport numbers are a very important property of ions both in terms of their intrinsic
interest, and also in giving a bridge between consideration of emf’s and conductances. They
are also very important when electrolytes where one of the ions is large are being studied, such
as polyelectrolyte solutions.

The transport number comes directly from a comparison of a concentration cell with a
narrow tube as the liquid junction and the same cell but with a salt bridge as the liquid junction
(see Sections 9.8.4 and 9.8.6).

The following cells illustrate the basis of the measurements.

e Ag(s)|AgNOs(aq) 0.0100 mol dm™ i AgNO;s(aq) 0.100 mol dm73|Ag(s)

E=+0.0541V

is a cell without transference since the current is carried between the electrode compartments
by migration of the ions of the salt bridge. The electrode reactions are:

Left hand electrode: Ag(s) — Ag'(aq)(lhs) +e
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Right hand electrode: Ag'(aq)(ths) +e — Ag(s)
Overall reaction: Ag*(aq)(ths) — Ag*(aq)(lhs)

Apg+(aq) (1hS)
AG = MAg+(aq)(1hS) — M Ag* (aq) (rhs) = RTloge&

(9.40)
Apg* (aq) (rhs)

RT +(aq) (IhS RT Ag’ Ih
E— _2'303_F logloaAg(i[v() = _2'303_F 1oglow (9.41)
z z

AAgt(aq) (I'hS) {[Ag+]yi}(rhs)

where z = 1 for the cell as written.

o Ag(s)|AgNO;(aq) 0.0100 mol dm > : AgNOs(aq) 0.100 mol dm | Ag(s)
E = 0.0548 V

has the electrode compartments joined by a narrow tube filled with a solution of AgNO5(aq)
which will have a concentration gradient set up along the tube as a result of the tube being
filled from each end by the two AgNO3(aq) solutions (see Section 9.8.4). This is a cell with
transference since the current is carried between the electrode compartments by migration of
the ions of the electrode solutions, here as a result of the Ag™ (aq) and NO; ™ (aq) migrating into
and out of the narrow tube. These migration processes must be included in the terms which
contribute to the change in free energy. The electrode reactions in themselves are the same as
previously, viz.:

Left hand electrode: Ag(s) — Ag't(aq)(lhs) +e
Right hand electrode: Ag'(aq)(ths) +e — Ag(s)

But the derivation now deviates from that for the cell without transference.

o At the left hand electrode, for one faraday of electricity passed:
1 mol of Ag*(aq) is formed and ¢, mol of Ag"(aq) moves away from around the electrode
across the solution and into the tube, so that there is a net gain of (1 — ;) mol of Ag*(aq).
To maintain electrical neutrality (1 — ¢, ) mol, i.e. 7~ mol of NOj (aq) will move across the
solution towards the left hand electrode and will be replaced by 7_ mol of NO5 (aq)
migrating into the electrode solution from the narrow tube.

o At the right hand electrode, for one faraday of electricity passed:
1 mol of Ag*(aq) is removed and ;. mol of Ag*(aq) moves in to around the electrode from
the solution around the electrode and this is replaced by Ag™ (aq) moving out of the tube, so
that there is a net loss of (1 — ¢, ) mol of Ag*(aq). To maintain electrical neutrality (1 — £, )
mol, i.e. £~ mol of NOj(aq) will move across the solution away from the right hand
electrode and into the narrow tube.

e As a consequence of these processes the net result in the cell is:
The left hand electrode solution gains (1 — 7, ) mol of Ag*(aq), which is equivalent to
t— mol of Ag*(aq). At the same time it gains 7_ mol of NOj (aq).
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The right hand electrode solution loses (1 — ¢, ) mol of Ag*(aq), which is equivalent to
t_ mol of Ag*(aq). At the same time it loses ¢_ mol of NO5 (aq),

AG = 1_(pag(ag)) (IhS) 4 1 (1NO; (aq)) (INS) — I (L Ag+ (ag) (thS) — 1 (iNoO; (ag) (ths) (9.42)
= t—“?\g+(aq) + t_RT10g,apg+ (5q) (Ihs) + t—l/vr(ilo§(aq) + t-RT log.ano; (aq) (Ths)
- Lﬂgg(aq) — 1_RT 10g a g+ (aq) (ths) — L,Mgfo;(aq) — t_RT log.ano; (aq) (ths)

(9.43)
+(aq) (INS) X - lhs
" AG = 1_RTlog, -A¢ g 105) X N0, ag (15) (9.44)
Apg* (aq) (rhs) x ano; (aq) (rhs)
Ag) 1hs)[NO3 | i lhs
— 1 RTlog, [ gj(lm))’i( i i](lhs))’i( ) (9.45)
[Ag"] (ths) Y+ (rhs)[NO5 ] (ths) Y+ (rhs)
Since in each solution [Ag'] = [NOF] (9.46)
[Ag ](Zlhs))/i(lhs)
AG =t RT logez—2 (9.47)
[ } (rhs) Y1 I'hS)
lh
AG = 2t_RT log, w (9.48)
{[Ag"]y, }(rhs)
2.303RT {[Ag"]y, }(Ihs)
L E=-2t 1 9.49
F 0 Ag Ty, (rhs) 049)

where z =1 for the cell reaction as written.

By comparing this expression for the emf of the cell with transport with the expression for
the cell without transport, the transport number 7_ for the anion can be found from the ratio of
the emfs. From this 7., the transport number for the cation, can be found since ¢, +7_ = 1.

. Ewith transport 2.303RT {[Ag+]yi}(lhs)
ST = —2t_ 10g10 T
Ewithout transport ZF {[Ag ]yi}(rhs)
RT {[Agﬂyi}(th)}
=<9 —-2303—=log)y - ——%
{ oF B0 [Ag Ty ) (rhs) (9:50)
=2t
0.0584
L = - =— =054 = 0.4
=0y =5 o = 0540 and  hy = 0460

Worked problem 9.30
Question

Deduce the expression for the emf of the following cell:
Cu(s)|CuCly(aq) c; : CuCly(aq) c,|Cu(s)

Answer
This is a cell with transport and so the migration processes must be included in the argument

leading to the expression for the emf of the cell. The current is carried between the electrode
compartments by migration of the ions of the electrode solutions, here as a result of the
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Cu*"(aq) and Cl~(aq) migrating into and out of the narrow tube. The reactions occurring at the
electrodes are:
Left hand electrode: Cu(s) — Cu”(aq)(lhs) + 2e

Right hand electrode: Cu”(aq)(rhs) + 2e — Cu(s)
Overall reaction: Cu”*(aq)(rhs) — Cu®"(aq)(lhs)

e At the left hand electrode, for two faraday of electricity passed 1 mol of Cu?*(aq) is formed
and 7, mol of Cu*(aq) moves away from around the electrode across the solution and into
the tube, so that there is a net gain of (1 — #;) mol of Cu?"(aq). To maintain electrical
neutrality 2(1 — ¢,.) mol, i.e. 27_ mol of Cl (aq) will move across the solution towards the
left hand electrode and will be replaced by 27— mol of C1™(aq) migrating into the electrode
solution from the narrow tube.

e At the right hand electrode, for two faraday of electricity passed 1 mol of Cu**(aq) is removed
and ¢, mol of Cu2+(aq) moves in to around the electrode from the solution around the electrode,
and this is replaced by Cu®*(aq) moving out of the tube. There is a net loss of (1 — ;) mol of
Cu2+(aq). To maintain electrical neutrality 2(1 — ;) mol, i.e. 2z_ mol of Cl™(aq) will move
across the solution away from the right hand electrode and into the narrow tube.

e As a consequence of these processes the net result in the cell is:

The left hand electrode gains (1 — 7,) mol of Cu”"(aq), which is equivalent to 7 mol of
Cu2+(aq). At the same time it gains 2¢_ mol of Cl™ (aq),
The right hand electrode loses (1 — 7, ) mol of Cu*(aq), which is equivalent to z_ mol of
Cu2+(aq). At the same time it loses 2¢_ mol of Cl™ (aq),
AG = 1 (e ag))(118) + 21— (1t ag))(11S) = 1 (- () (7h5) = 21 (i ag) (1)
= 112 (o) T 1-RT 10802+ (oq) (10S) + 2011y () + 21-RT l0geac-(ag) (1hs)
— e g — - RT108ec 2 (1) (1hS) = 201y o) — 26 RT 10g,acy- ag) (1hs)

(
a lhs) x a a 1hs
. AG = t_RTlog, cw* (ag) (I8) X agy- (ag)(lhs)
Acu?* (aq) rhs) X ac1 (aq)(rhS)
Cut Ihs)[CI” Ihs
= tfRTIOg [ ] lhi)yi( [ }(lhs ]/i( )

[Cll ](rhs Vi (I‘hS)[Cl ths) Y (I'hS)
RT [Cu**] lhq)yi(lhs)[C] ](lh§ vi (Ihs)

L E=—-t_—1lo 57 >
2F " [Cu ](rhg)Vi(rhS)[Cl ] hs) V2 (ths)
CE— 2.303RT log [Cu?*] ) v« (1hs) [C1™ }Zlhs ¥4 (Ihs)
' F [CU2+] (rhs) Y+ (rhs)[Cl } (rhs) Vi( )
2303RT | [Cu™] g [C1 [ v (1)
or E=—1_ F log, T 3
[CU ] rhs [Cl ](rhs V:l: (rhs)

where z = 2 for the cell reaction as written.
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.3 — 2
Remember: y “(CuCly(ag)) = YCu**(aq) YCI™ (aq)

By comparing this expression for the emf of the cell with transport with the expression for
the cell without transport, the transport number 7_ for the anion can be found from the ratio of
the emfs. From this 7., the transport number for the cation, can be found since . +7_ = 1.

9.21.1 Use of cells with and without transference in determination
of the transport numbers of large ions

Such cells are extremely useful for obtaining data on large ions and polyelectrolytes.
For instance, the electrolyte Na*(aq) (large anion) can be studied in the cells:

e with transport
NaHg(1)|Na+(aq) (large anion)(aq) c; : Na*(aq) (large anion) ¢>|NaHg(1)
e without transport

NaHg(1)|Na+(aq) (large anion)(aq) ¢, 3 Na*(aq) (large anion) co|NaHg(1)

Comparison of the emfs will lead to the transport number for the large anion, from which
inferences can be made about the mobility and possibly the degree of solvation of the large
ion.

Likewise cells can furnish the same sort of information for large cations. The two cells:

Ag(s)|AgCl(s)|large cation(aq) Cl (aq) ¢; : large cation(aq) C1™(aq) ¢2|AgClI(s)|Ag(s)
Ag(s)|AgCl(s)|large cation(aq) Cl (aq) ¢,  large cation(aq) Cl ™ (aq) c2| AgCl(s)|Ag(s)

will give the value for the transport number of the large cation.






10

Concepts and Theory of Non-ideality

Electrolyte solutions are non-ideal, with non-ideality increasing with increase in concentra-
tion. When experimental results on aspects of electrolyte solution behaviour are analysed, this
non-ideality has to be taken into consideration. The standard way of doing so is to extrapolate
the data to zero ionic strength. However, it is also necessary to obtain a theoretical description
of non-ideality, and to deduce theoretical expressions which describe non-ideality for elec-
trolyte solutions. Non-ideality is taken to be a manifestation of the electrostatic interactions
which occur as a result of the charges on the ions of an electrolyte, and these interactions
depend on the concentration of the electrolyte solution. Theoretically this non-ideality is taken
care of by an activity coefficient for each ion of the electrolyte.

The Debye-Hiickel theory discusses equilibrium properties of electrolyte solutions and
allows the calculation of an activity coefficient for an individual ion, or equivalently, the mean
activity coefficient of the electrolyte. Fundamental concepts of the Debye-Hiickel theory also
form the basis of modern theories describing the non-equilibrium properties of electrolyte
solutions such as diffusion and conductance. The Debye-Hiickel theory is thus central to all
theoretical approaches to electrolyte solutions.

Sections 10.16 to 10.22 give a brief description of modern developments in electrolyte
theory. This is a much more difficult section conceptually and can be omitted until after the
Debye-Hiickel and Bjerrum theories have been assimilated.

Aims
By the end of the chapter you should be able to:
e list the features of the simple Debye-Hiickel model;

e appreciate the relevance of aspects of electrostatics which are of importance for the
Debye-Hiickel theory;

e understand the significance of the ionic atmosphere;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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o follow through the arguments of the Debye-Hiickel theory which result in an
expression for the mean ionic activity coefficient;

e understand the significance of the approximations inherent in the derivation;
e compare the Debye-Hiickel expression and the Debye-Hiickel limiting law;
o list the shortcomings of the Debye-Hiickel model;

e explain how the extended Debye-Hiickel equation helps with fitting experimental
data to theoretical equations;

e discuss the evidence for ion association from Debye-Hiickel plots;
e follow through the reasoning behind the Bjerrum theory of ion association;

e gain an appreciation of modern advances in electrolyte theory.

10.1 Evidence for non-ideality in electrolyte solutions

The Debye-Hiickel theory deals with departures from ideality in electrolyte solutions. The
main experimental evidence for this non-ideality is that:

e Concentration equilibrium constants are not constant.

e Rate constants depend on concentration.

Molar conductivities for strong electrolytes vary with concentration.

EMF expressions are not satisfactory when concentrations appear in the log[ ] terms.

Freezing points of electrolytes are different from what would be expected for ideal
behaviour.

These departures from ideality become less as the concentration decreases, and behaviour
approaches ideality. They are taken care of thermodynamically as the non-ideal part of the free
energy, often called the ‘excess free energy’, G*. This can alternatively be expressed in terms
of activity coefficients.

Departures from ideality in electrolyte solutions have been shown (see Chapter 1) to be
mainly due to:

interionic electrostatic interactions which obey Coulomb’s law.

Although this is the major factor other smaller contributions must be considered:

e Modified ion—solvent interactions over and above those interactions present at infinite
dilution.
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e Modified solvent—solvent interactions over and above those interactions present at infinite
dilution.

10.2 The problem theoretically

In the simple Debye-Hiickel model, attention is focused on the coulombic interactions as
the source of non-ideality. The aim of the Debye-Hiickel theory is to calculate the mean
activity coefficient for an electrolyte in terms of these electrostatic interactions between the
ions.

All other interactions which lead to non-ideality are not considered, and will have to be
superimposed on the simple model when consideration is given to the ways in which the
simple treatment has to be modified to bring it more into line with experimental results.

The problem is to calculate from this simple model:

the electrostatic potential energy of all the interactions
of the ions in the non-ideal case.

One mode of attack is:

e (a) Choose a given ion and work out the electrostatic interaction energy between it and all
the other ions. In turn, this requires a knowledge of the distribution of all the other ions
around the central ion, but this is dependent on the electrostatic interaction energy. This
mutual dependence is one of the major problems of this treatment.

An assumed electrostatic interaction energy can be used to calculate a first approximation to
the distribution of all the other ions around this central ion. This, in turn, will give a second
approximate interaction energy, and successive approximations can be made to obtain the
best values for the interaction energy and the distribution.

e (b) Take each of the other ions in turn and make it a central ion, and proceed as in (a).
e (c) Sum all the interaction energies, counting each pair once only.

This is very similar in essence to Milner’s approach in 1912. It corresponds to a very simple
physical model but results in some very complex and well-nigh intractable mathematics.
Consequently this approach was dropped, though as will be shown later (Section 10.18), it has
been revived in the modern Monte Carlo computer simulation methods of solving the
problems of electrolyte solutions.

10.3 Features of the simple Debye-Hiickel model

e Strong electrolytes are completely dissociated into ions.

e Random motion of these ions is not attained: electrostatic interactions impose some degree
of order over random thermal motions.
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e Non-ideality is due to these electrostatic interactions between the ions. Only electrostatic
interactions obeying the Coulomb inverse square law are considered.

e Jons are considered to be spherically symmetrical, unpolarisable charges. They are assumed
to have a definite ion-size, and this represents a distance of closest approach within which
no other ion or solvent molecule can approach. Unpolarisable means that the ion is a simple
charge with no possibility for displacement of the charge in the presence of an electric field
imposed externally, or imposed by the presence of other ions.

o The solvent is considered to be a structureless, continuous medium whose sole purpose is to
allow the ions to exist as ions, and whose sole property is manifested in the bulk macro-
scopic value of the relative permittivity. No microscopic structure is allowed for the solvent
which means that is not necessary to consider any:

(a) specific ion—solvent interactions;
(b) specific solvent—solvent interactions;
(c) possibility of alignment of the dipoles of the solvent;
(d) polarisability of the solvent to give induced molecular dipoles;
(e) possibility of dielectric saturation.
e No electrostriction is allowed.

e The most important feature of the Debye-Hiickel model is that each ion is taken to have an
ionic atmosphere associated with it. This is made up from all the other ions in the
electrolyte solution. Because the solution is overall electrically neutral, the charge on
the central ion is balanced by the charge on the ionic atmosphere. Although the ions of the
ionic atmosphere are discrete charges, the ionic atmosphere is treated as though it were
a smeared-out cloud of charge whose charge density varies continuously throughout the
solution.

In all aspects of the Debye-Hiickel theory the electrolyte is considered to be made up of:
e a chosen central reference ion, called the j-ion;

e with all the other ions (cations and anions) which are present making up the ionic
atmosphere.

e The ions of the ionic atmosphere are distributed around the central j-ion. Because of the
electrostatic interactions which result from the charges on the ions of the electrolyte,
the distribution of the ions in the ionic atmosphere is not random. If it were random,
the chance of finding an ion of opposite charge to the central j-ion in a given region would be
equal to the chance of finding an ion of the same charge. In the ionic atmosphere, however,
the chance of finding an ion of opposite charge to the central ion in any given region is
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greater than the chance of finding an ion of the same charge. This is because the central ion
will attract ions of opposite charge and repel ions of like charge, again a consequence of
electrostatic interactions.

An alternative way of looking at this distribution states that the chance of finding an
ion of opposite charge around the central j-ion in any given region is greater than the
random value, and the chance of finding an ion of the same charge is less than the random
value, see Section 10.19.

The distribution of the ionic atmosphere about the central j-ion lies somewhere in between
that of the regular arrangement of a lattice of ions and the random arrangement in a gas at very
low pressures, i.e. an ideal gas.

e Statistical mechanics is a theory which discusses probabilities and distributions and so is
relevant to a discussion of situations like that of the ionic atmosphere, and the Maxwell-
Boltzmann distribution will feature heavily in the theoretical development.

These points are the main features of the simple Debye-Hiickel model. Other aspects of the
Debye-Hiickel theory are illustrated by the mode of approach considered shortly.

10.3.1 Naivety of the Debye-Hiickel theory

A re-read of Chapter 1 taken in conjunction with the seven statements describing the model
(Section 10.3) makes it quite clear just how naive the Debye-Hiickel simple model actually
is. But when the complexities of fitting this very simple model into the mathematical
framework, and the even greater complexities of solving the mathematics are considered,
it becomes clear just how badly stuck the theory is with a model which is so physically
unrealistic. Even today, much though it is to be desired that there should be incorporation of
modifications to the simple model into the theory, this has proved mathematically extremely
difficult.

10.4 Aspects of electrostatics which are necessary
for an understanding of the procedures used in the Debye-Hiickel
theory and conductance theory

10.4.1 The electric field, force of interaction and work done

The term electric field of a charge, here an ion, describes the effect of the charge, and it
depends on both the magnitude of the charge and on the distance from the charge at which the
electric field is being considered. If the charge is put into a material medium the field at any
distance, r, from the charge will be decreased by a factor, the relative permittivity, &, whose
magnitude depends on the medium.

Any effect which an ion possesses by virtue of its charge must be susceptible to experi-
mental measurement, and this cannot be done for an ion in isolation. For the present
discussion, a second charge or ion is introduced so that the effect of the first charge on the
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second, or vice versa, can be studied. The effect of an ion on a solvent molecule becomes
relevant when solvation is considered.

A second charge or ion placed at some distance, r, from the first charge, or ion, results in an
electrostatic interaction where the force between the two charges depends on:

i) the charges;
ii) the distance between the charges;

iii) whether the charges are in a vacuum or in a material medium: gas, liquid or solid.

One of Coulomb’s experiments involved bringing one charged sphere up to another charged
sphere. This experiment can be used to discuss electrostatic forces and work done on systems
where electrostatic interactions are involved.

The work done by a force = the magnitude of the force x the displacement in the direction
of the force

o If the direction of the externally applied force and the displacement which occurs are in the
same direction, then the work done on the system is positive;

o if the direction of the externally applied force and the displacement which occurs are in
opposite directions, then the work done on the system is negative.

From this it follows that, if the spheres have like charges, they will be repelled from each other,
and work would have to be done by an external force to negate this repulsion and bring them
together. Four situations can be envisaged:

e If one of the charges is held in a fixed position and no external force acts on the system, the
charges will repel each other.

e If there is an external force acting which keeps the two charges in their initial positions, then
this force will be equal and opposite to the repulsive force. In this case no work will be done
since there is no displacement.

o If the external force pushes the charges towards each other, then work will be done. The
force will act along the line of centres and will act in a direction towards the fixed charge.
The displacement will also be in this direction and so the work done by the external force
will be positive.

o If, despite the external force, the two charges move further apart, then the displacement will
be in the opposite direction to the external force and the work done by this force will be
negative.

If the charges are of unlike charge they will be attracted to each other, and work would have
to be done by an external force to negate this attraction and force them further apart. Again
four situations can envisaged with conclusions similar to those above.
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10.4.2 Coulomb’s Law

This summarises the results of experiments on bringing two charged spheres together. It is
found that the force of electrostatic interaction between two charges in a medium of relative
permittivity, &, at a distance, r, apart is given by:

product of the two charges

force = : 5 (10.1)
47repe, (distance between them)
where 4, is a universal constant.
For the case of two ions of charge ze and z,e this becomes:
212262
force = ——— (10.2)
dmege,r

e If zie and z,e are of like sign, then the force is positive and, as shown above, the work done
in forcing them together is positive.

e If z;e and z,e are of unlike sign, then the force is negative and, as shown above, the work
done in forcing them apart is positive.

The force depends on the distance between the charges and can be given schematically as in
Figure 10.1(a). The curve approaches both axes asymptotically.

10.4.3 Work done and potential energy of electrostatic interactions

In the electrostatic situation:
the work done on a system = the change in the total energy of the system
= the change in the kinetic energy of the system
+ the change in the potential energy of the system

If the external force pushing or pulling at the charges as they are repelled or attracted to each
other is very nearly equal and opposite to the electrostatic force between the charges, then all
the changes in position can take place very, very slowly, and so the kinetic energy will remain
effectively constant.

Under these conditions:

the work done on the system in bringing the second charge z,e from a distance, a, to a
distance, b, from the first charge z,e

= the change in potential energy of the electrostatic interactions
between the two charges as the distance between them varies
between a and b

= the potential energy of the two charges at point, b,
— the potential energy of the two charges at point, a.

Hence to obtain an expression for the potential energy of electrostatic interactions between the
two charges requires that an expression for the work done in bringing the two charges from a
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Figure 10.1 (a) Dependence of force on distance between two charges; (b) Work done on bringing
two charges from r = a to r = b.
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distance, a, apart to a distance, b, apart is found. This can be done using the Coulomb’s Law,
Equation (10.2), and the definition of work done given above.

work done bringing charge z,e from a distance, a, apart
to a distance, b, apart from the charge z,e
=force x displacement
where the displacement is given in terms of a change in r.

But, it has been shown that the force depends on the distance which the charges are apart
(see Figure 10.1(a)), and so the work done is given by the area below the curve between a, and
b, i.e. an integral must be taken (see Figure 10.1(b)).

b
w= der (10.3)

By Coulomb’s law, the force of interaction, f, between the charges is:

2
2122€
f =— 10.2
oree 4Ameger? (102)

But to evaluate the work done, w, the force which is required is the external force which is
either pushing the charges together or pulling them apart depending on whether there is
repulsion or attraction between the charges. This force will be equal and opposite to the force
of interaction.

b
) 2122¢* 1 22 [11° 2122621 z1z€* 1
w=— —dr = - = - — - (10.4)
4, 12 Amege (1|, 4meoerb  Amepera
From this the change in potential energy can now be found since
work done on the system in bringing potential energy of the
charge z,e from a distance, a, from = system at b — potential
z1e,to a distance, b, from ze energy of the system at a
From this, it follows that:
. . zz€’ 1
the potential energy of the system of two charges at point, b = — (10.5)
4epe b
. . 21226 1
the potential energy of the system of two charges at point,a = - (10.6)
dmeper a
. . Z]Zzez 1
.". the potential energy of the system of charges at any distance,r = ———  (10.7)
4rreper v
d(potential
and — (potential energy) = force at point r (10.8)

dr

i.e. the force at a point, 7, is the gradient of the tangent to the graph of potential energy vs. r, at
that point (see Figure 10.2).
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Unlike charges

Like charges
Figure 10.2 Dependence of potential energy on the distance between two charges.

10.4.4 The relation between the forces of interaction between two charges
and the electric fields associated with each of them

The effect which charge z,e has on charge z,e and vice versa manifests itself as a force of
interaction between the two charges. The force between charges z;e and z,e at a distance, r,
apart in a medium of relative permittivity, ¢ has been given:

2
Z122€

f = > 10.2
orce P ( )

This can be written as:

71€ €

fi =— X 10.9 fi =—— Xz 10.10
orce ro—— e (10.9), or orce P z1€e ( )

o where the term, z,e /47ee, 12, relates only to the charge z;e and represents the effect which
charge z;e has on charge z,e and defines the electric field, X, due to charge z;e at the second
charge z,e at the distance, r, apart;

e and ze/4mege,r? relates only to the charge z,e and is the effect which charge z,e has on
charge zje. It is thus the field, X,, due to charge z,e at the position of charge z;e.

These two terms, zje/ 4repe,r? and zpe / 4mege,r?, give a quantitative measure of the effect of
charge z;e on charge z,e which is at a distance r from z;e in a medium of relative permittivity,
&, and vice versa, and so

e the force, f, between two charges at a distance r apart in a medium is given as:
f =field x charge on which this field acts

Since the terms zj e /4mege, 1 and zpe /4mege,r> depend only on the charge in question, then the
definition of the field is independent of whether or not another charge is present, but the
experimental manifestation of the field (via the measurement of a force) depends on a
second charge being present.

The symbol, X, is used for the field.
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10.4.5 The relation between the electrostatic potential energy
and the electrostatic potential

The electrostatic potential plays a fundamental role in Debye-Hiickel theory, and it is
important to understand what it corresponds to physically.

The electrostatic potential energy of interaction between charges z;e and z,e at a distance, r,
apart in a medium of relative permittivity, &, has been given as:

7122€* 1
dmege, 1

potential energy = (10.7)

This can be written as:

x zze (10.11) or potential energy =

x zie (10.12)
TTEQET TEQET

potential energy =

e where the term, z;e/4mege,r, relates to the charge z e only. This quantity is the electrostatic
potential, ¥, due to charge z;e at the position of the charge z,e at a distance, r, from charge
z1e and in a medium of relative permittivity, ¢,. Like the field it is another way of looking at
the effect which one ion can have on another;

e and the term, zpe/4mege,r, relates to the charge zpe only. This quantity is the electrostatic
potential, v¥r,, due to charge z,e at the position of charge z;e, distance, r, from charge z,e and
in a medium of relative permittivity, &, and again this is another way of looking at the effect
which charge z,e has on charge z;e.

The electrostatic potential energy of interaction between two charges at a distance, r, apart
in a medium of relative permittivity, &, is given as:

P.E. = potential x charge on which the potential acts

Since the terms, zje/4meper and zpe/4mege,r, depend only on the charge in question, then the
definition of potential is independent of whether there is or is not another charge present.
The symbol, ¥, is often used for the electrostatic potential.

10.4.6 Relation between the electric field and the electrostatic potential

In general, the field and the potential due to a single charge can be written as:

ze ze

field = —— 10.13 d tential = 10.14
e drene,r? ( ) an potentia dmege,r ( )
and so
., d(potential) ~ dy
field = T or X = a (1015)

i.e. the field at a given point is the gradient of the tangent to the curve of i vs. r at that point
(see Figure 10.3). Thus, if the potential varies non-linearly as the distance alters, then the
electric field also alters with distance. This is relevant to Debye-Hiickel theory, see Sections
10.5 and 10.6.17.
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Figure 10.3 Dependence of potential due to a single charge on distance.

10.5 The ionic atmosphere in more detail

In the theory, all ions are considered to be spherically symmetrical with the charge on the ion
taken to be at the centre of the ion. One ion is taken to be a central reference ion with all the
other ions which make up the ionic atmosphere arranged around it. There is no preferred
direction for this arrangement and this implies that the ionic atmosphere is spherically
symmetrical around the central reference ion. Polar coordinates are therefore used and the
centre of the central reference ion is taken as the origin of the coordinate system. It is also the
position of the charge on the central reference ion.

Crystallographic measurements give sizes for unsolvated ions, and these vary considerably
from ion to ion. But, in solution, most ions will be solvated and to differing extents. This is a
problem which is not explicitly tackled by the simple Debye-Hiickel theory.

In the theory, the distance of closest approach of one ion to another, a, is of fundamental
importance. This is the distance between the centres of the two ions when they are in contact
(see Figure 10.4). It is also the distance between the charges on the ions. For a given electrolyte
it is assumed that the radius of the cation is the same as the radius of the anion. This is
obviously a gross approximation, but it does allow the distance of closest approach to be
simply twice the radius (see Figure 10.4).

From this diagram and Figure 10.5, it can be seen that the surface of any ion lies at a
distance, a/2, from the centre of the ion, and that between /2 and a there is a region around
any ion into which it is impossible for the centre of another ion to penetrate. This will have
significance in the development of the theory.

There are two related potentials pertinent to these distances which are of fundamental
importance in the Debye-Hiickel theory:

e The potential due to the ionic atmosphere at the surface of the ion, i.e. at a distance a/2
from the centre of the central reference ion. Non-ideality in electrolyte solutions is a result
of electrostatic interactions obeying Coulomb’s Law. The potential energy of such inter-
actions is given in terms of:
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Figure 10.4  Diagram illustrating the meaning of the distance of closest approach for two ions.

(a) the charge on the central reference j-ion and;

(b) the potential at the j-ion, i.e. at its surface, due to the ionic atmosphere (see Sections
10.4.5 and 10.6.1).

e The potential due to the ionic atmosphere at a distance, a, from the central reference
ion. This defines the distance around the reference ion into which no ion can penetrate,
and is thus the distance from the centre of the reference ion at which the ionic atmosphere
starts.

It is vital to realise that these two potentials have the same magnitude, as shown by the
following standard argument of electrostatics.

Mathematically the ionic atmosphere can be treated as though it were a sphere of radius,
a, with all the ions of the ionic atmosphere distributed on the surface of this sphere.
Electrostatic theory states that inside such a sphere the potential due to the ionic atmosphere
is constant at all points within the sphere and is equal to the value of this potential at the
surface of the sphere. It follows that:

The potential due to the ionic atmosphere is the same at the distance d/2 as at the
distance d, and is therefore constant in the region in between, i.e. in the region
beyond the surface of the central ion into which the centre of any other ion cannot
penetrate (see Figure 10.5).

A further potential of relevance is for distances > a for which the potential decreases
steadily, but non-linearly, with distance.

One other crucial feature of the model is that all the ions in the ionic atmosphere which
would normally be thought of as a set of discrete charges are to be replaced by a ‘smeared
out’ cloud of charge which varies continuously from point to point, with the charge density
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Figure 10.5 Diagram illustrating the region around an ion into which the centre of a second ion
cannot penetrate.

being greater when the point considered is nearer to the central j-ion (see Sections 10.6.3 and
10.6.4).

This smeared out cloud of charge density is the ionic atmosphere of the central j-ion, and
in it no discrete charges are allowed.

Furthermore, any ion can be chosen to be the central reference j-ion
e once a certain ion is chosen to be the central reference j-ion;
e all the other ions present constitute that central ion’s ionic atmosphere.

But an ion from this ionic atmosphere could be picked out and be made to be a central
reference ion, i.e.:

e choose one of these ions to be the new central reference ion;

e and all the other ions including the central ion in the first reference system will now be the
ionic atmosphere of the second reference system.

10.5.1 A summary

e Each central ion which corresponds to one framework or reference system is always part of
the ionic atmosphere of each of all the other ions which could instead have been chosen to
be the central reference ion.

o Although the above is a description in terms of discrete charges for the central reference ion,
the ionic atmosphere is treated as though there were no discrete charges in it, and it behaved
as a ‘smeared out’ charge cloud.

e The reason and the absolute necessity for replacing the set of discrete ions which make up the
ionic atmosphere by a ‘smeared out’ charge cloud only becomes obvious when these verbal
statements describing the model are translated into the mathematics of the theory.
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10.6 Derivation of the Debye-Hiickel theory from the simple
Debye-Hiickel model

10.6.1 Step 1 Stating the problem

The aim is to calculate the mean ionic activity coefficient from the non-ideal part of
the free energy. This is done in terms of the electrostatic potential energy of the
coulombic interactions between the ion and its ionic atmosphere. These interactions
give rise to non-ideality.

The electrostatic potential energy of interaction between a charge z,e and a charge z,e at a
distance, r, apart in a medium of relative permittivity, &, has been given (Section 10.4.5;
Equations 10.11 and 10.12), and from these:

potential energy = X 7€ = Y 20e (10.16)

dmeger

or

potential energy = X z1€ = Ypz1€ (10.17)

dmeger
where v, is the potential due to charge z,e at charge z,e, and V¥, is the potential due to charge
20e at charge z;e.

In the present context, the charge is that of the central reference ion, z;e, and the potential is
that due to the ionic atmosphere at the surface of the ion at a distance, a/2, from the centre of
the j-ion.

Note well: the potential which appears in the equation for the potential energy of interaction
between the ion and its ionic atmosphere is specified as that at the surface of the ion, i.e. at a
distance a/2 from the central reference ion. It is not specified in terms of the potential at the
distance from the central ion at which the ionic atmosphere begins, i.e. at a distance &, even
though both these potentials take the same value (see Section 10.5). It is very important to be
aware that the potential energy is defined in this way.

The electrostatic potential energy of interaction between the ion and its ionic atmosphere
= (Z,-e)t//j’f (10.18)

charge on the central reference j-ion potential at the surface of the central
reference j-ion due to all the other ions
which make up the ionic atmosphere

zje is easy to calculate; therefore the problem is to calculate v/

Note well: 1//;‘ is the potential due to the ionic atmosphere at the surface of the central reference
J-ion, i.e. at a distance a/2 from the centre of the j-ion. But (see Section 10.5), it is equal to the
potential due to the ionic atmosphere at a distance a from the centre of the j-ion.

Remember: & is the distance of closest approach of two ions to each other and is the region
around the central reference ion into which no ion can penetrate, i.e. it is the distance from
the j-ion beyond which the ionic atmosphere can lie.
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10.6.2 Step 2 The problem is to calculate v; in terms of other calculable
potentials, but what are these?

This focuses attention on potentials at a distance, r, from the centre of the central j-ion, where
r > a. The restriction to distances where r > a is a consequence of the assumption of an ion
size a where a is both the diameter of an ion and the distance from the centre of the j-ion into
which the centre of another ion cannot penetrate (see Figure 10.5). Hence the ionic atmo-
sphere will start at a distance, a from the centre of the j-ion. As a consequence of this
assumption of a finite ion size, all of the potentials given in Equation (10.19) below apply only
to distances r from the centre of the j-ion where r > a.

It is also important that the physical meaning of what is meant by each of the potentials
which appear in the Debye-Hiickel theory is explicitly stated.

i = v - ! (10.19)
! ! !
the total potential at the potential at a the potential at a
any distance r from the distance r from the distance r from the
central j-ion due to the Jj-ion due to the Jj-ion due to the
ion itself and its ion itself ionic atmosphere
ionic atmosphere only

‘ﬁj is unknown but, as will be shown, is calculable from the Debye-Hiickel theory,

1//1’- is known and is equal to zje J4meoer (see Section 10.4.5).

w;’ is unknown but can be calculated once y; is calculated, and this will then give 1//;‘
automatically; see Section 10.6.14, and below.

This equation shows an additive relation between the potentials and therefore fits a
fundamental principle of electrostatics: the linear superposition of fields.

Once the equation relating 1//;’ and r is found, substitution of r = a for r in this equation
gives the potential due to the ionic atmosphere at a distance from the centre of the j-ion due to
the ionic atmosphere at a distance r = a.

But remember: This is the potential due to the ionic atmosphere at the distance from the
central ion at which the ionic atmosphere starts.

The potential energy of interaction between an ion and its ionic atmosphere is, however,
(zje)wj’-‘ (Equation 10.18), where w; is the potential at the surface of the central j-ion due to the
ionic atmosphere. There is no problem here since ¥; at r = ais equal to ¥/ at r = @/2 and this
is also equal to 1//;‘, (see Section 10.5). Use of these arguments will be made in Sections 10.6.13
and 10.6.14.

The problem thus reduces to:

a calculation of v;
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10.6.3 Step 3 The question now is: is there anything in physics, that is, in
electrostatic theory, which would enable this to be done?

Fortunately the answer is yes, and is given by Poisson’s equation of electrostatics:

1
ViY=——0p (10.20)
&0ér
10 /(,09\ dv 2dy
. N2, — — 2 2 — -7
and for spherical symmetry : V- = 29 <r 8r> 2t rar (10.21)

Y is the potential at a given point and p is the corresponding charge density, i.e. the charge per
unit volume, at that point.
In the purely electrostatic context Poisson’s equation is used to describe:

e a continuous distribution of charge in a medium of relative permittivity &; or
e a set of discrete charges in fixed positions in a medium of relative permittivity &,
However, the electrolyte solution conforms to neither of these two situations:

the electrolyte solution consists of discrete ions rather than a continuous distribu-
tion of charge, and these ions move around the solution in contrast to discrete
charges at fixed positions in space.

The Poisson equation thus cannot be taken over without modification and therein lies a
major problem for the theory. The two quantities, ¥; and p;, relate to a continuous
distribution of charge, but there is no such thing as a continuous charge density for discrete
charges, here ions.

And so, the next part of the problem has to be:

to think of a physical process which would allow the discrete charges of the ionic
atmosphere to be replaced by a continuous charge density.

10.6.4 Translating the Poisson equation directly to the case
of an electrolyte in solution

This step is a crucial aspect of the Debye-Hiickel model. It is at this stage that it becomes
absolutely necessary to introduce into the model the concept of ‘smearing out’ of all the
discrete ions in the ionic atmosphere into a continuous distribution of charge, whose charge
density is assumed to be a function of the distance from the central reference j-ion. The ionic
atmosphere lies outside a sphere of radius a, and the continuous space charge is also spread
over all distances greater than a from the origin. Only the ions in the ionic atmosphere are
replaced by the continuous charge. The central reference j-ion is a discrete charge lying at the
origin and so the charge density between r = 0 and r = @ must be zero.

By use of some advanced statistical mechanical averaging procedures it is possible to
translate a situation which corresponds to discrete ions moving around in the solution into one
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which corresponds to a smeared out continuous cloud of charge where the charge density
varies continuously from the origin to any distance, r, from the origin. The charge density
resulting from this averaging is often referred to as a ‘time-averaged’ charge density’.

Likewise, similar averaging corresponding to ‘smearing out’ of the discrete charges can be
carried out for the potential to give i as the ‘time-averaged’ potential.

If the Poisson equation is modified in this way by using such time-averaged v and p, and
then is applied to the electrolyte solution, there has been a ‘smearing out’ of the discrete
charges of the ionic atmosphere into a continuous distribution of charge. Only then is it
legitimate to use the Poisson equation of electrostatics to discuss the theory of electrolyte
solutions, i.e.

1
Vi = ——p; (10.20)

&0ér

where wj is now the total potential at a distance, r, from the central j-ion due to the j-ion and
the ionic atmosphere, with this being an average quantity, and p; is now the charge density
due to the ionic atmosphere of the central j-ion at a distance, r, from the central j-ion, and
again this is an average quantity.

Note: the whole of the charge of the central j-ion is at the origin, and so does not contribute
to Pj-

10.6.5 Step 4 How can the distribution of the discrete ions in the ionic
atmosphere of the j-ion be described?

Step 3 involved smearing out of the discrete ions of the ionic atmosphere into a continuous
cloud of charge so that the Poisson equation could be used. The problem in this step, however,
is to find the actual distribution of the discrete ions of the ionic atmosphere around the central
Jj-ion. Statistical mechanics in the form of the Maxwell-Boltzmann distribution is used. The
derivation of the Maxwell-Boltzmann distribution automatically involves an implicit aver-
aging process, but this statistical mechanical averaging is different from that used for the
Poisson equation when ‘smearing out’ has been done.

The ions of the ionic atmosphere are made up of at least two types of ions — the anions and
the cations of the electrolyte. If there were another electrolyte present, as is often the case in
experimental situations, then there will also be present the anions and cations of that
electrolyte, e.g.

NaCl(aq) is made up of two types of ions, Na*(aq) and Cl (aq);

NaCl(aq) + Ca(NO3),(aq) is made up of four types of ions, Na*(aq), Cl (aq), Ca2+(aq),

and NO3 ™ (aq).

Each type, i, of ion in the ionic atmosphere is treated separately and then a summation is taken
over all types, i, present.

The distribution of the ions in the ionic atmosphere of the j-ion is governed by the total
potential energy of electrostatic interactions at all positions, r, from the central reference j-ion.
For any ion of type, i, in the ionic atmosphere of the j-ion, this potential energy is given by
ziey;. Here z;e is the charge on the ion of type i, and v; is the potential at this ion due to the
central j-ion and all the other ions of the ionic atmosphere, but it does not include a
contribution from the ion z;e which is at position, r.
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However, the ; which appears in the equation ¥; = l/fj/- + 1/f; (Equation 10.19), and in the
Poisson equation Vzwj = —(1/epe:)p; (Equation 10.20), includes contributions from all of
the ions of the ionic atmosphere. The approximation is made of treating the two ;s as the
same, although some modern work queries the validity of this.

The Maxwell-Boltzmann then gives separate expressions for the average number of ions
for each type of ion, i, as a function of distance, r, from the central j-ion at the origin.

The form of the Maxwell-Boltzmann distribution for spherical symmetry usually quoted is:

n, = n; exp (— Z’:f’) (10.22)
! ! !
the number of ions of the total number of ¥, is taken to be the same as the
one type, i, per unit volume  ions of one type, i, per  quantity y; appearing in the
at a given position, i.e. unit volume in the equation:
the average local solution as a whole V= I/f} + wj'./
concentration of ions i.e. the bulk and is taken to be the same as the
of one type, i, at a concentration of ions quantity which is applicable to the
given position of one type i, in the Poisson equation, i.e. it includes
solution as a whole contributions from all the ions of

the ionic atmosphere

Equations of this form can be written for each type of ion in the solution, and the result is then
summed over all ions of type, i, in the ionic atmosphere to give:

Z {ri@e)} =3 {ni(w) exp <— Z:;p’) } (10.23)

i

10.6.6 The two basic equations

So far two basic equations of the theory have been deduced one involving ¥; and p;, and the
other involving n; and ;:

e Poisson’s equation:

Vi, = ——p, (10.20)

&08r

where the ionic atmosphere is treated as a continuous distribution of charge. This is an
equation in two unknowns, Wj and Pjs and cannot be solved.

e The Maxwell-Boltzmann equation:

’ Ziewj
= - 10.22
- )

Z {ni(zie)} = zl: {n,-(zie) exp < Zi:;//j) } (10.23)
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which can be written for each type, i, of ion (Equation 10.22), and the result is then summed
over all types of ion present (Equation 10.23). Here the ionic atmosphere is treated as a collec-
tion of discrete ions. These are equations in two unknowns, ni and v;, and cannot be solved.

But note: both the Poisson and the Maxwell-Boltzmann equations have ¥; in them, with the
other quantities being p; and n;, and so the problem now reduces to:

Finding a relation between the smeared out p; of Poisson’s equation and the n;
corresponding to the discrete ions of the Maxwell-Boltzmann distribution.

10.6.7 Step 5 The problem is to combine the Poisson equation with the
Maxwell-Boltzmann equation — how can this be done?

The problem is to get some device which would substitute the average distribution of
the discrete ions in the ionic atmosphere around the central j-ion, given by #; in the
Maxwell-Boltzmann expression, by a continuous charge density which could be
taken to be equivalent to p; in the Poisson equation. This would enable Poisson’s
equation to be combined with a Maxwell-Boltzmann distribution.

It is reasonable to assume that a spherically symmetrical continuous distribution of charge
could reflect in some way the spherically symmetrical distribution of all the discrete ions
around the central j-ion. This requires looking at what a ‘charge density’, i.e. the average
charge per unit volume at a given point, for discrete ions means.

e n; is the number of ions of one type per unit volume, at any point beyond r = a,
.".(z;e)n; is the total charge per unit volume of ions of one type, i, at that distance.

e But there has to be at least one other type of ion present and so (z;e)n} has to be summed
over all types of ion present. Doing so gives:

Total charge per unit volume = Z {ni(zie)} (10.24)

This expression for the total charge per unit volume is taken to be the charge density, p;, at that
point, i.e. the charge density ‘seen’ at that point by the central j-ion due to the ionic atmo-
sphere.

The argument is thus equating:

the total charge per unit volume at a given point for a distribution of discrete
charges with the charge density which would result if it were possible to convert the
discrete ions in the ionic atmosphere into a ‘smeared out’ continuous charge lying at
distances greater than r = d.

It then follows, if this can be done, that:

o= nitae)} (10.25)
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The Maxwell-Boltzmann distribution summed over all types, i, is

Z_: {ri(zie)} =3 {ni(Zie) exp (— Z:;{/’) } (10.23)

i

and so by substitution of ) | {nj(z;e)} = p; into Equation (10.23)

p = Z (W (zie} = Z {ni(zie) exp [_ (Z’:;‘/’f} } (10.26)

where p; is taken to be the same as a charge density of discrete ions.

Electrical neutrality requires that the charge density summed over all distances from r = a
to r = oo, and assuming spherical symmetry, must be equal and opposite to the charge on the
central reference j-ion at the origin, (—z;e).

4nr2pjdr = —ze (10.27)

SRR

where 47777 is the surface area of a sphere of radius, r. This integral can be evaluated as the area
under the graph of 47'rr2pj vs r from r = a to r = oo (Figure 10.6).

2
4nrep;
zjnegative
A r
|
|
r=4a
4nr?p; z; positive
Area counts
as negative
A
|
|
r=a

Figure 10.6  Graph of 47r%p; vs. 1.
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10.6.8 Step 6 Combining the Poisson and Maxwell-Boltzmann equations

The Maxwell-Boltzmann equation has been converted into the equation:

;= Z {n,-(zl.e) exp [_ (Z,:;I//]} }

i

The Poisson equation is:

Vi = - —

Substituting the equation for p; (Equation 10.26) into the Poisson equation gives:

- o] )

(10.26)
1
; 10.2
v (10.20)
(10.28)

This equation is called the Poisson-Boltzmann equation and is in principle solvable to give an

explicit expression for y; in terms of r.
The problem has now reduced to:

solving the Poisson-Boltzmann equation, calculating 1/f/’.‘ and from this evaluating:
the electrostatic potential energy of interactions between the ion = z;ey;" and its

ionic atmosphere

This then gives the contribution to the free energy due to non-ideality.

10.6.9 Step 7 Solving the Poisson-Boltzmann equation

This requires first that the exponential term is worked out and the 2nd order differential

equation is then solved.

Handling the exponential term can be done in two ways

it can be done algebraically by expressing
the exponential as a series and evaluating
all the terms in the exponential, or the

the expression could be integrated
numerically. Both approaches were dropped
because of mathematical complexity. But,
with the advent of computing techniques,
Guggenheim (1957) was able to integrate
the expression numerically to get an exact
solution of the Poisson-Boltzmann equation.
This major advance in the theory was made
possible, not by an advance in chemistry,
but by an advance in another field, computer
technology. Without computer techniques
exact solution of the Poisson-Boltzmann
equation is well-nigh impossible.

The procedure used here is the expansion.

it can be done by approximation, by
simple expansion of the exponential

and dropping out all terms other than

the first and second terms. It can be

shown that, for symmetrical electrolytes,
the third, fifth and higher order terms,

drop out automatically by cancellation, but
do not do so for unsymmetrical electrolytes.
So the theory is more accurate for
symmetrical electrolytes than for
unsymmetrical electrolytes to the extent of
including one more term, the third. For both
types of electrolytes, the first term drops out
because of electrical neutrality and the
exponential is thus approximated to one
term only.
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10.6.10 Expansion and approximation of the Poisson-Boltzmann equation
to one non-zero term only

The Poisson-Boltzmann equation is:

1 (zie)¥;
20, = — (z; — J 10.2
VY, e Ei {n,(z,e) exp[ T ]} (10.28)
By expanding the exponential and restricting it to the first three terms:

1 n2edy;,  mzey?
2 i J i J

i=— izie — — 10.29

V= {nze A (10.29)

The term Z (nizie ) is the total charge per unit volume of the ions of all types, i. Since this is
summed over all the ions present and the solution has to be electrically neutral, then this term
is zero.

The above equation then reduces to:

1 22y, mzedy?
V2, = — Z{o_”z'e‘”f+ Vi (10.30)

T ek kT (kT)*2!

When the equation is restricted to these three terms only, the final expression will be different
for symmetrical electrolytes and unsymmetrical electrolytes.

e For symmetrical electrolytes:

1 I’l,‘Z-zezllf»
Vi = — 0———2+0 10.31
i 06y z,: { i } ( )
For unsymmetrical electrolytes:
1 n; Zez .
Vzl/fj = s Z {O - ZlkT 4 -+ non—zero term in 1/02} (10.32)

The general form of the Poisson-Boltzmann equation truncated to two terms only is accurate
to three terms for symmetrical electrolytes since the third term equals zero, but is only
accurate to two terms for unsymmetrical electrolytes, the third term being non-zero. In the
form truncated to two terms:

1 nizze*y;
= —— - 10.3
VY eoarzi: [ kT ] (10.33)
L& S iy (10.34)
= ni N . .
eoerkT 4 “vi
= Y, (10.35)
o2
where «? = X:n,-zi2 (10.36)

eoerkT

i
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Solving equation V?v; = «*v; will enable v; to be found.

k is a function of:

the number of ions of type i per unit volume, and this is summed over all ions;

the ionic charge of each ion of type i;

the absolute temperature;

the relative permittivity.

« has units, length . As will be shown later (Section 10.6.17) this has considerable physical
significance.

10.6.11 The ionic strength

The concept of the ionic strength was introduced into electrolyte solution studies some time
prior to the development of the Debye-Hiickel theory, but it rises to prominence in this theory.
The ionic strength is a special type of summation over all charged species in solution (see
Section 8.21.1) and is defined as:

1 2
1= EZC,-ZI» (10.37)

where c; is the concentration of ions of each type i of ions in solution, and z; is the algebraic
charge on each type i of ions in solution, i.e. it includes the sign of the charge. Worked
Problems 8.12 and 8.14 give practice in calculating [ for various solutions.

Converting / to molecular units gives:

1 I
I = Ezi:clzi = N (1038)
26N
2
= 1 10.39
o eo&rkT ( )

where «? is now in molar units since Equation (10.39) contains the molar quantity, /.

The Poisson-Boltzmann equation truncated to two terms only is:

£0&r kT £0&

1 iz ey 2
V= —— Y [_ L“ﬂ - fkTZn,z%wj =y, (1033)10(10.35)

Solving this equation would give v; which is the total potential at distances r > a from the
central j-ion due to the ion itself and its ionic atmosphere, and y; = ¥ + ¥/ (see Section 10.6.2).

10.6.12 The next step is to solve the truncated Poisson-Boltzmann equation

vzwj = szj' (10.35)

This equation involves ¥; to power one and is a linear second-order differential equation
because it involves second derivatives. It is also of a standard form.
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Note: the non-truncated form of the Poisson-Boltzmann equation has terms in powers of ¥;
and would be a non-linear differential equation.

If u=ry; then Equation (10.35) becomes via a series of standard manipulations of
derivatives:

d*u
7= Ku (10.40)
and has the general solution:
u= Ce ™ + De"" (10.41)
and thus
v, =ci—+pE (10.42)
r r

where C and D are constants of integration where:

Ka

zje e

= 10.43
4mege, 1 + ka ( )
and
D=0 (10.44)
] Zje e/cit e T
Y= 10.45
v 4repe, 1 +ka r ( )

And so, the next step in the development is

to calculate ¥ and then evaluate z;ey;
10.6.13 Step 8 Calculation of the potential at the surface of the central

Jj-ion due to the ionic atmosphere, and thence finding the electrostatic energy
of interaction between an ion and its ionic atmosphere

v = v + ¥} (10.19)
the total potential at the potential at the potential at
any distance r from the distance r from the distance r from the
central j-ion due to the Jj-ion due to the Jj-ion due to the
ion itself and its ion itself and equals ionic atmosphere
ionic atmosphere, and zje [Ameper only

has been found as above

Using the approximate solution to the Poisson-Boltzmann equation given in Equation (10.45)
and substituting into Equation (10.19) gives:

Ka —Kr
zje € € zje "

(10.46)

drepe, 1 +ka r drepe.r J
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” Zje ekii e KT zje
(e L - 10.47
I Amepe 1 +ka v Ameper ( )
p ze v
" — -1 10.48
v; Amegecr [1 it ] ( )

and this holds for all r down to r = a, because between r = 0 and a the potential wj’-’ is
constant, or, put otherwise, the ionic atmosphere starts at » = a since the centre of any ion
cannot get closer to the centre of the j-ion than the distance a (see Sections 10.5).

Pay particular note to the following:

e the potential due to the ionic atmosphere, ¥/ at r = a is equal to ¥ at r = a/2, and ] is
constant over the region between r = a and r = a/2;

e the value for ¢ is the value of 1//;/ at the surface of the central ion, i.e. at r = a/2, and is also
the value of wj’ atr = a;

e the charge density, Pjs is zero forall r < a, but varies with r for all distances beyond r = a;

o the solution of the truncated Poisson-Boltzmann equation (Equation 10.45) relates only to
values of r > a, and must not be used for any r < a. This is because the ionic atmosphere
starts at r = a. This is a point which is often not appreciated.

10.6.14 Calculation of y; by substitution of r = a in Equation (10.48)

Pay particular attention to the fact that » = a is used for substitution here since Equation
(10.48) only holds for r > a, despite the fact that the potential energy of interaction between
the central j-ion and its ionic atmosphere is defined in terms of the potential due to the ionic
atmosphere at the central j-ion, i.e. at its surface, w]*

v = [1 im e - 1] (10.48)
= Tt ﬁf;a B l] (10.49)
“ sl (1050
T 4712';:&& 1 —I|C—a;c& (10.51)
= - (10.52)

4mepe, 1 + ka

This is the value wj’-’ takes when r = a. But since the potential at » = a is the same as the
potential at r = a/2 (Sections 10.5 and 10.6.1), this is also the value of 111;, the potential at the

surface of the j-ion due to its ionic atmosphere, and so
. ye K
v dmege, 1 + ka ( )
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It then follows that:
The electrostatic potential energy of the coulombic interactions between the ion and its
ionic atmosphere

gtk

= — 10.54
4mepe: 1 + ka ( )

and so the next step in the problem is:

to relate this electrostatic potential energy to the non-ideal part of the free energy,
and thence to the mean ionic activity coefficient.

10.6.15 Step 9 The problem is to calculate the mean ionic activity
coefficient, y_

From the argument given above, the contribution to the total non-ideal free energy from the
interaction of the central reference j-ion with its ionic atmosphere is:

2.2
Zje K

(10.55)

Gnonfideal contribution from the j-ion and its ionic atmosphere — — B
dmepe: 1 + ka

But this has to be summed over all ions where each ion in turn has been a central reference ion.
This is done in two stages:

e sum over all ions of a single type, i,

zl-zezNi K

B drepe, 1 + ka

(10.56)

Gnon—ideal contribution from ions of a single typei —

where N; is the number of ions of type, i.

e sum over all types of ions, i, and divide by two to avoid counting each ion twice over, i.e.
one ion can be a central reference ion and it can also be part of another ion’s ionic
atmosphere. This must not be counted as two ions.

2,2
1 ze“N; «
Gnonfideal contribution from ions of all types i,i.e. for the whole solution — — 5 § B (1057)
2 - dmeger 1 +xa
e 2 K

= > Nz (10.58)

B 8meper 1 +ka

The argument which eventually leads from this expression to an explicit expression for the
mean ionic activity coefficient in terms of the ionic strength is complex, and only the final
result will be quoted.
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Symmetrical electrolytes

These are electrolytes such as NaCl(aq), CaSO4(aq) and LaFe(CN)g(aq) where the concen-
tration of the cation equals the concentration of the anion.

Section 8.22 and Worked Problem 8.13 show that the non-ideal part of G can be related to
the mean activity coefficient, y,, giving for NaCl(aq):

Gron—ideal contribution = MRT I Yyus ver- = 2nRT10g, (Ve var-)'> = 2nRTlog,y..  (10.59)

But the non-ideal part of G has been shown by the Debye-Hiickel arguments to be given by:

62 K

E 2
Gnonfideal contribution from ions of all types i, i.e. for the whole solution = N[Zi (1058)
i

- 8mepe, 1 +ka

Using these equations and the expression already deduced for x? (Equations 10.36 and 10.39)
the Debye-Hiickel equation for the mean activity coefficient of a symmetrical electrolytes
such as NaCl is:

Vi
lo = A ——— 10.60
g10V+ "1+ Bavi ( )
where
¢’B
A=—rn—1 10.61
2.303 x 8mepe kT ( )
and where
202N ) ?
B = 10.62
{ eoerkT } ( )

The above derivation holds for all symmetrical electrolytes since Zcation = Zanion = Zi-

Unsymmetrical electrolytes

These are electrolytes such as CaCl,(aq), K»SO4(aq), K3Fe(CN)g (aq) and Aly(SO4)3(aq) for
which the concentrations of the cations and anions are not equal.
Consider Al,(SOy4)s(aq) (see Sections 8.22 and 8.23 and Worked Problem 8.13):

Ghon-ideal contribution = 2nRTlOgeJ/Al3Jr + 3nRT]0geVSO§’ = nRTIOgeViP* ygoﬁ’ ( )
10.63
= 5nRTlog, (V3 s+ yiozzf)l/s = 5nRTlog,y .

But the non-ideal part of G has been shown by the Debye-Hiickel arguments to be given by:

2

G . . . .. L= e— K N: 2
non-ideal contribution from ions of all types i, i.e. for the whole solution — B iZ;
8mepe; 1 + ka

i

(10.58)
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Again by a complex argument, the Debye-Hiickel theory gives the following equation for
the mean ionic activity coefficient:

VI
1+ Bav/T
where the charges appearing in this form of the equation include both the magnitude and the

sign of the charge, and A and B are defined in Equations (10.61) and (10.62) above.
However, the equation is usually written in the form:

VI
logjoys = _A|Z+Z7\1+TM (10.65)

loggyy = +Az4z- (10.64)

where |z, z_| reads ‘mod z,z_’ and means that only the magnitudes of the charges appear. It
does not include the signs.

The expression for a symmetrical electrolyte can be deduced from Equation (10.65)
describing the unsymmetrical electrolyte.

For the symmetrical electrolyte:

L =—7 (10.66)
L z42e =7 (10.67)
and |z,z-| =7 (10.68)

10.6.16 Constants appearing in the Debye-Hiickel expression

The constants A and B involve the absolute temperature and the relative permittivity of the
solvent as well as several universal constants.

5 _{ 262N }1/2_ {2e2N}1/2 1 50.29 x 10%m™'mol !/?dm* K2
&0erkT gok (e,T)"? (e:T)"?

For water at 25°C and taking ¢, = 78.46, B = 3.288 nm~! mol~ /2 dm3/2.
B+/T is the fundamental quantity « in the interionic attraction theory of Debye and Hiickel.

B ’B B V2eN'/2 _1.8248 x 10°mol ~'/2dm?/?K3/2
2.303 x 8meoekT 2,303 x 87(gok)*/*(6,T)>/> (e:T)*?
For water at 25°C and taking & = 78.46, A = 0.510 mol~"/? dm*/2.

10.6.17 The physical significance of ¥~ and Pj

2
2 e 2
= 22 10.36
* sogrkTZn & ( )

« has the units m~' as shown below:

€2 has units: coulomb? i.e. C2
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n; is a number per unit volume and hence has units m

z; is a number and hence unitless

¢o has units: farad m~" or coulomb® J~! m™!
& 1s a number and has no units

k has units J K~!

T has units K

2 2

2 e*(coulomb”) y, 3
Sk = n;z; (m

‘ so(coulomsz_lm—‘)srk(JK‘l)T(K)zi: G (m™)

. &% has units m~2 and « has units m~".
The quantity, «~! has units m, i.e. has the units of a length and as such it is often stated that !
represents the extent of the ionic atmosphere around the central j cation. Such a description can
only be given if the value of x~! is measured from r = &, since the ionic atmosphere must
always lie at distances, » > a. Alternatively it has been stated that « represents the reciprocal of
the effective radius of the ionic atmosphere, again with the proviso that this is measured from
r = a. However, these could be misleading statements, as is shown by the diagrams below.
What would be more correct would be to look at the equation:
w* _ zje K
I dmege 1 +ka

(10.53)

where ¥/} is the potential at the surface of the j-ion due to its ionic atmosphere. It is also the
potential at a distance, a, from the centre of the j-ion.

Mathematically, this is equivalent to stating that the effect on the potential of the central
reference j-ion due to all the ions in the ionic atmosphere is what it would be if the whole of the
ionic atmosphere were situated on a sphere lying at a distance 1 /x beyond &, i.e. on a sphere of
radius a + (1/k) i.e. of radius (1 + xa)/x.

Physically such a statement is not realistic. The atmosphere decreases smoothly from a
distance, a, from the central ion to a situation where the distribution is almost random when
r — oo (see Figure 10.7). These diagrams show that there are regions of r values where the
distribution is definitely not random and where there is significant charge per unit volume, and
as shown on the diagrams these distances extend to values of r greater than 1/« beyond a.

The dependence of the charge density on distance is given by:

Ka —Kr

o Zj€l(2 e e

Pi 4 1+Kkad r

(10.69)

For a given ionic strength, « is known. The value of zje is known for any charge type for the
central j-ion and if a value is assumed for a, then

—Kr

0; = constant & (10.70)
r

from which values of p; can be found as a function of r. Typical graphs are shown; see
Figure 10.8.
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v

r—a
Figure 10.7  Graph of v vs. r — a showing how the ionic atmosphere tails off to co.

These show the charge density to be non-zero for all values of » > & + «~! and are similar to

those for ; as a function of r (Figure 10.7), confirming the conclusion that there is never any
sharp cut-off point for the ionic atmosphere which actually extends to infinity:

p; — 0 as r— oo.

This can be demonstrated more effectively if the proportion of the charge inside a sphere of
radius r = a + (1/k) is compared with the proportion of the charge found outside the sphere.

|p}/C dm=3
2
|
8000 lT x  Calculated for 1:1 electrolyte
l\ o Calculated for 3:3 electrolyte
4
|
|
6000 1
|
|
m\
‘\ r=4+ 1?
4000 \\
5
]
N
20001\
\ \
\ \
EoX Q
Ny ~N
S oo
! Pt Sy o i S R R (r—&)/nm
0 2 4 6 8

Figure 10.8  Graph of |p;| vs. (r — @) showing how the ionic atmosphere tails off to oc.
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The proportion of the total charge of the ionic atmosphere lying within a sphere of radius
r =a+ (l/k) is given by:

a+(1/x) 00
J 47r? p;dr / J4nr2pjdr (10.71)

and the proportion lying outside the sphere is given by:

J 4nr2pjdr/J47tr2pjdr (10.72)

a+(1/k) a

Calculations for ionic strengths of 0.0025, 0.005 and 0.010 mol dm > corresponding to values
of 0.1644, 0.2325 and 0.3288 nm ™' respectively and for @ = 0.400 nm give:

/nm~! 0.1644 0.2325 0.3288
proportion outside 0.713 0.705 0.693
proportion inside 0.287 0.296 0.307

i.e. approximately 30% lies within a distance 1/« from where the ionic atmosphere begins, or
put otherwise within a distance a + (1/«) from the centre of the j-ion. This means that around
70% of the total charge lies outside the supposed radius of the ionic atmosphere.

Further calculations show that approximately 50% and 40% respectively of the total charge
lies at distances greater than a + (1.5/k), and a + (2/k) respectively.

If ! is taken to be the ‘effective extent’ of the ionic atmosphere outside the surface of the
central j-ion, then the proportion outside should be effectively zero. The conclusion to be
drawn is that the ionic atmosphere fades away towards zero as the distance from the surface of
the ion tends to infinity.

10.7 The Debye-Hiickel limiting law

The basic general equation emerging from the Debye-Hiickel treatment given above is:

VI
logygy: = —Alziz-| T B (10.65)

where the constants take the following values for water as solvent at 25°C:
A = 0.510mol /> dm*/?
B =3.288nm™' mol~!/?dm?*/?,

and the value of a, the distance of closest approach, is as yet unspecified.

The numerator in this equation takes account of the contribution to non-ideality arising
from the long range electrostatic forces obeying Coulomb’s inverse square law, while the
denominator takes account, in a rather crude manner, of the non-ideality introduced by short
range forces when the ions come close together. This corresponds to the assumption that the
ions are hard spheres, non-polarisable, non-deformable and spherically symmetrical, and
manifests itself as the distance of closest approach, a. There are, of course, other short range
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forces of interaction between the ions, between the ion and the solvent and between the solvent
molecules which are not taken account of (see Sections 10.3, 10.8.3, 10.8.5 and 10.8.6 and the
chapter on solvation).

At the surface of a large ion, the electric field will be considerably smaller than that at the
surface of a small ion. Consequently, non-ideality is to be expected to be less pronounced for
large ions than for small ions and the denominator in the Debye-Hiickel expression may be
regarded as a reflection of this.

The values of y, calculated from Equation (10.65) can be compared with values of
y. calculated for the same ionic strengths from the Debye-Hiickel limiting law:

logigys = —Alzz|VI (10.73)
where A = 0.510 mol~ "2 dm™2.

This equation was proposed by Debye and Hiickel as coping adequately with non-ideality in
very dilute solutions when the correction for the short range forces arising from the finite size
of the ions can be ignored.

The comparison shows that the limiting law can be taken to be reasonably accurate up to an
ionic strength of 1.00 x 1072moldm > for a 1:1 electrolyte, but this decreases to
1.00 x 1073 mol dm > for a 2:2 electrolyte. This latter value corresponds to a concentration
of 2.5 x 10~* mol dm . What should also be noted is that it will only be possible to ignore
non-ideality in electrolyte solutions when y, — 1, and the calculations show that this will not
happen until ionic strengths < 1 x 10~ mol dm > are reached.

A similar equation has been proposed by Guntelberg in which Ba = 1, which corresponds
to a value of @ = 0.304 nm:

VI
1+

The same conclusions follow from a comparison of this equation and the Debye-Hiickel
limiting law.

However, it is recommended that one of the extended Debye-Hiickel equations (see
Sections 10.10.1 and 10.10.2) should always be used if the ionic strength range is extended,
and especially so when extrapolation of experimental data is needed.

By considering under what conditions of ionic strength the denominator 1 + Ba+/I can
be approximated to unity, the Debye-Hiickel limiting law has been shown above to be a
good approximation for dilute solutions. However, there was at that time no theoretical
justification for this except for the arguments put forward by Kramers. However, the
modern work of Kirkwood, Bogolyubov et al. (Section 10.18) has fully justified the
limiting law.

At around the time that the Debye-Hiickel theory was published, Kramers put forward an
alternative theory which led to an equation of the same form as the limiting law. His
calculations were for point charges in very dilute solutions and in a continuous medium,
and did not involve an ion size. However, point charges imply the need to postulate some
sort of repulsion to stop the point charges of opposite sign sticking together. Kramers
showed that short range repulsions over very small distances on the microscopic scale
would achieve this, without the necessity of introducing a distance of closest approach.
This led to the Debye-Hiickel limiting law, and is the only direct theoretical derivation of
the limiting law.

logjgys = —Alzyz-| (10.74)
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10.8 Shortcomings of the Debye-Hiickel model

When the Debye-Hiickel equation is tested against experimental results it is very successful in
accounting for behaviour at low concentrations, and it is believed that the theory is basically
correct for low concentrations (see Section 10.10). Having to test the theory rigorously at very
low concentrations proved a great stimulus in developing precision techniques for deriving
experimental values of ..

At moderate and higher concentrations deviations from theoretical behaviour become
apparent, and ways of dealing with these problems are described later in the chapter.

Meanwhile, it is constructive to look again at the physical basis of the simple Debye-Hiickel
model and its mathematical development to see where both could be modified, and to consider
whether this would be mathematically possible. What has been written in Chapter 1 on ions and
solvent structure shows that the Debye-Hiickel model is painfully naive and cannot even
approach physical reality. A brief reassessment of the features 1-7 of the simple Debye-Hiickel
model is given below, along with indications as to how these problems have been tackled.

10.8.1 Strong electrolytes are completely dissociated

As aresult of the assumption that random motion is not attained, a consistent treatment should
allow, in principle, the possibility that electrostatic interactions could be sufficiently large to
result in some ion pairing. This is likely for ions of high charge type and for those ions which
just happen to be close together, and the model must therefore be modified. This has been
carried out by Bjerrum and others (see Section 10.12).

10.8.2 Random motion is not attained

As mentioned above, the model has to be extended to take account of the short range

coulombic interactions of ion pairs over and above the long range coulombic interactions of
the ionic atmosphere dealt with in the theory.

10.8.3 Non-ideality results from coulombic interactions between ions

This is not a sufficient description of what contributes to non-ideality. Many other types of
interactions must be included, for example:

e short range coulombic interactions;

e short range quantum mechanical interactions;

hard sphere repulsions;

non-hard sphere repulsions;

polarisability of ions — ion-induced dipole interactions;



10.8 SHORTCOMINGS OF THE DEBYE-HUCKEL MODEL 383

¢ induced dipole-induced dipole interactions;
e modified ion—solvent interactions;
e modified solvent—solvent interactions.

Physically, all of these are simple ideas and are easy to discuss and explain, but unfortunately
there are very considerable mathematical difficulties in incorporating them into the theory. Other
than ion pairing and solvation, nothing fundamental in the form of a new ‘working’ equation
representing non-ideality has been achieved for the others, but see Sections 10.18—10.21.

10.8.4 Ions are spherically symmetrical and are unpolarisable

Even some simple ions, such as NO;~(aq) and PtC1,>~(aq), are not spherically symmetrical, and
large ions such as CH3CH,COO™ (aq) are decidedly non-spherically symmetrical. Other large
ions, especially those encountered in solutions containing ions of biological importance certainly
are not. Likewise, many ions are not unpolarisable; even some simple ones like I~ (aq) are highly
polarisable, and the model needs to be grossly modified on both counts. But again this is so
complex mathematically that not much has been done, but see Sections 10.17.3,10.19 and 10.21.

10.8.5 The solvent is a structureless dielectric

This suggestion is manifestly untrue. The solvent consists of molecules which have structure.
The only respect in which the theory takes account of this is the modification of the
electrostatic interactions by the solvent through the macroscopic relative permittivity. This
is a crude attempt to recognise the importance of the ion—dipole interactions which undoubt-
edly occur. To cover more physically realistic situations the model needs considerable
modification to include:

e ion—solvent interactions;

e solvent—solvent interactions;

o the effect of dielectric saturation.

The complexity of the mathematics has meant that these features of the dielectric properties of
the solvent have not been incorporated into a new development and suggests that a new model
is required (see Sections 10.16, 10.19 and 10.21).

10.8.6 Electrostriction is ignored

Because of the intense fields near the ion, solvent molecules will get packed tighter together,

but little consideration has been given to this, other than in the developments incorporating
solvation effects.
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10.8.7 Concept of a smeared out spherically symmetrical charge density

This is an absolutely crucial part of the model and has been dealt with by statistical mechanical
averaging procedures. But only spherical symmetry has been assumed. And so for large non-
spherical ions a modification to the smearing out procedure is needed, but see Sections 10.17.3
and 10.19.

Any one given distribution of ions around a spherically symmetrical central j-ion need not
necessarily be spherically symmetrical, but on average all possible arrangements will correspond
to spherical symmetry. A charge density necessarily corresponds to an average distribution of
ions, so conversion of the Poisson-Boltzmann equation to spherical symmetry is purely formal.

But as has been hinted at above, there is one important limitation to this when considering
large complex electrolytes such as are found in aqueous solutions of biological materials. Here
the central ion is non-spherical. An ion which is not spherically symmetrical may impose a
non-spherically symmetrical distribution of charge around it, and this ought to be taken
care of, but is not, in the theory. The Debye-Hiickel theory can thus only be approximate for
non-spherical ions.

10.9 Shortcomings in the mathematical derivation of the theory
These have been discussed as the theory was developed, and will only be summarised here.
e Use of the Poisson-Boltzmann equation in its spherically symmetrical form

This is inadequate if the ions are non-spherical and a modified Poisson equation is needed.
e The Poisson-Boltzmann equation in its complete form

This may contradict one of the basic laws of electrostatics, that is the linear superposition of
fields. This is a fundamental problem for the theory and to any other theory or development,
such as that due to Guggenheim below (Section 10.13.1), which makes use of any such
combination. In fact this is one of the big problems in the theory. The other big problem is that
the ¥;s in the Poisson equation and in the Maxwell-Boltzmann distribution are different and
have a different physical basis (see Section 10.6.5). This is believed by many to be yet another
fundamental problem for the theory.

e Truncation of the exponential

This is serious even though it removes the problem of the linear superposition of fields by
having both sides of the combined equation linear. But it imposes a very severe restriction to
the theory because the approximation requires

ziey; < kT (10.75)

and this can only hold for very dilute solutions where the ions are, on the average, at large
distances from each other, and so unhappily it must be accepted that, for normal working
conditions such as an ionic strength of 0.010 mol dm > or above, the Debye-Hiickel theory
can, at best, be only an approximate theory.
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Extension to higher concentrations is required, and one of the main advances here has been
Guggenheim’s numerical integration by computer, but the problem of the superposition of
fields and the different ;s still remain.

Furthermore, this approximation appears to contradict one of the assumptions of the theory
that electrostatic interactions impose some degree of order on the random thermal motions of
the ions.

e Distance of closest approach, a

The term a is somewhat arbitrary, but has been defined as the distance of closest approach of two
ions — they cannot get closer together than the sum of their respective radii. As shown earlier the
theory has implicitly assumed a to be the same for both cation and anion of all electrolytes. This
is a quite considerable assumption, probably not valid for most electrolytes. This is especially so
for large complex ions, such as found in biological situations, and for electrolytes which are not
like the simple ions such as Ca®*(aq), Na™(aq), OH (aq) or Cl(aq).

There is thus quite a predicament here as to what @ actually means physically. There has
been much argument, but no real major advance has been made theoretically.

Curve fitting of experimental determinations of y, over a range of ionic strengths has
attempted to overcome these difficulties (see Section 10.10.2), but on closer inspection this
does not really advance matters very far, as the real status of & in such procedures is as a
disposable parameter.

10.10 Modifications and further developments of the theory

Precision experimental results show theory and experiment to deviate from each other
considerably at moderate concentrations, and grossly at high concentrations. The theory
under these conditions is obviously inadequate, and the following discusses attempts to
overcome these problems.

10.10.1 Empirical methods

One way of coping with observed deviations from the behaviour predicted by the Debye-
Hiickel expression is not to do any further theoretical calculations, but to work at empirical
extensions to the Debye-Hiickel expression to take it to higher concentrations. These methods
assume that the Debye-Hiickel theory is valid at low concentrations.

As a rough and ready guide the following will be assumed:

e low ionic strengths are taken to be < 1 x 10~3 mol dm_3,

e moderate ionic strengths are in the range 1 x 1073 mol dm ™ t0 0.1 mol dm > and

e high ionic strengths are those > 0.1 mol dm .

Testing the Debye-Hiickel limiting law, the Debye-Hiickel equation and the extended
Debye-Hiickel equation has demanded highly accurate experimental activity coefficient
determinations.
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l0g107.

Figure 10.9  Graph of log,, v vs. VT illustrating the Debye-Hiickel limiting law.

Calculations using the various equations of the Debye-Hiickel theory are given in Worked
Problems 8.12 to 8.17 and Sections 9.13.1 and 9.13.2, and Worked Problems 9.17 t09.19,9.21
t0 9.23. Use of emf data to give experimental data to test the Debye-Hiickel theory is given in
Worked Problems 9.28 and 9.29.

Experimental activity coefficients are always quoted as stoichiometric values, y, based on
stoichiometric concentrations and ionic strengths. This is still the case for associated electro-
lytes. However, when association occurs the actual ionic strength will be less than the
stoichiometric ionic strength, and it then becomes vital to distinguish between y‘:‘t"‘“al based
on the actual concentration and the actual ionic strength, and yi‘mh based on the stoichio-
metric concentration and the stoichiometric ionic strength.

Experiment shows that the Debye-Hiickel limiting law:

loggys = —Alnz|VI (10.73)

holds well for ionic strengths less than 1 x 10~ mol dm  for 1—1 and 1-2 electrolytes but
less well for 1-3, 2—2 and higher charge type electrolytes, and that as the ionic strength
increases the full Debye-Hiickel expression will be needed for all charge types.

Graphs of log,, . vs. v/I should be linear with slope = —A|z;z,| (Figure 10.9). Accurate
experimental y, values show that, although linearity is found at very low ionic strengths, as the
ionic strength is increased the graph of log,, y,. vs. V/I lies increasingly above the Debye-
Hiickel limiting slope (see Figure 10.10). This is in keeping with the Debye-Hiickel expression:

Alziza|V1
1+ Bav1

The denominator, 1 + Bav/I, will cause log,, v to be less negative than the limiting law
value, and so values of log;, . calculated from the Debye-Hiickel equation will lie above
values of log;, ¥, calculated from the limiting law. This is because:

logjpye = — (10.65)

Alz122|V1

_A|lez|\/i
1+ Bav/1

> —Alzz|VI
Bav/1 122

<A|z1z2|\/7,and SO

Worked Problems 9.28 and 9.29 illustrate this.
Fitting of very accurate experimental data at low concentrations to the Debye-Hiickel

equation, log,, v, = —Alz122|v1/(1 + Bav/1), using electrolytes which are known, from
conductance measurements, to show virtually no ion pairing has indicated that a value of a
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Figure 10.10 (a) and (b) Graphs of log, ¥, vs. VI showing deviations from the Debye-Hiickel
limiting law at high ionic strengths.

lying between 0.40 and 0.50 nm gives a good fit. But the higher the ionic strength, the more
likely it is that a is being forced to absorb other short range effects which are expected to give a
term linear in ionic strength (see Section 10.10.2), making meaningful interpretations difficult.

The values of a found using the Debye-Hiickel equation are greater than the sum of the
crystallographic radii. This is unsurprising as ions will be solvated in aqueous solution. Once
solvation comes into the picture, it becomes even more difficult to assign a precise meaning to
a. Does the closest approach mean:

two bare ions;
e two ions with one H,O between,;

e two ions with two H,O between,;

two ions with one ‘squeezed’ H,O between?

There is a further problem. Is a unique value of a appropriate for all electrolytes? Even for
one given electrolyte there is no reason to assume that the distance of closest approach will
remain the same under all circumstances.
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10.10.2 Empirical extension using a term linear in ionic strength

Experiment shows that at higher ionic strengths deviations from the Debye-Hiickel equation
occur. Graphs of log;, v Vs. Vi / (l +I ) are linear at the low end of ionic strength, but,
with increasing ionic strength, the graphs become non-linear and eventually show a turn-up
with values of log;, ¥, approaching zero and, in some cases, becoming positive (see
Figures 10.11(a) and 10.11(b)). Such deviations can be handled by including a term linear
in ionic strength (see Figure 10.11(c)).

The working equation which results is:

A 1
B |lz122|V/T Y

10.76
1+ Ba/1 ( )

logygyy =

where a and b are adjustable parameters. The positive term, +bl, is of opposite sign to
—Alz122|VI/ (1 + Bav/T ) and so will result in a less negative value for log, ., correspond-
ing to a larger value of y, than would be expected if the Debye-Hiickel expression is used.
This term progressively has a greater effect than the 1 + Ba+/I term on log,, ¥, and the graph
typically shows a minimum followed by an upturn (see Worked Problem 9.29).

Experimental data shows conclusively that the extended Debye-Hiickel equation must be
used for moderate and higher ionic strengths.

There are two disposable parameters, a and b, in the Debye-Hiickel extended equation, and
there are two ways to assign values to them.

e Assume a value of & and plot a graph of log,, ¥, + A|z122|v/1/(1 + Bav/T) vs. I. Such
graphs are often linear, and allow b to be found from the slope. However, if a constant a is
assumed the value of b then found could be absorbing errors, or changes in a as the ionic
strength increases, or vice versa. Furthermore, various combinations of @ and b can give
good fits. Typical choices are:

e ¢ = 0.304 nm corresponding to Ba = 1,

e 4= 0.400 nm corresponds to Ba = 1.315mol~"/? dm*/?,

e G = 0.480 nm corresponds to Ba = 1.578 mol~'/? dm*/2.

Often it is impossible to discriminate between these choices. This makes it very difficult to
make any meaningful interpretations of specific values.

e Curve fitting assuming a and b to be disposable parameters can also be used. At first sight
this appears to be a superior approach in so far as it allows a and b to vary from electrolyte to
electrolyte without any choice being made for either. However, it does carry all the
ambiguities and problems of curve fitting, and again it must be realised that there is likely
to be more than one combination of @ and b which would give a good fit, with similar
limitations for specific interpretations.

Experimental values of b vary in magnitude and in sign from electrolyte to electrolyte, and as
shown above depend on the value of Ba. Furthermore, it is impossible to split up these values of
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Figure 10.11 (a) and (b) Graphs of log,, v vs. vI/(1 + Bav/T) showing deviations from the Debye-
Hiickel equation, and illustrating the need for a bI term. (c) Graph of log,, v, + Alz122|v/I/(1 + Ba/T)
vs. I showing how deviations from the Debye-Hiickel equation can be handled by a term in ionic
strength.
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b into characteristic contributions from each ion. For instance, the results from a series of
Na'(aq) and K'(aq) salts, e.g. the nitrates, chlorides, bromides and hydroxides can be
considered for each cation. b values can be found for each set of electrolytes, and it is found that:

b for the NaCl(aq) — b for KCl(aq)
b for NaNOs(aq) — b for KNO3(aq)
b for NaOH(aq) — b for KOH(aq)

are all different. Hence b values are not additive with respect to cation and anion, or put
otherwise b values are specific to the electrolyte not to the individual ions. This is in keeping
with modern work on electrolyte theory (see Section 10.16.3).

What perhaps will prove to be more significant will be the sign of b rather than its magnitude.

This is in stark contrast to the situation where limiting ionic conductivities are concerned
(see Sections 11.11 to 11.13). Here limiting molar conductivities can be split up into
individual limiting ionic conductivities for the cation and the anion, so that a table of these
can be constructed, e.g.:

A° for NaCl(aq) can be made up from )ng + Ag],
A° for NaOH(aq) can be made up from A% + Ay
where )LONZﬁ takes the same value in each case.

It has been shown theoretically that a term linear in the first power of the ionic strength
could arise from:

e factors similar to those giving rise to non-ideality in solutions of uncharged solutes;

e short range interactions between an ion and the dipole of the solvent. These have an effect in
an opposite direction to the long range forces between ions. The effect is likely to be
negligible at low concentrations, but be significant at moderate and high concentrations.

o dispersion forces between the ions when close together;

o the effect of the presence of ions may cause the relative permittivity to be different from that
for the pure solvent;

e ions will be solvated, and so the size and surface of the ion will be considerably different
from that of the unsolvated ion. Ambiguities in the value assigned to a can be reflected in a
term linear in ionic strength. Assignment of the value used for the relative permittivity of the
solution is also intimately tied up with how the theory will handle ion solvation.

e short range repulsions.

However, even this extended equation is not expected to be accurate at high ionic strengths
where higher order terms, such as ¢*2, ¢? or even ¢**log;c are necessary.
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10.11 Evidence for ion association from Debye-Hiickel plots

Deviations from the Debye-Hiickel equation:

Alziz|VI

10.65
1+ Bav1 ( )

logpys = —

could be due to:

e a term linear in ionic strength;
e jon association;

e or both phenomena taken together.

Once the possibility of ion association is postulated it becomes absolutely vital that stoichio-
metric and actual concentrations, and stoichiometric and actual ionic strengths are clearly
distinguished (see Section 3.11). It is also vital to make clear whether jSichiometric o yjactual jg
being referred to. If clear distinctions between all these quantities are not made, then clarity is
lost and mistakes only too easily creep in. From now on these distinctions will be made explicitly.
Experimental activity coefficients are always quoted as stoichiometric values, 5", and they
generally refer to stoichiometric ionic strengths; but this again should always be made clear.

For symmetrical electrolytes, association will produce an ion pair of zero charge and to a
first approximation ¥ for the ion pair is unity. For unsymmetrical electrolytes, association
will produce an ion pair which is charged and so yaf”a] for the ion-pair is no longer unity. This
complicates matters, and the arguments from now on will consequently be mainly confined to
symmetrical electrolytes.

o If highly accurate experimental y, are available, evidence for association can be found
from typical plots of log;, .. vs. Vi/ (1 + \/i) where Ba = 1, or from plots of log;, y. vs.
\/7/(1 + B&\/f) where a specific value other than 0.304 nm is assigned to a.

o If there is no association the experimental curves should approach the limiting slope from
above and at higher ionic strengths go through a minimum (see Sections 10.10.1 and
10.10.2). However, where there is association the experimental plots approach the Debye-
Hiickel limiting slope from below and at higher ionic strengths cross the limiting slope and
then lie above the limiting slope.

e Graphs of log,, . vs. \/f/(l + \/i) are given below (Figure 10.12). Figure 10.12(a)
shows no definite evidence of association but definite evidence for a term linear in Ig;cp.
Figure 10.12(b) shows evidence of both association and a term linear in Iy;c,. The Debye-
Hiickel limiting slope —A|z;z2| is drawn on both graphs.

10.11.1 An explanation of the statement that if an electrolyte is associated
then the graph of log,q y.. vs. vI/(1 + Bav/T ) will approach the Debye-Hiickel
slope from below

If association occurs then the actual concentration of free ions will be less than the stoichio-
metric concentration. Likewise, the actual ionic strength is less than the stoichiometric value.
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Figure 10.12 (a) Graph of log, y*" vs. VIstoich /(1 + Bav/Isteich ) showing deviations from the
Debye-Hiickel equation due to non-ideality. (b) Graph of logy, " vs. \/Istoich /(1 + Bgy/Istoich )
showing deviations from the Debye-Hiickel equation due to non-ideality and also to association.

Two situations can be considered:

Association in the absence of non-ideality

Non-ideality in the absence of association

Cactual < Cstoich, Decause of association, but
because the solution is considered under ideal
conditions:

Qobserved = Cactual Where a = the activity, and so:

Qobserved < Cstoich

and this is purely a result of removal
of ions and must not be confused
with a situation of

Qobserved < Cstoich because Ve < L

If a solution is non-ideal, then according to
the Debye-Hiickel theory . < 1, and so,
because dopserved = V4 C:

Aobserved < C

where Cgich = Cactual = €, in the absence of
association, and therefore:

Aobserved < Cstoich

and this is purely an effect of non-ideality
and must not be confused with the effect of
removal of ions due to association
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What this argument shows is that removal of ions due to association and non-ideality will both
independently cause the activity to be less than the stoichiometric concentration. For an
associated electrolyte, both association and non-ideality will be involved and both factors will
contribute to bring aopserved down more extensively than either of them would do in the absence
of the other.

stoich

Since dobserved < Cstoich this can be quantified as dobserved = (V") spserved Cstoichs and will

manifest itself in a (yi"iCh
(yiowh)‘)bse”ed obeying the Debye-Hiickel equation. For an associated -electrolyte
10210 (V2® ) gpservea VS- VITH/ (1 + Bav/Ih ) plots will therefore approach the Debye-

Hiickel slope from below.

Jobservea D€INg less than would be expected for a corresponding

10.11.2 Unknown parameters in the Debye-Hiickel extended equation
when association occurs

If an electrolyte is believed to be associated there are three quantities which are unknown:
e a, the distance of closest approach;
e b, the coefficient of the term linear in /; and

e f, the fraction of the ions associated into ion pairs. The latter can alternately be quantified in
an association constant, K.

These three unknowns can be incorporated into the Debye-Hiickel equation as three
disposable parameters, the other quantities being dependent only on charge type and ionic
strength. If a is taken to be known, the problem reduces to two disposable parameters, b and j
or K,0c- There are several ways to tackle this, but what is often done is to assume a value for a,
and take b and K, as disposable parameters and curve fit to the observed graph of
logyo yitvs v stoieh /(1 4+ Bav/Is©ich ). However, the standard cautionary warning must be
given: a range of pairs of acceptable values of b and Ko Will occur and chemical judgement
will be needed if a distinction is to be made among them. It would also be possible to curve fit
using the three disposable parameters a, b and K ... The same cautionary note must again be
given.

10.12 The Bjerrum theory of ion association

An essential feature of the Debye-Hiickel model is that electrostatic interactions between
ions impose some degree of order on the random thermal motion of the ions. It is thus
possible that some interactions are so strong that two ions could move around together as an
independent ion pair. This pair of ions would be counted as an ion pair if it survived long
enough on a time scale of several collisions. Ion pair formation is more likely to happen in
concentrated solutions where the ions are close together and the coulombic interaction is
likely to be sufficiently large. It also becomes more likely as the charge type of the
electrolyte increases. Absorption and Raman spectra observations and conductance studies
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show evidence for ion pairing in solutions of high charge types, for instance most 2—2
electrolytes are associated.

10.12.1 The graph at the heart of the Bjerrum theory

This looks at the interaction of one ion with another of opposite charge. An ion of charge z e is
chosen to be the reference ion, and this is placed at the origin of the coordinate system where
spherical symmetry is assumed. The distance of the second ion of opposite charge, z,e, from
the first ion is , where r is the radius of a sphere around the central ion.

e (a) The chances of finding a second ion of opposite charge to the central ion become less as
the distance from the origin increases. This is a direct consequence of the decrease, as r
increases, in the potential energy of electrostatic interaction between the two ions; this
interaction being a short range coulombic interaction (see Figure 10.13(a)).

e (b) However, as r increases the volume of the sphere around the central ion increases and so
the number of ions present will increase. Consequently the chances of finding an ion of
opposite charge will increase (see Figure 10.13(b)).

These two effects are in opposite directions with (a) dominant at short distances and
(b) dominant at large distances. This results in a minimum in the chance of finding an ion
of opposite charge to the central ion (Figure 10.13(c)), and theory shows that this occurs when:

|z122]€”
——— =2kT 10.77
dmepe r ( )
This value of r at which the minimum occurs is given the symbol, g, and the name, ‘the

Bjerrum distance’, and takes a value:

_ azlé?

= 10.7
8mege kT (10.78)

Bjerrum then defined ion pairs as:
e ions which are within a distance, g, of each other are paired or associated,;
e ions which are at distances from each other greater than g are unpaired, or unassociated.

Bjerrum thus considered that the cut-off between unpaired and paired ions occurs when the
electrostatic potential energy of interaction equals 2k7. This is a somewhat arbitrary distance
defined by the minimum in the graph (Figure 10.13(c)) and there has been much discussion as
to the validity of choosing this distance to define the cut-off.

However, it is still useful to see how the Bjerrum critical distance, g, varies with charge type
(see Table 10.1).

Since simple ions have mean ionic diameters of the order 0.3—0.6 nm, it is evident that
deviations from the Debye-Hiickel expression due to ion association are likely to occur for
charge types of 2—1 or greater. These deviations are then handled by Bjerrum’s ion-pair
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Figure 10.13 (a) Graph showing the effect of distance on the chance of finding an ion of charge z,e
of opposite sign to the central reference ion of charge z;e. (b) Dependence of the volume of a sphere
on the radius, r. (c) Graph showing the chance of finding an ion of charge z,e of opposite sign to the
central reference ion of charge z;e at a distance r from the central reference ion of charge z,e.

concept. For 1-1 electrolytes the Debye-Hiickel approximations are generally valid, and for
these electrolytes (provided a > 0.357 nm) ion pairing is not to be expected in water, and
experimentally this is what is usually found. For large complex 1-1 electrolytes, ion pairing in
water is not expected since a, the distance of closest approach, for such electrolytes will
certainly not be 0.357 nm — it will be much larger. For higher charge types similar reasoning
can hold. What will be important is the relative values of & and q.
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Table 10.1. Variation of the Bjerrum critical distance, g,
with charge type for water at 25°C

q
Electrolyte type om
1-1 0.357
2—1 and 1-2 0.714
3-1 and 1-3 1.071
2-2 1.429
3-2 and 2-3 2.143
3-3 3.214

10.12.2 The theoretical expression for the association constant
for symmetrical electrolytes

So far only the meaning of an ion pair has been discussed, and this has to be related to an
equilibrium constant defining ion association. Bjerrum’s treatment relates to very dilute
solutions, and calculates an explicit value for the association constant, which is therefore
an ideal constant. Consequently, the Debye-Hiickel equation must be used to enable the
calculation to apply at higher concentrations.

Formally ion association, for symmetrical electrolytes, can be represented as:

M (aq) + A¥ (aq) =——=MAF ) )(aq)

where, for ideal conditions, activities can be approximated to concentrations,

MAEI+E)
Kassoc = [ _— Zlactual (1079)
[M ]aclual [A ]actual
The fraction of the ions associated to ion-pairs
:3 —_ [MA(Z )+(Z7)]actual _ [MA(ZA)+({)]actual (1080)
[MZ ]stoich [AZi]stuich
S IMAEFEI] = Bestoien (10.81)
[MZ+]actual = [AZi]aclual = (l - IB)Cstoich (1082)

where cyoicn, = the stoichiometric concentration of the electrolyte solution.

The Bjerrum calculation gives g, the fraction of the ions associated to ion pairs, and this is
calculated for very dilute solutions. From this a theoretical K, at infinite dilution, i.e. for an
ideal solution, can be found.

10.12.3 Calculation of § from the Bjerrum theory

Bjerrum looks at the direct interaction between an ion of charge z,e and another ion with
charge z,e leading to the formation of the ion pair. The calculation is based on the Debye-
Hiickel model (Section 10.3) and its development as given in Section 10.6.
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If an ion of charge z;e is regarded as being placed at the origin, then the potential energy of
interaction between z;e and z,e can be written as:

potential energy = zpe, (10.16)

where v, is the potential due to ion zje at ion z,e which is at a distance r from z,e.
Arguing along the lines of Section 10.6.2

!

¥ = ¥ + Vv, (10.19)
! ! !

total potential at any total potential at any total potential at any
distance, r, from the distance, r, from the distance, r, from the
central z;e ion due to central z;e ion due to the central z;e ion due to
that ion and to its that ion itself the ionic atmosphere and
ionic atmosphere and this includes the z,e ion
this includes the z;e

ion

If the ionic atmosphere is ignored, i.e. ideal conditions, then Equation (10.19) reduces to:

i = (10.83)
1€

— 10.84

dmeger ( )

and is the total potential at a distance r from the central ion at the origin of charge z;e, if non-
ideality is ignored.

Be very careful here: The total potential at any distance, r, from the origin can be identified
with the potential at any distance, r from the central z;e ion due to that ion itself, only if non-
ideality is ignored. This means that corrections for non-ideality must be superimposed onto
the Bjerrum theory after the association constant has been derived (see Section 10.12.4).

If the second charge, z;e, is placed at distance, r, from the first charge, z;e, then:

Potential energy of interaction between the two charges, ignoring non-ideality

lezez 1
dmege, r

= ey, = (10.85)
This is the potential energy which appears in the Maxwell-Boltzmann distribution for the ion
pair situation, see below.

In the Bjerrum theory, the potential which appears in the potential energy of interaction
between the two ions of the ion pair is thus an approximate potential in so far as the term due
to the ionic atmosphere is ignored.

This requires that any further argument will relate to ideal conditions only. The treatment
will then simply be looking at the interaction between two ions neither of which has an ionic
atmosphere. Then, and only then, do Equations (10.83) to (10.85) hold.

Itis for reasons of mathematical simplicity that Bjerrum limits his argument in this way,
and consequently his derivation can only apply to very dilute solutions in which the
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effects of the ionic atmosphere become negligible, and the K.y, as calculated, is an
ideal K.

The Maxwell-Boltzmann distribution can now be used to find the average number of ions,
n/2 of charge ze per unit volume at a distance, r, form the ion, z;e, at the origin as:

2
, 2122€ 1
- - — 10.
ny, =ny exp( i—s ) (10.86)

From this expression, by considering all distances < g, the probability that an ion of charge z,e
has an ion of opposite charge, z,e, associated with it can be found. This, in turn, gives S the
fraction of ions associated to ion pairs as:

F 2
Z122€ )
= |4 —_— d 10.87
P J e exp< 47T80£rl"kT> e ( )

_ |1122\€2

= 10.78
a 8mege kT ( )

where

The integral has limits a and ¢, since ions lying within the distance a to ¢ are defined as paired.
By carrying out this integration:

B =4mn, x —ﬂ 3Q(b) (10.88)
dmege kT
b X
where  Q(b) = J%dx (10.89)
2
po_ BRE g o aa (10.90) and (10.91)
T dwegeGkT T dwepe,rkT ' '

Values of the integral Q(b) have been tabulated for various values of b.
B as given by Equation (10.88), is in molecular quantities, but the K, given in Equation
(10.79) is in molar quantities, i.e. the 8 required is

22t \°
=4 ~ 2% ) o 10.92
B = 4mNcy x ( 4nsoerkT) Q(b) (10.92)

where ¢, is the bulk actual concentration of ions of charge z,e. For symmetrical electrolytes
which is what this derivation pertains to, ¢c; = ¢; which is the bulk actual concentration of the
ions of charge z;e and of the bulk solution.

This calculation relates to very dilute solutions. For these very dilute solutions the fraction
of ions associated to ion pairs is very small, i.e. B approaches zero and (1 — ) — 1. Under
these conditions the activity coefficients approach unity, corresponding to ideality.

K= —P P (10.93)

(1-B)Pc; @
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Substituting for g gives:

47’[N6‘2 Z1Z2€2
Kassoc = X

- Amege kT

>3Q(b) = 4nN(— W) 3Q(b) (10.94)

2 dmege kT

This is the expression for an ideal solution.

10.12.4 Extension to account for non-ideality

For higher concentrations, K, Will have to be corrected for non-ideality by including
activity coefficients calculated from the Debye-Hiickel equation.

B (VMA) actual (10.95)
(1 — ,3)2C5t0i0h (V%t)actual

assoc —

where:
e fis the quantity which is calculated from Bjerrum’s theory;

e v, is the mean activity coefficient for the electrolyte ions which are unassociated, and is
calculated from the Debye-Hiickel expression:

lo actual — _M
g10Y+ L+ Byvie

But take note: The Debye-Hiickel expression is not that which is used for unassociated
electrolytes. There is one very important difference:

(10.96)

the distance of closest approach which appears in the denominator is not a, but ¢, the
distance beyond which the ions are considered to be free and unassociated.

and it is to distances greater than ¢ that the Debye-Hiickel theory will apply.

e y.Mma is the mean activity coefficient for the ion pair, and takes a value dependent on the
type of electrolyte involved:

o if the electrolyte is symmetrical, then the ion pair will be overall uncharged, though it will
be a dipole. Its mean activity coefficient is taken to be unity, though this assumption can
be queried because of the dipolar nature of the ion pair.

o if the electrolyte is unsymmetrical, the ion pair will be charged and the Debye-Hiickel
theory is used to calculate the activity coefficient but the stoichiometry will be different
from that given above.

These activity coefficients must refer to activity coefficients calculated in terms of the actual
ionic strength not the stoichiometric ionic strength, since they relate to the free ions only, and
thus to a ¢*™, Their calculation will thus involve a series of successive approximations.

If the electrolyte is unsymmetrical, the whole theoretical approach becomes much more
complex.
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10.12.5 Critique of Bjerrum’s theory

Bjerrum’s theory has been criticised because it involves the arbitrary cut-off at a critical
distance g between ion pairs and free ions. It is felt that a more realistic situation would be one
which would allow more of a ‘fall-off” between paired and free ions as the distance between
them alters.

For a symmetrical electrolyte, the ion pair is taken to behave as though it were a neutral
species. It is, however, a dipole and as such will interact with the other ions. Consideration of
this would lead to an activity coefficient for the ion pair which is not unity. There is also the
question as to whether the ions of the ion pair are in contact, or are separated by one or more
water molecules. Bjerrum himself recognised these limitations to his treatment: ‘the distinc-
tion between free and associated ions is not a chemical one, but only a mathematical device’.

There have been attempts to modify Bjerrum’s treatment to remove this arbitrariness, but
none has been used universally to any great extent in the interpretation of experimental data.
Nevertheless, despite this artificiality, the Bjerrum theory coupled with the Debye-Hiickel
theory has proved a very useful and relatively successful tool in discussing electrolyte
solutions. This success is especially noteworthy when the Bjerrum-Debye-Hiickel theory is
compared with the alternative approach of Guggenheim’s numerical integration which gives
similar results (see Section 10.13.1). Table 10.2 gives values of K, for various charge types
and for various values of @ and g.

10.12.6 Fuoss ion pairs and others

Bjerrum’s concept of an ion pair and his theoretical development is the most successful
treatment used in conjunction with the Debye-Hiickel theory for analysing experimental data,
despite all the ambiguities in deciding at what stage to introduce the cut-off distance between
ion pairs and free ions. His theory was basically a device to account for the short range
electrostatic interactions not included in the Debye-Hiickel theory (see Guggenheim’s treat-
ment, Section 10.13.1).

Fuoss has also attempted to define what is meant by an ion pair and to deduce a theoretical
treatment to allow a calculation of the expected K gociation Dased on his model. He stated that
an ion pair formed when the ions come in contact at the distance of closest approach, i.e. to a
distance a apart. There are, however, theoretical reasons for saying that this should more
correctly read as ‘ions at around the distances close to the distance of closest approach’.

Table 10.2. Values of Kjsoc /mol’*dm? for various charge types at 25°C and g = 0.3572 nm

0.238 0.286 0.357 0.476
nm

1-1 0.9 0.5 0 0

1-2 23.0 17 12.1 72

1-3 220 124 77.5 49

2-2 2370 817 352 184

2-3 4.96 x 10° 5.48 x 104 7.99 x 103 1.76 x 103
3-3 >10° >10° 1.67 x 10° 6.82 x 104
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The theoretical basis of his calculation is less secure than Bjerrum’s, but his work had the merit
of inspiring high precision work on the behaviour of electrolyte solutions over a range of
relative permittivities. Bjerrum’s and Fuoss’ theories predicted different dependencies of
Kassociation ON & (see Section 12.16).

Other workers have also discussed this concept of a ‘contact ion pair’, but detailed analysis
indicates that there is a considerable degree of latitude in what physically is meant by a
‘contact ion pair’. Fuoss revisited this dilemma in his 1978 conductance theory (see Section
12.17).

10.13 Extensions to higher concentrations
10.13.1 Guggenheim’s numerical integration

Guggenheim used the complete Poisson-Boltzmann Equation (10.28), and solved it by
numerical integration using a computer. He included all terms in his calculations, and his
results allow for all electrostatic interactions including those giving rise to ion pairs. Hence
with his work there is no need to refer explicitly to ion association since this is automatically
included in his calculation. His work was of considerable significance, and the conclusions
drawn were:

e The Debye-Hiickel treatment is correct and rigorous for very low concentrations for all
charge types.

e His treatment extended the range of the theory to ionic strengths of 0.1 molal, and showed
quite unambiguously that y, values predicted by the numerical integration for 1-1
electrolytes fit almost exactly those predicted by the Debye-Hiickel theory. It follows
that the Debye-Hiickel expression is an excellent base-line for describing the properties
of 1-1 electrolyte solutions.

e The same analysis showed that the predicted y_ values for 1-2 and 21 electrolytes fit the
Debye-Hiickel equation within 2%. So again the Debye-Hiickel expression can be taken as
a reasonable base-line for these electrolytes.

e However, for higher charge types matters become more difficult. When 2-2 electrolytes
were considered, the predicted values and the Debye-Hiickel values for i differed by up to
20%. Values for 1-3 and 3—1 electrolytes are expected to lie between these values and those
for 1-2 electrolytes. The inevitable conclusion is that the Debye-Hiickel expression cannot
be used as a base-line for these high charge types.

e No conclusions could be reached for 3-3 electrolytes because the integrals used in the
numerical integration diverged — a sure sign that there may be some hidden problems in the
analysis, physical or mathematical, which have become acute for 3—3 electrolytes, but do
not show up for lower charge types.

e Jon association was shown to be negligible for 1-1 electrolytes, possible, but low, for 1-2,
2—1 electrolytes, but becomes important for 2—2 electrolytes.
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e Results for 2-2 electrolytes were of considerable importance since he showed that the
numerical integration which uses the complete Poisson-Boltzmann equation fitted well with
the Debye-Hiickel equation coupled with Bjerrum Ks for association, provided that the
Bjerrum ¢ was used instead of a in the denominator, i.e. 1 4 Bq\ﬁ must be used.

The numerical integration can, therefore, give a possible base-line for the treatment of
electrolyte solutions. Provided that association is taken care of by the Bjerrum treatment,
the Debye-Hiickel expression is also a good base-line for the behaviour of free unassociated
ions in solution, provided that the appropriate value of g appears in the denominator rather
than the conventional a.

Guggenheim did, however, point out that there are also inherent problems in this approach
because of the distinct physical status of the s used in the Poisson and Maxwell-Boltzmann
equations (see Section 10.6.5).

10.13.2 Extensions to higher concentrations: Davies’ equation

Davies put forward the equation:

lo actual __ _A‘ZIZ2| Vet
i0¥x j / [actual

to describe the behaviour of the free unassociated ions of any electrolyte. Taking data for
electrolytes known to be associated, and using the known K. for such electrolytes he was
able to show that a large variety of electrolytes of all charge types, fitted his equation within
acceptable margins for any deviations. He proposed that this equation could be used to
calculate the activity coefficients for the free ions.

4 0.15z; o |1 (10.97)

10.14 Modern developments in electrolyte theory

Because of the mathematical complexity of modern electrolyte theory only a qualitative
introduction to the concepts will be given.

10.15 Computer simulations

Computer simulation techniques represent a very useful theoretical approach. Modern high
speed, high memory computers give a realistic hope that a much more direct solution to the
theory of electrolyte solutions will be forthcoming. A large amount of exciting work has been
done in this field, some of a very complex nature.

Essentially what is done is to choose a model for the electrolyte solution specifying what
interactions are inherent in the model. For each type of interaction, the total potential energy of
interaction calculated pair-wise, i.e. as a sum of contributions from all pairs of particles, can be
formulated.

It is crucial to realise that the choice of model is the most important part of the technique,
and this requires a considerable degree of insight into, and understanding of, what goes on at
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the microscopic level in an electrolyte solution. This requires that a lot of thought must go into
the setting up of the physical model. The computing part of computer simulation techniques
basically makes use of an extremely useful and versatile tool which extends considerably the
type of calculation able to be handled. However, the physical model should always remain the
central issue.

The techniques are of two types:

e Monte Carlo calculations, and

e molecular dynamics.

10.15.1 Monte Carlo calculations

These are essentially an updated version of the Milner type calculation outlined earlier
(Section 10.2). The intractable difficulties which faced Milner can now be handled by
computer. The biggest problem is to suggest a credible potential on which to base the Milner
type calculation.

The essence is to calculate all interactions between all the ions and average them. More
advanced models would include interactions between ions and solvent molecules and between
solvent molecules. The particles making up the solution are displaced from an initial random
distribution by a small amount and the total energy calculated for this new distribution. The
procedure is repeated taking only displacements which led to a lowering of the total energy,
since the states of lower energy contribute the most to all statistically averaged properties of
the electrolyte solution at equilibrium. Doing this on a computer opens up almost limitless
possibilities for the model, and since computing techniques are involved it is possible to
incorporate or discard whatever feature seems appropriate, and compare the results with each
other and with experiment.

For instance, Monte Carlo procedures start from a set of conceivable distributions, and

e for each distribution chosen any number of possibilities of interaction could be included in
the energy. For instance, all the interactions listed in Section 10.8.3 could be included as
well as the coulombic long range electrostatic interactions.

e Attempts could be made to make the parameters for the ions as realistic as possible, for
instance terms to account for size, shape, distribution of charge in the ions including charge
separated ions could be included.

e Also terms to describe all sorts of ion—solvent, solvent—solvent, and modified ion—solvent,
and modified solvent—solvent interactions could be included.

If all sorts of possible combinations of the features suggested above are to be incorporated
in the calculations and each result is compared with the others and with experiment, a much
deeper and more accurate picture of what is happening at the microscopic level emerges.
Consequently, a better theory of electrolyte solutions has been forthcoming. Much highly
promising work has been done and modifications both to the Debye-Hiickel model and its
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mathematical development have resulted. Also new theoretical models have been proposed,
some with considerable success. Unfortunately, many of these advances are complex con-
ceptually and mathematically which renders an elementary account less feasible.

Some of the statistical mechanical developments which depend on the power of the
computer to carry out the complex calculations are outlined in Sections 10.17 to 10.22 below.
Studies on solvation of ions using, in particular, Monte Carlo calculations are given in Chapter
13 on solvation.

10.15.2 Molecular dynamics

Such studies are even more demanding of computing skill and time than Monte Carlo
calculations.

For molecular dynamics, the computer is used to describe how an assembly of molecules
and ions would behave over a period of time. A model is chosen and the resulting equations
describing this are fed into the computer. Because of the interactions allowed in the model,
rearrangements in the distribution of the particles in the solution follow inevitably. In
molecular dynamics what can be watched are the rearrangements which follow inevitably
from the first description of the model fed into the computer, and this is given as a function of
time. The simulation is open to sampling for all rearrangements which lead to equilibrium,
with sampling intervals of 10~ '%s possible.

Molecular dynamics is open to all the possibilities listed for the Monte Carlo calculations.
One very important feature of these techniques is that the limitations involved are not limitations
forced onto the model or onto the theory; they are not physical but are computer limitations.

There has been a large amount of work published in this field, and there is a vast potential
and excitement in computer simulation techniques, and they can equally well be applied to
other areas of chemistry, physics and biology.

10.16 Further developments to the Debye-Hiickel theory
Modern theoretical developments focus on two areas:

e modifications to the Debye-Hiickel model,

e new approaches to the theoretical treatment.

However, because the mathematical aspects of these developments are so complex, only a
qualitative description of each will be given.

The fundamental requirement for any computer simulation study is a knowledge of the
interactions which are being included in the physical model of the electrolyte solution. The
expression for the potential energy for each interaction and its dependence on distance, or
distances, between the particles chosen is set up. The simplest calculations involve interac-
tions where the potential energy is calculated pairwise, i.e. only interactions between two
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particles are considered. But the calculations are not limited to this simple model. In principle,
simultaneous interactions between many particles can be handled with modern computers.
Once these have been decided upon an expression for the total potential energy is set up using
the expressions for the potential energy for each of the interactions postulated. Obviously, the
more interactions chosen, the more complex is the total potential energy and the more
complex are the calculations involved in the computer simulation.

In Sections 10.16.1 to 10.16.7 following, some of the ideas incorporated into a model of an
electrolyte solution are developed. In this way, the alterations to the total potential energy can
be illustrated qualitatively as a model is progressively refined. The model chosen is the Debye-
Hiickel model which has been described in detail earlier in this chapter.

The Debye-Hiickel model considered the solvent to be a structureless medium whose only
property is to reduce the interactions between ions in a vacuum by a factor given by the
macroscopic relative permittivity, &. No cognisance was taken of the possibility of ion—
solvent interactions, and the size of the ion was assumed to be that of the bare ion. Gurney in
the 1930s introduced the concept of the co-sphere and this has proved to be a useful concept in
the theory of electrolyte solutions. Many recent theories of conductance are based on the
Gurney co-sphere concept (see Section 12.17).

10.16.1 Developments from the Gurney concept of the co-sphere:
a new model

Gurney introduced the idea of a co-sphere around each ion, which can loosely be identified with
aregion of hydration. Outside each co-sphere the water is treated as unmodified bulk water with
all the properties of pure water. However, within the co-sphere the water is no longer treated as
unmodified bulk water. Allowance is also made for the possibility that the individual co-spheres
of ions could overlap with water being ‘squeezed out’ (see Figures 10.14(a) and 10.14(b)).
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Figure 10.14 (a) A Gurney diagram showing two ions with their co-spheres. (b) A Gurney diagram
showing ions with over-lapping co-spheres.
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10.16.2 The unmodified Debye-Hiickel model

The potential energy of interaction of two ions is considered to be of the form:

Z,‘Zjez

+ {a ‘core’ termequal to + oo for r < a, zero for r > a}
dmeger
‘Core’ in this sense means something at the centre, and physically it can be identified with the
‘hard sphere repulsion’. Ions cannot get closer together than the ‘distance of closest approach’
in the hard sphere model. And so the ‘core’ term for the simple Debye-Hiickel model
contributes nothing except to stop the ions getting closer than a. Furthermore, in the model
the ions are considered to be non-deformable in the mechanical sense, i.e. they cannot be
‘squeezed’. This is reflected in the statement that the potential energy becomes +oo for r < a.
The Debye-Hiickel theory considers only situations where r > a, and for these the ‘core’ term
is zero. Hence the potential energy of interaction of two ions can be given simply as
zizje2 /4mepe.r in the simple Debye-Hiickel treatment.

The following treatment due to workers such as Gurney, Rasaiah, Friedman and Levine and
their co-workers can best be explained qualitatively by considering how each modification to
the Debye-Hiickel model will alter the potential energy of interaction of two ions as a function
of distance apart.

10.16.3 A first modification to the simple Debye-Hiickel model

This is where the Gurney co-sphere concept makes its first appearance in the theory. An extra
term is added to the potential energy, and this discusses what happens between r = a and an
upper limit. This upper limit is r; + r; + d, where d is twice the thickness of a co-sphere, taken
by some workers to be equal to the diameter of a molecule of solvent, here H,O(l), and r; and r;
are the crystallographic radii of the ions.

This then modifies the equation for the potential energy, giving for the potential energy of
interaction of two ions:

2

e
fL + {the Debye-Hiickel ‘core’ term} + {a ‘Gurney’ term for the range r = ato

TTEYET

ri + rj +d, equal to some constant}

The constant in the Gurney term can be positive or negative, and corresponds to the following:

(1) When this term is positive, repulsion comes into play as the ions approach each other
before r = r; + r; is reached. This repulsion is attributable to ‘pushing the waters of the co-
sphere out of the way’ as the ions approach each other, and occurs whether the ions are of like
charge or of opposite charge (see Figure 10.14(b)).

(ii)) When the term is negative, an additional attraction is coming into play as the ions
approach each other, but again before r = r; + r; is reached. This attraction is attributable
to ¢ not having the bulk value when the ions lie in the region between r = r; + r; and
r=ri+1;+d. & is less than the bulk value because of dielectric saturation near the ions,
and this will increase the energy of the attractive interaction of the two ions. Since attraction is
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Figure 10.15 A Gurney diagram showing co-spheres just touching.

involved this is only applicable to opposite charges. In addition, dispersion forces (Section
1.7.3) could also give an attraction, and this can happen whether the charges are like or
opposite.

(iii) When two ions of like charge approach each other and dielectric saturation occurs in the
region between r = r; + r; and r = r; + rj + d, this will again result in ¢, being less than the
bulk value. However, in this case where the ions have the same charge increased repulsion will
occur and this manifests itself in a positive term.

This modification is applicable to distances between r = r; +r;and r = r; + r; + d and the
upper limit corresponds to when the Gurney co-spheres cease to overlap (see Figure 10.15).
Any value of r between the lower limit 7; + r; and the upper limit r; 4 r; + d corresponds to
overlap of the co-spheres. Overlap of the co-spheres contributes a constant term, no matter
how extensive the overlap is.

The approach here is totally different from the Debye-Hiickel approach in so far as the
contributions to the ‘Gurney’ terms are specific to the ions in question. For instance, if a
solution containing NaCl(aq) and one containing NaOH(aq) are discussed the contribution
from the Na"(aq) will be the same for each, but the contributions to the ‘Gurney’ term will be
different for C1™(aq) and OH (aq). In the Debye-Hiickel case it is only the charge which is
important, the argument is independent of the nature of the ions. The Gurney modification
would imply that Y =£ yNaOH in contrast to the identity which is predicted by the Debye-
Hiickel theory. It is interesting that when experimental y, values are analysed the coefficient
b for the term linear in [ is found to be specific to the electrolyte in question, and
‘non-additive’.

10.16.4 A less simple Gurney model: a second modification
to the Debye-Hiickel model

In this model the hard ‘core’ term is as before, but the ‘Gurney’ term is different. Instead of
adding or subtracting a constant term for the region between r =r; +rjand r = r; +r; +d,
this term is allowed to vary and to depend on the extent to which the co-spheres of the two
ions overlap. The new term which is used is taken to be proportional to the volume of the
overlapping part of the co-spheres, and again the magnitude will depend on the identities of
the ions.
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In this modification, the potential energy of interaction of the two ions is:

zizje®
dmeger

+ {the Debye-Hiickel ‘core’ term}

+ {a new ‘Gurney’ term, which is proportional to the volume
of overlap of the co-spheres }

The constant of proportionality in the new *Gurney’ term is taken as a disposable parameter.

10.16.5 A less simple Gurney model: a third modification
to the Debye-Hiickel model

This involves a modified core term where the hard ‘core’ or hard sphere repulsion is replaced
by a non-hard sphere short range repulsion which is proportional to r~°. This replaces the
Debye-Hiickel ‘core’ term. The ‘Gurney’ term remains proportional to the volume of overlap
of the co-spheres.

The potential energy of interaction of the two ions now becomes:

2

zizje . _
7 1 {a new ‘core’ term proportional to r~° for all r}
Ameger

+ {the ‘Gurney’ term which is proportional to the volume

of overlap of the co-spheres}

The constant of proportionality in the ‘core’ term is taken as known, being that which will give
the correct value for the sum of the crystallographic radii.
Again, the final expression will depend on the identity of the ions.

10.16.6 A further modification involving a ‘cavity’ term

This adds another term, the ‘cavity’ term, which takes account of the departure of ¢, from its
bulk value. This term is in addition to the Gurney term when it is negative. The cavity term is
proportional to 74,

The potential energy of interaction of the two ions now becomes:

2
Zizje . -
7 4 {a ‘core’ term proportional tor° for all 7}
dmeper

+ {the ‘Gurney’ term which is proportional to the

volume of overlap of the co-spheres}

+ {a “cavity’ term, proportional to r~*for all r}

In this modification the constant of proportionality for the cavity term is taken to be
completely determined by the crystallographic radii, 7; and r;, the bulk ¢, and the ‘cavity’
. The ‘cavity’ ¢ could be treated as a second adjustable parameter, but some workers indicate
that it is equal to the square of the refractive index of the solvent. The constants of
proportionality for the ‘core’ and ‘Gurney’ terms are as given previously.
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10.16.7 Use of these ideas in producing a new treatment

The potential energy expressions for each of these terms, the core terms, all the Gurney terms
and the cavity terms, can all be written down, and each will have a specific dependence on the
distance between the pair of ions considered. The final total potential energy is equal to the
sum of each term which is taken to be incorporated in the new model, and this total potential
energy will have an explicit dependence on distance.

These modifications to the simple Debye-Hiickel model have now to be incorporated into
the theoretical treatment. The potential energy term appearing in the exponential term in

the Maxwell-Boltzmann Equation (10.23) is one deriving from the modified potential energy,
e.g.

ﬂ + {a “core’ term proportional to r~° for all r}
dmeger prop

+ {the ‘Gurney’ term which is proportional to the volume of

overlap of the co-spheres}

+ {a “cavity’ term proportional to »~* for all r}

could be considered.

The Poisson equation (10.20), Vzwj = f(llsoer)pj, has also to be modified to take into
account the varying value for &. All the relevant equations can now be set up, but the
mathematical treatment here is complex. However, the computational details can be handled
easily by computer. What finally emerges are quantities for which there are explicit expres-
sions which enable p, the chemical potential, for the solute to be found. Ultimately this
enables y.. to be determined for various values of «(r; + r;). These can then be compared with
experimental quantities over the same range of ionic strengths. Good agreement is found.

The modifications involved in this treatment are expected to give linear first order and
higher order terms in ionic strength. Experimentally it has been found that values of the
coefficient b of the linear term in ionic strength are specific to the electrolyte and are not just
dependent on the charges. This treatment has an in-built dependency on the specific nature of
the electrolyte. The limiting law, however, is in no way modified.

This brief qualitative account is given to indicate how theoreticians can go about modifying
the Debye-Hiickel model. It also shows how a similar treatment could be given for other
models, viz. the important points are:

e defining the interactions involved;

e setting up the expressions for the potential energy of each interaction as a function of
distance, giving the dependence on distance;

e formulating the total potential energy as a function of distance.

10.17 Statistical mechanics and distribution functions

Most of the modern developments in electrolyte theory rest on the use of statistical mechanical
arguments, with the computational details carried out by computer simulation methods,
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Figure 10.16 A radial distribution function g(r) corresponding to a Maxwell-Boltzmann distribution
as used in the Debye-Hiickel theory.

particularly Monte Carlo calculations. The central part of these treatments rests on a set of
quantities called ‘distribution functions’.

10.17.1 The simplest situation: the radial distribution function
of the Debye-Hiickel theory

This distribution function has already appeared in the Debye-Hiickel theory (Equation 10.22)
when the Maxwell-Boltzmann distribution was used to describe the distribution of the ions of
the ionic atmosphere around the central j ion (see Figure 10.16). Because the distribution
function is given in terms of the distance between an ion of the ionic atmosphere and the
central reference j ion it is termed a ‘radial’ distribution function. This reflects the spherical
symmetry assumed in the Debye-Hiickel theory.

ziey;
n: = n; exp (— kT]> (10.22)

where 1//j is the total potential at any distance, r, from the central j ion due to the ion itself and
its ionic atmosphere (see Section 10.6.2).
The physical meaning of this equation can alternately be expressed in terms of probabilities,

such that:
! . .
Z— — exp ( wa) (10.98)




10.17 STATISTICAL MECHANICS AND DISTRIBUTION FUNCTIONS 411

can be transformed into a probability relation.

g(r) = Z—; = eXp{ - Zike;//j } (10.99)
= exp (— %) (10.100)

where ¢ is the potential energy of the interaction between an ion of the ionic atmosphere and
all other ions, and is a contribution to the total potential energy, @, and g(r) is the radial
distribution function.

This gives the probability of finding an ion of the ionic atmosphere in a given small region
lying at a distance r from the central reference j ion at the origin. It is often written in the more
explicit form g(?)(r|,). Here the superscript represents the number of species involved, here
the central reference ion, ion 1, and the ion in the ionic atmosphere, ion 2, and the bracket lists
the distances on which the probability depends. Since only two ions are considered explicitly,
then there can only be one distance to specify, i.e. the distance between the two ions, r,. These
probabilities are calculated for all conceivable r, values of a central reference ion and an ion
of the ionic atmosphere, and this allows the g(z) to be found for each value of ry,.

Physically, g (r|,) determines the probability of finding ion 2 in the ionic atmosphere in a
given small region lying at a distance r, from the central reference ion, ion 1.

Because there are cations and anions present in a solution of an electrolyte there are three
distinct sorts of g). A radial distribution function can be defined in terms of:

e a cation in the ionic atmosphere and a cation as the central reference ion, written as
2 .
gy (r);

e an anion in the ionic atmosphere and an anion as the central reference ion, written as
2 .
g __(rn);

e an anion in the ionic atmosphere and a cation as the central reference ion, written as
g?, _(r12). This is the same as the situation of a cation in the ionic atmosphere and an anion
as the central reference ion. This is because a central reference ion can be part of the ionic
atmosphere of any other ion.

In the Debye-Hiickel model the interactions contributing to the potential energy, @, are long
range coulombic interactions between the ions. However, because of the versatility of the
computer simulation calculations, the statistical mechanical description of an electrolyte
solution could include all conceivable electrostatic interactions such as the ion—ion, ion—
dipole and dipole—dipole, dipole—quadrupole and quadrupole—quadrupole as well as induced
dipole interactions between the ions, and between the ions and the solvent and between
solvent molecules. The total potential energy, &, fed into the calculations which ultimately
lead to g (r,) could be made up of contributions such as these and those given in Sections
10.16.3-10.16.7 dealing with Gurney co-spheres. The computer simulation technique can
therefore modify the Debye-Hiickel model at will.

10.17.2 More complex distribution functions

In the Debye-Hiickel theory the probability of finding one ion of the ionic atmosphere lying in
a given small region at a distance, r, from the central reference ion was calculated. However, a



412 CH10 CONCEPTS AND THEORY OF NON-IDEALITY

more informative situation would be to consider the central reference ion and two ions in the
ionic atmosphere. This would lead to a g<3)(r12, r13,723) and would give the probability of
finding ion 2 lying in a given small region distance r, from the central reference ion, ion 1,
while simultaneously finding ion 3 lying in a given small region at a distance r3 from the
central ion. The geometry will fix r,; automatically, with these small regions being at a
distance r,3 from each other. As this is specifying three ions simultaneously, it is a more
refined description than that given by g(® (r,) where only one distance is specified.

If there are three ions being considered, i.e. a central reference ion and two ions in the ionic
atmosphere, there are three distances to specify, r,, 13, 723, and the distribution function is
written as g(3)(r12, 13, }’23).

However, this does not cover all possibilities. The possible charges on the three ions must

also be considered. For three ions there are four distribution functions which can be found;

3 3 3
Phgl e gt

3 . . . . L
g(+>+ . corresponds to a cation as the central reference ion and two cations in the ionic
atmosphere;

3 . . . L
. g<+>+_ corresponds to a cation as the central reference ion and a cation and an anion in the

ionic atmosphere;

. (3) d . h 1 ref . d . in the ioni
g+ - _ corresponds to a cation as the central reference 1on and two anions 1n the i1onic
atmosphere; and

° g(f)ff corresponds to an anion as the central reference ion and two anions in the ionic
atmosphere.

Because the reference ion is part of the ionic atmosphere of another ion chosen to be the
reference ion, there are only these four possibilities.

Distribution functions can be written for 4, 5, 6..... ions g<4)(r12,r13,r14,r23,r24,r34)
shortened to g<4>(r), and corresponding g, ¢(®. ... Each of these distribution functions is
calculated in a similar manner to the simple one of two ions, and can be described similarly.
The more ions which can be selected, the more the situation will approximate to reality. If, say,
50 ions were selected and the probabilities found for each set of relative positions describing
these ions, then this should be a more complete description of the behaviour of the ions under
the effect of all the interactions between all the ions, than, for example, the Debye-Hiickel
theory where only two ions are selected. However, as the number of ions considered in the
ionic atmosphere grows so does the complexity of the verbal description. Each of these
distribution functions is given by an exponential energy term, exp(—®/kT).

The power of this type of calculation is, in part, due to the ability of including all possible
contributions to the potential energy from all conceivable interactions between the ions, and
between the ions and the solvent and between solvent molecules. It is also open to the
theoretician see how the distribution function alters as contributions to the total potential
energy of the system are varied.

Since statistical mechanical calculations can, in principle, be extended to take account of
the interactions between one ion and very many others there is no need to think in terms of the
ionic atmospheres of the ions present. There also is no need to invoke the Poisson equation,
since what is being calculated is a quantity which is defined by the total potential energy which
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is a sum of the contributing potential energies as a function of distance. These potential
energies are specified by the model proposed. Since the Poisson equation is not used, the
argument does not require the ‘smearing out’ of the ions of the ionic atmosphere into a
continuous distribution of charge.

In principle, with Monte Carlo computer simulation techniques, statistical mechanical calcu-
lations can give a time shot of the average positions of all the ions in a solution, and if molecular
dynamics techniques are used it can show how these average positions change with time.

10.17.3 Contributions to the total potential energy
of the electrolyte solution

The expressions for any g’ will derive from the quantity &, the total potential energy of all the
interactions for the electrolyte solution. Contributions to @ can be as simple or as complex as
is wished, e.g. hard core terms or other short range repulsions, ion—dipole interactions, Gurney
terms, cavity terms, ion—solvent interactions, solvent—solvent interactions and others where
the molecular structure of the solvent is considered. All these can be included, or selections
can be made, and all the resultant g’ compared. In these cases, the total potential energy, @, is
then taken to be a sum of pair-wise terms for interactions between the ions concerned:
d=>". pairs Pab Where a and b are any two ions in the whole assembly of ions, or anion and a
solvent molecule, or two solvent molecules.

The fact that the interactions are summed pair-wise is an approximation which is inherent in
this particular treatment of contributions to the total potential energy. The pair-wise approx-
imation treats the interaction between two species as though it were independent of all the
other species present. However crude though this may be, it is a standard approximation
appearing in many aspects of theoretical chemistry.

The inclusion of many types of interactions is one of the respects in which this treatment is
superior to the Debye-Hiickel treatment. In the Debye-Hiickel treatment the only interactions
considered are the hard sphere repulsion and the long range coulombic interactions between
the ions which are taken to be the only factor giving rise to non-ideality.

In the statistical mechanical treatments it has been shown that all conceivable interactions
could, in principle, be included. This has become possible because of the considerable
advances made in modern computing techniques and computer memory.

Furthermore, this treatment can be extended to cover situations other than the spherical
symmetry of the Debye-Hiickel approach, and of the simple treatments outlined above. To do
so requires consideration of the distance, r, and the two angles 6 and ¢. Formally, this is
achieved by presenting the argument in terms of vectors. If, instead of the simpler description
in terms of spherical symmetry in which only the distances ry,, 73, 714, . . ..., are needed, the
vector formulation were used then, in principle, all shapes of ions could be considered, e.g.
typical charge separated ions such as (CH3);N"(CH,),,COO (aq) can be handled assuming
cylindrical symmetry. This represents a vast improvement on the Debye-Hiickel model.

Each gV (r) can also be more succinctly written as:

O(r) = the actual probability
§ " the random probability

for all values of the various r. The random probability takes the same value irrespective of
the position of the ions in the ionic atmosphere, since all positions are equally likely if there



414 CH10 CONCEPTS AND THEORY OF NON-IDEALITY

are no interactions between the ions. For the random probability g*(r) is, therefore, equal to
unity.

The actual probability is for a situation where there are interactions between the particles
involved. Since deviations from the random distribution of an assembly of ions are a result of
electrostatic interactions between ions and all other interactions between ions, and interac-
tions between ions and solvent and between solvent and solvent, it follows that each g( ) can be
taken as giving some kind of measure of the non-ideality introduced by virtue of these
interactions. The more ions which can be included explicitly in the calculations the more
nearly the results will approximate to a quantitative evaluation of the non-ideality resulting
from these interactions. However, there is a considerable increase in complexity as the number
of ions is increased. If, for example, ten ions were taken to be in specified small regions then
the expression for g"'”(various r) becomes exceedingly complex. Some way of simplifying
the procedure is necessary. Although modern computers should be able to handle large values
of x in g™, most of the theory and calculations have been worked out in terms of approxima-
tions which amount to taking, e.g.:

gV (ri2, 113, 723) = 8P (r12)8® (r13)g® (r23) (10.101)

which thus reduces the more complex g*> to a product of three of the less complex g*».

10.18 Application of distribution functions
to the determination of activity coefficients due to Kirkwood;
Yvon; Born and Green; and Bogolyubov

Since the distribution function, g(7), is the statistical mechanical means of taking account of
the interactions which lead to non-ideality it can eventually be linked to the non-ideal free
energy and to the mean ionic activity coefficient. This is analogous to the Debye-Hiickel
procedure of equating the potential energy of interaction of an ion with its ionic atmosphere to
the non-ideal free energy and to the mean ionic activity coefficient.

But remember: many types of interactions can be included in the potential energy which
appears in the g(®(r), but only one type — the long range potential energy of interaction
between an ion and its ionic atmosphere — appears in the Debye-Hiickel treatment. Also
many ions can be included in the treatment since the approximation given in Section
10.17.3 means that a g® could be approximated to a product of many terms which involve
g'¥s only, corresponding to the number of distinct pairs which can be counted for 35 ions. In
this way the ionic atmosphere can be thought of as individual ions in this treatment, whereas
in the Debye-Hiickel treatment it must be thought of as a smeared out cloud of charge
density.

The Debye-Hiickel theory focuses on v; and by using Poisson’s equation of electrostatics
finds an explicit equation for v;, from which the potential, 1//;.‘, at the surface of the central j ion
due to the ionic atmosphere is found. Thereafter the potential energy of interaction of the
central reference j ion with its ionic atmosphere, zey;, leads directly to the non-ideal part of
the free energy from which the Debye-Hiickel expression for the mean ionic activity
coefficient can be found. The treatment of Kirkwood et al. focuses attention directly onto
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the probability function from which statistical mechanical arguments, rather than the Debye-
Hiickel route, relate the probability function to the dependence of the mean ionic activity
coefficient on concentration. This is done by obtaining relations between thermodynamic
quantities and g(r) using a new quantity G which describes the deviations of the actual
probabilities from the random values.

10.18.1 Using distribution functions to formulate a new quantity G

The starting point is a g describing the distribution function for two interacting species,
Aand B,ie. g AZB, where g Azé gives the probability of finding species B near species A in a
given small region lying at a distance r from the species A which is at the origin.

If there were no interactions present: gag = 1. If there are interactions present, then gag — 1
will represent the deviation from the random value of unity.

A further quantity can now be defined. The integral G4p is related to the quantity gag — 1
by the expression:

Gap = J4nr2{gAB(r) — 1}dr (10.102)
0

Gag is related to the mean activity coefficient for the species AB.
In the solution there will be positive ions, negative ions and the solvent and there will be six
radial distribution functions:

8++ 8+—5 8——5 &+solvs  8E—solvs  &solvsolv

The probabilities involved are in turn:

probability of finding a +ve ion in a given small region at a given distance from a +ve ion;
probability of finding a —ve ion in a given small region at a given distance from a +ve ion;
probability of finding a —ve ion in a given small region at a given distance from a —ve ion;

probability of finding a solvent molecule in a given small region at a given distance from a
+ve ion;

probability of finding a solvent molecule in a given small region at a given distance from a
—ve ion;

probability of finding a solvent molecule in a given small region at a given distance from a
solvent molecule.

Each of these gs will contain contributions to the total potential energy from all
the interactions which are likely to be present in such an ionic solution, viz., all possible
ion—ion interactions, all possible ion—solvent interactions and all possible solvent—solvent
interactions.
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Each of these radial distribution functions is related to one of the corresponding integrals:
G++ G+7 ) G__ ) G+solv> G_ solvy Gsolv solv

Using these quantities and carrying through a very complex statistical mechanical argument
results in the following equation for symmetrical electrolytes:

<810ge Vi) _{1-2¢/N[G, - — G} (10.103)
Jcy. Tp ZCiN[GJrf — Gy olv]
or in terms of the electrolyte concentration, c:
aloge yi — {1 - 2CN[G+* - G+SOIV]} (10 104)
86‘ Tp 2C2N[G+_ — G+501V] '
or as:
Olog, v, 1
== = —— 10.105
< Oc Tp 2¢2N[Gy— — Gyigonw] € ( )

where N is Avogadro’s number.

What this result shows is that the mean activity coefficient can be calculated directly from
the two radial distribution functions, g — and g so1v, Without any reference to g1+, g— —, g—solv
and gy solv- This considerably simplifies the final calculations.

Important points to grasp:

e This treatment is a very powerful development in the theory of electrolyte solutions, and
holds out the prospect that a full theory is forthcoming.

o The contributions to the total potential energy can be made as simple or as complex as wanted,
and the treatment will enable all the shortcomings of the Debye-Hiickel model to be removed.

e This treatment automatically includes all the interactions with the solvent. In this respect
the treatment is vastly superior to any treatment based on the Debye-Hiickel theory where
the effect of the solvent has to be superimposed on the theory itself.

e The g®(r) depends on the concentration of the solution, as do any higher g.

o The statistical mechanical procedures do not need to invoke the concept of an ion pair as an
aspect of non-ideality. The interactions which give rise to ion pairing are automatically
included in the total potential energy. Consequently the treatment gives rise to a stoichio-
metric mean activity coefficient.

e What is perhaps important to emphasise is that the statistical mechanical derivation does not
involve the use of the Poisson equation and hence the treatment does not involve the
ambiguities involved in the combination of the Maxwell-Boltzmann distribution with the
Poisson equation.

This statistical mechanical approach has been used in various forms by other workers, and
further advances are still being made. It represents a very powerful theoretical tool, with a
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realistic expectation of providing considerable insight into the behaviour of electrolyte
solutions at the microscopic level. A similar approach using distribution functions has also
been used in modern developments of conductance theory (see Section 12.17).

10.19 A few examples of results from distribution functions

(A) The value of a g(r) and its dependence on distance depends on whether it refers to a

cation or anion. This dependence can be given qualitatively as:

e cation—cation: the gf)+ values at given distances are expected to be less than unity because
of repulsions between like charges, i.e. these probabilities will be less than the correspond-
ing random values. This is equivalent to saying that the chance of finding a cation near
another cation is less than the random value.

e anion—anion: the g?) is also expected to be less than unity; this again is due to repulsions.
Again this is equivalent to saying that the chance of finding an anion near another anion is
less than the random value.

e cation—anion: in this case the gf), values at various distances are now expected to be greater
than the random values. This is a consequence of the attractive interactions between the
unlike charges. This is equivalent to saying that the chance of finding an ion of opposite
charge to a given ion is greater than the random value.

Note well: these results can be expressed as the number of anions in a given volume around a
central cation is greater than the number of cations in that volume. This is highly reminiscent
of the Debye-Hiickel description of the ionic atmosphere (Section 10.3): ‘the chance of finding
an ion of opposite charge to the central ion in any given region is greater than the chance of
finding an ion of the same charge’. It is in this way that the two approaches have a common
identity, even though the theoretical treatments are different, with the statistical mechanical
approach independent of the concept of an ionic atmosphere. Also the contributions to @
involved in the g®®s are vastly different in each approach.

(B) Recent work using this approach has applied the treatment to concentrated solutions.
Here the above conclusions no longer hold. For moderate concentrations g(z)(r)
decreases or increases smoothly (monotonically) with distance (see Figure 10.17). For
more concentrated and highly concentrated solutions g®(r) can pass through one or
more maxima and minima (see Figure 10.18). This is behaviour more typical of the
fused crystal than of a solution, and fits in with the approach given in Section 10.22.

(C) Other recent work applies this treatment to ions of unequal size. In the Debye-Hiickel
theory it was assumed that the cations and anions are equal in size, and this is unlikely to
be the case. In one study the anions were taken to have a given fixed size and the change
in g(z)(r) values found as the size of the cations was altered:

e it was found that g(_z)_ did not vary much as the cation size altered;
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9

Figure 10.17 The radial distribution function g(r) for moderate concentrations showing a
monotonic increase, or monotonic decrease.
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Figure 10.18 The radial distribution function g(r) for concentrated solutions showing maxima and
minima.
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e but g(+2>+ decreased if the size of the cation were decreased;

° gf)_ is increased if the size of the cation is decreased, and this is especially so for short
distances.

These results are highly significant and mark a considerable improvement on the Debye-
Hiickel approach.

(D) As indicated in Section 10.17.3, the statistical mechanical approach can be used to
describe the behaviour of a solution containing an electrolyte made up of at least one
grossly non-spherically symmetrical ion. All shapes of ions can be considered and this
represents a vast improvement on the Debye-Hiickel theory.

10.20 ‘Born-Oppenheimer level’ models

These are models which attempt to take into consideration the molecular structure of the
solvent molecules. Previous treatments based on the Debye-Hiickel model have approximated
the solvent to a continuous medium characterised simply by the macroscopic relative
permittivity. Qualitatively, the Born-Oppenheimer models could be taken as replacing the
‘Gurney’ terms and the ‘cavity’ terms of the previous model (Sections 10.16.3 to 10.16.6).

The model requires potential energies describing interactions between:
e ion and ion;
e ion and molecule of solvent;
e molecule of solvent and molecule of solvent.

These potential energies can be made as simple or as complex as desired.

The simplest description for the solvent—solvent interactions would be as hard spheres with
adipole at the centre, e.g. the charges could be large and close together. More complex models
could be given in terms of quadrupoles or higher order multipoles, or as discrete charges
specified as at given positions in the molecule, or with increasingly complex specifications.

Analysis of this model of the electrolyte solution takes the above quantities and by carrying
out statistical mechanical calculations or Monte Carlo calculations leads eventually to a
calculation of activity coefficients for a range of ionic strengths. The details of the procedures
are complex. Results can be compared with experiment, or with the results of other theoretical
treatments and indicate that this is a very fruitful line of enquiry. The extension to allow for the
molecular nature of the solvent is a very necessary step in leading to an eventual full
description of the behaviour of electrolyte solutions.

10.21 Lattice calculations for concentrated solutions

Some theoreticians believe that the best approach to electrolyte theory would be to work
downwards from the fused electrolyte to the highly concentrated solution, to the concentrated
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solution. The fused electrolyte and the electrolyte solution have one feature in common, they
both consist of ions, and so coulombic interactions are the dominant feature. In the crystal, a
given cation is surrounded by nearest neighbour anions, and vice versa. In the solution a cation
is surrounded by its ionic atmosphere and the charge on the cation is balanced by the negative
charge of the atmosphere. Hopefully, this treatment will join up with the extension to the
Debye-Hiickel theory for dilute solutions given by the Guggenheim-Bjerrum approach and
other more advanced approaches such as given in Sections 10.16 to 10.21.

This requires starting with the known short-range order of the crystal and the distribution
function describing it. The distribution function for the fused salt is also known and is taken to
be a good approximation to the distribution in solutions of very high concentration. The
distribution function for concentrated solutions is also known from the statistical mechanical
calculations outlined above , (see Section 10.19). As the concentration decreases this function
should approach and should approximate to the Debye-Hiickel, Guggenheim, Bjerrum
approach. A considerable amount of work has been done here and this is a very promising
and fruitful line of enquiry.
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Conductance: The Ideal Case

The Debye-Hiickel theory is a study of the equilibrium properties of electrolyte solutions,
where departures from ideal behaviour are considered to be a result of coulombic interactions
between ions in an equilibrium situation. It is for this reason that equilibrium statistical
mechanics can be used to calculate an equilibrium Maxwell-Boltzmann distribution of ions.

When a current is passed through the solution, the current is carried by virtue of the ions
moving under the influence of an externally applied field. This is now a non-equilibrium
situation, and is an inherently more difficult situation to handle theoretically.

This chapter describes the behaviour of electrolyte solutions under ideal conditions.
Chapter 12 describes the theoretical attempts made to cope with the problems introduced
when non-ideality is considered.

This chapter contains a large number of worked examples. These are important as they
illustrate many of the fundamental points made throughout the chapter and are an integral
part of the development of the chapter. Carrying through these calculations is probably the
best way to attain an understanding of what is in the chapter.

Aims
By the end of this chapter you should be able to:

e define conductance, G, resistance, R, conductivity, k, resistivity, p, and molar con-
ductivity, A;

e describe how the conductivity of a solution can be measured;

e explain the dependence of molar conductivity, A, on concentration for a strong
electrolyte and for a weak electrolyte;

e demonstrate how A° and Ko can be found for a weak electrolyte;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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e show how conductance measurements can lead to solubility products;

e state what is meant by an ionic molar conductivity, A, A_, and deduce their relation
to A for symmetrical electrolytes and for unsymmetrical electrolytes;

e know what is meant by Kohlrausch’s law, and be able to use it;
e explain what is meant by the transport number and the mobility of an ion;

e formulate the inter-relations between transport number, ¢, mobility, u, ionic conduc-
tivity, 4, and molar conductivity, A, for symmetrical and unsymmetrical electrolytes;

e describe the Hittorf and moving boundary methods for determining transport num-
bers;

e carry out calculations on aspects of the experimental study of conductance.

11.1 Aspects of physics relevant to the experimental study
of conductance in solution

The fundamental concepts of the Debye-Hiickel theory are also important in the description of
the theoretical study of the passage of a current through a solution. Section 10.4 is therefore
relevant here. There are other aspects of physics which are pertinent to the experimental study
of conductance in solution. These will be discussed below.

11.1.1 Ohm’s Law

Experiment shows that the current flowing in a solution is proportional to the potential
difference acting across the solution, i.e.:
I xE (11.1)
C.1=GE (11.2)
where G is a constant of proportionality, the conductance of the solution, and is the quantity
most relevant to this chapter. This is the most physically natural way of expressing the
observations. However, historically, Ohm expressed the experimental results in terms of the
potential difference set up across a solution being proportional to the current flowing, i.e.:
ExlI (11.3)
S.E=RI (11.4)
where R is now the constant of proportionality, and is the resistance of the solution.

As will be seen later, this latter form has been that most commonly used by experimental
workers, and it is best to be aware of the two forms in which Ohm’s Law can be expressed.
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Ohm’s law usually holds for both solids and liquids, though it can break down for very high
potential differences.

The resistance or conductance of a specimen depends on the temperature, on the chemical
nature, the homogeneity, and on the size and shape of the specimen. For solutions, the
resistance or conductance also depends on the number of ions present.

For a specimen uniform over its whole length, experiment shows that:

A
The conductance, G 7 (11.5)
A
and so G:K7 (11.6)

where A is the cross sectional area of the specimen and / is its length (see Figure 11.1), and x is
a constant of proportionality, called the conductivity.
The same physical facts can be stated in terms of the resistance of the solution.

l
The resistance, R x 1 (11.7)
l
d R=p— 11.8
an Py (11.8)

where p is a constant of proportionality, called the resistivity.

1 1
Hence K:;:p’l and p:E:K’l (11.9) and (11.10)
Ohm’s law can thus be given in two ways:
I A E [
and:
1 E

where I /A is the current per unit area and E/I is the gradient of potential along the conductor,

i.e. the electric field, X (see Section 10.4.1, and below).

~

¥ Area

Figure 11.1 Geometry of a specimen showing length and cross section.
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11.1.2 The electric field

In Section 10.4.6, the relation between the field and the potential was shown to be:

dv

X=-
dr

(11.14)

If the potential varies linearly with distance, then the field is uniform over that distance, but if
the potential varies non-linearly with distance then the field over that distance is non-uniform.
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Figure 11.2 (a) Potential and field due to two opposite charges at a point along the line between them.
(b) Potential and field in the ionic atmosphere. (c) Potential and field between two charged plates.
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There are three situations which are relevant to electrolyte solutions:

e The field due to two charges at any point along the line of centres. In this case the potential
depends non-linearly on distance and so the field between the two charges is non-uniform
(see Figure 11.2(a)).

e The field due to an ion and its ionic atmosphere. The ionic atmosphere is spherically
symmetrical and the potential drops off non-linearly with distance, and so the field is non-
uniform (see Figure 11.2(b)).

e The field between the plates of a battery or between the electrodes in a conductance cell. In
this case the electrodes have many charges on them, and these balance out to give an overall
linear dependence of the potential on distance. In this case the field between the electrodes
is uniform (see Figure 11.2 (c)).

In the case of conductance studies, the ions move under the influence of the electric field.
Because the field is uniform this means that the ions migrate at a constant velocity. This will
become relevant in the section on ionic mobilities (Section 11.17), and when discussing the
relaxation and electrophoretic effects in the theories of conductance (see Sections 12.1, 12.2
and 12.4).

11.2 Experimental measurement of the conductivity
of a solution

The discussion of the effect of passage of an electric current through a solution is usually
carried through in terms of the conductivity, x, where:

KGCl) ;(é) (11.15)

The experimental measurement which determines x is either the resistance of the solution or
the conductance. Older textbooks will generally quote the raw data in terms of the
resistance, but modern work uses high accuracy conductance bridges and will quote the
conductance directly. The basic experimental measurement is in both cases the resistance of
the solution, but the modern bridges are calibrated to read the conductance direct. It is well
to be aware of this. The experimental set-up is based on a Wheatstone bridge type of
apparatus.

When studying the conductivity of a solution it is essential that the concentration
remains constant throughout the measurement. In Section 9.2 it was shown that passage
of an electric current through a solution results in chemical reactions occurring at the
electrodes, and these can result in changes in the concentration of the solution. The effect of
these reactions must be nullified, and the procedure normally used is to keep reversing the
direction of the current so that the reactions at the electrodes are reversed continually,
giving no net chemical effect. Alternating current, such as 1000 Hz, is used and so in one
half-cycle an electrode could be an anode and in the next half-cycle the electrode will be a
cathode.
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Figure 11.3 (a) Schematic diagram for an apparatus for determining the conductance of a solution.
(b) Flow of current in a solution: idealised and actual.

The solution in question is contained in a conductance cell placed in a thermostat bath
to maintain a constant temperature, and when a current is passed the experiment measures
the resistance, or conductance, of the solution contained between the electrodes (see
Figure 11.3(a)). The length, [, is the distance apart of the electrodes, and the cross section
is the area, A, of the electrodes, i.e. a X b in the diagram. The quotient //A is called the cell
constant, and has units length™', generally cm ™"

Knowing the resistance, R, or the conductance, G, the length, /, and the cross-sectional area,
A, the conductivity, x, can be found from either k = (1/R) (I/A), or k = G(I/A).

In practice, the situation is not as simple as this. The manner and direction of flow of the
electric current (see Figure 11.3(b)) is such that the resistance measured is for a volume of the
solution which is not the perfect cuboid given in Figure 11.3(a). This results in the length, /,
which is the distance apart of the electrodes, being not exactly the length which should be used
in Equation (11.15).

What is required is thus an effective (//A)
be found:

effective> and there are two ways in which this can

e Experimentally, by having a cell with very large electrodes which are very close
together. This will result in the current flowing between the electrodes in an approximately
horizontal manner so that the errors in assuming this are much less than the experimental
error in measuring the resistance. In this case the dimensions will give the cell constant
direct.

o Theoretically, by setting up the differential equations required to describe the flow of the
current between the electrodes and from this obtaining a calculated cell constant.
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Either of these ways would enable highly accurate values of the cell constant to be found. This
cell constant can then be used to obtain highly accurate values of the conductivities of
solutions of very accurately known concentrations, generally KCl(aq), and this data has
been tabulated. This standard data can then be used to calibrate any other conductance cell.

The conductance cell to be used in experiments on determination of the conductivities of
solutions of electrolytes is calibrated by measuring the resistance, or conductance, of solutions
of known concentrations of the standard KCl(aq) solutions of known conductivity.

3 (&)
K = - — (11.16)
<R A effective

is known for the can be found for the is thus directly

standard solution standard solution determined by experiment

By taking the average of the values found for (//A) the effective cell constant can be
found.

Once the cell constant has been found for a given conductance cell, this cell can be used,
generally for some time, without further calibration being necessary. For highly accurate work
the cell constant should be checked regularly in case distortion or alteration of the electrodes
has occurred.

The conductivity of any solution of known concentration can now be found from the

measured resistance, or conductance.

1 l )
X — - L (11.16)
(R ) <A effective

can now be found can be measured for value found as above

effective?

for an unknown solution the unknown solution can be used

From this tabulated values of x for various known concentrations of the electrolyte can be
drawn up.

11.3 Corrections to the observed conductivity to account
for the self ionisation of water

The self ionisation of water results in H;0"(aq) and OH (aq) always being present in any
aqueous electrolyte solution. The measured resistance, or conductance, is therefore a compo-
site quantity made up from the contribution made by the ions of the electrolyte and the
H;07(aq) and OH (aq). The contribution from the H;0"(aq) and OH (aq) can be obtained
by measuring the resistance, or conductance, of the H;O(I) used in preparing the electrolyte
solutions under study. The conductivity of the water can then be found from this measured
conductance and the cell constant. This conductivity must then be subtracted from the
conductivities found for each electrolyte solution. Values below 5 x 107°S cm ™' are accep-
table. This may seem to be a small contribution, but with accurate work it could represent a
significant contribution especially if low concentration solutions are being studied, e.g.
solubilities of sparingly soluble salts (see Section 11.15), or solutions such as very weak
acids or bases (see Section 11.14).
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Worked problem 11.1
Question

(i) A conductance cell has electrodes which have an area 6.00 cm? and are a distance 1.50 cm
apart. Calculate the cell constant.

An experiment at 25°C gives the following results:

(ii) The conductance of the solvent water is 5.0 x 107% S. Calculate the conductivity of the
water.

(iii)The conductance of 1.00 x 10 *mol dm~* KCI solution is 6.42 x 10> S. Calculate
the conductivity of this solution. What is the conductivity due to the K" (aq) and Cl (aq)

(aq) ions?
Answer
[ 1.50
(i) The cell constant = 1= ch:rl:z =0.250cm™!

(ii) The conductivity for the water as solvent is:

Kk = G x cell constant = 5.0 x 107 x 0.250S cm™! =1.25 x 107°S cm™!

(iii) The total observed conductivity of the solution of KCl(aq) is:

k = G x cell constant = 6.42 x 107 x 0.250S cm™! = 1.605 x 107°S cm™!

This is made up from the contribution from the solvent water and the contribution from the
K" (aq) and C1 (aq) ions.
The contribution from the K*(aq) and Cl™(aq)ions = (1.605 —0.125) x 1075S cm™!
=1.480 x 1073S cm™!
i.e. x for KCl(aq) due to the K*(aq) and Cl~(aq) ions only = 1.480 x 107> S cm™!

11.4 Conductivities and molar conductivities: the ideal case

All that is discussed in Sections 11.4 onwards is approximate in so far as it ignores non-
ideality due to ionic interactions. Chapter 12 discusses the effects which these ionic interac-
tions have on the conductivity, i.e. they consider the effects of non-ideality.

The current is carried through a solution by the movement of the ions of the solution. It is
likely that the more ions there are present, the lower will be the resistance of the solution to the
passage of the current and the greater will be the conductivity, . Unsurprisingly, experiment
shows that k varies considerably with concentration, and a further quantity, A the molar
conductivity is defined.
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In the ideal situation:

K X Cstoich (11.17)
. K = Acgioich (11.18)
where A is a constant of proportionality, called the molar conductivity.
A=—2 (11.19)
Cstoich

Note well as this is important: the concentration which appears in this expression is always a
stoichiometric concentration. All experimentally determined molar conductivities are
therefore based on stoichiometric concentrations. However, in the theoretical descriptions
of conductance, the arguments are generally given in terms of actual concentrations. Being
aware of this distinction is vital in the theoretical description of the effect of non-ideality on
molar conductivity (see Chapter 12). It is also important in the theoretical analysis of the
determination of the degree of ionisation of very weak acids, or the degree of protonation of
very weak bases, using conductance measurements (see Section 11.14).

Care must always be taken when assigning units:

1 /1 l K
=—|=-)=¢G|- A= 11.1 11.1
K= (A) G(A) and — (11.15)and (11.19)

where the units are:
R, the resistance: ohm, ()
G, the conductance: siemens, S, and S = Q~!,

1/A, the cell constant: length™', generally cm ™

- B R _ —1 . 1 —1
K, the conductivity: ohm™ cm™ " i.e. Lem™! or siemensem ™! ie. S cm

¢ has units mol dm >

1 1

1. - 3 I -
. ohm ‘cm 10°ohm™'cm
and so A must have units: = 3 = 10°ohm™! cm?mol ™!

mol dm™>  mol cm™
=10 S cm?mol ™!

Remember: 1dm? = 10% cm? so that 1/1dm® = 1/10% cm? giving 1dm ™~ = 10 3cm 3

It is important to get the units correct when calculating A from «, i.e. remember the 10°.

Worked problem 11.2
Question

A conductance cell has platinum electrodes which have a cross sectional area of 4.50 cm? and
are 1.72 cm apart. Calculate the cell constant. A 0.500 mol dm~ solution of a salt is placed in
the conductance cell and the conductance found to be 0.0400 S. Calculate the conductivity, r«,
and the molar conductivity, A, of the solution.

Answer

l 1.72
The cell constant = — on _ 0.382cm™!

A 450cm?
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The conductance, G, is the reciprocal of the resistance, R.

k=1 (Y 26(L) = 004005 x 0382 cm"!
R\n A

=1.528x 1072 Scm™!
or k= 1.528 x 102 ohm 'cm™'

There is no information given as to the conductance of the solvent water, and so it will be
ignored. This is likely to be justified as the concentration of the salt is high and so the
contribution to the conductance and conductivity of the solution from the water is negligible.

K = Acgoich

Kk 1.528x1072Sem™'  1.528 x 1072S cm™
Csoich  0.500moldm™  0.500 x 10~3 mol cm—3

or A = 30.56 ohm ™! cm*mol ™!

S A= =30.56S cm? mol !

Take care: watch the units here. 1 dm> = 1000 cm®.

11
1dm® 1000cm3

S 1dm3 =103 cm ™3

Worked problem 11.3

Question
A conductance cell containing 0.01000 mol dm > KCI solution was found to have a resistance

of 2573 ohm at 25°C, and a conductivity of 1.409 x 1073 Sem™". The same cell when filled
with a 0.2000 mol dm~? solution of CH;COOH has a resistance of 5085 ohm. Calculate:

(i) the cell constant;

(ii) the conductivity, «, of the CH;COOH solution;
(iii) the molar conductivity, A, of the solution of KCl, and of the CH3COOH solution;
(iv) comment on the results.

Assume that the solvent water makes a negligible contribution to the conductance of each
solution.

Answer

(i) The conductivity and the resistance of the KCI solution are given, from which the cell
constant can be found.

-40)

i
" <A> =Kk x R=1.409 x 10 3ohm~ ' cm™! x 2573 ohm = 3.625cm™"
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(i)
1/1 3.625cm™!
Ketucoon = % (X) - ﬁ —7.129 x 104 ohm 'em™' =7.129 x 10°*S cm™!
(iii)
A=—"
Cstoich
7.129 x 10~*ohm~' cm™! 7.129 x 107*S cm™!
A = = =3.56S cm® mol '
cHscoo 0.2000 mol dm > 0.2000 x 10-3 mol cm—3 cm-mo
1.409 x 103 ohm ! ecm™! 1.409 x 1073S cm™!
Aker = = =140.9S cm” mol !
kel 0.01000 mol dm > 0.01000 x 10-3 mol cm—3 e mo

(iv) The molar conductivity of the CH;COOH solution is very much lower than that for the
KCl solution, despite the factor of 20 in the concentration. This is a direct reflection of
the fact that the KCl is known to be a strong electrolyte, i.e. is fully ionised, whereas the
CH;COOH is a weak electrolyte, i.e. is only slightly ionised (see Sections 11.5 and 11.7).

11.5 The physical significance of the molar conductivity, A

The molar conductivity is a very useful quantity when comparing the properties of electrolytes
dissolved in water. In particular, it is a quantity which is used to determine whether the actual
concentration of ions in solution is equal to, or not equal to, the stoichiometric concentration
of the ions.

If the solution is considered to be ideal there will be no interactions between the ions. The
current is carried by the ions of the solution, and so it would be expected that the current would
be strictly proportional to the number of ions per unit volume, i.e. the concentration, in
solution. Making the assumption that the solution is ideal, then the conductivity, x, would also
be strictly proportional to the number of ions per unit volume, i.e. to the actual concentration
of the ions present.

Now, whether or not the actual concentration of ions present in solution is equal to the
stoichiometric concentration of the ions depends critically on the type of electrolyte under
consideration.

o If the electrolyte is a strong electrolyte, then it is considered to be fully ionised in solution,
and:
the actual concentration of ions = the stoichiometric concentration of the ions
and so for the strong electrolyte the conductivity, x, would be expected to be strictly
proportional to the stoichiometric concentration of the ions, i.e. k/cgpich 18 expected to be
constant, provided non-ideality is ignored.
Since:
K

A= (11.19)

Cstoich
then the observed molar conductivity, A, would be expected to be independent of concen-
tration. It will be shown later (Section 11.6 and Chapter 12) that this is not what is found
experimentally, and this is one of the main pieces of evidence for the non-ideality of
aqueous solutions of strong electrolytes.
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o If the electrolyte is a weak electrolyte, then it is not fully dissociated in solution and an
equilibrium exists between the un-ionised form and the ions:

un-ionised form(aq) — ions(aq)

and so:

the actual concentration of ions #the stoichiometric concentration of the ions.
In particular, for weak electrolytes the actual concentration of ions only becomes equal to
the stoichiometric concentration of the ions in the limiting case of very dilute solutions
when the fraction ionised tends to unity, but see Section 4.6 and Section 11.10.
For such electrolytes, since Cacual = %Cstoich, the molar conductivity will depend on
the stoichiometric concentration in a precise manner reflecting the fraction ionised.
Because weak electrolytes are often only slightly ionised at low concentrations it is possible
to treat the solutions as ideal. However, at higher concentrations corrections will have to be
made for non-ideality.

11.6 Dependence of molar conductivity on concentration
for a strong electrolyte: the ideal case

For the ideal case the conductivity, x, would be expected to be strictly proportional to the
concentration of ions actually present (see Figure 11.4(a)): i.e.

K X Caetual (11.20)

The molar conductivity has been defined as:

A== (11.19)
Cstoich
and so:
A o Soewal (11.21)
Cstoich
But for a strong electrolyte:
Cactual = Cstoich (1122)
A oc S constant (11.23)
Cstoich

Therefore, for a strong electrolyte under ideal conditions the molar conductance is expected
to be independent of concentration (see Figure 11.4(b)). However, when measurements are
made on strong electrolyte solutions it is clear that A depends on the concentration (see
Figure 11.4(c)), with deviations being greater the larger the concentration of the solution. This
is interpreted as indicating that such solutions cannot be considered as ideal, and that the
variation in A with concentration reflects increasing non-ideality as the concentration
increases. This non-ideality results from electrostatic interactions between the oppositely
charged ions. This will be considered in Chapter 12.
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Figure 11.4 (a) Ideal case: plot of K vs. Csoich fOr @ strong electrolyte. (b) Idealised behaviour of A
for a strong electrolyte. (c) Experimental plot of A vs. cgoicn for a strong electrolyte.

11.7 Dependence of molar conductivity on concentration
for a weak electrolyte: the ideal case

As with the strong electrolyte, for the ideal case, the conductivity, x, would be expected to be
strictly proportional to the concentration of ions actually present. For weak electrolytes which
are known not to be fully dissociated, experimental data show that « is not strictly proportional
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stoich

(b) 104Hg0]1, /Mol dm=3

Figure 11.5 (a) Experimental plot of « vs. Csoich for a weak electrolyte. (b) Idealised behaviour of x
vs. [H30 " Jactual for a weak electrolyte.

(i.e. the graph of x vs. ¢ is curved) to the stoichiometric concentration, see Figure 11.5(a)
which shows the dependence of k on cyjcn for ethanoic acid. This should be compared
with the proportionality (i.e. linearity) found for the strong electrolyte, KCl(aq) (see
Figure 11.4(a)). However, when the actual concentrations of H;0"(aq) and CH;COO (aq)
are calculated from the known K, and stoichiometric concentrations, and a graph of k versus
[H30  |actual is drawn this is found to be linear (see Figure 11.5(b)). This indicates that x is
almost exactly proportional to the actual concentration of ions, as expected. A further graph
can be drawn, viz, the fraction of the CH;COOH(aq) ionised, o, versus [CH3COOH]pich, (see
Figure 11.6(a)). The shape of this graph resembles exactly that of A Vvs. cgoich, (s€€
Figure 11.6(b)). For a weak electrolyte it is only in very, very dilute solutions that almost
all of the molecules are dissociated to ions, and it is only in such solutions that the actual
concentration of ions equals the stoichiometric concentration; see Section 4.1.2, but see also
Section 4.6 which deals with very weak acids and bases.

In solutions of weak electrolytes, the concentration of ions is often sufficiently low for the
solution to approximate to ideality. However, with moderately weak electrolytes, it becomes
possible to have higher concentrations of ions present and deviations from the behaviour
described above become apparent. For such electrolytes corrections for non-ideality must be
made (see Chapter 12).

Solutions of weak electrolytes are not confined to acids and bases, e.g. solutions of the 1—1
electrolyte, tetrabutylammonium iodide, N(C4Hy), 1 (aq), the 2—2 electrolyte, MgSO4(aq),
and the 3-3 lanthanum hexacyanoferrate(III), La3+Fe(CN)63_(aq), all form ion pairs in
aqueous solution, and so are weak electrolytes.

A similar argument to that carried out for the strong electrolyte can be carried out for the
weak electrolyte, but the conclusions are different.
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Figure 11.6 (a) Dependence of o on cyoich for a weak electrolyte. (b) Dependence of A on cgtoich for
a weak electrolyte.

The conductivity, x is again proportional to e and:

J— (11.19)

Cstoich

and so:

A o Stetual (11.21)

Cstoich
But Cactual = XCstoich (1124)
A o Zosieh (11.25)

Cstoich

Now « is not a constant over a range of concentration for a weak electrolyte (see Table 11.1
and Figure 11.6(a)). In particular, the fraction ionised increases dramatically as the concen-
tration decreases and tends to zero. Hence for a weak electrolyte A is expected to vary with the
stoichiometric concentration, and in particular to increase dramatically with decrease in
concentration to a limiting value when cgo;cn— 0 (see Figure 11.6(b)).
Note: the similarity in shape of the graph of a vs. ¢goicn and A vS. cgeicn for ethanoic acid.
The limiting value to which A approaches as cgejcn— O is called the limiting molar
conductivity, A° and:

when a=1, A=A" (11.26and 11.27)
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Table 11.1 Dependence of a on cgoich for the weak acid CH;COOH

% 0.001 0.005 0.010 0.020 0.050 0.100
mol dm
A
7 48.6 22.8 16.2 11.5 7.36 5.20
S cm“mol
4 -+
107 % [H30 ey 1.25 2.90 415 5.90 9.40 133
mol dm
_ [H3o+]actua\l
o= [CH;COOH 3 0.125 0.058 0.042 0.029 0.019 0.013
Since oo A (11.25)
o A
—=0=— 11.28

If A° can be found and A is known for various stoichiometric concentrations, then values of o
can be found at the various concentrations, and from these the equilibrium constant for
dissociation into ions for the specific electrolyte can be found. This provides an alternative
route to Ks for acid/base equilibria.

However, this argument has to be modified when dealing with solutions of very weak acids
and bases where the fraction ionised can never reach unity (see Section 11.10).

11.8 Determination of A°

A look at the graph of A vs. cgeich (Figure 11.6(b)) shows just how impossible it is to get an
accurate extrapolation to obtain A° at cgoicn = O for weak electrolytes, and so an alternative route
to A° must be found. This is described in Section 11.13 and in Worked Problems 11.7 to 11.9.

Worked problem 11.4
Question

At 25°C, the molar conductivities, A, of HCOOH and CH;CH,COOH at a given known
concentration are 4.0 and 2.5 S cm? mol ' respectively, and the corresponding limiting molar
conductivities, A°, are 404.4 and 385.6 S cm” mol ' respectively. Explain how these could be
used to determine the fraction of HCOOH and the fraction of CH;CH,COOH ionised at the
given concentration. In what direction would the molar conductivities of each acid move if the
concentration were increased, and what would happen to the fractions ionised with increase in
concentration?

Answer

By definition k = Acgoich

R p—

Cstoich
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But the conductivity is proportional to the actual concentration of ions present.

A Cactual
Cstoich
where Cactual = XCstoich

. OlCactual
JAx——oxa

Cstoich

When oo = 1 then the acid is fully ionised and this will happen in very dilute solution when the
molar conductivity will take its limiting value, A%, i.e. A = A°.

, A
L= F
HCOOH CH;CH,COOH
A/Scm’mol™! 4.0 2.5
A%/S cm®mol™'  404.4 385.6
o= % 0.0099 0.0065

If the concentration of the acids were increased, then the number of ions present per unit
volume would increase and the conductivity of the solutions would increase but the molar
conductivity would decrease. The fraction ionised would also decrease.

Worked problem 11.5
Question

At 25°C, the molar conductivity of a 4.00 x 103 mol dm > solution of Cl,CHCOOH is
359.0Scm?mol . If A° the limiting molar conductivity, for ClLCHCOOH is
385.0 S cm? mol_l, what is the fraction ionised at this concentration? From this calculate
the equilibrium concentrations of H;0"(aq), CLLCHCOO (aq) and Cl,CHCOOH(aq), and
from these calculate the ionisation constant for CL, CHCOOH(aq).

Answer

Following the argument given in Section 11.7 and Worked Problem 11.4:

A 359.08 cm’ mol ™
A% 385.0S cm?mol ™!

=0.932

This is a much higher value than the values of o found for the two acids in Worked Problem
11.4, and reflects the larger value of the ionisation constant for CIL,CHCOOH(aq).

Cl,CHCOOH (aq) —— H30" (aq) + CLCHCOO™ (aq)

K = <[H30+]aclual[CI2CHCOO_]actual)
0 =
eq

[CL,CHCOOH]|

actual
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Following the arguments given in Section 4.1.

[Clz CHCOOH] stoich = [CIZCHCOOH] actual + [Clz CHCOO_ ] actual

o =0.932 and so the acid is 93% ionised and so this full expression must not be
approximated.

Since there is only one source of the H;0" (aq) and Cl,CHCOO ™ (aq) ions and ignoring the
self ionisation of water, then:

[H;0"] Cl,CHCOO |

actual — [ actual

2 2
K, = [H3O+]acmal — [H3 O+]actual
[CL,CHCOOH] . [Cl,CHCOOH],,

actual

[CL,CHCOOH] ;. ;, = 4.00 x 10> mol dm >
.. [CLLCHCOO |, = [H30™ ], pa = #[CLLCHCOOH], ., = 0.932 x 4.00 x 10> moldm >
=3.73 x 10 mol dm™>.
..[CLLCHCOOH], ., = [CLCHCOOH] ., — [CLCHCOO ™|,

= (4.00 x 107 —3.73 x 10*) mol dm*

=27 x 10*mol dm™3

C K= [H3o+]§ctual — [H3o+]§ctual _ (373 X 1073)2 mol” dm™~°
++7* 7 | [CLCHCOOH )~ \ [CLCHCOOH| 2.7 x 10-*mol dm™>

actual actual

=5.15x 10> mol dm™>

11.9 Simultaneous determination of K and A°

A weak base B is protonated in the following equilibrium:

B(aq) + H>0(1) —— BH" (aq) + OH " (aq)

Ky, = [BH ] yoatOH Jacwal _ 2 Choich _ o Cytoich (11.29)
(Bl ctual (1 —a)csoicn (1 —a)
But
o= % (11.28)
AN2
S Ky = <F> o (11.30)
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_ A AN’
S Ky — Ky 0) = |20 Cswien

. 1_A: A 2cstoich
o A0 A0 Ky

1 1 Acsioich

Divide throughout by A

AN (A0,

439
(11.31)

(11.32)

(11.33)

A graph of 1/A vs. Acgoich should be linear with intercept = 1/A° and slope = 1/ (AO)ZKb

from which, knowing A°, K, can be found.

Worked problem 11.6

Question

Use the following data at 25°C for the ionisation of butanoic acid to find A%and K,

103 x —swoieh_ 1.00 2.50 5.00 7.50 10.00
mol dm™"
A
— 44.5 28.8 20.6 16.8 14.6
S cm“mol
Answer
103 A stoicl
X e 45 72.0 103 126 146
S cm“dm™
1/A
0.0225 0.0347 0.0485 0.0595 0.0685

S~ em=2 mol!

The graph of 1/A against Acgich is linear (see Figure 11.7).

From the slope:
= 0.454S?cm *mol dm’

(A%)K,
2 (A%)’K, =2.20S? cm* mol ' dm 3
The intercept gives:

1
0= 0.0023S~' cm~2 mol

A% =435S cm? mol ™!

which leads to:

2.208%cm?* mol™! dm ™3
K, = m Mol MM _ 12 x 1075 mol dm>
(435)*S? cm* mol 2

pK, = 4.93
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Figure 11.7 Graph of 1/A vs. Acsich

Note, however: it is very difficult with this graph to determine the intercept accurately.
It is very small and the 3 is decidedly unreliable. If the intercept were taken to be 0.0021, then
A® =476 S cm®mol ! but if it is taken to be 0.0025 then A° = 400S cm?mol~'. It is quite
clear that when the intercept is so small then the accuracy will be low, and the resulting
quantities derived from it will be equally inaccurate and unreliable. This is a problem which
one must be aware of when interpreting graphical data. This worked problem highlights the
value of determining A° from Kohlrausch’s Law (see Sections 11.11 to 11.13 below).
Extrapolation to zero concentration of data for strong electrolytes is highly accurate and by
suitable use of Kohlrausch’s Law highly accurate values of A° for weak electrolytes can be
obtained (see Worked Problems 11.8 and 11.9).

Using a value of A” = 382S cm? mol~! calculated from A° values for C;H,COONa(aq),
NaCl(aq) and HCl(aq), and using the accurate value for the slope, (AO)ZKa =2.208?cm*
mol ' dm~ gives a clear-cut value for K,:

~2208%cm*mol ' dm™?
(382)%52 cm* mol 2
. pK, = 4.82

=1.51 x 10~ mol dm™>

a

Also note: A° = 382S cm?mol~! corresponds to 1/A° = 0.0026S™! cm~2dm~* which is
within the accuracy of the intercept.
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11.10 Problems when an acid or base is so weak that it is never
100% ionised, even in very, very dilute solution

A second read of Section 4.6.1 raises a potentially disturbing question. Here it was shown that
the maximum % ionised depends on pH, and also for weak acids with pK, >5 it becomes
impossible to approach 100% dissociation, i.e. o can never approach 1. A similar conclusion
holds for weak bases with pK, >5.

Conductance methods have been used extensively for determining pK,s and pKs for weak
acids and weak bases. These are based on determination of values of o over a range of
concentrations found from measurements of molar conductivities which have been corrected
for the contribution from the solvent. The theoretical basis of the equation:

o = A/A° assumes that A — A° as & — 1(see Section 11.7).

If o cannot approach unity for very weak acids and bases, then this calls into question the
applicability of the use of the ratio A/A° for determining a.

There are many weak acids, particularly phenols, which have pK,s > 5, and some very weak
bases, especially substituted anilines which have pKps > 5 or whose protonated forms have pK,s
< 9. For these substances 100% ionisation or protonation cannot be achieved and the question
can be asked: how does this affect the possibility of determining o from conductance studies?

This may seem, at first sight, to be a contrived question in so far as experimentally the
conductivities for such solutions would be very low and close to the value for the solvent,
water. However, with modern equipment it is possible to obtain highly accurate measurements
of the conductivities for both the water and the solutions. The same experimental situation
would exist for determinations of solubility products where the conductivity due to the ions
will be low. For such determinations there will be no need to correct for non-ideality since the
ionic concentrations will be so low.

Analysis of the situation for such acids and bases will be given (Section 11.14), once
individual molar ionic conductivities have been discussed (see Section 11.11 below).

11.11 Contributions to the conductivity of an electrolyte
solution from the cation and the anion of the electrolyte

The ions in solution are made up of the cations and the anions of the electrolyte, and these
move in opposite directions when the current is passed (see Sections 9.1 and 9.2 and Worked
Problem 9.1). It is the movement or migration of these charged particles which carries the
current through the solution with the cations moving to the cathode and the anions to the
anode. This holds even in the case where AC current is used and the cathode and anode keep
reversing sign. The total current carried is made up of the contribution from the cations and the
contribution from the anions. Likewise the conductivity of the electrolyte solution is made up
of contributions from the cation and the anion, i.e.:

K = K+ + K_ (11.34)
! ! !
the total conductivity the contribution the contribution

from the cation from the anion
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Individual ionic molar conductivities can be also be defined as:

K4 = A4+Cistoich (11.35) K- =A-C_goich (11.36)
JK =Ky +K_ = Ay Cistoich + A—C_soich (11.37)
Ay = (11.38) = (11.39)
Cstoich C—stoich
where 4, is the molar conductivity of where /_ is the molar conductivity of
the cation; called an ionic molar the anion; called an ionic molar
conductivity, conductivity,
Cstoich 1S the stoichiometric C_stoich 18 the stoichiometric
concentration of the cation which is concentration of the anion which is
calculated from the stoichiometric calculated from the stoichiometric
concentration of the electrolyte concentration of the electrolyte
assuming complete ionisation assuming complete ionisation

Each ion present in the solution thus makes a contribution to the total conductivity of the
solution. Likewise the total molar conductivity of the solution will be made up of contri-
butions from the cations and anions present in the solution. But care must be taken here;
the relation is not a simple additive one, but is one which reflects the stoichiometric
formula of the electrolyte, and, in particular, whether the electrolyte is symmetrical or
unsymmetrical.

11.12 Contributions to the molar conductivity
from the individual ions

e The symmetrical electrolyte

The symmetrical electrolyte AB, e.g. KCl(aq), MgSOy(aq), ionises giving A**(aq) and
B* (aq). For complete ionisation, 1 mol of AB gives 1 mol of A“*(aq) and 1 mol of B*"(aq):

Cstoich = [A ] oien = [ABgoich = Cstoich for the electrolyte

C_soich = [BY oich = [AB]goich = Cstoich for the electrolyte

Each ion will make a contribution to the total conductivity of the solution:

K=Ki+K_ (11.34)
S K = A4Cqsioich + A—C_gioich (1137)
= ;°+Cst0ich + A—Cstoich (1 1 40)

Note well: the concentration appearing in Equations (11.35) to (11.39) relates to the ionic
concentrations, while that in Equation (11.40) is the stoichiometric concentration of the
electrolyte. It is important to distinguish between these, especially for unsymmetrical
electrolytes, see below.
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But K =Acsoich

A=+ (11.41)

e The unsymmetrical electrolyte

The unsymmetrical electrolyte A,B,, e.g. K;SO4(aq), MgCl,(aq), Fe,(SO4)s, ionises giving
A’"(aq) and B* ™ (aq). For complete ionisation, 1 mol of A,B, gives x mol of A’*(aq) and y mol
of B* (aq).

Each ion will make a contribution to the total conductivity of the solution:

K=Ky +K_ (11.34)
LK = A4Cqstoich + A—C_gtoich (1137)
= X},+ Cstoich + y}v—cstoich (1 142)
But x = Acgoich (1118)
SA=xAy +yAo (11.43)
Watch carefully the subscripts here, i.e. ¢ swich, C—stoich and Cstoich
11.13 Kohlrausch’s law of independent ionic mobilities
The equations:
A=J,+i (11.41)
A=xly +yi- (11.43)

formulate Kohlrausch’s law of independent ionic mobilities or migration which stated
verbally is: ‘each ion contributes a definite amount to the total molar conductivity of the
electrolyte irrespective of the nature of the electrolyte’.

It is used for calculating the limiting molar conductivity, A?, of an electrolyte from
tabulated individual limiting ionic conductivities, )vo, i.e. for very, very low concentrations.
Under such conditions, the law can handle calculations of predicted limiting molar conduc-
tivities for both strong and weak electrolytes.

For weak electrolytes this can be extremely useful, since it is very difficult to determine A°
by extrapolation of experimental A values at various concentrations (see Sections 11.7 and
11.8, Worked Problem 11.6 and Figure 11.7).

There are two ways of using the law for estimating A° for a weak electrolyte, e.g.
CH3;COOH:

e Tabulated data gives 2° (CH;COO™) and 2) (H;0") from which:

A°(CH;COOH) = /° (CH;COO™) + A% (H;0™)
This method relies on data for the individual ions being available. These come from data on
strong electrolytes, e.g. 2° (CH3COO™) can be found from A° for the strong electrolyte,

CH;COONa(aq), and the transport number for either Na™(aq) or CH;COO(aq) (see Section
9.21 and Section 11.16 below).
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o If the relevant data on the individual ionic molar conductivities is not available, then the
calculation can still be made by using data from strong electrolytes. Determination of A° by
extrapolation to zero concentration is very easy and highly accurate provided the electrolyte
is strong (see Section 11.6, Figure 11.4 and Chapter 12). A° for the particular weak
electrolyte can be built up by combinations of experimentally determined A° values for
strong electrolytes. If the weak electrolyte CH3COOH is again chosen as an illustrative
example, what is required is:

A (HCI) = 2 o+ + 480 (11.44)
A°(NaCl) = 2%+ + 2 (11.45)
A°(CH3COONa) = A+ + Au,coo- (11.46)
A°(CH;COOH) = A°(CH3COONa) + A°(HCI) — A°(NaCl) (11.47)
= M + Amcoo- + Mot T Ad- — Aar A0 (11.48)

= Aecoo + Ao (11.49)

Students should be warned that many investigators tabulate individual molar conductivities
in the form of A° for 2 Ca*", 2° for %4La*" and so forth, i.e. they would give 2° for ¥ Ca*"
59.5S cm?mol ! instead of giving A° for Ca®>" as 1190 S cm? mol . These investigators
also would give a A? for /5 CaCl, and A° for ¥ LaCl; etc. This is most unfortunate and not to
be recommended.

Worked problem 11.7
Question
Calculate the limiting molar conductivities, A°, at 25°C for the following electrolytes:

NaNOs3, Mg(OH),, CaSOy, K;S0,4, (CH3COO0),Mg, La,(S04); given the following informa-
tion on individual ionic conductivities at infinite dilution, i.e. /13 and }fl.

2 2
cation —t anion —
S cm” mol S cm” mol

Na*(aq) 50.1 NO; (aq) 71.4
K*(aq) 73.5 OH™ (aq) 197.6
Mg?* (aq) 106.1 SO} (aq) 160.0
Ca’"(aq) 119.0 CH;COO™ (aq) 40.9
La’* (aq) 209.1

Answer

For a fully ionised symmetrical For a fully ionised unsymmetrical

electrolyte AB giving A*"(aq) and B (aq). electrolyteA BW giving A’ (aq) and B" (aq)
A =20 +2° A= xS +yi°
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Aoy = Ao (ag) T N0; (ag) = (50-1 +71.4) S em’mol " = 121.5 S em’mol !
Aigiom), = Augt (ag) T 2208 (aq) = (106.1 +2 % 197.6) S em* mol " = 501.3 S cm” mol ™!

0 __ 10
ACaSO4 A

Ca*(aq) T Asof;(aq) = (119.0 +160.0) S cm? mol™' =279.0S cm® mol ™!

AR504(ag) = 22K+ ag) + 4502 (aq) = (2 X 73.5 +160.0) S em? mol ! = 307.0S em” mol !

Afer,c00),Ma(aq) = 2ACH;c00 (ag) + AMigt (aq) = (2 X 40.9 4 106.1) S em” mol ™!
=187.9S cm? mol !
AL (5000, 00) = 20 (ag) T 34502 (aq) = (2 X 209.1 +3 % 160.0) S em” mol ™!

=898.2S c¢cm? mol ™!

Worked problem 11.8
Question

Calculate the limiting molar conductivities at infinite dilution, A°, for the following weak
acids at 25°C.

(i) HCOOH, given that the limiting molar conductivities, A°, for HCl(aq), NaCl(aq), and
HCOONa(aq) are 426.1, 126.4 and 104.7 S cm”® mol ! respectively.

(ii)) CH;CH,COOH, given that the limiting molar conductivities, A% for HNOj3(aq),
KNO3(aq) and CH3;CH,COOK(aq) are 421.1, 144.9 and 109.3 S cm? mol ! respectively.

Answer

This is a question on Kohlrausch’s Law:

(i) AHCOOH (aq) j‘H;O* (aq) T )'%COO’(aq)
A(IZICOOH(aq) = A(IleI(aq) - A(IzIaCl(aq) + A(I]{COONa(aq)
= AOHqO*(aq) + lgr (aq) — /loNawaq) - igl’(aq) + ;“%COO’(aq) + i01\1a+(aq)
iH;O* (ag) T Moo (aq)
Aficoon(ag) = (426.1 = 126.4 4 104.7) S cm® mol ' = 404.4S cm” mol !
(ii)  Alw,cH,co0H(ag) /IH3O+(aq + Ak, CH,C00" (ag)
Ak, 00 (aq) = MiN0s(ag) — AkNOs(aq)t T AH,CHCO0K (1)
j‘H;O* (aq) +/“NO (aq) )~?<+ - 'NO; (aq) +;“(()IH3CH2COO’(aq) + /110<+(aq)
= I HyO*(aq) T ACHgCHZCOO (aq)

A@hcHyco0H(ag) = (421.1 = 144.9 +109.3) S cm”* mol ' = 385.5S cm” mol ™'
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Worked problem 11.9
Question

The values of A° for NaOH(aq), NH,Cl(aq) and NaCl(aq) in aqueous solution at 18°C are
219.96, 129.54, and 108.40 S cm®mol ' respectively. The molar conductivity of a
1.00 x 1073 mol dm™* aqueous solution of NHj is 29.03 S cm®mol ' at 18°C. Find the
degree of protonation and the equilibrium constant for the protonation of ammonia in water.
From this calculate the pK, for NH, " (aq) acting as an acid.

Confirm that in the limit of infinite dilution the NHj(aq) would be almost totally
protonated.

pKy = 14.24at 18°C

Answer

What is first required is the value for the limiting molar conductivity of NH3(aq) in terms of the
values given for the strong electrolytes NaOH(aq), NH,Cl(aq) and NaCl(aq).

In a solution of NHj in water, the following equilibrium representing the protonation of
NH;(aq) is set up.

NH;(aq) + H,O(1) —— NH, " (aq) + OH ™ (aq)

Under normal experimental conditions of concentrations, this equilibrium is set up with only a
certain fraction of the NH;(aq) protonated to give NH4*(aq) and OH ™ (aq). However, for the
limiting conditions of infinite dilution, weak electrolytes are considered to be fully ionised;
and hence for infinite dilution all the NHj3(aq) can be considered to be protonated giving
NH,*(aq) and OH ™ (aq). For a solution of x mol dm of NHj;(aq) present initially there will
be present x mol dm > of N H,"(aq) and x mol dm > of OH ™ (aq) at infinite dilution and only
at infinite dilution. Hence for infinite dilution the limiting molar conductivity for NH;(aq) is
made up of a contribution from the NH, " (aq) and OH (aq) ions.

0 _ 10 0
ANH, (ag) = ANH; (aq) T 4OH(aq)

Using Kohlrausch’s Law:

0 20
A(Ileg(aq) = /INH;(aq) + /“OH’(aq) AONH4Cl(aq) + AONaOH(aq) - AONaCl(aq)
_ 40 20 0 0 0 0
= NH; (aq) T A0t (aq) T ANa* (aq) T 4O (aq) T ANat (ag) ~ I (aq)
= (129.54 +219.96 — 108.40) S cm?* mol
=241.10S cm? mol !

For weak electrolytes:

A 29.03S cm’mol !
A% 241.10S cm?mol !

.".At a concentration of 1.00 x 107> mol dm > NH3(aq)is 12.0 % protonated.

=0.120
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Provided the self ionisation of water can be ignored then there will be present in a solution of
NHj;(aq) of concentration 1.00 x 1073 mol dm™?

o x 1.00 x 103 mol dm™3 =0.120 x 1.00 x 10> mol dm~ = 1.20 x 10~*mol dm 3 of
both NH; (aq) and OH (aq).

" INH{ e = [OH ], = 120 x 10~ mol dm™?
[NHJrhtomh [NH ]actual + [NH3]actual
. [NH3]aCtual [N ]QlOiCh - [NHZ}aclual

(1.00 x 1072 — 0.120 x 10~*) mol dm ™3
=0.88 x 107> mol dm™>

K, — ([NH 1 acruat [OH™ ]acma1> _0.120 x 10~* mol dm™* x 0.120 x 10~* mol dm"?
[NH;] 0.88 x 10-3mol dm?
= 1.65 x 10" mol dm ™
". pKy, = 4.78 for NH3(aq) acting as a base
and pK, = 9.46 for NH; (aq) acting as an acid

actual

Note well: this question is for experimental data at 18°C, not 25°C, and so pK, = 4.78 must be

subtracted from pK,, = 14.24 not 14.00. The temperature should thus always be quoted.

The limiting value of the degree of protonation (see Section 4.6.1 and Worked Problem 4.7)
K, 1.65 x 1073 mol dm™3

VKy + Ky 7.6 x 10-8mol dm—> + 1.65 x 10-5 mol dm~>

i.e. at infinite dilution NH3(aq) is 99.5% protonated.

NHjs(aq) is a sufficiently strong base for the assumption that there is complete protonation at
infinite dilution, i.e. « = 1, to be justified. For a weaker base, e.g. urea, this would not be the
case (see Worked Problems 4.6 and 4.7).

11.14 Analysis of the use of conductance measurements for
determination of pK,s for very weak acids and pKys for very weak
bases: the basic quantities involved

There are two simultaneous equilibria occurring.
X(aq) + HyO(1) == H30" (aq) + X" (aq)
2H,0(1) =m——= H30% (aq) + OH (aq)

For such weak acids the self ionisation of H,O(l) cannot be ignored.
By electrical neutrality:

[H30+}aclual - [Xi]actual + [OHi]actual (1150)
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by stoichiometry:

[HX]stoich = [HX]aclual + [X_]actual (1151)
L (X Jactuat
by definition : o = -l (11.52)
[HX]stoich
H;0" X~
and : K, = ([ 30 ]actual[ Lwtual) (11_53>
[HX]actual eq

i.e. ignoring non-ideality when activities are approximated to concentrations.

H30"],uats X Jacruar @0d [OH ™ locuar Will all contribute to the conductivity of the solution.
.".The total conductivity of the solution is made up of:

e a contribution from the ionisation of the weak acid. This contribution must include
allowance for the effect which the self ionisation of water has on the ionisation of the
weak acid, HX(aq),

e and a contribution from the ions formed by the self ionisation of the solvent water.

It is at this stage that the distinction between the frames of reference used in the experimental
description of molar conductivity and the theoretical description must be clearly explained.

e For the ‘experimental description’, the observed conductivity, x, the stoichiometric
concentration, cgoicn and the molar conductivity, A , are related by the equation:
K = Acsoich-

e For the ‘theoretical description’, actual concentrations are used, with the relation between
N _ A0
K and Cyear being: kK = A”cyequal-

These two descriptions must be clearly distinguished and must never be confused. In
particular, in the theoretical description it is A’ which appears not A. This can be shown by
the following argument giving the relation between the two frames of reference.

A Cactual
= 11.23 —11.28
AO * Cstoich ( )
oA = A0 S (11.54)

Cstoich
But A=t 70 Caowal (11.55)
Cstoich Cstoich

Ok = A%Coemma (11.56)

The same arguments can be given for individual ionic conductivities and individual contribu-
tions to the conductivity, i.e.:
For the ‘experimental description’:

Ky = Ay Costoich and K_ = A_C_goich (11.35and 11.36)

For the ‘theoretical description’:

Ki =2 Chanr and k- = 2% ¢ peral (11.57 and 11.58)
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11.14.1 Analysis of the use of conductance measurements for determina-
tion of pK,s for very weak acids and pKys for very weak bases: the argument

The total conductivity of the solution is given in terms of the theoretical framework, i.e. A”’s
and Cactual.

70 0 - ,0 _
Ktotal = AH,07 (aq) [H3o+]actual + j‘X’(aq) [X }aclual + AOH" (aq) [OH ]actual (1 159)
But electrical neutrality requires that

H30 |actuar = X Juctwal T [OH Joquan (11.60)
Kol = 21,0 (ag) X Jactual T 2,0 () OH Jactuan

+ ;“())(’(aq) (X actual T 08 (a) [OH Jactual (11.61)

= (M0 aq) T % (a)) X Jactwat + (h,0* (aq) + 200 (a)) [OH o (11.62)

This is what the total conductivity will be. However, this includes the contribution from the
solvent, and so this must be formulated and subtracted off to be compatible with what is done
experimentally.

Kfor solvent on its own = i%_;o*(aq) [H3o+]in pure water + /1 [OH ]m pure water (1163)
In pure water:
[H;0%] = [OH] = K!/2 (11.64)
". Kfor solvent on its own (}H30+ (aq) + io - )[H30+]in pure water
= (M0 (aq) + 408~ (aq) ) K (11.65)
This must now be subtracted from equation (11.62)
Kcorrected for the solvent == (;L%}OJr(aq) + j~())(* (aq)) [Xi]actual + (AH3OJr (aq) + ) )) [OHi]actual
— (A,0* (aq) T 20" (a) K> (11.66)

.".Kcorrected for the solvent = ()LOH30+(aq> + j“())(’(aq)) [X_]actual
- (/1(2130“3“]) + /I%Hi(aCD)(KVlV/Z - [OHi}actual) (1167)

This is the conductivity which would be expected on the basis of what is thought theoretically
to be occurring in the solution. If the arguments are correct, then this conductivity should be
the same as that observed experimentally where:

A=_E (11.19)
Cstoich
(M0 (aq) T A% (ag)) (X (2 + 200 ) (K2 — [OH7]
A "H307" (aq) (aq) actual H;0" (aq) “OH ™ (aq) actual 6
HX(ea) = [HX]StOiCh - [HX]stoich (11 8)
0 10

But A%X(aq) ;LH30+(aq) + /fo (aq) (1 169)
X

and °= X (11.70)
[HX]actual
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A o x ()H';O+(aq) + Z())c(aq)) 3 (A0 fag) T o (aq)) " <K\§/2 — [OH]aaum) (11.71)
A0 () *H30" (aq) + )°())(’(aq)) (;“(IflgOJr (aq) + 10 ) [HX}sloich

. A — o — ()%%0+(dq + ;“(())H q)) x ( \}V/z — [OH}aclu;ﬂ) (11 72)
"A? ()HsOJr (aq) + )”0 ) [HX]stoich .

This analysis shows that for very weak acids and bases, o # A/A°.
It is, however, still possible to use the experimental data and computer fit to the five
equations below to enable « and K, to be found:

AL U0 + Jon-(20)) <z<3/2 - [0H1mual) (1L72)
(11,0* (aq) T A%~ (aq)) [HX]0ich
30"t = Xyt [OH ] (11.60)
[HX]gtoieh = HX]aetuar T X actua (11.73)
K, = [H3O ]actual [X_]actual (11.74)
(HX ] scquan
[H30™ |ty % [OH Jyeuar = K (11.75)

11.14.2 Application of the above analysis to the cases of weak acids and
weak bases for which the relation o = A /A° is taken to be valid and o — 1
asc—0

The total conductivity is again made up from contributions from all the ions present:
20 0 _ 10 _
Ktotal = AH;O*(aq) [H30+]actual + )‘X’(aq) [X ]actual + /“OH’(aq) [OH ]actual (1159)

The analysis given in Sections 4.5 and 4.6 shows that for weak acids with pK,s <5 the fraction

ionised can approach unity. For such acids it also can be assumed that the self ionisation of

water could be ignored. Under these conditions:
[H;0™] = [X7] (11.76)

actual actual

and A AOH >[OH Jactuar €20 be dropped out. Under the conditions of this analysis, the solution
will be sufﬁmently acidic for [OH Jacual << [H30 ™ Jacuar and the total conductivity can be
approximated to the simpler expression:

0 20 —
Ktotal = ULH;O'(aq) + /“X’(aq))[X ]actual (1177)

The contribution from the solvent which arises by virtue of the ions arising from the self
ionisation of water must again be subtracted, giving:

0 0 - 0 0
Kiotal = (;“H3O+(aq) + iX’(aq))[X ]actual - (%—I;O*(aq) + )“OH’(aq))K\}v/z (1178)
This must be equal to the experimental x.
K
A=—ur— (11.19)
[HX]sloich

and so

70 70
A - (/“H3O+(aq) + AX’(aq))[X ]aclual ()“H;OJr (aq) + ;LOH (aq) )K
HX(ag) = [HX] [HX]

1/2

(11.79)

stoich stoich
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and
. A — oy x ()Hso+ (aq) + )”())(’(aq ) (A'HzO+ (aq) + )0 ) K\}v/2 (11.80)
AO () H;O* aq + ;L’())(f(aq)) ()“H;OJr aq + /LX (aq)) [HX]StOiCh
A (A,0%(ag) + Zom- (aq)x K’ (11.81)
A0 u‘HgOJr (aq) + j'g’(aq)) [HX}stoich

Unless [HX]0ich becomes very low, then the second term in Equations (11.78) to (11.81)can
be ignored with respect to the first and A/A° = .

If [HXi0ich becomes very low, then it is not valid to ignore the self ionisation of water, and
in this case the rigorous expression Equation (11.72) must be used.

11.15 Use of conductance measurements in determining
solubility products for sparingly soluble salts

Conductance measurements are an important method for the determination of solubility
products. The basis of the method is that for sparingly soluble salts the concentration is
sufficiently low that, to a first approximation, non-ideality can be ignored. This means that
the molar conductivity of a saturated solution of the sparingly soluble salt can be taken
as the molar conductivity for infinite dilution, A%, The limiting molar conductivity, A%, of
the electrolyte can be calculated using Kohlrausch’s Law. Since k¥ = A%Cqoichs Csoich Can
be found and this will give K;. The method is illustrated in the following two worked
problems.

Worked problem 11.10
Question

After correcting for the conductivity of the solvent, the conductivity of a saturated solution of
silver bromide in water is 6.99 x 10%S cm ™! at 18°C. If the molar ionic conductivities of
Ag'(aq) and Br(aq) are 53.5 and 68.0 S cm? mol ! respectively, find the solubility of silver
bromide in water. From this calculate the solubility product for silver bromide.

Answer
A briag) = “ag*(aq) T 2B = (5354 68.0)S cm’ mol ™" = 121.5 S cm” mol ™!

Since AgBr(s) is a highly insoluble salt, then a saturated solution of AgBr(aq) will be a
very dilute solution of Ag¥(aq) and Br (aq), and so the molar conductivity, A, for the
saturated solution can be taken to be the limiting value of the molar conductivity at infinite
dilution, i.e. A°.

" A=A"=121.5S cm?* mol™!

0
Kfor very dilute solution = A Cstoich
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where cgoicn 18 here the concentration of the saturated solution of AgBr.

kK 699 x 10°8Scm™!

C i = — =
SOt A0 T 121,58 em? mol !
" Cstoich = 5.75 x 107" mol dm™3

.".The solubility of AgBr in water = 5.75 x 107" mol dm
AgBr(s) —— Ag" (aq) + Br (aq)
K, = ([Ag"][Br]),
= (5.75 x 10~ 7)* mol®> dm°

=33 x 107"® mol>dm—°

Worked problem 11.11

=575 % 107"%mol em™? =5.75 x 107'°x 10? mol dm 3

Question

At 25°C, the conductivity of 8.0 x 10~* mol dm3 aqueous K,S0, is 2.35 x 1074S em™ !,
and this rises t0 3.04 x 107*S cm™! if the solution is saturated with SrSO,. The limiting molar
jonic conductivities of K'(aq) and Sr*"(aq) are 73.5 and 119.0 S cm > mol " respectively.
Find the molar conductivity of the K,SO, solution, and then the solubility product for SrSOy,.

Answer
This question is more difficult than the previous one, and has to be taken in stages.

e From the conductivity of the K,SO, solution, the molar conductivity of the solution can be
found;

e given Ag+and knowing Ag,so,, then )Vsoif can be found;
e knowing Ag+ and having found 25037 , then Ag;s0, can be found,;

o the difference between the conductivities of the two solutions allows the contribution to the
total conductivity from the ions Sr”(aq) and SO42_(aq) formed from the SrSQO, to be found;

e and this allows the concentration of SrSO4(aq) dissolved in the solution to be found, from
which the solubility product can be calculated.

The calculation is as follows:
* KK,50;(aq) = 235 x 107*Scm™
K = Acsoich
K 235 x 107*Scm™!

= — =294 x 10" Scm ™' mol ™! dm’
Cstoich  8.00 x 10~4mol dm

- Ax,504(aq)

=294 x 107" x 10> Scm? mol ™!

" Ak,504(aq) = 294 S cm” mol ™!
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® Ak,50,(aq) = 24K+ (aq) T iSOi’(hlq)

Remember: K,SO, is an unsymmetrical electrolyte.
"L 2507 (aq) = MKos0u(aq) — 2K+ (ag) = (294 —2 X 73.5)S cm?mol ™! = 147 S ecm® mol ™!

® Asiso,(aq) = st (ag) T As0r(ag) = (119 + 147) S cm? mol ™' = 266 S cm® mol ™!

Note: SrSO, is a symmetrical electrolyte.

e The conductivity, k, of the K,SO, solution saturated with SrSO, =3.04 x10~*Scm™!

The conductivity, x, of the K;SO4 solution on its own = 2.35 X 107*S ecm™!

the conductivity due to the dissolved SrSO,= (3.04 x 107* —2.35 x 107%)
Sem™' =69 x 10758 cm™!

® K = Acgioich

K 69x107°Scm™!

.. Cstoich = — = =2.6x10"7mol cm™> =2.6 x 1077 x 10° mol dm™3
soieh A T 66'S em? mol !

=2.6 x 107*mol dm™
.. solubility of SrSO, in K, SOy solution = 2.6 x 10~* mol dm >
SrS04(s) = Sr*"(aq) + SO, (aq)
Ky = ([Sr*'][SO5 ])eq

Be careful: in this problem there are two sources of SO427(aq):
e from the initial K,SO, aqueous solution;

e from the dissolved SrSOy,.

(SO ],y = 8:0 x 107*mol dm~? from K,SO4(aq) + 2.6 x 10~* mol dm > from the
dissolved SrSO4

= 1.06 x 103 mol dm 3
[Sr**] =2.6 x 10~*mol dm ™3

c K, =2.6x10*mol dm™> x 1.06 x 10> mol dm™> = 2.8 x 107" mol®> dm°

11.16 Transport numbers

Section 9.1 defines the transport number and Section 9.21 describes how transport numbers
can be found from the emf of concentration cells.



454 CH11 CONDUCTANCE: THE IDEAL CASE

The transport number of an ion is the fraction of the total current carried by the ion:

1 I_
a and t. =
I total

t (11.82) and (11.83)

B Itotal
where I, and I_ are the current carried by the cation and anion respectively; and Iy, is the
total current carried.

Since the current flowing is proportional to the potential difference across the
electrodes:

I xE
. I=GE (11.2)
A
and the conductance is proportional to A/l so that G = KT (11.11)
A A A
I=xkET  Li=mET [ =rxE7 (11.84), (11.85),and (11.86)
Il I, 1 I_1
=—— =—— === 11. 11. 11.
k=g e =g K a (11.87),(11.88) and (11.90)
I I
1, =— 1= (11.82) and (11.83)
Lotal Lotal
Ky (EA l Ky Kk_ (EA [ K_
y=——]l=)=— (L St=— ) = 11.91
H K(l)(EA) K (11.90) ! K(l EA K (11.91)
/o4 Cstoich A_C_goich
=—- (1192 = 11.93
Acsloich ( ) Acstoich ( )

where 4., A_, Cistoich and ¢_gpoich are as given in Sections 11.11 and 11.12.

e For the symmetrical electrolyte AB:

Cistoich = (A oien = [ABgoicn = Cstoich for the electrolyte (11.94)

C—stoich = B |goich = [AB]goicn = Cstoich for the electrolyte (11.95)

=t =t (11.96) and (11.97)
A A

o For the unsymmetrical electrolyte A.B,:

Cistoich = [A oien = *[AxBy]qoicn = XCstich for the electrolyte (11.98)

C_stoich = B Jqoicn = Y[ABy]s0ich = YCstoich for the electrolyte (11.99)
A A

Sy = =2 (11.100) and (11.101)

A A
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Since a transport number is a fraction, the sum of the transport numbers for cation and anion
will be unity:
XAy YA

.t . =—+— 11.102
++ A + A ( )

XAy n Vi
R Y

(11.103)

Experiment shows that transport numbers depend on the concentration and the temperature.
The concentration dependence is a result of non-ideality causing a lack of strict proportion-
ality between x and the total number of ions present per unit volume. The non-ideality is
caused primarily by electrostatic interactions between the ions; these being mainly coulombic
in nature. As has been seen in the case of activity coefficients, these deviations are greater the
higher the concentration.

Since ¢ty = x4, /A and t_ = yA_/A and A is the molar conductivity of the electrolyte in
question, then the transport number of a particular cation or anion will depend on the
electrolyte, e.g.

I mg2+ 18 not the same in MgSOy(aq) solution as in Mg(NO;)»(aq)

/L+Mg2+

timg+ in MgSO,(aq) = (11.104)
MeSO,
PR
g+ in Mg(NO,), (aq) = J& (11.105)
Mg(NO;),

Since Amgso, and Ayg(no,), are different, then 7, >+ in MgSOy(aq) is different from 7,2+ in
Mg(NOs),(aq). This can be contrasted with the observation that A M2+ 10 MgSO04(aq) and
A Mg+ 10 Mg(NO3)x(aq) are the same.

t; is the fraction of the total current which is carried by the cation, and since the total current
has a contribution from the anion then ¢, will depend on the nature of the anion. A similar
argument will apply to the transport number of an anion which will also depend on the nature
of the cation, and thus of the electrolyte being studied.

Worked problem 11.12
Question
If the limiting molar conductivity, A°, for KCl(aq) at 25°C is 149.8 S cm?mol ' and the

limiting molar ionic conductivity for K*(aq) is 73.5 S cm”mol ', calculate the transport
number ¢, for the K (aq) ion. What is ¢_ for Cl (aq)? Comment on the values.

Answer

In Sections 11.12 and 11.16 it was shown that for a symmetrical electrolyte:
A =20 +2°

A
t.i,_:x [_:X



456 CH11 CONDUCTANCE: THE IDEAL CASE

and in the limit of infinite dilution:
10 0
0 _ /L_+ £ = j'_—
+ A0 yx
0 73.5S cm? mol ™!
= FRNpEs]
149.8 S cm” mol

2 =1-1 =1-0491 =0.509

Since the transport number for the K *(aq) is only slightly less than that for C1™(aq), then the
fraction of the current carried by each is fairly similar. This is reflected in the limiting molar
ionic conductivities for each ion: }K+ (ag) = 1338 cm’mol~!  while Q- (
(149.8 — 73.5) S cm?>mol ! = 76.3S cm®* mol ™.

t

= 0.491

aq) —

Worked problem 11.13
Question

If the limiting molar conductivity, A°, for Na,S04(aq) at 25°C is 260.2 S cm? mol ! and the
limiting molar ionic conductivity for Na*(aq) is 50.1 S cm?mol !, calculate the transport

number, ¢, for Na*(aq). What are tSOZ (aa and /i aq)

Answer

In Sections 11.12 and 11.16 it was shown that for a unsymmetrical electrolyte, A,B, ionising
to give A’*(aq) and B* (aq):
A = x2S +y2°

° = 'ﬂ to — )L(l
+ 7 A0 - A0
0 20 _ 2% 50.1S em?mol !
tNa*(a ) — 2 T = 0.385
Y AONay304(aq) 260.2' S cm” mol
0
INa* (aq) T tSOZ‘f(aq) 1
. 0 _ —
1G0r-(aq) = 1 = 0.385 = 0.615
0 70 0
AN32504(=1Q) - 2/LNa+ + ;”SOff (aq)
250 (ag) = Mass0u(a) — 2/Na*(ag) = (2602 =2 x 50.1) S em? mol ! = 160.0S em” mol !

Worked problem 11.14
Question
The limiting molar ionic conductivities at 25°C for La3+(aq) and SO427(aq) are 209.1 and

160.0 S cm? mol ! respectively. Find A, the limiting molar conductivity, for La,(SO4)s(aq).
Thence find the transport numbers for La3+(aq) and SO42_(aq) in a solution of La,(SO4)s(aq).
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Answer

This is like Worked Problem 11.13 where the electrolyte is unsymmetrical.

Agaz So0), 2}0 +3,1502 =(2x209.14+3x160.0)S cm 2mol ! =898.2 Scm?mol !
. 20 2%209.18 em’mol !
"Lt (a) = A0 = go82S omPmol 1 00
Las (SO4), (aq) .28 cm” mo
0  Vsoig 3% 160.0S cm?*mol™! 0.534
SOi (aq) — A0 © ~ 8982Scmmol”!

Lay(S0;7);(aq)

A check: tﬂa + 9 = 0.466 + 0.534 = 1.000 which is as it should be.

(aq) " "SOF(aq)

11.17 Ionic mobilities

The ionic mobility, transport number and ionic molar conductivity are all linked. The velocity
with which an ion migrates is proportional to the drop in potential over the region in which the
ion migrates. Put otherwise, the velocity of migration is proportional to the electric field.

In conductance studies the conductance cell is connected to a source of alternating current.
In one half-cycle the negative pole of the source of the current is connected to the negative
electrode of the conductance cell which thus acts a cathode, and the positive pole of the source
is connected to the positive electrode of the conductance cell which acts as an anode. In
the subsequent half-cycle the situation will be reversed. But for the following, the discussion
will be restricted to what happens in one half-cycle. The field is taken to be aligned in a
direction from the positive electrode to the negative and this is indicated by T—~. The
cations will migrate under the influence of the field in the direction of the field, and the anions
will move in the opposite direction.

The velocities of migration, v, for the cations, and v_ for the anions are different. Since
these velocities are proportional to the field, X, then:

vi x X and vo x —X (11.106) and (11.107)
Sovp=u X and Sove=—uX (11.108) and (11.109)

where u, and u_ are constants of proportionality for cation and anion respectively, called the
ionic mobilities. The minus sign in the equation for the anion appears since it takes cognisance
of the fact that the anion is moving in the opposite direction to the cation.

The region between the electrodes of the conductance cell is considered. The area of the
electrodes is A, and the distance apart is [ (see Section 11.1.1), and let there be N, cations and
N_ anions in the volume of solution contained between the electrodes (see Figure 11.8).
Application of the field, X, will cause the cations to move from left to right. What is of interest
is the time that it will take for the cations lying on the left hand anode to reach the right hand
cathode. Within that time all the cations in the volume of solution between the electrodes will
also have reached the cathode on the right.

The distance travelled = / and the velocity of migration for the cations = v

l
The time taken for cations to reach the cathode on the right, is 7, = — (11.110)
V+
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Figure 11.8 Region between the electrodes in a conductance cell.

where 7 is used rather than ¢ to distinguish the time from the transport number.
Since all of the cations in the volume of solution between the electrodes reach the right hand
electrode in time, 7., this will be a total number = N,.

The charge conveyed in timet, = N,z e (11.111)

But current x time = charge
.". current flowing in the time 7 is:
charge conveyed Nizye Niyzievy

1. = = = 11.112
* time taken Ty l ( )

where

T,=— (11.110)

Substituting Equation (11.108) gives:

- N+Z+eM+X - N+Z+8M+AE

I
* I 2

(11.111)

where AE is the difference in potential between the two electrode plates separated by the
distance, /. In the case of the battery this would be called the potential difference, or emf, and
the field X is given by the change in potential, AE over the distance /.

The field X — — OV (11.14)
or

S —dy = Xdr (11.112)

1 [
—Jdl//:XJdr (11.113)

0 0
So= (=) = AE = XI (11.114)
x=2E (11.115)

[
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Ohm’s law gives an expression for I. /AE = G (11.116)
where G, is the contribution to the conductance from the cation.

Taking this expression for G,, and the expression for /.. /AE found from Equation (11.111)
gives:

I+ N+Z+€M+
—=G 11.117
AE + 12 ( )
A
But G+=K+7 (11.118)
N+Z+eu+ l N+Z+eu+
SKy = - = 11.119
K4 lz A 1% ( )
where V = the volume of the region between the electrodes of the conductance cell.
N
The number of mol of cations in this volume, V, = ﬁ (11.120)
where N is Avogadro’s number.
N,
R 11.121
Cy VN ( )
N
.'.7+=C+N (11.122)
.. Ky = N€Z+M+C+ = FZ+M+C+ (11123)
A =" — Frou, (11.124)
C+
Since the electrolyte is symmetrical z, = —z_ = |z_| (11.125)
K- =Ne|z_|u_c_ = Fl|z_|u_c_ (11.126)
K_
and o =—=F|z_|, (11.127)
- -
where |z_| is a number.
foo it P SRS e S (11.128)
j.+ + }.7 FZ+M+ + F|Z7|M7 T4U4 + |Z7|M7 Uy —+ u_
A Flz_|u_ _|u— _
and 1= = o |u I L (11.129)
i+ + )\,7 FZ+M+ + F|Z7|M7 Z+Uy + |Z7|M7 U, + u_
Remember: z, = —z_ = |z_|

For the unsymmetrical electrolyte the final relations are the same, but the argument is more
complex, see Section 11.19.3.

Ionic mobilities are strictly constant if the solution is ideal. However, in practice they show
a dependence on concentration. This is due to non-ideality which occurs because of the
existence of interactions between ions.

Ionic mobilities are important quantities when considering the moving boundary method of
measuring transport numbers (see Section 11.19.2) and in the theory of conductance (see
Chapter 12 and Appendix 12.1).
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Worked problem 11.15
Question

The following are ionic mobilities at infinite dilution at 25°C:

10%u. 10%u°
cm?s V-l cm?s V-l
Li*(aq) 4.01 Cl (aq) 7.91
Mg+ (aq) 5.50 SO (aq) 8.29

(i) Calculate the velocities with which each ion moves:
(a) in a field, X = 6.84 Vcm ™!
(b) in a field, X = 50.0 Vem ™!

(ii) Calculate the time taken for the Li*(aq) to migrate a distance of 2.50 cm under the
influence of the two fields.

(iii) Calculate the velocity of the H3O+(aq) under the action of each field, and comment.
Mobility of H;O™(aq) is 36.2 x 10 *cm?s™' V',

Answer

i) vi=u.X and v_=u X

For Li*(aq):
(@) Vijtq =401 x 107 em?s™ 'V x 6.84 Vem™ =274 x 10 cms™!
(b) Viit(aq) = 401 X 107*em?s™' V7! % 50.0 Vem ™" =2.00 x 107> cm s™!

Proceeding similarly for the other ions gives:

X 10%y

Vem™! cms~!

Li*(aq) 6.84 0.274
50.0 2.00

Mgt (aq) 6.84 0.376
50.0 2.75

Cl™(aq) 6.84 0.541
50.0 3.96

SO (aq) 6.84 0.567

50.0 4.15
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From this data it can be seen that there is no great effect of charge on the velocity with which

an ion moves under each field. This is a direct reflection of the small variation in mobilities

with charge.

(i1) The velocity, v, is related to the distance, I, covered and the time, ¢, taken to cover that
distance by v =1/t, or t = 1/v.

l 2.50 cm
_ -1, _t_ _
(a) when the field, X = 6.84 V cm ,t7;72.74 10 Fem s =0912s
l 2.50cm
_ -1 _ _
(b) when the field, X =50.0Vem ™, r = S =200 10 Zems T 125s

There is a quite dramatic decrease in the time taken to migrate 2.50 cm as the field is increased.
(i) Vi,0*(aq) = 36.2 X 107*cms™! x 6.84Vem™ =248 x 107 2cms™!

VE,0' (ag) = 36.2 X 107 ems™' x 50.0Vem ™ = 0.181 cms™
The corresponding times for the ion to move 2.50 cm under the influence of these fields are:
101 s and 13.8 s.

The H3;0"(aq) has an abnormally high velocity of migration under the influence of an
applied field, and this is despite its being highly hydrated (see Section 11.18).

Worked problem 11.16
Question

The following are values of ionic mobilities at infinite dilution at 25°C:

104142 10%u°

cm?s—1v-! cm2s-1 vl
Li* (aq) 4.01 F~ (aq) 5.74
Na™ (aq) 5.19 Cl™ (aq) 791
Mg?* (aq) 5.50 Br~ (aq) 8.10
Ca**(aq) 6.17 SO (aq) 8.29

(i) Infer the corresponding values for )& and 2°.

(i1) From these values calculate the transport numbers for the cation and anion of NaBr(aq),
Na,SO4(aq) and CaBr,(aq).

(iii) Compare these with the corresponding values calculated directly from the ionic mobilities
given above.

Answer
() 29 =z, Ful 20 = |z |Fu®

For Li*(aq):
2 =1x96485Cmol ! x 4.01 x 10 *em?s™' V™' =38.7 Cs™' V' em? mol ™!
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Be careful with the units: 1Cs™' V! = 1AV =18
2% =38.7S cm? mol ™!
For Mg (aq):
20 =2x96485Cmol ! x 5.50 x 10~*em?s™' V™! = 106.1Cs™' V™' em? mol ™!
/lg =106.1S cm? mol !

Be careful and remember: for negative ions the charge on the ion comes in through |z_|
which is a number only and does not include the sign.
For F~(aq):
20 =1x96485Cmol ! x 5.74 x 10*cm*s™' V7! =554Cs™' V' em? mol ™!
% =554 cm? mol ™!
For SO427(aq):
20 =2 x96485Cmol ! x 8.29 x 10 *em*s™!' V7! = 160.0Cs™' V™' cm? mol ™!
2% =160.0S cm? mol ™!

Continuing as above gives the following table:

2 2
Scm?mol ™! S ¢cm? mol ™!
Li* (aq) 38.7 F~(aq) 554
Na™(aq) 50.1 Cl (aq) 76.3
Mg?* (aq) 106.1 Br(aq) 78.2
Ca’*"(aq) 119.0 SO (aq) 160.0
(ii) For the electrolyte A,B, ionising to give the ions A"+ and B*":

A = )C/l+ -+ y;»_

TN T XA +ya TN XA yi

t. = s and 1 — =

Uy +u_ Uy +u_

where 7, and 7_ are transport numbers.
NaBr(aq) : A = 2% +2° = (50.1 +78.2) S cm’ mol ' = 128.3S cm? mol

R yn 50.1S cm? mol ™!
r,o=15 = — =0.391
TN T I+ 1283S cm’mol !
e S 78.2S cm? mol !
e e e —0.609
A A+~ 128.3S cm’mol
5.19 x 107*em?s~ 1 v!
o= XD ooms = 0391
up +u- (5.19+8.10) x 10~4cm? s~V
u_ 8.10 x 10 *cm?s~ ! V!

= = == 0.609
uy +u_ (5.19+8.10) x 10~4cm2s1V~!
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For NayS0,(aq) : A° =229 + 2% = (2 x 50.1 + 160.0) S cm* mol ™' = 260.2 S cm?® mol ™!

24y 224 2x50.1S cm®mol”!

f — = = = 0.385
TN T 20+~ 26028 cm?mol !
S e 160.0S cm? mol !
r=C= = 0615
A 224 +/-  260.2S cm”mol
519 x 104 em?s~ ' v!
L 9 x 107 e s = 0385
up +u- (5.19+829) x 10~4cm? s~V
_ 29 x 104 cm?s ' v!
. u _ 829 x 107" cm*s™ 'V 0615

uy+u_ (5.19+8.29) x 10°*cm2s 1 V!

For CaBry(aq): A® = 1% +22% = (119.0 +2 x 78.2) S cm* mol ' = 275.4S cm? mol

Ay Ay 119.0S cm? mol ™!
=2 = = =0.432
TN 2,42/ 275.4S cm®mol !
20 20 2 % 78.2S cm® mol !
[ =— = = X CI;] mo_] = 0.568
A AL +22- 275.4S cm” mol
6.17 x 107*cm?s~ ! v~!
o= = X 2 ol s = 0432
uy +u_ (6.17+48.10) x 1074 cm?s~ 'V
—4 2 —1vy-1
. u- 8.10 x 107 cm*s™ 'V 0568

up+u_ (6.17+8.10) x 1074 cm?s~! V!

The values for the transport numbers are internally self consistent between the calculation from
molar ionic conductivities and from the ionic mobilities. This is as it should be. The sum of the
transport numbers for the ions of a given electrolyte is unity. This, again, is as it should be.

11.18 Abnormal mobility and ionic molar conductivity
of H30" (aq)

At25°C the mobilities of H;0™(aq) and OH (aq) are 30.2 x 10~*and 20.5 x 20 *cm?s ' vV~!
respectively and the corresponding molar ionic conductivities at infinite dilution are 349.82
and 198.0 S cm® mol ' respectively. These are much larger than typical values for other ions,
e.g. for Mg?"(aq) the values are u, = 5.50 x 10~*em?s™' V™' and 2° = 106.12 S cm® mol ™.
At first sight this may seem surprising. First thoughts might suggest that this is due to the small
size of the proton, but this cannot be the explanation since the proton is known to be highly
hydrated. The size of the hydrated H;O " (aq) would be reasonably comparable to many hydrated
ions, so hydration in itself is also not the answer. The abnormally high ionic mobility and ionic
conductivity are attributed to the ability of the bare H' to jump between successive water
molecules as shown in Figure 11.9(a).

For the transference of the proton to continue along the row of water molecules, each water
molecule must rotate after the proton has passed to the subsequent water molecule. This will
allow the vacated water molecule to be in the right orientation to receive another proton. In this
way a proton can be passed quickly from one water molecule to the next. Calculations show
that this process will occur much faster than ordinary migration of H3;O"(aq) through the



464 CH11 CONDUCTANCE: THE IDEAL CASE
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Figure 11.9 (a) Proton jumps for H;0" (aq). (b) Proton jumps for OH™ (ag).

solution. A similar mechanism has been proposed to account for the high mobility and ionic
molar conductivity of OH (aq) as given in Figure 11.9(b).

11.19 Measurement of transport numbers

It is very important to be able to measure transport numbers over a range of concentrations as
this is the only way to determine the dependence of individual molar ionic conductivities as a
function of concentration. If this can be done, then it means that observed molar conductivities
for any electrolyte at given concentrations can be split up into the contributions from the ions
of the electrolyte.

For a symmetrical electrolyte AB ionising to give A*"(aq) and B (aq):

A=Jy+i_ (11.41)
v
=" (11.96)

If A and ¢, are known, then A, can be found. From this, A_ is found, since A = 1, + A_.If A
and ¢, have been found over a range of concentrations, then 4, and 2_ can now be found over
that range of concentrations. This is particularly important since these can now be used to test
theories of conductance dealing with non-ideality (see Chapter 12).

For the unsymmetrical A,B, ionising to give A’ and B*":

A=xds +yi_ (11.43)
_.X/’Jq,
b= (11.100)

Again, if A and 7, are known, then A, can be found. From this, A_ is found since
A = x4, + y4_, and likewise the dependence of A, and A_ on concentration can be found.
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There are two main methods for determining transport numbers, both of which were
developed early in the study of conductance. They are the Hittorf method and the moving
boundary method. The emf method has been described in Section 9.21.

11.19.1 The Hittorf method for determining transport numbers

In this method an electrolysis experiment is set up. The passage of direct current causes
changes in concentration around each electrode as a result of:

e the chemical reaction occurring at the electrode as a result of passage of the current;
e migration of ions to and from the electrodes, i.e.:

e cations migrating to the cathode compartment and away from the anode compartment
and

e anions migrating to the anode compartment and away from the cathode compartment.
A typical Hittorf apparatus is illustrated in Figure 11.10.

The Hittorf apparatus is filled with a solution of known concentration. A known current is
then passed through the solution for a known time from which the quantity of electricity

S

W ‘‘‘‘‘ Cathode

Anode -~ """

L X

* A
N /
N /
N ;.

Solution around each electrode
can easily be run off for analysis

Figure 11.10 A Hittorf apparatus.



466 CH11 CONDUCTANCE: THE IDEAL CASE

passed can be calculated. The solution around the electrode in each electrode compartment is
run off; each is weighed and then analysed to give the number of gram of electrolyte per given
mass of electrolyte solution run off. From this the change in concentration around each
electrode can be found. Comparison with the theoretically expected change in concentration
enables the transport numbers to be found. In practice, the analysis is often carried out for one
compartment only.

The technique can be illustrated by considering what happens when a solution of AgNOj5 is
electrolysed in a Hittorf apparatus with silver electrodes. The quantity of electricity passed is
It/96485 faraday where the current is in amp and the time in seconds.

Processes occurring at the anode:

Chemical reaction: Ag(s) — Ag*(aq) +e
Migration: NO; ™ (aq) migrates to the anode solution
Ag*(aq) migrates away from the anode solution

If 1 faraday of electricity is passed this will cause 1 mol of Ag*(aq) to be formed
and ¢, mol of Ag*(aq) to migrate away, giving a net gain of (1—¢,) mol in the anode
compartment. If b faraday is passed the net gain in the anode compartment will be b(1—z,)
mol of Ag™(aq).

Analysis of the anode compartment for Ag " (aq) allows the number of mol of Ag™(aq) to be
found. If there is a gain of y mol of Ag*(aq) around the anode, then y = b(1—t_). Since both y
and b have been found experimentally the , for the Ag " (aq) can be found. ¢_ for the NO3; ™ (aq)
can then be found since ¢, +¢_ = 1.

If the electrolyte is unsymmetrical, e.g BaCl,(aq) then care must be taken in formulating the
migration processes (see Worked Problem 9.10).

Hittorf’s method is illustrated in the following problem.

Worked problem 11.17
Question

An aqueous solution of CdSO, containing 115.60 g of the salt per 1000 g of solution was
electrolysed between cadmium electrodes. A current of 0.1000 amp was passed for 5 h. After
electrolysis the anode solution which weighed 171.66 g was found to contain 20.72 g of
CdSO,. Calculate the transport number of the cadmium ion in the solution.

Answer

Quantity of electricity passed = current x time for which it is passed

= 0.1000 x 5 x 3600 amp s
=1800C

00
= 96435 faraday

= 1.866 x 1072 faraday
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(see Section 9.2.1 and Worked Problem 9.3).
The question gives information as to what happens to the solution around the anode as a result
of electrolysis.

Passage of current has two effects:

e Reaction at the anode involves release of electrons: Cd(s) — Cd*" (aq) + 2e

e Cd*"(aq) migrates from the anode compartment to the cathode compartment.
Hence as a result of passage of the current:

° Cd“(aq) is formed at the anode as a result of the electrode reaction;

e Cd*"(aq) is lost from the solution around the anode as a result of migration.

For passage of 1 faraday of electricity:

e clectrode reaction: ¥2 mol of Cd*"(aq) will be formed in the anode compartment;
e Y ¢, mol of Cd*"(aq) migrates out of the anode compartment;

e net gain in the anode compartment for passage of 1 faraday is (Y2 — Y21, ) mol = Y5(1— 1)
mol of Cd**(aq);

e and for passage of 1.866 x 102 faraday there will be a gain in the anode compartment of
Va(1 — 1) x 1.866 x 1072 mol of Cd*"(aq).

e This will be equal to the observed gain in CdSOy4(aq) in the anode compartment.

Initially: there is 115.60 g of CdSO4(aq) per 1000 g of solution, i.e. 115.60 g of CdSO4(aq) for
884.40 g of H,O(1), which corresponds to 115.60,/208.47 = 0.5545 mol of Cd”(aq) per 884.4
g of H,O().

Finally: there is 20.72 g of CdSOy4(aq) in 171.66 g of solution, i.e. 20.72 g of CdSO4(aq) in
150.94 g of H>O(1) which corresponds to 20.72/208.47 = 0.09939 mol of Cd2+(aq) in 150.94
g of H,O().

Ini;ially 150.94 g of H,O(l) would contain 0.5545 x 150.94/884.4 = 0.09464 mol of
Cd**(aq).

Finally 150.94 g of H,O(l) contains 0.09939 mol of Cd2+(aq).

", net gain in the anode compartment = (0.09939 — 0.09464) = 0.00475 mol of Cd**(aq).
This has been shown to be equal to ¥2(1 — ;) x 1.866 x 10~* mol of Cd**(aq).

1) = 0.00475 mol
o *70.5 x 1.866 x 10-2mol
St = 0.491

= 0.509

i.e. the transport number for Cd2+(aq): 0.491
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There are two potential difficulties when working through this problem:

e problems inherent in comparing the anode compartment solution before and after
electrolysis. The number of mol of Cd** (aq) present in the solution (a) before electrolysis
and (b) after electrolysis is known. But since these relate to different masses of solution
and thus to different masses of water, it is essential that these be adjusted to relate to the
same mass of water, i.e. the mass of water in the final solution. It is only after this has been
done that the gain in the number of mol of Cd*(aq) can be estimated by direct
subtraction.

e problems in finding the number of mol of Cd**(aq) migrating as a result of passage of the
current. The argument is given in terms of the passage of 1 faraday of electricity. Of this, a
fraction, 7, is conveyed by the Cd*"(aq) and a fraction 7_ is conveyed by SO4*~(aq), where
t, +1_=1. A charge of r, faraday is conveyed by the migrating Cd*"(aq) per one faraday
passed. But 1 mol of Cd*"(aq) has a charge of 2 faraday, and so a charge of 7, faraday will
correspond to ¥ ¢, mol of Cd*(aq).

11.19.2 The moving boundary method

This method for determining transport numbers is the preferred method since it is inherently
more accurate than the Hittorf method. Even more important is the fact that the transport
numbers can be found over a range of concentrations. This, in turn, means that ionic
mobilities and individual ionic molar conductivities can also be found over a range of
concentrations.

The technique consists of a tube with cathode and anode inserted at the ends. These
are connected to a source of current, generally a battery where the potential difference
generated by the battery remains constant throughout the experiment. The simplest
moving boundary experiment has an arrangement as in Figure 11.11(a). Two electrolyte
solutions of known concentrations are used. One of these contains a solution of the
cation for which the transport number is being determined, the other is a solution of
an electrolyte with the same anion but with a different cation. In the illustrative example
the two solutions are KCl(aq) and LiCl(aq). The LiCl(aq) has a lower concentration
than the KCl(aq) and consequently has a lower density. The tube is also in a vertical
position with the solution of lower density on the top. This cuts down the extent of
mixing between the two solutions due to gravity mixing. A distinct boundary appears
between the two solutions. This occurs because of the different refractive indices of the two
solutions.

A known current is then passed through the solutions for a known length of time and the
movement of the boundary is followed with time (see Figure 11.11(b)). After time ¢ the
boundary will have moved from the initial position, x, to the final position, x’.

In this time, all of the K+(aq) at x will have moved to x’; and all of the other K+(aq) in
between will have moved beyond x’. All of the K*(aq) which started in the volume of the
solution of KCl(aq) between x and x’ will have moved downward.

amount of K*(aq) in that volume =n, =c, x V=c, x A x [ (11.130)
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(a) l )
Anode

<--- Solution 11 1l
of LiCl

4--- Solution
of KCI

X' —>|-]

T« Cathode At earlier At later
time time

Figure 11.11 (a) A moving boundary experiment showing a schematic apparatus. (b) Movement of the
boundary with time.

where [ = x' — x, A is the cross sectional area of the tube and c, is the concentration of
K" (aq).
number of K*(aq)in that volume =N x ¢, x V=N x ¢y XA x [ (11.131)
charge on that number of K" (aq) = N x (z1€) X ¢ X A x [ (11.132)

where N is Avogadro’s number.

ButNxe=F (11.133)

.". charge carried by the K*(aq) in migrating from x to x’

=Nx(z4€) Xcx XAXxI=zycy X FxA X1 (11.134)

The current and time will give an experimental value of the total charge passed:
total charge passed during the time that it takes for the boundary to move from x to x' =1 x t

(11.135)

The transport number for the K™ (aq), ¢ is:

_ charge carried by K" (aq) _ ey X FXAXI (11.136)

t -
* total charge carried Ixt

All the quantities in this equation are known and so the transport number for K*(aq) can be
found for the given [KCI].
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Since 7, 4 t_ = 1, the transport number for the Cl (aq) can be found.

Varying the concentration of the KCl solution will allow determination of the transport
numbers for both ions over a range of concentrations. From these the individual molar ionic
conductivities for KCl(aq) over a range of concentrations can be found.

A e J_

T ity S el i Iy .

(11.137) and (11.138)

This is the only way in which the molar conductivity of an electrolyte can be split up into its
individual ionic contributions for situations other than infinite dilution.

11.19.3 The argument for the unsymmetrical electrolyte

The argument given above for the symmetrical electrolyte, KCl(aq), will hold for an unsym-
metrical electrolyte provided c, refers to the concentration of the cation and not to the overall
concentration of the electrolyte, e.g.

for the electrolyte A,B,, [A”"] = ¢, = xc where ¢ is the overall concentration of A.B,.

A,B, ionises to give A’  and B*, and s0 z, =y and |z_| = x.

Equations (11.124) and (11.127), i.e.:

Ay = Fzyuy (11.124) and S =Flz_|u_ (11.127)

can be translated into the more useful forms for unsymmetrical electrolytes:

i = Fyu, (11.139) and J_ = Fxu_ (11.140)
) y
=t (11.141) and = (11.142)
XAy + YA XAy + YA
xFyu. yFxu_
=— = (11.143) and = (11.144)
xFyu, + yFxu_ xFyu, + yFxu_
= (11.145) and == (11.146)
Uy +u_ Uy +u_

which are the same relations as derived in Section 11.17 for the symmetrical electrolyte
(Equations 11.128 and 11.129).

11.19.4 The fundamental basis of the moving boundary method

The migration of the ions under the influence of the electric field, set up by virtue of the
potential difference between the electrodes, is governed by the mobilities of the ions, u. The
movement of the boundary between the two electrolyte solutions, on the other hand, is
governed by the velocities, v, of the two cations, here K™(aq) and Li*"(aq). In particular,
the ratio of the velocities of the two cations must be unity which means that the K*(aq) and the
Li*(aq) must move at the same speed. This results from the need to maintain electrical
neutrality throughout, as will be shown below.

The experiment can be done under conditions such that the potential gradient, i.e. the field,
X, under which the Li*(aq) moves is independent of how far down the tube the solution has
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reached. The same is true for the K (aq). But watch: the fields are different for each ion. This
is because the field under which each ion moves will be different because the ionic mobilities
are different for the two ions. If the Li*(aq) moved at a slower velocity than the K'(aq), then
the boundary would become diffuse with a region between devoid of cations. This cannot
happen because the solution must be electrically neutral throughout. This requires that the
Li*(aq) and K™ (aq) must move with the same velocity, and so a sharp boundary between the
two solutions must be maintained.

Note well: it is crucial to distinguish between velocity and mobility. The velocity with which
an ion moves under the influence of an applied field is proportional to the applied field:

vox X (11.147)
S =uX (11.148)

where u, the mobility, is a constant of proportionality. From which it can be seen that the
mobility of an ion and the velocity of the ion must not be confused.

Since, in the situation under consideration u and X are constant, then v must also be
constant.

Consider the situation at two times #; and 7, when the boundary is at positions x and x':
Since electrical neutrality requires that the velocity with which the Li*(aq) moves and that at
which the K*(aq) must be equal, then it follows from Equation (11.144) that:

uX;(Li*) = uX, (K") (11.149) and uX>(Li") = uX>(K")  (11.150)

X)(Lit)  u(K*) Xo(Lit)  u(K*)

X, (K+) - M(Li+) (11.151) and XQ(K+) = M(Li+) (11.152)

Since u(Li") is a constant, and u(K™") is another constant, it follows that the ratio of the
fields under which each ion moves will remain constant, and it will also be >1 since the
mobility of the K*(aq) is greater than the mobility of the Li*(aq). Figure 11.12 shows how the
field will vary for each solution at two different times, #; and #,.

Worked problem 11.18
Question

Give an interpretation of the observation made directly above that the mobility of the K™ (aq) is
greater than the mobility of the Li*(aq).

Answer

Since potassium lies below lithium in the periodic table, the bare K* ion will be larger than the
bare Li* ion. Large ions would be expected to move more slowly than small ions under the
influence of the same electric field, and so the mobility of a large ion would be expected to be
smaller than that of a small ion. The fact that the mobility of K*(aq) is larger than that for
Li*(aq) indicates that Li*(aq) is larger than K*(aq), and this would suggest that the lithium
ion is more highly hydrated in aqueous solution than is the potassium ion.
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Figure 11.12 Behaviour of potential and field at various times in a moving boundary experiment.
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Magnitude of field X is the gradient of the graph of ¥ vs distance.

Worked problem 11.19

Question

The cations in a moving boundary experiment are Li*(aq) and Mg”"(aq). The LiCl solution is
less dense than the MgCl,(aq) and the Li*(aq) is the following ion. The field under which the
Li"(aq) moves is 5.0 V.cm ™~ '. Calculate the field under which the Mg”*(aq) is moving. Use
this to draw a schematic diagram of the potential difference as a function of distance along the
tube as the two solutions migrate along the tube. If the boundary moves a distance of 1.75 cm
along the tube during the course of an experiment, calculate the time taken to carry out the

experiment.
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The mobilities are: LiT(aq) 4.01 x 107*cm?s™" V! and Mg*"(aq) 5.50 x 10~ *cm?s™!
vl

Answer

Vy = M+X

Li*(aq) : vijr(aq =401 x 107 em’s™' V7! x 5.0Vem ™ =20.05 x 10~ cms™!

In a moving boundary experiment electrical neutrality requires that the two cations migrate
down the tube at the same velocity and this, in turn, means that a sharp boundary is always
maintained. In turn, this implies that the fields under which the ions move are different.

The velocity of migration of the Mg *(aq) must therefore, be 20.05 x 10~ *cms ™.

v 20.05 x 10~*cms™!
X:—: -
u 550x10~4cm2s-1V

=3.65Vem™!

Figure 11.12 gives a schematic diagram of the potential drop, i.e. the field, with distance for
each solution, where M,Cl,(aq) is substituted for KCI (aq).
The time taken for the boundary to move a distance of 1.75 cm down the tube =

l 1.75cm

TV 20.05 x 10*cms!

The experiment, therefore, lasts 873 s or 14.55 minutes.

distance

velocity

= 873s.

11.19.5 Summary of the use made of transport numbers and mobilities

These are both very fundamental quantities in the study of electrolyte solutions. Transport
numbers are necessary for the subdivision of molar conductivities into the individual ionic
contributions. Because they can be studied over a range of concentrations this allows tabulated
data to be drawn up for ionic conductivities for a wide variety of ions over a range of
concentrations. This is important in itself, but is also useful when comparing theory with
experiment.

Mobilities are important in themselves simply as a property of the hydrated ions. But, more
importantly they enable determination of ionic radii to be made for the hydrated ions. This
makes use of Stokes’ Law (see Section 12.4.2), which requires that for an ion of charge ze and
effective radius, a, moving with a velocity, v, in a medium of viscosity, #, under the influence
of an external field, X:

6nany = zeX (1.153)

y— X (1.154)
6ran

= uX (1.155)

where u is the mobility of the ion and equals
nan

If u has been determined independently, then a follows directly. Table 11.1 gives a few values
determined in this way.
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Table 11.1 Values of the effective radius found from measured ionic
mobilities and Stokes’ Law, taking # = 8.903 x 104 kg m~*s~?

a

i — tall hic radii
1on om crystallographic radii/nm
Li*(aq) 0.238 0.060

Na™(aq) 0.184 0.096

Mg (aq) 0.347 0.065

Ca’**(aq) 0.309 0.099

F(aq) 0.166 0.134

Cl™(aq) 0.121 0.181

Br (aq) 0.118 0.195
SO4>~(aq) 0.230

The effective ionic radius of an ion in solution is an important quantity in the discussion of
the behaviour of electrolyte solutions. Mobilities are thus fundamental to both Debye-Hiickel
theory and conductance theory.

It is clear from Table 11.1 that the effective ionic radius found from Stokes’” Law is greater
than the crystallographic radius for the cations, suggesting that these ions are probably
hydrated in solution. The situation is much less clear for the anions. F(aq) is the only anion
where the effective radius gives evidence for hydration. Chapter 13 looks at this in more detail.



12

Theories of Conductance:
The Non-ideal Case for
Symmetrical Electrolytes

Chapter 11 focused attention on methods of analysing conductance data where the effects of
non-ideality have been ignored, i.e. it has been assumed that there are no ionic interactions.
The movement of ions in solution is then a result of motion induced by an applied potential
gradient, i.e. an external field superimposed on random Brownian motion. The applied electric
field will cause the positive ions to move in the direction of the field and anions to move in the
opposite direction. The direction of the field is from the positive pole to the negative pole of the
electrical system, and the field is set up by virtue of the potential drop between the two poles.

Non-ideality has been shown to be due to ionic interactions between the ions and con-
sideration of these led to the concept of the ionic atmosphere (see Sections 10.3 and 10.5).
These interactions must be taken into account in any theory of conductance. Most of the
theories of electrolyte conduction use the Debye-Hiickel model, but this model has to be
modified to take into account extra features resulting from the movement of the ions in
the solvent under the applied field. This has proved to be a very difficult task and most of the
modern work has attempted many refinements all of which are mathematically very complex.
Most of this work has focused on two effects which the existence of the ionic atmosphere
imposes on the movement and velocity of the ions in an electrolyte solution. These are the
relaxation and electrophoretic effects.

Section 12.9 on post 1950 modern conductance theories for symmetrical electrolytes and
Section 12.10 on Fuoss-Onsager’s 1957 conductance equation for symmetrical electrolytes
can be omitted until earlier sections are assimilated. These two sections deal with more up to
date work which is able to be formulated in a straightforward analytical equation. The
development behind these theories is complex and only a brief overview of the ideas behind
these theories is given. Nonetheless the Fuoss-Onsager 1957 equation has been much used to
analyse experimental data. How this is carried out in practice is given in Sections 12.10.1 to
12.13 and this is now standard procedure and is relevant to anyone analysing conductance
work.

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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The whole of Section 12.17 discusses the more recent thoughts on conductance theory. This
is given in a qualitative manner, and should be useful in illustrating modern concepts in the
microscopic description of electrolyte solutions. These sections, taken in conjunction with
Sections 10.14 onwards in Chapter 10 on the theory of electrolyte solutions, and with Chapter
13 on solvation, should give the student a qualitative appreciation of more modern approaches
to non-ideality in electrolyte solutions.

Aims
By the end of this chapter you should be able to:

e describe and explain the significance of the relaxation and electrophoretic effects in
conductance theory;

e appreciate how the Wien and Debye-Falkenhagen effects support the concept of an
ionic atmosphere;

e discuss the models used in the early conductance theories;
o follow through the arguments leading up to the Debye-Hiickel-Onsager equation;

e explain how the Debye-Hiickel-Onsager equation is modified to account for weak
electrolytes and ion pairing;

e follow through the outline of the arguments and modifications introduced by Fuoss
and Onsager in their 1957 theory for unassociated electrolytes;

e show how this equation was modified to account for association;
e be aware of how this equation can be used to determine A°, o, & and Kjgc,

e realise how complex any further conductance theories have to be.

12.1 The relaxation effect

In the absence of an electric field the ionic atmosphere is symmetric about the central ion with
the charge distribution fading exponentially to zero with distance from the central ion. When
the ion moves under the influence of an applied external field, it will normally still have an
ionic atmosphere associated with it. However, at each stage of movement, a new ionic
atmosphere must be built up around the moving ion, and it takes time for this to happen.
The ionic atmosphere has to build up in front of the moving ion and to decay behind it.
Because this process cannot occur instantaneously, the net result is that the ionic atmosphere
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gets displaced with respect to the moving ion. There is more of the ionic atmosphere behind
the ion than in front of the ion, i.e. the ionic atmosphere is asymmetric in contrast to the
symmetry obtained in the absence of an externally applied electric field.

There are two processes involved in the build up of this asymmetry:

e diffusive processes of the ions through the solution. These will occur irrespective of the
movement under the influence of the applied external field. They are present in the equili-
brium situation when the ionic atmosphere is symmetric and are nearly random in nature.

e the movement of the ions under the influence of the external field where the velocity of an
ion is proportional to the field, i.e. v = u X where u is the mobility of the ion (see Section
11.17). If the central reference ion is a cation, movement under the influence of the external
field will cause this central ion and the cations of the ionic atmosphere to move in the same
direction towards the negative pole of the applied potential, i.e. in the direction of the field.
The anions will move at a different velocity in the opposite direction. This causes a deficit of
negative charge in front of the moving central reference cation and an excess of negative
charge behind it. In consequence, the ionic atmosphere becomes asymmetric around the
moving cation. A similar process will occur when the moving reference ion is an anion. In
this case, there will be a deficit of positive charge in front of the moving anion and an excess
of positive charge behind it.

The process giving rise to this asymmetry is called the relaxation effect, and the time taken for
the ion to build up its new ionic atmosphere is called the relaxation time. As the ion moves, the
build up and decay are occurring continuously. Since the process is a relaxation phenomenon,
then the build up of the asymmetry in the ionic atmosphere under the influence of the external
field and the decay of the asymmetry to the symmetrical ionic atmosphere once the external
field is removed will be first order processes. The overall rate constant for a first order
relaxation process can be shown to be given by Koyerall = Kbuildup + Kdecay» and the relaxation
time is given by 7 = 1/(kbuilaup + Kdecay)- This applies even if the rate constants for build up
and decay are different. This has the consequence that the same relaxation time is applicable to
both build up and decay.

The effect of the asymmetry of the ionic atmosphere when a cation is moving forward in the
direction of the applied field, or potential, is to ‘pull the cation back’. The velocity of the ion in
the forward direction is, therefore, less than it would be if the ionic atmosphere were symme-
trical. The same effect will occur when an anion is moving in a direction opposite to the applied
field, i.e. the ionic atmosphere ‘will pull the anion back’. This results in the velocity of the anion
also being less than it would be in the absence of the asymmetry. The ionic conductivity of the
ions is therefore less than it would be if the ionic atmosphere were symmetrical.

12.1.1 Approximate estimate of the relaxation time
for the ionic atmosphere

In Section 12.1 it was shown that when the central reference ion moves under the influence of
an external field there is an excess of negative charge behind the cation and a deficit of negative
charge in front of it. If the external field is removed, the asymmetric ionic atmosphere relaxes
back to the symmetric distribution. This process can be pictured as if some negative charge
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Table 12.1 Approximate t values at various concentrations of a 1-1 electrolyte

@ 0.0010 0.0100 0.100

/s 1077 108 107°

moves from that part of the ionic atmosphere behind the cation to that part in front of the ion,
i.e. anions migrate across the ionic atmosphere. A rough estimate of the relaxation time can be
found from the time it takes for an anion to move across a distance comparable to the diameter
of the ionic atmosphere. This distance can be taken to be of the order of x(1/x) where x is a
numerical factor of magnitude probably < 10. A similar situation can be envisaged when the
central ion is an anion when the relaxation time back to the symmetric distribution can be
visualised as positive charge moving across the ionic atmosphere from behind to in front of the
anion. And again the relaxation time could be taken as approximately the time for a cation to
move across a distance corresponding to x(1/x). Table 12.1 gives approximate relaxation
times calculated in this way for various concentrations of a 1-1 electrolyte.

For 2-2 and 3-3 electrolytes at the same concentration, x will be larger with the largest
increase being for the more highly charged ions. The relaxation times for such electrolytes will
be smaller than those quoted above for the 1-1 electrolytes.

For a given concentration, the relaxation time is directly related to (uy + u_)/uiu_, to
A/A, 2 and to A for the given electrolyte. The relaxation time is thus a fundamental quantity
in any theory of conductance. In turn, the relaxation time is a property of the ionic atmosphere
which is regarded as the crucial concept in the Debye-Hiickel theory of non-ideality. These
statements could be summarised as:

e x is a crucial feature of the ionic atmosphere in equilibrium situations which correspond to
the ionic atmosphere being symmetrical;

e while 7 is a crucial feature of the non-equilibrium situation which corresponds to the setting
up of an asymmetric ionic atmosphere.

12.1.2 Confirmation of the existence of the ionic atmosphere

There are two experiments which beautifully illustrate the correctness of the idea of an ionic
atmosphere and its manifestation in terms of the relaxation and electrophoresis which occur
when the ion moves under the influence of an external field. These are the Debye-Falkenhagen
effect and the Wien effect.

12.1.3 The relaxation time and the Debye-Falkenhagen effect,
i.e. the effect of high frequencies

With alternating fields at ordinary frequencies, typical of standard conductance experiments,
the time for one oscillation is large compared with the typical times for relaxation of the ionic
atmosphere. For example a frequency of 50 Hz corresponds to a time of 2 x 102 s for one
oscillation and this is very much longer than the times for relaxation given in Table 12.1, e.g.



12.1 THE RELAXATION EFFECT 479

1077 s for a 1-1 electrolyte at a concentration of 0.0010 mol dm 3. Under these circumstances
the ionic atmosphere will always be in its asymmetric state and the relaxation will affect the
ionic molar conductivities and the molar conductivity of the electrolyte.

However, for very high frequencies of the external field, such as 108 Hz, the time for one
oscillation is 10~8s and this is comparable to or even smaller than the relaxation time. Under
these conditions the ion is impelled backwards and forwards so rapidly that the build up of the
ionic atmosphere to the asymmetric state cannot occur fast enough, and the asymmetric ionic
atmosphere will not be fully set up. At even higher frequencies the ionic atmosphere never has
time to reach the asymmetric state and the relaxation effect totally disappears. The retarding
effect of the asymmetry on the movement of the ions under the influence of the external field is
removed. In consequence, the velocity of the ions and their individual ionic molar conductiv-
ities are significantly higher than for ordinary frequencies and are much nearer what would
they would be expected to be if there were no retarding effect of the ionic atmosphere.

12.1.4 The relaxation time and the Wien effect,
i.e. the effect of very large fields

The velocity at which an ion moves under the influence of an external field is proportional to the
field, with the constant of proportionality being the mobility of the ion. Provided this strict
simple proportionality remains for large fields and, provided the mobility is known, the velocity
of an ion can be calculated. 5 x 10~*cm?s~! V™! is a typical value for an ionic mobility.

Using this and the value of « = 0.33nm ™! for a 1.00 x 10~>moldm ™~ 1-1 electrolyte, the
Table 12.2 can be drawn up, 1/0.33 nm~! &~ 3nm.

5Vem~!is a typical field used in standard conductance experiments. From the table, it can
be seen that this will correspond to a time of 1.2 x 10~*s. This can then be compared with a
relaxation time of 1078 s. The relaxation time is short compared with the time taken by the ion
to move a distance of the order of the extent of the ionic atmosphere. There is quite clearly
ample time for the ionic atmosphere to reach its asymmetric state. As the fields get larger, the
velocities become very high and there is progressively less time available for the ionic
atmosphere to build up to its asymmetric state, and it is totally destroyed. At very large fields
the relaxation effect will disappear. Because of the very high velocities the electrophoretic
effect (see Section 12.2) also becomes negligible and so both retarding effects of relaxation
and electrophoresis disappear. The molar conductivity of the electrolyte becomes very much
larger than at lower field strengths.

The discussion in this section and in the previous one on the Debye-Falkenhagen effect is
qualitative, but it does illustrate the physical significance of the Debye-Falkenhagen and the
Wien effects.

Table 12.2 Time for an ion to move a distance comparable to the extent of the ionic atmosphere

field

5 10 10° 10* 10°
Vem™!
locit
ey 25%107%  5x107° 05 5 50
cms—

Time required to move
forward by 3 nm 1.2 x 107*s 6x1073s 6x1077s 6x1078s 6x107%s
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These two experiments coupled with ordinary conductance and activity coefficient studies
demonstrate conclusively the correctness of the basic postulate of the Debye-Hiickel theory,
that is, the existence of the ionic atmosphere which is itself a manifestation of the inter-ionic
interactions occurring in electrolyte solutions. They also suggest that the main properties of
the ionic atmosphere which must be taken into consideration in developing a theory of
conductance are:

o the relaxation effect, as a consequence of the asymmetry of the ionic atmosphere;

o the electrophoretic effect, i.e. viscous drag on the ionic atmosphere by the solvent.

12.2 The electrophoretic effect

The ions are moving in the solvent, and the effect of the solvent on the movement of the ion
and its ionic atmosphere under the applied field must also be considered. This is discussed
under the heading of the electrophoretic effect.

When an ion moves it carries its ionic atmosphere with it. This ionic atmosphere is made up,
in part, of ions which have the same charge as the central ion and will move in the same
direction as the central ion under an external field. It also contains ions which will move in the
opposite direction. An ion will drag the solvent molecules in its vicinity along with it. Since
cations and anions move in opposite directions as a result of the externally applied electric
field, each ion moves against a stream of solvent molecules.

If the central reference ion and an ion of opposite charge in the ionic atmosphere are passing
each other, solvent will be pulled along with each ion but in opposite directions. So the central
reference ion of the pair will, in effect, ‘see’ solvent streaming past itself in the opposite
direction, and this will exert a viscous drag on the central reference ion, slowing it down.

If the central reference ion and an ion of like charge in the ionic atmosphere are passing
each other, the differing speeds of the two ions will cause streaming of the solvent past the
central reference ion. If an ion in the ionic atmosphere is overtaking the central ion, this central
reference ion will be ‘pulled along by the solvent’ associated with the overtaking ion
streaming past it in the same direction, resulting in an increase in its velocity. If the central
reference ion is overtaking the ion of the ionic atmosphere, it will experience a viscous drag by
the solvent around the ionic atmosphere ion. This will make this solvent appear as though it
were, in effect, moving in the opposite direction to the central ion and so the ion will be ‘pulled
back’, resulting in a decrease in its velocity.

These effects are covered by the general term ‘electrophoretic effect’, and their net effect is
always to slow the ion down, resulting in a lower ionic conductivity than would be expected if
there were no ionic atmosphere.

12.3 Conductance equations for strong electrolytes taking
non-ideality into consideration: early conductance theory

If strong electrolytes are fully dissociated and there are no significant interactions between the
ions, the molar conductivity should be strictly constant over a range of concentrations
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(see Section 11.6). But experimentally it is found that A depends approximately linearly
on +/c:
A = A° — constanty/c (12.1)

where A° is the limiting molar conductivity found as ¢ — 0, as ideal conditions are
approached.
The deviations of A from A° are attributed to non-ideality associated with:

e clectrostatic interactions between ions giving rise to the ionic atmosphere;
e the relaxation effect;
e the electrophoretic effect.

Debye and Hiickel tackled this non-equilibrium case once they had formulated their
equation:

Alziza|VI

- 12.2
1+ Bav1 (12:2)

log o7y =

for the equilibrium situation in an electrolyte solution. They were closely followed by Onsager
(in 1927) who incorporated corrections into the Debye-Hiickel conductance equation and
whose equation gave the basis of all modern theories of conductance based on the Debye-
Hiickel model. This was followed in 1932 by a modified theory by Fuoss and Onsager, but
electrochemistry had to wait until 1957 before a full conductance equation of the level of
refinement of the activity coefficient expression quoted above was derived (see Section 12.10).

The early conductance theories given by Debye and Hiickel in 1926, Onsager in 1927 and
Fuoss and Onsager in 1932 used a model which assumed all the postulates of the Debye-
Hiickel theory (see Section 10.3). The factors which have to be considered in addition are the
effects of the asymmetric ionic atmosphere, i.e. relaxation and electrophoresis, and viscous
drag due to the frictional effects of the solvent on the movement of an ion under an applied
external field. These effects result in a decreased ionic velocity and decreased ionic molar
conductivity and become greater as the concentration increases.

The theory aims to calculate the ionic velocities and thence the molar conductivity as
modified by relaxation and electrophoresis. This is done as a function of concentration.

12.3.1 Qualitative aspects of the derivation of the Debye-Hiickel-Onsager
1927 equation

The basic equation of the Debye-Hiickel theory of non-ideality was deduced in Section 10.6
and is:

ze e

—KF

e

= 12.3

7 Amepe, 1 +xa r ( )
Under an externally applied electric field, the central reference ion will move with a velocity
v; = u;X and the force on the ion due to the field will be z;eX, (Section 10.4.4). This force will

be opposed by the electrophoretic and relaxation effects, and by the frictional effect of the
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solvent as the ion moves through it. This latter effect will be present in the absence of the
effects of non-ideality, i.e. relaxation and electrophoresis. The calculation reduces to calculat-
ing an explicit expression for each of these three effects. Since the ion will move with a
constant velocity, the force exerted on it by the applied field will be equal and opposite to the
sum of the forces due to the three effects: electrophoretic, relaxation and frictional.

The main assumptions which Debye et al. made were:

e The ions are hard spheres of radius a/2 and charge zje, drifting in a continuum of relative
permittivity, &, and viscosity, #, under the influence of an external field, X.

e The progressive reduction in mobility as the concentration increases is due to interionic
interactions of a coulombic nature. The dominant effects are due to relaxation, electro-
phoresis and their cross terms.

e Stokes’ Law was used to estimate the frictional forces due to the movement of the ion in the
solvent.

o In the derivation of the electrophoretic effect Stokes’ Law was assumed to hold. There are
problems with this assumption, but Onsager showed that it was not necessary for Stokes’
Law to be strictly applicable in the immediate vicinity of the ion.

o In the first derivation of the relaxation effect the random Brownian motion of the ions in the
solution was ignored, but Onsager modified the theory to take this into account.

e FElectrophoresis and relaxation were taken to be totally independent phenomena, whereas
they are not. As a result the derivation neglected, (i) the effect of the asymmetry of the ionic
atmosphere on the electrophoretic effect, and (ii) the effect of electrophoresis on the
movement of the ion in an asymmetrical ionic distribution. These are ‘cross terms’
described below.

e ‘Cross term’ due to (i): An applied external field has an indirect effect on the solvent through
the ions. The force exerted on the moving central ion by the solvent in between the ions
of the ionic atmosphere is dependent on the ionic distribution in the ionic atmosphere.
Hence the interaction between the ions and the solvent will be determined by the interac-
tions between the ions themselves. If the symmetrical distribution is perturbed by the
externally applied field this will have an effect on the interactions between an ion and the
solvent, and this will result in an additional solvent flow about the ion. For a calculation of
the electrophoretic effect this asymmetry should be considered, but in this derivation it is
not and it is assumed that the symmetrical distribution given by Equation (12.3) can be used.
This added effect is considered in more advanced treatments (see Section 12.10).

e ‘Cross term’ due to (ii): The central ion of the asymmetric distribution is affected by the
movement of the solvent around it due to the electrophoretic effect. Since any ion in the
ionic atmosphere can be considered to be a central reference ion, the electrophoretic effect
will affect all the ions. Because there are interactions between the ions and the solvent
molecules, this will alter the asymmetry of the ionic atmosphere which would be set up due
to relaxation in the absence of the electrophoretic effect. This has the consequence of an
added perturbation on the asymmetry. For a calculation of the relaxation effect this extra
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perturbation should be considered, but in this derivation it is not though in more advanced
theories it is included (see Section 12.10).

e Because of the complex mathematics involved, in the Debye-Hiickel-Onsager derivation
the asymmetrical distribution is approximated to the symmetrical form in the final stages
of the calculation. This must not be taken to mean that the perturbation due to asymmetry
has been ignored. This perturbation is considered in more detail in more advanced treat-
ments (see Section 12.10).

e In the derivation, the treatment is simplified by assuming that @ is very small so that
(1 4 xa) is very nearly unity and this restricts the resulting conductance equation to very
low concentrations, e.g. to xa = 0.03, which for a 1-1 electrolyte corresponds to a
concentration of around 1 x 10~>moldm ™, and to progressively lower concentrations as
the charge type increases. Furthermore, the fact that this approximation is made means that
€@ is also very nearly unity. This means, in effect, that Equation 10.3 is approximated to

Zje —Kr
a 4dmege,
charges, a statement which must not be taken literally. If the charges were indeed point
charges oppositely charged ions would stick together.

. This approximation is often described as taking the ions to be point

Using these assumptions the derivation can be given in Section 12.4.

12.4 A simple treatment of the derivation of the Debye-Hiickel-
Onsager equation 1927 for symmetrical electrolytes

12.4.1 Step 1 Stating the problem
The aim is to calculate:

the dependence of the ionic molar conductivities and the molar conductivity
as a function of concentration for a symmetrical electrolyte.

This is done by calculating:

o the contribution at infinite dilution resulting from a balance of the effects of the field

and the frictional force of the solvent on the moving ion;
¢ the negative contribution due to the electrophoretic effect;

¢ and the negative contribution due to the relaxation effect.

12.4.2 Step 2 The contribution at infinite dilution resulting from a balance
of the effects of the field and the frictional force on the moving ion

Here the effects of non-ideality can be ignored and the behaviour of the moving central j-ion is
not modified by the presence of the other ions. Stokes’ Law is used here. This states that a
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macroscopic sphere of radius a moving with a velocity, v, through a continuous medium
experiences a retarding force equal to 6manv, where 7 is the viscosity of the medium. It is
known that the law is inadequate for small spheres such as ions. Onsager, however, showed
that for the derivation it is not necessary for Stokes’ Law to be strictly applicable in the
immediate vicinity of the moving ion. Also the solvent is not a continuum, and in the
immediate vicinity of ions it will be modified by the presence of the ions. This effect will,
however, become small at infinite dilution.

When there is an external field, the force acting on the moving central reference j-ion due to
this field will be balanced by the frictional force experienced by the ion as it moves through the
solvent. Since infinite dilution corresponds to ideality, there will be no extra forces on the ion
due to relaxation and electrophoresis.

The frictional force due to the solvent is given by

f= 6n;nvj (12.4)

where a/2 is the radius of the moving ion.
This frictional force must balance the force due to the external field so that the ion moves
with a constant velocity, v;, i.e.:

6m 5y, = 5eX (12.5)
v = Z"e& (12.6)
61—
71:211
= aconstant x X (12.7)
= uX (12.8)
wy =2 (12.9)
61—
7'[211

where u; is the mobility of the ion (see Section 11.17).
At infinite dilution corresponding to the ideal solution where relaxation and electrophoresis
are not relevant

vy = u)X (12.10)

where ujo is the mobility of the ion under ideal conditions.

12.4.3 Step 3 The contribution from the electrophoretic effect

This is a contribution operative at finite concentrations where the effects of non-ideality
appear. Electrophoresis manifests itself as a result of the existence of the ionic atmosphere.
Calculation of the electrophoretic effect, therefore, relates to non-ideal conditions. Because of
electrophoresis, solvent molecules are pulled along by the ions of opposite sign to the central
reference ion in the opposite direction to that of the moving central ion. This causes a change
in the velocity of the central ion from that which results from the movement of the ion through
the solvent under ideal conditions (see Step 2). The theory calculates this change in velocity.
The change in velocity as a result of electrophoresis will be influenced by all the ions of the
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ionic atmosphere and this is described by the distribution function for the ionic atmosphere.
This has been calculated by the Debye-Hiickel theory and is given by Equation 10.28. But for
ease of calculation the theory is limited to concentrations where ka is small compared with
unity and 1 + xa can be approximated to unity and ¢ also approximates to 1.

The change in velocity of the ion under the action of the modified force due to electro-
phoresis is Av; and the theory gives this as:

Xzjex

A
" 671y

j (12.11)
Since the electrophoretic effect manifests itself as a modified viscous drag on the ion by the
solvent, the force on the ion due to electrophoresis can be given by Stokes’ Law. The change in
velocity Av; can then be given in terms of the two Stokes’ Law terms one for the viscous drag
due to the solvent in the absence of electrophoresis, and the other due to the modified viscous

drag resulting from electrophoresis.

a a a a
6n11§vj - 6nn§y; = 671115(\1]- —V) = 67t11§AVj (12.12)
1
involves the involves the calculated
velocity, in velocitywhen in Step 3
absence of electrophoresis

electrophoresis  is considered
Av; has been calculated by theory, and is given by Equation 12.11 and so:

aXzjex a
ARG _ enlx 12.13
26m 2 (12.13)

the force due to electrophoresis = 6m7§Avj = 67y

12.4.4 Step 4 The contribution from the relaxation effect

This involves considerably more intractable mathematics and again only the final result will be
given. The calculation again assumes xa to be small compared with unity, and the approximate

Z]e —Kr
drege,
distribution 1//]/ The change in the field due to the relaxation effect is then AXiejaxation =
—(81#} /0x) where npj’. is the perturbed potential and the component of the field is in the x
direction which is taken as the direction in which the central ion is moving. Once this has been
done this approximate perturbed distribution is used to calculate the resulting force on the
central moving ion.

The main problem lies in calculating the perturbation. This is done by integrating an
expression called ‘the continuity equation’. This is a fundamental equation involving the
velocities with which the ions move under the influence of the perturbed asymmetric field and
is a fundamental and important aspect of later theories (see Section 12.10).

Calculations are for symmetrical electrolytes, and so the resulting theory is restricted to
symmetrical electrolytes.

symmetrical distribution, y; = , is used to calculate a first approximate perturbed

2 2
e“ziex ZjX (12.14)
6 X 4nege kT 1 4 /1/2

The relaxation force =
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12.4.5 Step 5 The final step in arriving at the conductance equation
for symmetrical electrolytes

The force on the moving central j-ion due to the external field under ideal conditions is z;eX.
The effective force on the moving central ion once the electrophoretic and relaxation effects
are taken into consideration will be:

X d X Z; <K ! X
eX — ziek =X — X

& Gy 6 X 4meoeckT ~ 1+ \/1/2
Since the ion moves at a constant velocity, this force will be balanced by the viscous drag on
the ion exerted by the solvent irrespective of the effects of the ionic atmosphere and is given by
Stokes Law as

(12.15)

6nngvj = 6nngqu (12.16)
o o 3.3
a a ek 1
L6y = zjeX — gjek = X — —2 X 12.17
TRV = G TG T 6 X Amae kT 1+ /12 (12.17)
Divide by 6ngn = 3nan (12.18)
_zieX  zexX ZJ3€3K X (12.19)

7 3man T 6mn 6 x 4 x 3mPnacoskT (14 /1/2)

Divide by X and replace v;/X by u;

ze  zex ze’x 1
= J (12.20)
"7 3nan 6my 6 x 4 x 3nnasyekT (1++/1/2)
At infinite dilution the electrophoretic and relaxation effects drop out giving
0o_ _%¢€
=) = 12.21
uj u] 37'[60111 ( )
And for finite concentrations it follows that
3,3
. e’k 1
= — I J (12.22)

To6mp 6x4x 37[21’]21808rkT(1 +/1/)2)

The terms in the mobility can be expressed in terms of the ionic molar conductivities, since
/j = zjFu; see Section 11.17, and so multiplying throughout by z;F gives:

I L ge kK ! (12.23)
Gty = Zi'u; 6mn 6 x 4 x 3n?nacoekT (1 4+ 1/1/2) '
Replacing the terms zje/3man in the final term by ujo gives:
2 3,250
7zFek ze“Fxu; 1
o Fu = z.F, 0_ % _ J J 12.24
gjrup = Zil'u; 67y 6 x4 x naoarkT(l +4/1/2) ( )
2 2,270
z7Fex  z7e“Ki; 1
Jo= 0l i J (12.25)

TN 6my 24meoekT (14 1/1/2)
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Sections 10.6.10 and 10.6.11 give an expression for k2 (Equations 10.36 to 10.39):

2 2
2 € 2 € 2

= Z=— N 7t 12.26

* eoekT ; "% eoerkT ; % ( )

T

Substituting this expression and carrying out the necessary algebra results in an expression of
the form:

Aj =2} —[d" + b'AJ], /v for the j-ion, and (12.27)

di =7 — [d + b2\ /& for the i-ion (12.28)
Since the derivation deals with a symmetrical electrolyte only:

A=2i+ )”J = (}:) + )V;)> - [261/ + b/()“? + )‘;))] V Cactual = A° — [Cl + bAO]\/Eaclual (1229)

This is often written in the form:
A= A" — S\/Coctul (12.30)
where S = a + bA° (12.31)

e ¢ is a constant dependent on temperature, relative permittivity and viscosity, and takes
account of electrophoresis;

e b depends on the temperature and the relative permittivity only, and takes account of
relaxation.

Equation (12.30) is reminiscent of the empirically determined equation describing the effect
of concentration on the molar conductivity where:

A = A° — constanty/Csoicn (12.32)

Pay particular attention: the concentration which appears in theoretical expressions for the
ionic molar conductivities of ions and the molar conductivity of an electrolyte is an actual
concentration and not the stoichiometric concentration which is used in the expression for the
molar conductivity, A = x/cgoich and which is used in experimental work.

For aqueous solutions at 25°C, on the basis that &, = 78.46, = 8.903 x 1074 kg m sl
a and b take the values:

a =7 x60.58S cm?mol¥2dm’/?

b =2 x 0.2293 mol~"/2dm>?

Although there is a considerable amount of algebra involved in the complete derivation, the
basic concepts involved are simple, viz.:
the force on the moving central j-ion due to the field
= force on the moving central j-ion due to the field at infinite dilution
— the retarding electrophoretic force — the retarding relaxation force
which reduces to a form giving the molar conductivity of a solution in terms of the molar
conductivity at infinite dilution and the square root of the actual concentration of the electrolyte.
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The expressions used in the Debye-Hiickel-Onsager equation for the electrophoretic and
relaxation effects are simple in algebraic form, viz.:

Electrophoretic force = zjex gX (12.13)

gex 1
X X
6 X dnepe kT 1 + 4 /1/2

But the actual derivation of these expressions is very decidedly not simple. They are also very
approximate in so far as they involve considerable approximations as outlined in Section
12.3.1.

Because of the assumptions and approximations made in the derivation, and in particular

Relaxation force = (12.14)

—Kr Ka —Kr

zje e

zje
J rather than y; = e
drege, drege, 1 + Kka

only be accurate under circumstances where ¢“* = 1 and 1 4 xa = 1 which can only be in
very dilute solutions where non-ideality can be ignored.

e .
the use of /; = ——, this means that the theory can
r

12.5 The Fuoss-Onsager equation 1932

This treatment is only slightly more physically realistic than the 1927 equation outlined above.
The improvement lies in the use of the non-approximate form of the truncated Debye-Hiickel
expressions in the derivation of the electrophoretic effect, i.e. they used:

Zje elC[l —Kr

e

J 471?8()81- 1+ Ka r

rather than the expression

Zje efKr

I Amege, 1
for the symmetrical distribution of the ionic atmosphere.

The relaxation term was calculated as in the earlier theory with electrophoresis and
relaxation being treated independently. Other severe approximations were made in the
treatments of the electrophoretic and relaxation effects, but this was done for mathematical
ease. This resulted in a (1 + /c) term in the denominator.

Theoretically this treatment represents a very primitive approach, but this merely reflects
the complexity of the mathematics which is involved in translating the statement of the
physical model into the mathematical framework of the derivation.

The 35 years of work which went into producing the second modified 1957 Fuoss-Onsager
equation did not represent any alteration or improvement on the model, it merely allowed for a
few less approximations to be made to the mathematical framework and derivation. However,
these did represent a considerable advance on the physically unrealistic approximations in the
earlier 1927 and 1932 equations.

12.6 Use of the Debye-Hiickel-Onsager equation for
symmetrical strong electrolytes which are fully dissociated

This equation only holds at low concentrations, where the solution approximates to ideality. At
higher concentrations deviations are expected to appear, and these will become greater the
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greater the non-ideality. For an unassociated electrolyte where cacrual = Cstoich the theory predicts
that a plot of A vs. \/c;., should be linear with slope = a + bA° and intercept = A°. The
approximations made in the theory corresponding to taking ¢“* = 1 and to 1 + xa = 1 limit the
range of applicability to ka < around 0.03 which for a 1-1 electrolyte corresponds to an ionic
strength of < 1 x 103 mol dm~>, and to progressively lower concentrations for higher charge
types. The equation thus corresponds to very low concentrations as prescribed by the highly
approximate model chosen. It is likely to hold over the same range of concentration as the
Debye-Hiickel limiting law since both are based on the same approximations regarding the ionic
atmosphere, and both are limiting laws.
Three important points must be made:

e when testing the validity of this law both of the following predictions must be satisfied
simultaneously,

e the graph must be linear;
e and it must have slope = a + bA” where a and b take specified values.

e The Debye-Hiickel-Onsager equation is a limiting slope only and holds rigorously only at
zero concentration — a consequence of the highly approximate treatment of the model
chosen. The Debye-Hiickel-Onsager equation is a straight line and is the limiting tangent
to the conductance curve. It is not the equation of the conductance curve. In the same
way, the Debye-Hiickel limiting law is the limiting tangent to the graph of logy,, vs. v/I.

Care must be taken when testing this theory against experimental data. Experimental data
are presented in terms of Agpsg Vvalues based on the stoichiometric concentration, viz.
A = K/cgoich, and these Agpevg are then plotted against /cgoich. The theoretical equation is
based on actual concentrations, being:

A=A —[a+bA)Vepa = A° — S\/Coctual (12.29 and 12.30)
where S = a + bA° (12.31)

12.6.1 Assessment of experimental results for 1-1, 1-2 and 1-3 electrolytes
in concentration ranges where they are expected to be fully dissociated

There are no problems when considering 1-1 electrolytes. These are expected to be fully
dissociated into ions over the range of the low concentrations for which the expression is expected
to be valid. Under these conditions the actual concentration of free ions is equal to the stoichiometric
concentration and so the experimental Agyea VS. /Cswoich can be compared directly with the
theoretical equation. For the range of concentrations for which the theory is expected to be valid,
the Debye-Hiickel-Onsager equation is very closely obeyed by 1-1 electrolytes which are fully
dissociated. Problems arise for 1—1 strong electrolytes at concentrations above 1 x 10~ mol dm >
when non-linearity sets in and the Agpsq approach the limiting slope from above.

Data for 1-2 and 1-3 electrolytes which are unassociated at concentrations
< 1 x 107> mol dm ™ also appear to fit the Debye-Hiickel-Onsager equation up to concen-
trations < 1 x 10> moldm™> but at higher concentrations some of these electrolytes
approach the limiting slope from above, but others approach it from below.
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The apparent close fit to the Debye-Hiickel-Onsager equations at low concentrations has to
be reassessed in the light of the cross-over predicted by the later Fuoss-Onsager 1957 equation
(see Section 12.10.2).

When the Agysvg approach the limiting slope from above this is due to the approximations made
in the derivation of the conductance equation. Empirical corrections (see Section 12.8) have been
made which postulate higher order terms to be necessary, viz. terms in ¢, cloge and ¢ with the
coefficients of these terms being determined experimentally. But an explanation of this behaviour
had to wait until the Fuoss-Onsager equation of 1957 had been formulated (see Section 12.10).

Other workers have looked at typical 2-2 electrolytes at concentrations as low as
1 x 10~ mol dm ™ and found that the data fit the Debye-Hiickel-Onsager slope up to around
1 x 107> moldm 3. At higher concentrations the observed conductance curve approaches the
limiting slope from below, clear evidence of the expected ion association found in typical 2—-2
electrolytes (see below).

12.7 Electrolytes showing ion pairing and weak electrolytes
which are not fully dissociated

For electrolytes which are not fully dissociated highly accurate data should be able to detect
the onset of ion pair formation and, as the concentration increases, significant association is
expected. The higher the charge type the lower the concentration at which association will be
observed. Ton association results in Agpsyg values being lower than expected. For solutions of
weak electrolytes where undissociated molecules are present similar behaviour is observed,
viz. Agpsva Values will approach the limiting law slope from below.

For these electrolytes typical experimental graphs of Agpsva VS. v/Cyoien are shown in
Figure 12.1 and demonstrate that the slopes at various points on the graph are greater than

A

~— Theoretical
~—__ / limiting slope
-~ -~

-~

Tangents
to experimental
curve X

Cstoich

Figure 12.1 A schematic graph of Agpsvg VS. v/Cstoich TOr an associated electrolyte, with the limiting
Debye-Hiickel-Onsager slope drawn in.



12.7 ELECTROLYTES SHOWING ION PAIRING AND WEAK ELECTROLYTES 491

expected theoretically. The net effect of ion association for the strong electrolytes and
incomplete dissociation for typical weak electrolytes is that there are fewer conducting species
present in the solution than would be expected in terms of the stoichiometric concentration
and the assumption of complete dissociation. Where the weak electrolyte is concerned there
will be molecular species present which cannot conduct the current. In symmetrical strong
electrolytes the overall charge of the ion pair will be zero and so the ion pair is not expected to
conduct the current. However, the ion pair will be a dipolar charge separated species which
could still be weakly conducting by virtue of the charge separation. In unsymmetrical
electrolytes the ion pair will be charged, but of lower charge than the sum of the charges of
the individual ions. It will be less conducting, and the molar conductivity would thus be less
than would be expected for no ion association. For both situations, i.e. weak electrolytes and
i0n pairing, Cacral = OCstoich and so the theoretical expression must be converted from one in
terms of actual concentrations, into one in terms of stoichiometric concentrations for a direct
comparison of the experimental graph of Agpevd VS. \/Csioich to be made, i.e. it is reformulated in
terms of the degree of dissociation, o.
The Debye-Hiickel-Onsager equation is:

Aheoretical = A® — (@ + bA)\/Coctual (12.29)

where Atpeoretical = —— = —— = lAc,bserved (12.33)
Cactual ~ XCstoich

.+ Atheoretical = éAobserved (12.34)

and Agbserved = % Atheoretical (12.35)

and the term(a + bA°)\/Cocraal = (a + bA®)\/2Cioicn (12.36)

From this it can be seen that the correct form of the Debye-Hiickel-Onsager equation to be used to
compare with the experimental results is one in which stoichiometric concentrations appear.

Agpservea = 2[A® — (a 4 bA®)\/aCqoien] = oA’ — /% (a + bA®)\/Cooicn (12.37)

This is often written in the abbreviated form:

Agbserved = al (1238)

where A’ = A° — (a + bA®)\/aCsoicn (12.39)
A‘O SEIrves

and o = % (12.40)

The value of o deduced from this equation can be compared with the simple expression
assuming ideality given in Section 11.7, Equation 11.28

AO Serve
= % (12.41)
But from Equation (12.39), A’ < A°
. Aobsvd Aubsvd
ol o (12.42)

Thus the value of o from the equation which makes some attempt to take into account the
asymmetry of the ionic atmosphere in a conducting solution via primitive corrections for the
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electrophoretic and relaxation effects will be larger than that from the equation assuming
ideality.

Equation (12.37) also shows that the greater is the value of «, i.e. the more fully dissociated
either a weak electrolyte or an ion pair is, the greater will be the difference between Agpserved
and «A°. And so calculations determining the degree of dissociation from the conductance
ratio A/A° will always give a value which is too small, with this discrepancy being greater the
more highly ionised the electrolyte. Not surprisingly, this means that the Kjssoc found from the
ratio, A/A°, will be smaller when ideality is assumed than when an attempt is made to account
for non-ideality by using the ratio A/A’.

12.7.1 Calculation of A%, a and Kgissoc for weak electrolytes and ion pairs
using the Debye-Hiickel-Onsager equation

If A° is known independently, & can be obtained for each experimental stoichiometric
concentration by a series of successive approximations using the Debye-Hiickel-Onsager
equation and the known value of A°:

Aobserved = O‘[AO - (a + bAO)\/ ACstoich ]
= aA® — 0ay/oCgoich — 2PN’ \/aCqoich
= aA® — */%a\/Cugien — &>/2bA°\/Cooin (12.43)

A series of successive approximations is required since this equation is a cubic equation in o'/2.

If A is not known, o and A° can both be found from computer fitting to the observed
conductance curve.

Computer fitting to Equation (12.37) is now the standard procedure.

The equilibrium constant is then found from values of o and cyich and values of the mean
activity coefficient of the electrolyte, making sure that . is calculated for each concentration
using an ionic strength based on the actual concentrations. Alternatively a non-ideal K can be
found which is then corrected for non-ideality by plotting log, K vs. vI/(1 4+ v/1).

12.8 Empirical extensions to the Debye-Hiickel-Onsager
1927 equation

When data on electrolytes believed to be fully dissociated at moderate concentrations are

studied, the molar conductivities are too large even though they appear to fit the equation at

low concentrations, i.e. the conductance curve approaches the limiting slope from above.
These anomalies are taken to be a result of the very considerable approximations made in

the theory. Allowances for this were made by empirical extensions such as:

Agbsva = A — Scl/z +A/Cactual - Blczglzual + Cle;

actual actual

- D (12.44)

actual

Another empirical extension suggested that there should be a term such as Dcacua10g, Cactual-
This term will come into prominence in the later theories of Fuoss and Onsager (1957 and
later) and other workers (see Sections 12.10 and 12.17).
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Although the experimental work suggests terms which should be incorporated into the
theoretical equation, it was a further 30 or more years before any detailed theoretical work was
produced. This was a direct result of the complexity of the mathematical problems in setting
up less primitive expressions for the electrophoretic and relaxation effects.

12.9 Modern conductance theories for symmetrical
electrolytes — post 1950

In the early 1950s several workers suggested modifications to the 1927 Debye-Hiickel-Onsager
equation and to the 1932 Fuoss-Onsager equation. All of these modifications allowed for xa

Z]e eKa —Kr

being comparable to unity in the electrophoretic term, i.e. }; = was used in

I Amege, 1 + kG 1
the derivation of the electrophoretic term. This resulted in a (1 + 1/c) term in the denominator,
as in the Fuoss-Onsager 1932 equation. The main thrust of the modifications, however, lay in
developments to the relaxation term. Several of these modified theories fitted with the empiri-
cally determined modifications described in Section 12.8. These will be summarised below:

e Falkenhagen considered a modified distribution function which took account of the finite
size of the ions by recognising that the total space available to the ions is less than the total
volume of the solution. This implicitly means that (1 + ka) is not approximated to unity. A
modified Poisson-Boltzmann equation was thus used in the derivation of the relaxation
effect, but the solution of this modified Poisson-Boltzmann equation was approximated to
the first two terms. These modifications gave higher order terms in c,¢qq Of the type which
had been empirically observed.

e Pitts used an approach in which the Poisson-Boltzmann exponential term was expressed as
a series, but where only a few terms in the exponential were retained though more than in
Debye-Hiickel. This also gave higher order terms in concentration.

e Mirtskhulava also used a similar approach. This involved a complex series expansion which
o0

also included a term of the type | (e™*/x)dx (called a transcendental term) which gives rise

to a clogc term in the conductance equation, as well as the higher order terms in powers of ¢
and ¢'/2. This confirmed the postulate made empirically that any conductance equation
must include a clogc term as well as higher order terms in powers of ¢ and c¢'/2.

In all of these modifications no account was taken of the need to consider cross terms arising
from the effect of relaxation on the electrophoretic effect, and from the effect of electrophor-
esis on relaxation, but they did hint at the form of the conductance theory put forward later by
Fuoss and Onsager.

12.10 Fuoss-Onsager 1957: Conductance equation
for symmetrical electrolytes

There are very good reasons why there was the long delay of 30 years between formulation of
the Debye-Hiickel model, recognition of the necessity to consider the effect of relaxation and
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electrophoresis, and formulation of a more exact theory relating molar conductivity with
concentration.

The physical model is simple, but the mathematics involved is formidable and almost
intractable. The problem does not lie in the numerical aspects of the calculation, but in the
analytical developments of the types of equations which are required to describe
the electrophoretic and relaxation effects and their cross terms. Computing technology
will not help here, unless a model were developed to which molecular dynamics could be
applied.

Because of the mathematical intractability of this conductance theory, it is not easy, and
perhaps impossible, to demonstrate in a short account the cross-linking between the model and
the mathematics. Nor is it possible to give an account of the theory at a level and in the same
detail as that given for the Debye-Hiickel theory in Chapter 10. And so only a brief description
of the theoretical treatment and the results of conductance theory, post 1950, are given.

For theories later than the Fuoss-Onsager 1932 treatment it is useful to express the effects of
electrophoresis, relaxation and other contributions in a form showing how they modify the
external field under which the ions are migrating.

If X is the external field, then this is modified by changes, AX, due to the electrophoretic,
relaxation and other effects which are operating. These changes in X, reduce the effective field
so that the net effective field on the migrating ions is X — AX. Carrying through the argument
given in Appendix 12.1 results in the following equations:

actual i ealX - AX AX
e e C (12.45)
)vaictual _ }vijlealx - AX — /12 (1 _ g) (1246)
X X

where the ideal ionic molar conductivities are written in the conventional manner, 0.

The actual ionic molar conductivity which is a value for situations where non-ideality must
be considered is equal to the ideal molar ionic conductivity at infinite dilution modified by the
term 1 — AX/X. AX is a sum of all the terms which are taken to lead to non-ideality.

If the effects of viscosity on the mobilities of the ions are included, this results in a term,
(1 + Fegoicn), where F is a constant involving the viscosity. The equations are then modified
as:

, actus ideat X — AX AX
P2 (T + Fegoien) = 294 — = 2 (1 — 7) (12.47)
ideat X — AX AX
— + CSIOiCh = —_ - v /- - Ty .
/laclual 1 F ildeal ;0 1 12 48
X X
AX, laxati AX, 1 horeti AX iz
;L+(1 + chloich) _ /1(_)‘_ 1— reX axation eec;r;)p oretic B}r;wman
AX cross term for effect of AX  cross term for effect of
relaxation on electrophoresis electrophoresis on relaxation ] (12 49)
X X '

A similar equation describes the effects of non-ideality on the limiting ionic molar
conductivity, lg, for the case where the central reference ion is an anion.
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20 AAxrelaxation A)(electrophorelic AXBrownizm
l,(l + chtoich) = A_ |:1 - - -

X X X
12.50
AX cross temfor effect of AX  cross term for effect of ( )
_ relaxation on electrophoresis _ electrophoresis on relaxation
X X
The equation for the molar conductivity for a symmetrical electrolyte is:
A o A() AXrelaxation AXelectrophoretic AXBrownian
(1 +chtoich) - 11— - -
X X X
12.51
AX cross term for effect of AX cross term for effect of ( )
_ on electrophoresis p is on relaxati
X X

i AXrelaxation

In the calculation, the term 1 + ka is retained and so the finite size of the ions is taken account
of, in contrast to the previous theories where this term was approximated to unity. The perturbed
distribution of the ionic atmosphere is made up of the unperturbed distribution given by the
Ka —Kr
Debye-Hiickel distribution truncated to two terms, i.e. {; = 2 be ¢ —~—— and a term for
nege, 1 +xa r
the perturbation. This perturbation can be described by a complex equation involving integrals
(called the equation of continuity), which can be solved by a series of successive approxima-
tions to obtain the best possible approximation to the perturbation. This contributes to the ¢’

. . . . 32 2 52
term and also leads to higher order terms in the concentration, viz., ¢, ¢ / .o, " etc. and to

oo
transcendental terms, i.e. [ (¢7*/x)dx. These transcendental terms give rise to logarithmic
X

terms in the conductance equation. Once the perturbation of the ionic atmosphere has been
found, the force under which the central ion moves can be found and this, in turn, will lead to
AXrelaxation .

o AXe]ectrophoresis

Again the 1 + xa term is retained and the truncated form of the Debye-Hiickel distribution in
its unperturbed form is used throughout the calculation. From this and a knowledge of the
velocity of the ions in the ionic atmosphere, the resulting viscous force on the central reference
ion can be calculated. However, in this derivation the integrations involved are taken further
than the leading term, in contrast to the earlier theories where only the leading term was used.
This again contributes to the ¢'/* term and also leads to higher order terms and transcendental
terms. This viscous force has an effect which is equivalent to a modification of the field.

L4 A)(Brownian

This is a modification of the Brownian diffusive motion of the ions in the solution. Because of
non-ideality and its description in terms of the ionic atmosphere it has been shown (see Section
12.1), that, if the central reference ion is a cation, then there is a deficit of negative ions in front
of the ion and an excess of negative ions behind. This means that the probability of the central
reference cation colliding with a negative ion is greater behind the cation than in front. This
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effect is equivalent to a small force which acts in the direction of the external field and in
the direction in which the cation is moving. This will result in a small increase in the velocity of
the central reference cation. A similar effect would occur if the central ion were an anion.

[ ] AX cross terms for effect of

relaxation on electrophoresis
The AXeicetrophoresis Was worked out using an unperturbed distribution, but it should
have involved a perturbed distribution. When this is done it gives rise to transcendental terms

and to higher order terms in c, but starting with c, P 2, cz, > etc. It does not contribute to the

term in ¢'2.

® AX crossterms foreffectof

electrophoresis on relaxation
The fact that a correction has to be made to account for the effect of asymmetry of the ionic
atmosphere on electrophoresis means that this correction will imply an alteration of the
perturbed field used in AXiejaxation- When this is done it gives rise to transcendental terms
and to higher order terms in c, but starting with c, ", 2, ¢¥? etc. It does not contribute to the

term in ¢!/,

Pay particular note: the direct effect of considering both relaxation, AXielaxation, and elec-
trophoresis, AXelectmphmsis, contributes a term in ¢'?, i.e. they give the S+/c term in the Debye-
Hiickel-Onsager equation. When the effects of the cross terms are considered they have no
term in ¢'’? and thus do not contribute to the S+/c term. But all five corrections contribute to the
other terms in the final Fuoss-Onsager equation.

The formulation of these modifications to the external field are complex and lengthy and lie
in the field of highly advanced mathematics, but eventually they are resolved into the Fuoss-
Onsager equation for unassociated symmetrical electrolytes:

A=A~ S\/ Cactual + (EIAO - 2E2)Caclua110gcactual + JiCactual + JZCzc/éal - FAOCactual
(12.52)

in which one subsequent correction to the equation of 1957 has been incorporated, viz., this
equation has the term 2E, whereas the original published version had the term E,. This is
mentioned so as to avoid confusion for students if this equation is compared with the original
Fuoss-Onsager equation where the logarithmic term was wrongly given as
(El AO - E2)Cactuallogcactual-

Also take note: the base for the logarithmic term in Equation (12.52) is not specified, This is
because the Fuoss-Onsager equation (Equation 12.52) can be quoted in terms of log; or log..
This will affect the expression for Ey, E,, J1, J», and their values (see Appendix 2, Table 12.3).

The first two terms on the right hand side of the equation give the Debye-Hiickel-Onsager
limiting law equation:

e Sisa function of &, #, T and results from terms of the order of ciéfuul in the electrophoretic
and relaxation terms.

e F; is a function of &, T, and it arises from terms to the order of cacrallOgCacual in the
expression for the relaxation effect and the cross terms for the effect of relaxation on
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electrophoresis and the effect of electrophoresis on relaxation. The term 2E, arises from
electrophoresis and the cross terms. These include all terms up to the order of
Cactuallogcactual .

3/2

e The term, J|Cycrual, and the higher order terms, chac/mal, arise from higher terms in electro-

phoresis and for relaxation and are complex functions of ¢, 7, T, a.

e The term in FA%c,qq is the effect of the viscosity on the ionic mobilities. It can either be
calculated, or can be found from studies on the viscosity of solutions of the electrolyte at
various concentrations.

e Throughout bulk &, 77,are used even though this is an approximation.

The equation is often written in the form where the viscosity term is subsumed into A:

A=A — Sv/Cactual + (EIAO - 2E2)Cactua1]0gcaclual + J1Cactual + chiélzua] (1253>

though, if viscosity data are available which will give a value of the hydrodynamic radius, R,
which appears in the expression, F = aconstant x R, and if A° is known, this term can be
included.

The Fuoss-Onsager equation is also often used in the more approximate form:

A= AO - S\/ Cactual T (EIAO - 2E2)Cuctua110gcaclual + quctual (1254)

The constants which appear are of the form given above, and the numerical values of the
constants for 25° C are given in Appendix 2, Table 12.3.

It can be seen that this treatment gives a theoretical justification for the empirical correc-
tions given in Section 12.8 to the 1927 Debye-Hiickel-Onsager and the 1932 Fuoss-Onsager
equations. The denominator (1 + /c,.,,) in the 1932 Fuoss-Onsager equation is now
incorporated in higher order terms in c, i.e. in the terms:

(E (A0 — 2F5) Cactuall0€Cactual + JCacuar + higher terms in ¢, — F A°Ccruat (12.55)

If the treatment is restricted to very low concentrations these higher terms drop out and the
equation reduces to the simple Debye-Hiickel-Onsager equation:

A=A — Sv/Cactual (1230)

The concentration which appears in the equation is the actual concentration of the ions. If
the electrolyte is assumed to be completely unassociated, e.g. many 1—1 electrolytes, then the
actual concentration can be replaced by the stoichiometric concentration.

The Fuoss-Onsager equation provides a good description of the effects of non-ideality for
concentrations up to ca. 4 x 10~>moldm > for 1-1 electrolytes, to ca. 1 x 102 moldm >
for 2—2 electrolytes and to ca. 4 x 10~ mol dm > for 3-3 electrolytes, provided that there is no
association. If there is association considerable negative deviations are observed. One of the
main difficulties in testing the Fuoss-Onsager equation for the higher charge types has been the
lack of 2-2 and 3-3 unassociated electrolytes. Most 2-2 electrolytes are associated even at low
concentrations, though divalent cation salts of disulphonic acids and trivalent cation salts of
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naphthalenetrisulphonic acid have been shown to be unassociated over a considerable range of
concentrations and these have been used to test the general validity of the equation for these
higher charge types.

Fuoss and Onsager subsequently modified their treatment to account for association (see
Section 12.12).

For a given solvent at a fixed temperature and making the approximations for ¢, and  given
above, the equation reduces to one in terms of the concentration, A° and & and so is an equation
in two unknowns. However, it is not possible to solve the equation as a simultaneous equation
in the two unknowns using values of A at two concentrations. This is because of the
complexity of the functional form of the Fuoss-Onsager equation.

12.10.1 Use of the Fuoss-Onsager equation to determine A° and a

Modern studies use computer fitting of experimental data to the 1957 Fuoss-Onsager equation,
from which values of A, S and E; A° — 2E, and J can be found.

The value of J can be then compared with the theoretical values of J calculated for various
assumed values of @ using the expression for J in terms of a given previously. The value of a
which gives the calculated value of J closest to the experimentally determined J is taken to be
the ‘true’ value of . This value can then be compared with the value found from A° using
Stokes’ Law arguments, the Debye-Hiickel theory and with the appropriate crystallographic
radii.

Data given at the time of publication of the Fuoss-Onsager equation showed that, for small
ion 1-1 electrolytes which are unassociated, the theory copes extremely well even if the
higher terms in ¢, e.g. ¢*/2, are omitted. The values of & found in this way suggest that, at the
distance of closest approach, the bare ions are in contact with all solvent having been expelled.
However, this was for simple alkali halides, and for bigger and more complex ions this need
not necessarily be the case. This is to be contrasted with diffraction data on 1-1 electrolytes
which indicates 6 H,O as nearest neighbours, and suggests that different methods measure
different things (see Section 13.9 and 13.14).

The conclusion from the early work was that the equation was as successful as the Debye-
Hiickel theory relating to mean ionic activity coefficients was in coping with the effects of
non-ideality in solutions of electrolytes.

12.10.2 Implications of the Fuoss-Onsager equation for unassociated
symmetrical electrolytes

For 2-2 and 3-3 electrolytes in which there is no ion association, the graphs of Agpsya VS. 1/c lie
above the Debye-Hiickel-Onsager limiting slope at sufficiently high cgicn but then cross over
this line as cg;ich 1S decreased. Thereafter the graph approaches the limiting slope from below.
This is a direct consequence of the (E; A° — 2E5 ) Cst0ich10€Cstoich and Jegieh terms in the Fuoss-
Onsager equation. Over the range of concentrations for which the equation is valid
(E A0 — 2FE5 ) Cst0ich10€Cst0ich 18 always negative while Jegoich is positive. For these higher charge
types, the (E; A — 2E5)Cstoich10€Csto0ich term is dominant at very low values of cgoich but is more
than compensated by the Jegich term at higher cgich. If the Fuoss-Onsager equation is taken to
be a good description of the conductance data, then the graph of Agpsyg Vs. /¢ will cross over
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the limiting slope when:

(EIAO - 2E2)Cstoich10gcstoich + JCsloich =0 (1256)
and the value of the concentration at which this cross-over occurs is given by:
J
1Ogcsloich = - E]iAO —2E, (1257)

The value of cyich at which this occurs is characteristic of the electrolyte. This is because both
E1A° —2E, and J depend on A° while J is a function of &, the ion size parameter (see
Table 12.3). Both A and & are characteristic of the electrolyte.

For 1-1 electrolytes, the concentration at which the cross-over occurs is sufficiently low
that, even with very high precision measurements, such behaviour would probably just be
barely detectable.

Typical values at which the cross-over would be expected to occur are:

1-1 electrolytes: concentration of the order of 10~* mol dm— and would require an experi-
mental accuracy of 0.003% to detect.

2-2 electrolytes: concentration of the order of 10~ mol dm>.

3-3 electrolytes: concentration of the order of 1073 mol dm™>.

Cross-over points for both 2—2 and 3-3 electrolytes should be easily and precisely detected
with accurate experimental work.

The cross-over can be masked by the onset of ion association which causes the molar
conductivity to become progressively lower than that predicted by an equation which is only
valid for unassociated electrolytes. This explains why even highly accurate data on 2—2 and
3-3 electrolytes rarely show a cross-over point (see Figure 12.2). Only a very few 2-2

Aobserved

2:2 unassociated

2:2 associated

—~——==—— 1:1 unassociated

\ Cstoich

Figure 12.2 Cross-over diagram for a 1-1 and a 2-2 unassociated electrolyte; and a 2-2 associated
electrolyte.
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electrolytes, such as salts of disulphonic acids, have been shown to be unassociated even at
moderate concentrations, and these show the expected cross-over point at the predicted
concentration. Salts of trisulphonic acids are among the few known unassociated 3-3
electrolytes and these also show the predicted cross-over.

Within the range of concentrations for which the Fuoss-Onsager equation is expected to be
valid, this equation accounts well for the effects of non-ideality in solutions of symmetrical
electrolytes in which there is no ion association. It can thus be taken as a base-line for non-
associated electrolytes and any deviations from this predicted behaviour can be taken as
evidence of ion association (see Section 12.12).

12.11 A simple illustration of the effects of ion association
on experimental conductance curves

The Fuoss-Onsager equation gives a good approximation to the experimental graphs of A vs.
V/Cswoich for non-associated electrolytes and as such can serve as a base line for the behaviour of
unassociated electrolytes. Any deviations from this predicted behaviour can be taken as
evidence of ion association. This can be illustrated by experiments on the conductance of
aqueous solutions of MgSO,.

A is known accurately for MgSO4(aq) and is equal to 266.1 S cm?mol .

A=A — S\/ Cactual + (EIAO - 2E2)Cactua110gcactual + JCactual (1254)

Values of S, E = (E;A° — 2E;) and J can be calculated for MgSO, solutions and predicted
values of Apredgictea are calculated using the Fuoss-Onsager equation assuming that MgSO,(aq)
is completely dissociated into Mg>* (aq) and SOi_ (aq) i-e. Cactual = Cstoich- A graph of these
predicted values, Apredicted VS- 1/Cstoich» gives the graph which would be expected if MgSO, (aq)
were present entirely in solution as free Mg”" (aq) and SO3 ™ (aq). The experimental graph of
Agbsvd VS. y/Cstoich can be drawn on the same diagram (see Figure 12.3). Any deviation of Agpsyq
from Apredicled is interpreted as arising from formation of the overall uncharged
Mg?"S0O7 (aq) ion pairs.
Mg** (aq) + SO~ (aq) = Mg**SO; ™ (aq)

The deviations of the observed molar conductivities from those which would be found if there
were no ion association are given by the vertical distances marked on the diagram. It can be seen
that there is a quite marked decrease in the molar conductivity from values expected for complete
dissociation. Furthermore, the deviations become larger as the concentration increases. This is in
keeping with the increase in the fraction associated as the concentration increases.

12.12 The Fuoss-Onsager equation for associated electrolytes

The 1957 Fuoss-Onsager equation can be adapted to take account of association of ions to
form ion pairs and to account for incomplete dissociation of weak electrolytes. Chemically
these are two different types of situation, but physically they are the same, viz. some of the
ions are removed from solution by formation of ion pairs, or by formation of undissociated
molecular species. The physical manifestation is that not all of the solute will be able to
conduct the current, and so the observed conductance will be lower than that predicted by the
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Figure 12.3 Schematic graphs of Agpsvd V5. v/Cstoich and Apredicted VS. 1/Cstoich Tor MgS04(aq). Vertical
distances between the curves show deviations from predicted behaviour due to ion association.

Fuoss-Onsager 1957 equation. Fuoss later modified his treatment to include the possibility
that some ion pairs are conducting (see Section 12.17).

The equation for fully dissociated electrolytes in compact form and ignoring higher order
terms is:

Atheoretical = AO - S\/ Cactual T (EIAO - 2E2)Cactuallogcactual 4 JCactual (1254>

If removal of ions from the solution of electrolyte at a stoichiometric concentration, Cgyjich
occurs then:

Aobserved = 0 Atheoretical = OC[AO - S\/ Cactual + (EIAO - EZ)CactuallOgcactual + Jcaclual] (1255>

where « is the fraction of the electrolyte present as ions and able to conduct the current. This
equation can also be written in terms of Kygociation rather than o. The equilibrium constant
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appearing in the equation for an associated electrolyte is an association constant for removal of
the ions from solution rather than the conventional dissociation constant describing the
formation of ions from either a weak electrolyte or an ion pair, e.g.

e For the weak acid, HA, for which the self ionisation of water can be ignored, the fraction of
the weak acid dissociated to ions can be described as:

HA(aq) + HO(1)== H30" (aq) + A (aq)

2.2 2
0" Cgioi 0” Cstoich
K — stoich stoic 12.56

dissociation — (1 — “)Cstoich - (1 — OC) ( )

The expression for formation of the weak acid, Kyssociation, €an also be written in terms of the
fraction dissociated, o.
1 1 —o
Kassocialion = = ( 1 257)

Kdissociation azcstoich

e For the case of ion association again the fraction of the ion pairs converted to free ions can
be described as:

MX(aq) == M"" (aq) + X"~ (aq)

and again the expression for association of the ions to the ion pair can be written in terms of the
fraction associated, .
1 (1 —a)
Kassocialion = = ( 1258)

. L N2
Kdlss0c1at10n " Cstoich

e From these definitions and Equation (12.55), it can be shown that:

0
Agbserved = A7 — S\/ Cactual T Ecactuallogcactual + Jcacwal — KassociationCactual Aobserved = =« * * -

Although this form of the conductance equation is very useful for theoreticians, it is not
useful for the experimentalist because o, Kyssociation aNd Cacruar are unknown. It is, therefore,
better to express the equation in terms of the known stoichiometric concentrations making it
then more directly comparable to the experimental data. Carrying through some complex
algebra and dropping some higher order terms leads to:

0
Aobserved == A - S\/ Cstoich + Ecstoichlogcsloich + Jcstoich - KassociationCstoichAobserved """

It may seem surprising that these two forms of the conductance equation for associated
electrolytes are so similar. There is, however, no mistake here. Neither equation is exact, and
the difference between the two equations is of the order of terms such as ¢/2 or ¢*/?loge which
are omitted in both. Because of this, the equation in terms of the stoichiometric concentration
should only be used to obtain first approximate values of A, Kyssociation OF its equivalent values
of o at various stoichiometric concentrations and J which will allow determination of a.

Thereafter the equation in terms of c,ca Should be used to determine A°, J, Kassociation and .
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This is an equation in three unknowns A°, Kossociation and a. The distance of closest approach
comes in through the J terms which include the term a. And so, experiment can determine all
three quantities from a series of experimental observations of Agpservea at various stoichio-
metric concentrations.

12.12.1 Determination of A°, Kssociation and @ using the Fuoss-Onsager
equation for associated electrolytes

Modern methods use computer fitting of experimental data to the conductance curve. How-
ever, there are hidden dangers here for the student since computer fitting does not lend itself to
developing an understanding of the physical principles involved in the setting up of the
conductance equation and its solution. Furthermore, more than one set of A%, Kysociation and &
may fit the data.

12.13 Range of applicability of Fuoss-Onsager 1957
conductance equation for symmetrical electrolytes

Fuoss has stressed that his equations can only be legitimately applied for concentration ranges
where ki < 0.2. This corresponds to approximately 4 x 10~2mol dm > for 1-1 electrolytes,
1 x 1072moldm 2 for 22 electrolytes and 4 x 10> moldm > for 3-3 electrolytes. The
theory also only applies to symmetrical electrolytes, though later workers were able to obtain
expressions for unsymmetrical electrolytes. These are much more complex than that of Fuoss
and Onsager.

The restriction to these concentrations is partly mathematical and partly physical.

e The mathematical restriction results from the complicated functions which result from the
integrations involved in setting up expressions for the various AX /X used to account for
non-ideality. These functions were given as a series expansion where, because of mathe-
matical complexity, it was necessary to neglect terms in concentration of order ¢*/2 or
higher. The errors involved become significant for ka > 0.2. This gives an upper limit
beyond which these approximations would lead to systematic deviations.

e The physical restriction arises from the concept of the ionic atmosphere which is the basic
postulate of the Debye-Hiickel theory. The ions in the ionic atmosphere are not treated as
discrete charges, but are described in terms of a smeared out cloud of charge density. Such a
description is only valid if 1/k is significantly greater then the diameter of an ion, a. The
model of a continuous charge fails when 1/x becomes of the order of the distance of closest
approach, a (see Table 12.4).

The data in Table 12.4 is given in terms of increasing concentrations, where
ka = Ba\/I = Baz,/Cyoien for an unassociated symmetrical electrolyte. From the table it

Table 12.4 Values of 1/x as a function of ka

Ka 0.05 0.1 0.2 0.3 0.5
1/x 20a 10a Sa 3a 2a
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can be seen that 1/k is significantly greater than a only for concentrations less than those
corresponding to ka =~ 0.2. Hence Fuoss’s statement that the theory is only valid for con-
centration regions corresponding to ka < 0.2.

Furthermore if the concept of replacing the discrete ion surrounding a central reference ion

) ) R Ka e "

by a continuous charge cloud fails when xa > 0.2, then use of Y, = ———inthe
7 dmege 1 +ka r

various integrals of the various AX/X terms in the theory will also fail. If, however, the free
ions were assumed to be solvated and this dictated the distance of closest approach, then this
restriction would disappear. More recent work allows this by using the Gurney co-sphere
approach (see Section 12.17).

ge e

12.14 Limitations of the treatment given by the 1957
Fuoss-Onsager conductance equation for symmetrical electrolytes

In many respects it is perverse and verging on the impertinent to criticise this equation when
the following points are considered:

o the complexity of the derivation (a concise abbreviated version runs to around 100 pages);

o the enormous amount of mathematical skills required to solve the equations and the massive
expenditure of time and energy which was required;

e the problems lying in the complexity of the mathematics and in the setting up of the
analytical forms necessary: the whole treatment is an exercise in abstract pure mathematics.

However, despite the sophistication of the mathematics, it is necessary to realise that this is
only a very primitive treatment at the microscopic level.

The properties of the ions and the solvent which are ignored are similar to those ignored in
the Debye-Hiickel treatment. These are very important properties at the microscopic level, but
it would be a thankless task to try to incorporate them into the treatment used in the 1957
equation. Furthermore, Stokes’ Law is used in the equations describing the movement of the
ions. This law applies to the motion of a macroscopic sphere through a structureless
continuous medium. But the ions are microscopic species and the solvent is not structureless
and use of Stokes’ Law is approximate in the extreme. Likewise, the equations describing the
motion also involve the viscosity which is a macroscopic property of the solvent and does not
include any of the important microscopic details of the solvent structure. The macroscopic
relative permittivity also appears in the equation. This is certainly not valid in the vicinity of an
ion because the intense electrical field due to an ion will cause dielectric saturation of the
solvent immediately around the ion. In addition, alteration of the solvent structure by the ion is
an important feature of electrolyte solutions (see Section 13.16). However, solvation is
ignored. As in the Debye-Hiickel treatment the physical meaning of the distance of closest
approach, i.e. a is also open to debate.

It is quite obvious that further modification to this conductance theory to take account of the
shortcomings of the Debye-Hiickel model as outlined would be even less fruitful than similar
attempts on the Debye-Hiickel theory itself.
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However, this must be seen in the context of the considerable impetus and stimulus
which the Fuoss-Onsager treatment of conductance has given to the experimentalist who
has striven to find more and more precise methods with which to test the various theories
outlined. This has resulted in very considerable improvements being made to conduc-
tance apparatus. It has also placed a very detailed emphasis on obtaining precision and
accuracy of the measurements themselves. This has been of considerable import when
making measurements at very low concentrations where the experimental difficulties are
greatest, but where it is important to test the theory in regions where it is expected to be
valid. Such expectations have been vindicated by precision low concentration work
where confidence can be placed in the accuracy of the conductance equation. This is
reminiscent of the impetus to experimentalists after the Debye-Hiickel equation had been
put forward.

Nonetheless, the Fuoss-Onsager 1957 equations for unassociated and associated electro-
Iytes cope with non-ideality extremely well, provided the concentration range is limited to
up to:

e 4 x 1072 moldm 3 for 1-1 electrolytes,
e up to 1 x 1072 moldm? for 22 electrolytes
e and up to 4 x 10~ mol dm~2 for 3-3 electrolytes.

i.e. if the condition is ka < 0.2 and a ~ 0.3 nm

12.15 Manipulation of the 1957 Fuoss-Onsager equation,
and later modifications by Fuoss and other workers

In the period between 1957 and 1978 various modifications and extensions were made to the
Fuoss-Onsager equations for unassociated and associated electrolytes, but there were no major
changes in the model. All that these studies had done was to produce modified conductance
equations.

Comparisons of the various modifications with the Fuoss-Onsager 1957 equation showed
that:

o A appears to be insensitive to the conductance equation being considered and, probably
more significantly, it appeared to be insensitive to the value of Kyg .. This is not
surprising considering the status of A’ as a quantity pertaining to infinite dilution, i.e.
ideal conditions.

e However, the value of K, not only depended on the conductance equation to which the
data was fitted, but also on the value of a.

e This suggests that fitting experimental data to the conductance equation reduces in effect to
finding best fit values of Ky and a.
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e Experiment can thus give the (Kysoc, @) best fit. However, it was found that there was a
range in the values which would give the best fit. This is a problem inherent in the use of
computing techniques for obtaining best fit parameters, and one which the experimenter
must be fully aware of.

e The experimenter must use chemical judgement to decide on a given pair of (Kysoc, @)
values.

Once this is done, it is then possible to use the value of a to find a calculated value of Kgsoc
using the equation describing

e Bjerrum’s ion pair model (see Section 10.12);
e Fuoss’s contact ion pair model (see Section 10.12.6);
e or other modified ion pair models (see Section 10.12.6).

and to see which fits best with the experimental K,s,.. Here the best fit could give clues as to
which ion pair model best fits the data, but see Section 12.17.

12.16 Conductance studies over a range of relative
permittivities

One of the most important studies involves the dependence of the molar conductivity on the
solvent. The solvent is characterised by its chemical nature, its macroscopic relative permittivity
and viscosity. Studies carried out in non-aqueous solvents and/or mixed solvents one of whose
components is often water, allow conductance studies to be made over a range of relative
permittivities and viscosities. The dependence of A%, Kusoc and @ on relative permittivity has
furnished a vast amount of data which is of fundamental importance in conductance studies. In
particular, the relation between K, and ¢ has given considerable insight into the correctness
or otherwise of the various models developed to describe the ion pair.

Studies in mixed solvents and non-aqueous solvents are outside the scope of this book. But
they indicate conclusively that the primitive model used by Fuoss and Onsager up to 1978 is
wrong, and that a new model needs to be developed.

12.17 Fuoss et al. 1978 and later

By the 1970s it became clear that the model on which current conductance theories were based
was wrong. The discussion of the limitations of the theory to concentrations corresponding to
values of ka < 0.2 (see Sections 12.13 and 12.14) showed that the approximations made in
the theory which led to higher order terms being dropped out would not be valid at moderate
concentrations. Furthermore experiment showed unambiguously that ion association had to be
considered explicitly, especially for 2—2 and higher charge type electrolytes, i.e. some form of
short range coulombic ion—ion interaction must be considered.
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The model and theory, like that of the Debye-Hiickel treatment of non-ideality, were
based on consideration of long range electrostatic coulombic interactions only. The model
was most likely to be inadequate because it did not take into account specific short range
interactions corresponding to ion—ion, ion—solvent, and solvent—solvent interactions.

For the ion—ion interactions, Fuoss indicated that a fruitful line of enquiry would be that of
working downwards from

o the crystal lattice structure of the solid electrolyte;
e to the fused electrolyte structure;

e to the highly concentrated solution;

which it was hoped would link up with the satisfactory theory for dilute solutions. This is
discussed in Section 10.21.

Fuoss also indicated that a second line of approach could be to consider specific ion—
solvent interactions. All the previous theories had considered the solvent to be a continuum
which did not recognise the discrete molecular structure of the solvent, here water. The
discrete structure should, however, be considered for at least the first few nearest neighbour
layers of water around an ion. In this region the macroscopic relative permittivity and
viscosity would not be applicable because the solvent structure would be modified by the
intense field of the ion, and induced dipoles would be generated (see Sections 1.3 to 1.6 and
Section 13.16, on solvation). However, there will be a region of the solvent beyond a certain
distance from the ion in which the solvent structure remains unmodified from its macro-
scopic structure and its properties are thus those of the bulk solvent. It is to this region of
unmodified solvent that the conductance theories based on the original Fuoss-Onsager
model apply.

Fuoss in fact took neither of these two routes, and developments along these lines were left
to other workers. Instead, he approached the problem by basing his new theory on the concept
of the Gurney co-sphere.

The Gurney co-sphere defines a region around the ion which has solvent molecules
whose structure has been modified by the field of the ion (see Section 10.16). Outside this
region, the solvent has its macroscopic bulk structure. The diameter of the Gurney co-
sphere takes a value, R. The distance between the centre of ions with such co-spheres
where the co-spheres just touch is also R (see Figure 12.4). This assumes that the ions are
spherical, and the situation could well prove to be different if the ions are non-spherical.
In addition, ion association was taken to be an integral part of the model and theory rather
than an ‘added-on’ factor used to explain deviations from a conductance equation based
on the concept of complete dissociation. All ion association takes place within the Gurney
co-sphere.

The distance of closest approach was no longer used, being replaced by the distance, R,
which defines the distance from the centre of one ion to the centre of another ion, both having a
co-sphere with the co-spheres just touching (see Figure 12.4). For a given ion, the co-sphere
defines the region of solvent which is modified from its bulk state, i.e. in the region,
0 < r < R/2, and the distance R/2 defines the distance beyond which the solvent behaves
as a continuum. This means that it is possible to take all the short range interactions, ion—ion
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<«—— R—>

Figure 12.4 A Gurney type diagram showing two jons with co-spheres just touching. R is the distance
between the centres of the jons and is the Gurney diameter.

and ion—solvent, and place them within the Gurney co-sphere and hence be able to avoid
specifying them. This has considerable significance in the development of the theory, as will
be seen later.

The theory also saw a major departure from the more traditional concepts of an ion pair
which had stated that an ion pair consisted of one of the following:

e two ions in contact at a distance, a, between the charges at the centre of the ions;

e two ions lying within the Bjerrum distance, ¢, defined as a distance where the electrostatic
energy of interaction of the two ions was 2kT:

e two ions at a distance apart given by Fuoss’s earlier concept of an ion pair.

Fuoss now allowed two types of ion pair to occur within the Gurney co-spheres of the central
ion and an ion of opposite sign, i.e. within the distance, R/2 from the centre of the ion. The
new description now involves:

e contact ion pairs: these have an ion of opposite charge to the central ion in the first shell of
solvent neighbours, i.e. its nearest neighbours. These are characterised by a distance
between the centres of the two ions falling within a range from a to a + s, where s is the
diameter of a solvent molecule (see Figure 12.5(a) and 12(b)). In these ion pairs some of
the solvent molecules in the Gurney co-spheres have been squeezed out and replaced by the
second ion of opposite charge.

e solvent separated ion pairs: these are those which are further apart than the contact ion pair,
but with distances apart of the ions which lie in the range between &+ s and R
(see Figure 12.5(a) and 12.5(c)). Here the maximum extent of the region which would
define a solvent separated ion pair corresponds to the two co-spheres of each ion just
touching. The region thus includes regions where the co-spheres overlap, but the overlap is
restricted to regions with more than one solvent molecule.

e free ions: these are at distances apart greater than R.
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Figure 12.5 (a) Distances involved in specifying contact ion pairs and solvent-separated ion pairs;
(b) Fuoss contact ion pairs - solvent molecules totally squeezed out; (c) Fuoss solvent-separated

ion pairs.

There is also a further crucial change to the model. Up to this time the free ions were taken
to be the only species able to conduct the current. Contact ion pairs, Bjerrum ion pairs and
early Fuoss ion pairs do not conduct the current. But now Fuoss allows solvent separated ion
pairs as well as free ions to conduct the current.
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This has repercussions on how the theory is developed. Calculations of activity coeffi-
cients, relaxation and electrophoresis and their cross terms are carried out by assuming that
only long range coulombic forces operate in regions where the macroscopic relative permit-
tivity is applicable. Calculations of the quantities, Y., AXielaxation/X, AXelectrophoresis /X,
AXcrossterms/ X, will, therefore, relate only to distances from the centre of the central ion
which are greater than R, the diameter of the Gurney co-sphere and the region outside of
which ion pairs can reside. The ionic atmosphere which encapsulates all the elements of non-
ideality will now start at a distance R rather than at a as in the Debye-Hiickel theory and in the
former theories of conductance. The substitution of R for a is not a simple substitution.
Instead it has major implications for the development of the theory and radically alters the
equations involved in the mathematical derivation. It also has the consequence that for these
purposes contact ion pairs and solvent separated ion pairs do not appear in the calculations;
the only forces allowed are the long range interactions between free ions. These are the only
interactions which are relevant, and will only apply at distances greater than R. It is in this
way that, by using the Gurney co-sphere model, Fuoss can ignore the discrete structure of
the solvent and its modification by the ions, as well as the presence of the contact ion pair and
the solvent separated ion pairs in the calculations pertaining to 7., AXielaxation/X,
A)(electmphoresis/)(a A)(crossterms /X

When it comes to what is allowed to carry the current a further crucial change is also made.
Now, solvent separated ion pairs as well as free ions can conduct. The theory must then be
expressed in terms of the fraction of ions which can conduct the current and this fraction contains
a contribution from the fraction of the electrolyte converted to solvent separated ion pairs.

His rationale for this is as follows.

Normal Brownian motion is a result of solvent molecules impacting on the solute particles,
and these give both translational and rotational movement to the solute. An ion on its own will
execute this Brownian motion. Since an ion has a charge which can interact with an external
electric field, this interaction will perturb the translational Brownian motion, with a cation
moving in the direction of the field while an anion will move in the opposite direction. The
field will have a minor effect on the rotational Brownian motion, but this will not contribute to
the translational mobility.

ITons in contact will behave as an uncharged entity. They will also be surrounded by a cage of
solvent molecules. Many collisions will be required before the ions can separate and escape
from the cage. They will execute Brownian motion, but since the ion pair will exist for a time
which is much longer than the interval between collisions it will behave during that time as
though it were uncharged, and so the translational Brownian motion will not be perturbed by
the external field. The only effect which the external field will have on a contact ion pair
will be to perturb the rotational part of the Brownian motion by virtue of its dipolar nature.
Since it is only translational motion which contributes to the ionic mobility, this effect can
be ignored.

Solvent separated ion pairs will also be overall uncharged and will execute Brownian
motion. They will also be enclosed in a cage of solvent molecules, but since the interactions
between the ions will be considerably smaller than those between ions in contact, they will
separate and escape from the cage much sooner than the contact ion pairs. On the time scale of
collisions they can be considered as separating and thus not moving as a single entity.
The translational Brownian motion could then be perturbed by an external field, so
that, on average, the motion of a cation could be in the direction of the external field and
so be able to conduct the current, and if the ion is an anion it will move in the opposite direction.



12.17 FUOSS et al. 1978 AND LATER 511

But is this reasonable? There are two possible sources of doubt as to the physical correct-
ness of this argument:

e If the solvent separated ion pair behaves in this manner, can it then be counted as an ion
pair?

e If the solvent separated ion pair behaves in this manner, should it make the same contribu-
tion to carrying the current as does a free ion?

12.17.1 The fraction of ions which are free to conduct the current

The equilibria involved for the symmetrical electrolyte, MX are:

M (aq) + X7 (aq) = M (ag)— — ——X"(aq) = MX" (aq)
free jons solvent separated contact
ion pair ion pair

e ety be the fraction of ions which are free and unassociated, and have a concentration given
by VCstoich:

e .. 1 — v is the fraction of ions associated in some way, and these will be the contact ion
pairs and solvent separated ion pairs with a total concentration given by (1 — y)csoich. This
has to be split up into a fraction associated to solvent separated ion pairs and the fraction of
these which are associated to contact ion pairs.

e Define o as the fraction of the associated ion pairs which are contact ion pairs. The
concentration of contact ion pairs is, therefore, o(1 — 7)cgoich-

e The total concentration of associated ion pairs

= the concentration of solvent separated ion pairs
+ the concentration of contact ion pairs

i.e.(1 — y)cswich = concentration of solvent separated ion pairs + o(1 — 7)Cstoich (12.61)

*. concentration of solvent separated ion pairs = (1 — y)cgoich — %(1 — 7)Cst0ich (12.62)

(1 =y — o0+ 27)Cstoich (12.63)

= (l - C()(l - V)Csloich (1264)

e The free ions and the solvent separated ion pairs are those which, on this model, can conduct
the current. The total fraction of ions able to conduct the current is, therefore,

yH(l =) —y)=y+1-y—oatoy=1-—a(l—y) (12.65)
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[iOIl pairs]aclual _ (1 — 'V)Cstoich

e The overall equilibrium constant, Kassoc = — V) 2
[free ion], . 7 Cltoich/+

(12.66)

where f. is used to denote the mean activity coefficient of the free ions, — the standard symbol,
7+, 1s not used to avoid confusion with the fraction of ions, y, which are free.

7A|Z1Z2|\/i

The Debye-Hiickel expression is used as : lo =
y p g0+ [+ BRVI

(12.67)

Note: the distance of closest approach is now R not a.

12.17.2 The Fuoss 1978 equation for associated symmetrical electrolytes

The basic conductance expression is:

AXrelaxati AX horesis  AXBrowni
A(l + chtoich) _ Ao |:1 _ re};xatlon . eect}r;)p oresis }r;wman

AX cross term for effect of AX cross term for effect of ‘| ( 125 1 )

relaxation on electrophoresisn electrophoresis on relaxation

X X

when corrected for the fraction of ions which can conduct the current is then:

A(l + chtoich) _ [1 _ 06(1 N y)}AO [l N AXre}l;xation B AXelect)r;phoresis N AXB;;V)Wman

AX cross term for effect of AX cross term for effect of ]

relaxation on electrophoresisn electrophoresis on relaxation

X X

(12.68)

o and y can then be expressed in terms of the K, for each relevant process.

As mentioned, the move from a distance of closest approach of a to R in the theoretical
expressions is not a simple substitution. Instead there are complex changes in the integrals
appearing in the AX/X terms. The theory now becomes so complex that it is impossible to
express A in the simple form of the 1957 equations. Instead the equations are left in their basic
form as integrals, or sometimes in approximate form as a series expansion in polynomials.
Whichever is done, it becomes necessary to computer fit the experimental data to the integral
form, or to the approximate polynomial form. Computer programs are available for doing this.

Other modern approaches use distribution functions and computer simulations analogous to
those described in the statistical mechanical procedures in Sections 10.17 to 10.19. These will
be very complex, but may well be the most fruitful developments of the future.

Appendix 1

The velocity, v, with which an ion moves under an external field, X, is proportional to the
external field (see Section 11.17).
v =uX (1)

where u is a constant of proportionality.
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Under ideal conditions, this can be written as:
Videal _ uideaIX _ MOX (2)

where u” is the mobility under ideal conditions where ¢ — 0.

Under non-ideal conditions, the external field is modified by electrophoresis and relaxation,
and this modified field is (X — AX). As the concentration decreases, AX also decreases, and in
the limit as ¢ — 0, i.e. ideal conditions, AX — 0. But, the velocity with which the ion
migrates under this modified field is still defined in terms of the external field, even for the
non-ideal case where the actual effective field under which the ion migrates is (X — AX), i.e.:

vactual x X = uaclualx (3)
where 4" is the actual mobility, not the ideal mobility.
However, it could also be written in terms of the modified field rather than in terms of the

externally applied field:

Vactual x (X _ Ax) — u(X — AX) (4)

where u is a mobility whose value has yet to be determined.
These two equations for v*"“4! can be equated, giving:

u(X — AX) = y*milx (5)
But as AX — 0,i.e. (X — AX) — X when ¢ — 0 and ideal conditions are approached, then:
Mactual — MO (6)
e uX = "X = 1°X as ¢ — 0 (7)
.u = u° for ideal conditions (8)
Hence:
videal _ MOX (9)
and vl — uO(X — AX) (10)

The velocities of migration, v, for the cations, and v_ for the anions are different. Applying
the above relations, Equations (9) and (10), to the individual ions gives:

e The ideal case:

videl = 0X  and v — —0 x (11)and (12)

where u‘i and u° are ideal mobilities corresponding to infinite dilution.

The minus sign in the equation for the anion appears since it takes cognisance of the fact that
the anion is moving in the opposite direction to the cation.

e The non-ideal case:

yrewal — 0 (X — AX) and vl — 0 (X — AX) (13)and (14)

+ —
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where u(}r and u° are again the constants of proportionality for cation and anion deduced in the
argument given in the Equation (10).

Using these relations:

actual tual
X —AX ac X — AX
O 2720 and V—dil S (15) and (16)
yidea X yidea X

Using Equations (11.13) and (11.14) applied to each ion:

X = S (X — AX) and WX =’ (X — AX) (17) and (18)
actual ual
X — AX actua X — AX
- ”+0 _ and u_o = (19) and (20)
uy X u’ X

In Section 11.17 (Equations 11.124) and 11.127) it was shown that

;\.+ = FZ+M+ and ;u_ = F‘Z_|u_

laclual uacwal X — AX /Aba_ctual ua_ctual X — AX
S = el = and ideal — jideal (21)and (22)
;u + I/l+ X l, u- X
ea] X — AX AX
and oo _ e X LK _ /13(1 7) (23)
iafmal — ;LiiieaIX - AX — )(1 1— g (24)
X X

where the ideal ionic molar conductivities are now written in the conventional manner, 29,
The actual ionic molar conductivity which is a value for situations where non-ideality
must be considered is equal to the ideal molar ionic conductivity at infinite dilution
modified by the term 1 — AX/X. AXis a sum of all the terms which are taken to lead to
non-ideality.
If the effects of viscosity on the mobilities of the ions are included, this results in a term,
(1 + Fegoich ), where F is a constant involving the viscosity. The equations are then modified as:

X AX AX

22 (1 4 Fegoen) = A4 — = 2 (1 e ) (25)
e X — AX AX

22N (1 4 Fegoien) = A9 — = 0 (1 e ) (26)

A)(relaxation A)(electrophoresis A)(Brownian
X X X

)v+(1 + FCS[OiCh) = ;L,(i |:1 -

relaxation on electr

X X

(27)

AX cross term for effect of AX cross term for effect of ]
- i on relaxati
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A similar equation describes the effects of non-ideality on the limiting ionic molar
conductivity, ig, for the case where the central reference ion is an anion.

) 0 A)(relaxation A)(electm];)horf:sis A)(Brownizm
/L_(l +chtoich) :}v7 |:1 — — —

X X X
AX cross term for effect of AX cross term for effect of
ion on electrophoresisn is on relaxation
- ¥ — Y (28)
The equation for the molar ionic conductivity for a symmetrical electrolyte is:
A _ A() AXrelaxalion AXelectrophoresis AXBrownian
(1 + chtoich) - 1 - X - X - X
AX cross term for effect of AX cross term for effect of
_ relaxation on electrophoresisn _ electrophoresis on relaxation (12 29)
X X '

Appendix 2

Table 12.3 Expression for the constants in the Fuoss-Onsager 1957 equation along with formulae for
calculating their values

S=a+bA°
3eFB

Withazze
3y

22e’B

b=
24mneoekT(1+ +/1/2)
5 < 262N > 1/2
eoerkT
For aqueous solutions at 25°C, on the basis that ¢, = 78.46, =8.903 x 1074 kg m- s a
and b take the values:

a =7 x 60.58S cm? mol2dm’/?

b =22 x 0.2293 mol~'/2dm>/?

B = 3.288 nm~! mol~'/2dm?/2

But note: B is incorporated into the values of @ and b given immediately above.

b B2 o2 2
"7 24 \dmegekT

62 2
_IBeF e
2B, = 24wy 4mege kT
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These formulae for E| and 2E; are given for the case of the Fuoss-Onsager equation written in
terms of logarithms to base e. They should be multiplied by 2.303 if base 10 is used.

For aqueous solutions at 25°C, on the basis that ¢ = 78.46, #=8.903 x 10~ kg m s
E; and 2FE, take the values:

E; = 2° x 0.2299 mol~!dm*for logarithms to base e
E; =z° x 0.5293 mol~'dm? for logarithms to base 10

2F, = 7% x 17.78 S cm® mol ~2dm? for logarithms to base e
2E, = z° x 40.95 S cm? mol ~2dm? for logarithms to base 10.
J = (61A° 4 ¢5) cm?S mol*dm’

o1 = 0.45822°[h(b) + log,a + log,z — 0.0941]

oy = 15.487%2 + 18.15z%a — 17.66z°[log,a + log,7]
20> +2b— 1
= T
Z2
b=7135x10""m x =
a

h(b)

a = the distance of closest approach.

The expression for J is based on the 1957 un-amended equation, i.e. the equation where the
logarithmic term is given as E;A° — E,. Fuoss has not given any corrections for J in the
corrected version which uses E;A? — 2E,.
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Solvation

Solvation occurs when a solute is dissolved in a solvent and has come to be seen as a crucial
and fundamental feature in determining the behaviour and properties of solutes and of the
solution itself. In this chapter the discussion will be restricted to water as a solvent. Water
molecules are dipolar, and as a consequence liquid water has a definite microstructure due to
H-bonding throughout the bulk liquid. Ions have charges and these will interact with the
dipoles of the water. As a result they will also have an effect on the structure of water, and this
is now considered to be a very important feature in solvation.

Aims
By the end of this chapter you should be able to:
e describe the structure of water and its importance in solvation of ions;

e explain how diffraction studies and computer simulations give the details of this
structure;

e recognise the terms used to describe solvation;
e discuss traditional methods for studying solvation and assess their limitations;
e understand the value of NMR in studying solvation;

e show how diffraction studies give radial distribution functions for the ions and the
water molecule in an electrolyte solution;

e and explain how these can be used to obtain hydration numbers;

e describe the three region model and its significance in defining ‘structure making’ and
‘structure breaking’ ions;

An Introduction to Aqueous Electrolyte Solutions. By Margaret Robson Wright
© 2007 John Wiley & Sons Ltd ISBN 978-0-470-84293-5 (cloth) ISBN 978-0-470-84294-2 (paper)
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e use standard partial molar entropies of ions and standard molar volumes of hydration
as an aid to classifying ions as ‘structure makers’ and ‘structure breakers’;

e define hydrophobic hydration and discuss how it is studied;

o define thermodynamic transfer functions and use them to compare the behaviour of
apolar solutes and ions in solution.

13.1 C(lassification of solutes: a resumé

o Jons: these are charged atoms or groups of atoms with positive or negative charges, or both
in charge separated ions.

e Polar molecules: these are uncharged neutral molecules with an overall dipole moment
which may be the result of one individual polar bond within the molecule, or the result of a
vector summation of several individual bond dipoles.

e Non-polar molecules: these are uncharged neutral molecules with a zero dipole moment,
but containing bonds which are polar. Vector summation of individual bond dipoles within
the molecule cancel to give a zero dipole moment by cancellation.

e Apolar molecules: these are molecules which are neutral with an overall zero dipole
moment. The crucial feature is that the bonds in the molecule are all completely non-polar,
or virtually non-polar. There is no cancellation of any individual bond dipoles.

e Large molecules which are biologically important: such molecules are often very large
and include both polymer and non-polymer molecules such as proteins and phospholipids.
Depending on their environment they can be charged or uncharged, and they contain
regions which are very decidedly polar and regions which are apolar. This particular aspect
of biologically important molecules is often associated with their overall structure and
biological function. Solvation of the polar regions is of crucial importance and the alteration
of the water structure around these molecules, by virtue of both the polar and apolar regions,
is crucial in determining their structure and behaviour.

13.2 C(lassification of solvents

Solvents can be classified as polar, non-polar and apolar, with the definitions being as above.
However, a more general classification uses the relative permittivity. There are high relative
permittivity solvents such as (at 25°C):

H,O: 78.46 HF:83.6 H,SO, : 101
HCN : 106.8 formamide : 109.5
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Other common solvents have much lower relative permittivities:

acetamide : 59 at83°C methanol 32.6 at 25°C
hydrazine : 25at25°C ammonia : 22 at —34°C

Non-polar liquids have relative permittivities of around 2 at 25°C such as:
benzene : 2.27 dioxan : 2.21

The range of permittivities can be extended by using mixed solvents. Many studies of the
behaviour of electrolyte solutions have been carried out in mixed solvents. But it is important to
realise that there may be preferential solvation by one of the solvents under these conditions, and
this could affect the correctness or otherwise of the interpretations which can be made.

13.3 Solvent structure

The structure of a crystalline solid is an extensive repeating fixed and regular pattern in three
dimensions. A liquid, however, is characterised by random Brownian motion with no
permanent large-scale repeating periodic structure throughout the liquid. Nonetheless, liquids
do have a certain degree of transient structure. If one molecule is chosen to be a central
reference molecule there is a regular arrangement, rather than a random arrangement, of other
molecules around it. This arrangement is not on the large scale and is constantly being broken
down and re-formed, but its lifetime is long on a Brownian motion time-scale. Structure in this
sense cannot be defined by a set of unchanging atomic coordinates as in a crystal, but X-ray
and neutron diffraction show conclusively that diffraction patterns characteristic of a repeating
short range structure are obtained from liquids.

13.3.1 Liquid water as a solvent

A prerequisite to the study of ionic solvation is an understanding of the structure of the pure
liquid solvent. This is because introduction of a solute molecule into a solvent can alter or
disrupt the solvent’s molecular structure and behaviour. For the purposes of this book on
aqueous electrolyte studies this means focusing attention onto liquid water. However, the
techniques used to study the structure of water can be carried over to the determination of the
structure of other solvents.

The bulk properties of liquid water are well characterised and quantified, e.g. values for
important properties such as dipole moment, relative permittivity and viscosity are known
with considerable accuracy.

Itis also well known that water is anomalous in some of its bulk properties and this has been
interpreted in terms of H-bonding. The existence of the H-bond has a major influence on the
structure of both liquid water and its solid phase, ice.

13.3.2 H-bonding in water

A ‘partial structure’ exists in water as a result of H-bonding between water molecules. The
charge distribution in the H-bond is given in Figure 13.1, and the most stable form is believed
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H? has been of uncertain status — H3*, H or H3~

Figure 13.1 Charge distribution in the H-bond.

to be the linear H-bond, though this does not preclude the possibility that bent H-bonds could
exist within the overall structure of water.

In the isolated water molecule the oxygen atom is joined to the two H-atoms by covalent
bonds and these with the two lone pairs on the oxygen are approximately tetrahedrally disposed
around the O-atom (see Figure 13.2). The bonds are polar with a partial negative charge on the
O-atom and a partial positive charge on the H-atoms. Because of the tetrahedral arrangement
there is an overall dipole moment. When a H-bond is formed between two water molecules it is
primarily a result of dipole—dipole interactions with a certain degree of covalent bonding.

The water molecule can donate two H-atoms and a set of two lone pairs on the O-atom to
form four H-bonds arranged tetrahedrally around the central O-atom. This O-atom, in turn, has
four O-atoms arranged tetrahedrally around it. These are the O-atoms of the four H-bonds
made with four other water molecules (see Figure 13.3). This structure can be extended
outwards from the oxygens. As a result, a very open three-dimensional network array of
H-bonds characterises the structure of water, both in the solid and the liquid phases. Each
water molecule is surrounded by only four other water molecules and it is this factor which
gives the open network array, in contrast to the close array which would result from a
hexagonal close packed structure where 12 molecules would be arranged around a central
molecule.

In the normal polymorph of ice the array is strictly tetrahedral, and the H-O-H angle is very
nearly the tetrahedral angle of 109°28’. When ice melts, this regular tetrahedral array partially

Figure 13.2 H,0 molecule showing the lone pairs on the O atom tetrahedrally disposed.
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Figure 13.3 The pentameric unit: H,0 molecule surrounded by four H,0 molecules tetrahedrally
disposed.

collapses into itself to give a more closely packed and more dense structure which is a
distorted tetrahedral array. However, the resulting structure is still an open network array, and
this persists, though to a progressively decreasing extent, as the temperature is raised. It is this
structure of water which is of interest to the physical chemist studying solvation.

The H-bonding extends through the liquid but this does not mean that the H-bonded
structure is fixed and static. Rather it is a dynamic structure with H-bonds constantly being
broken and new ones formed. The structure and, on the average, each H-bond exists for a
relatively long time of the order of 3 x 107! s. This is a longer time than that for Brownian
motion. This dynamic picture of the arrangement of the structure of liquid water was
developed to account for the anomalous properties of bulk water, such as the dependence
on temperature and pressure of the thermal expansion, compressibility, viscosity and C, for
liquid water.

As a result it is now believed that water is made up of clusters of water molecules linked
together by H-bonds in an irregular tetrahedral array. These are often described as ‘ice-like’. In
between the clusters the water is still H-bonded, but in a much less ordered way giving a less
open structure. The distribution of water molecules between clusters and the intervening
regions will depend on the temperature and pressure. As a rough guide, near the melting point
the clusters are expected to be predominant, but near the boiling point the clusters would
contain a smaller proportion of the total number of water molecules present. The clusters
could be defined as the ‘less dense’ region, the intervening regions the ‘more dense’ region. It
is the existence of these different regions which gives rise to the anomalous macroscopic
properties of water.

The water molecules in these regions are constantly interchanging, with some moving out
of the ‘less dense’ region and some moving into the ‘more dense’ region. The mechanism for
this is a cooperative breaking and making of H-bonds throughout the whole structure. The
H-bonds do not break, or form, one at a time and independently of each other. It is believed that
once one bond breaks or forms it sets off a chain of events in which many bonds are broken or
formed. And so whole clusters may be broken or formed. This is called the ‘flickering cluster’
model. The regions in which there are clusters of ‘normal ice-like’ water are constantly
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disappearing and appearing, and so appear to move around the bulk of the solvent. It is
possible that there could be a wide range in the sizes of the clusters. Some authors believe that
up to 70% of the water molecules exist as clusters of 50 molecules, or more, and that the mean
lifetime of a cluster is of the order of 107'% or 10™!! s. However, the sizes of the clusters and
their lifetimes are still a subject for investigation. What is clear is that the lifetime of an
individual H-bond is considerably less than that of a cluster.

There are other more complex models which have been proposed for the structure of liquid
water but these are beyond the scope of this book. However, what all of the models do indicate
is that it is likely that the introduction of an ion into water must have considerable effects on
the structure of water.

This microscopic structure can be probed in two ways:

e experimentally;

o theoretically.

13.4 The experimental study of the structure of water

The structure of the isolated molecule in the gas phase can be determined spectroscopically
using UV, IR, Raman and microwave analysis. This gives information about bond lengths,
bond angles, bond strengths and the dipole moment.

Recent far IR spectroscopy on liquid water indicates that the basic H-bonded unit is indeed
the pentameric unit described above. The clusters are then built up by further H-bonding from
this unit. The structure which is relevant to hydration is that of bulk water where what is
primarily studied is the relation of the individual molecules with respect to each other
throughout the water in bulk. Diffraction and NMR are the major techniques for probing
this structure.

13.5 Diffraction studies

X-ray and neutron diffraction are probably the most important and the most profitable
techniques for studying the structure of liquid water. Electron diffraction is much less useful
for the liquid state and it is used primarily for studies of isolated molecules in the gas phase.

The electrons of atoms cause X-rays to be scattered. This scattering is difficult to detect and
analyse for light atoms, and for water it is very difficult to detect the H atoms though the
scattering due to the oxygen atoms is easier to detect. However, modern technological
advances, including synchrotron-generated X-rays, give vastly superior X-ray data leading
to greater scope for X-ray diffraction techniques in solution.

Neutron diffraction has contributed enormously to the knowledge of the molecular structure
of liquids. This is because it is much more sensitive and can pinpoint light atoms more
accurately than X-rays can.

Detection of D in D,0 is even more accurately determined and structural studies using
neutron diffraction are, more often than not, carried out in D,O. The overall structure of liquid
D,0 very closely resembles that of H,O.
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Diffraction studies gives atom—atom distances and bond angles between the various atoms.
But more significantly, such experiments give the overall structure of a substance in terms of
radial distribution functions g(7) (see Section 10.17). If, say, the O atom in an H,O molecule is
taken as a central reference point and placed at the origin of the coordinate system used to
define positions, then go_o(r) gives the probability of finding a second O atom in a given small
region lying at a distance r from the O atom at the origin. Similarly, go.u(r) gives the
probability of finding an H atom in a given small region lying at a distance r from the O
atom at the origin. If H were chosen as the central reference atom at the origin, then gy g(r)
gives the probability of finding a second H atom in a given small region distance » from the
origin. gy.o(r) is the same as go_y (r). These three radial distribution functions are all that is
required to define the overall structure of bulk water. Since there is no preferred direction for
finding other atoms around the central reference atom, the distribution is spherically symme-
trical, hence the term radial distribution function.

Processing the diffraction data for liquids is more difficult than for solids, though it is greatly
facilitated by comparing the scattering patterns for HyO(l) and the isotopically substituted
D,O(1). Ultimately this information will give the radial distributions, go.o(7), go-u(*), gu-u(®),
and these can be summarised in an overall total distribution function g(r). This represents the
probability of finding a second H,O molecule in a given small region of the bulk water at any
distance, r (over 360°), from a central reference H,O molecule situated at the origin. Figure 13.4
gives a qualitative representation of what comes out of a diffraction experiment.

This is probably the most important basic and characteristic property of a liquid, here water,
and it gives a lot of information about the arrangements of the molecules in a liquid. A peak
indicates that there is a good chance of finding a molecule at a distance from the central
molecule given by the position of the peak on the r-axis. The successive maxima show that
there is structure in the liquid, and that the central molecule ‘sees’ another molecule at
distances given by the peaks. When the peaks die away the central molecule no longer ‘sees’ a
definite arrangement of molecules around it, and thereafter the arrangement appears random.
The structure above extends to about three shells of solvent molecules around the central
molecule. The arrangement of the molecules around the central molecule can be inferred from
the details of the radial distribution function found from experiment, for instance, it could be
tetrahedral or octahedral.

Overall

g(n

gn=1 —>

r

Figure 13.4 Diffraction data results for the liquid water demonstrating short range structure.
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Figure 13.5 4mr? vs. r, showing how the size of each spherical shell around an atom increases with =

13.5.1 Determination of the number of H,0 molecules corresponding to each
peak and the three-dimensional arrangement corresponding to each peak

As the distance from the central reference molecule increases, the number of molecules
capable of being packed around the central molecule will increase. Since the distribution
functions are spherically symmetrical, each spherical shell around the atom will have an
increasing larger volume given by 477> x thickness of the shell (see Figure 13.5). If the value
of the total g(r) at a given distance r form the origin is multiplied by the volume of a spherical
shell at the same distance, r, then a graph of 47r2g(r) vs. r results. This graph approaches the
graph of 4772 vs. r asymptotically from below (see Figure 13.6). The number of molecules
in the region defined by a peak in the distribution function, g(r) can now be found by
integration. J"or g(r)4mr?dr gives the number of molecules disposed around the central mole-
cule between the origin and . Between 0 and a distance given by o, g(r) is very nearly zero. o
is taken to be a measure of the effective size of the water molecule situated at the origin.

4rrlg(r)

r

Figure 13.6 Graph of 4mr?g(r) vs. r, showing how this function approaches the graph of 4mr? vs. r
asymptotically from below.
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Figure 13.7 Diagram showing how the number of H,0 molecules in each shell of nearest neighbours
can be estimated from the area of each peak.

Figure 13.7 shows how the number of water molecules corresponding to each peak can be
estimated. The area under the curve between r = o and r = rp;, is generally asymmetric about
the vertical line defined by r,,,,x. The area under the curve between r = o and r = rpy;, given by
the cross hatched area gives the shell of nearest neighbours around the central molecule. The
area between r = ry;, and r = r, gives the number of molecules surrounding the central
molecule in the second shell of next nearest neighbours, and so forth. Generally the short range
order is limited in extent, limiting the number of shells to three, or at the most four.

13.5.2 Results of diffraction studies: the structure of liquid water

The linear H-bond imposes a very open tetrahedral structure on the water molecules through-
out the liquid. Diffraction experiments show each water molecule to be tetrahedrally sur-
rounded by about four other water molecules at a distance of 0.28 nm with a next layer at
0.485 nm and a third layer at 0.58 nm. At distances further than this the molecule no longer
‘sees’ the H-bonded arrangement as such, but ‘sees’ only an apparent random distribution.
Nonetheless, this is totally compatible with an extended H-bonded array throughout the liquid
since each central molecule is part of the ‘structure’ around another molecule which could,
instead, have been chosen as the central reference molecule.

However, this is a simplistic description. Modern work has shown that the structure is more
complex than that inferred from the diffraction experiments. Unfortunately details about
clusters and other possible structures given in Section 13.3.2 cannot be inferred from
diffraction results. What is needed is information about many more shells from the central
reference molecule, e.g. information regarding the structure over say, 10 shells deep. At
present the only probe to this structure is the theoretical work using computer simulation.

Most of the recent work has been focused on studying the effect of temperature and pressure
on the H-bonding in water. As has been shown the H-bonding is defined by goo(7) gon(r) and
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guu(r) and these have been studied over a wide range of pressures and temperatures, and
indicate that the H-bonding alters drastically with changes in these parameters. Modern work
is also likely to focus on structures other than the normal H-bonding described here. These are
the possible cage structures which can be formed by H-bonding and are believed to be crucial
in the behaviour of solutions of non-polar and apolar molecules and long chain quaternary
ammonium salts (see Sections 13.24 to 13.26).

13.6 The theoretical approach to the radial distribution
function for a liquid

With the advent of modern fast computers and the development of Monte Carlo and molecular
dynamics techniques, it is now possible to deduce from computer simulation experiments the
form of the predicted distribution functions based on assumed molecular potential energy
functions. This is a development of supreme importance, well advanced for liquids and
progressing rapidly for solutions. It is one of the main spearheads of the modern attack on
molecular interactions in liquids and solutions.

The neutron diffraction functions, go.o(r), go-u(7), gu-u(r) for a wide range of conditions
can be compared with those calculated by computer simulations. For each simulation a given
model for water can be chosen and the potential energy functions for the interactions which
have been assumed to occur can be fed into the computer. The resultant calculated go_o(r),
go-u(r), gu-u(r), can be compared with the experimentally determined values. These compar-
isons can indicate which assumptions could best be modified.

Computer simulations are an ideal way to study the structure of liquids. As indicated above,
all possible molecular interactions can be considered and the expressions for the potential
energy for each interaction can be fed into the computer. In these methods several hundred
water molecules can be considered. Either Monte Carlo or molecular dynamics techniques can
be used, though if the time dependent distributions are required molecular dynamics techni-
ques would be necessary. These techniques are limited in principle by the accuracy of the
potentials used, and this aspect is probably the main limiting feature of the technique.
However, techniques are improving year by year and considerable detail has emerged and
will continue to emerge. Present results support the extended H-bonded structure for liquid
water, and the concept of clusters and cages.

A further application of computer simulations lies in the calculation of simulated spectra.
This has been done for water, with the comparison being between the simulated spectrum and
that for the far-infra-red experimental spectrum. This study has shown that a calculated
spectrum which is based on the assumption of the pentameric H-bonded structure closely
reproduces the observed spectrum. However, this simulation does not reproduce certain
dynamic aspects of the water structure.

13.7 Aqueous solutions of electrolytes

In the past the emphasis in the study of solvation has been on what happens to the solute when
it changes from the pure state to the dissolved state in the solvent. Obviously the chemist has
been very much aware of the role of the solvent in solution, but the focus has always been on
the solvated solute species.
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Figure 13.8 Ion-dipole interactions for (i) a cation and (ii) an anion.

However, chemists gradually became aware that much more attention should be given to the
change in solvent structure from the pure solvent to that involved in the solution around the
solute. Because of the charge on ions and the dipolar nature of water, electrostatic interactions
will occur between the ion and the dipole. A cation will be attracted to the partial charge on the
oxygen atom, and this interaction will be greater the charge on the ion and the smaller the size.
An anion will be attracted to the partial positive charge on the hydrogen atom, and this will be
greater the larger the charge and the smaller the size of the anion. These interactions are
represented in Figure 13.8. This simple picture of what happens on dissolution of an electrolyte
shows that some reorganisation of the structure of water must occur when hydration occurs.

This suggests that ions in water are unlikely to be bare, and hydrated cations and anions are
expected (see Figure 13.9). The size of the ion is, therefore, expected to be larger than the
crystallographic radius. However, it may well be that the experimental determination of the
size of an ion will depend on the method used to determine it. For instance can it be assumed
that estimates of the size of an ion from equilibrium properties such as the dependence of the
mean ionic activity coefficient on ionic strength will be the same as the size of the moving
entity in conductance studies?

Experimental techniques for studying solvation include direct methods such as spectro-
scopic methods, diffraction techniques and light scattering. Use can also be made of indirect
methods such as thermodynamic properties, conductance and activity coefficient studies, and
diffusion. Computer simulation experiments have increasingly been playing a major role.
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Figure 13.9 A solvated cation and anion.
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Table 13.1 Dependence of field on distance from the centre of an ion

L 0.500 1.000 1.500

% forz=1  7.34x10° 1.83 x 10° 8.14 x 10*
vﬁcigl forz =2 1.46 x 10° 3.67 x 10° 1.63 x 10°
% forz=3  2.20x 10° 5.50 x 10° 2.45 x 10°

13.7.1 Effect of ions on the relative permittivity of water

The electric field in the vicinity of ions is large, of the order of 10° Vem™! and depends on
the distance from the ion, being larger the smaller the distance. Table 13.1 gives calculated values
of the field for various distances from the ion and for ionic charges of 1, 2 and 3.

These have been worked out using the bulk value of ¢,. But because of dielectric saturation
these values may be underestimates — at least for » = 0.500 nm. As a result the ion will orientate
the water molecules in its vicinity. Close to the ion there will be a region where all the permanent
dipoles of water are completely aligned corresponding to a region of dielectric saturation. The
relative permittivity in this region will be in the range 2—4. The bulk relative permittivity is 78.46
at 25°C, and this applies in the region where virtually no alignment occurs and the ion has only a
small effect on the water dipoles. In between these two regions there will be a region where partial
alignment occurs, and in this region the situation changes from complete alignment to near non-
alignment. This is shown qualitatively in Figure 13.10. The exact dependence of ¢ on r will
depend on the charge on the ion and its size. Qualitatively, the smaller the ion and the larger its
charge the greater will be the effect of the ion on the water molecule at small distances apart.

13.8 Terms used in describing hydration

There are several terms commonly used to discuss hydration.
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Figure 13.10 Schematic diagram showing the dependence of the effective value of the relative
permittivity on distance from the centre of an ion.
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13.8.1 Solvation shell
The term solvation shell only describes a region of solvent around the ion. Simply being part of
the shell does not imply anything about the interactions between the ion and the water

molecules of the shell, or the strength of these interactions. Likewise it says nothing about
the state and structure of the water.

The first solvation shell or sheath
This is the region of the solvent in which the molecules are immediate nearest neighbours of

the ion, and it is almost certain that they will have properties which are distinct from the
molecules of bulk water.

The second solvation shell or sheath

The next region of the solvent which lies further out is described as consisting of next nearest
neighbours. This shell is also likely to be distinct from bulk water.

The third or subsequent shells or sheaths

These are water molecules further out from the ion, and they may or may not have properties
different from bulk water.

Bulk water

This constitutes regions of the water which are totally unmodified by the ions of the
electrolyte.

13.8.2 Bound and non-bound water

Within each of these regions described as solvation shells it is of vital importance to
distinguish between:

(a) Regions of the solvent where solvent molecules are actually bound to the ion, are
immobilised and move with the ion. These solvent molecules have lost their own
translational degrees of freedom.

(b) Regions of the solvent which are affected by the ion but are not bound to it and so are
not immobilised. They do not move with the ion and have their own translational
degrees of freedom.
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13.8.3 Further terms: primary and secondary solvation

There are further terms which are used to describe the strength of the interaction between the
ion and the solvent molecules and the region in which strong interaction takes place.

Primary solvation

If this occurs it takes place in the first solvation shell. These are water molecules with which
the ion interacts strongly and are coordinated to the ion. They thus move with the ion and could
be termed bound water. Often all of the first solvation shell water molecules can be considered
to be primary solvation, but some workers feel that this need not necessarily be the case. Some
water molecules may be in the first solvation shell but are not bound, and do not move with the
ion. It becomes necessary to define a criterion for distinguishing bound from unbound
molecules, i.e. primary solvation or not. The criterion used will be determined by the
experimental technique which is being used to measure it. Unfortunately, different experi-
ments may actually measure different properties.

Secondary solvation

This is made up of molecules which are affected by the ion, but are not coordinated to them and
often do not move with the ion. They generally are found in the second solvation shell or subsequent
shells if the water molecules in them have different properties from bulk water. It may also include
molecules from the first solvation shell which are not included in the primary solvation.

13.9 Traditional methods for measuring solvation numbers

These are mainly spectroscopic, but also include activity measurements, transport methods
such as conductance and diffusion and thermodynamic studies.

13.9.1 Vibrational spectra (IR and Raman) and electronic spectra (UV,
visible and in some cases IR)

These are older techniques but are still important, especially Raman.

UV and visible studies tend not to give much direct information about the interatomic
structure since the details of the structure tend to require a particular model for solvation to be
assumed first. However, they are excellent for probing the possible symmetries of the chosen
ion in solution. These techniques are of particular importance and use for transition metal ions.

Infrared and Raman spectroscopy have very wide applications and have proved an impor-
tant source of information on ion—solvent interactions and hydration numbers. In general, the
position of an absorption enables a guess to be made for the hydration numbers, 4, and /_.
Since spectroscopic techniques deal with frequencies associated with coordinative bonding
between the ion and the solvent, such techniques furnish information about the strength of the
ion-solvent interactions in the primary solvation.
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Ultra violet and visible spectra

This is the spectroscopic technique of preference for transition metal ions. Water molecules
can be arranged around the metal cation in a variety of geometries, e.g. four as a tetrahedron,
four as square planar, six as an octahedron and eight as a cubic array. Other geometries are
possible along with distorted forms. However, the important feature is that the ligand field of
the solvent molecules causes splitting of the d-orbitals in a manner characteristic of the
geometry and of the number of d-electrons in the ion. The absorption peaks in the spectrum of
the cation in solution reflect this splitting and ways of analysing actual spectra, although
complex, have been developed. This along with peak areas lead ultimately to solvation
numbers, arrangement of the solvent molecule around the ion and strength of the interaction.

Raman or infrared spectra

These are vibrational spectra and lead to fundamental frequencies of vibration and the strength
of ion—solvent interactions. When a salt is dissolved in water it will affect the frequencies of
the water absorption and in favourable cases it will give rise to new peaks due to ion—solvent
interactions. Alteration in the vibrational spectrum of the water due to the presence of the ion
gives information regarding the effect of the ion on the water structure. The really useful
information, however, comes from a study of the new lines due to the actual bonding of the ion
to the solvent molecules. The frequencies and intensities of the vibrational lines give a
measure of the strength of the bond between ion and solvent, and the peak areas can in
favourable cases lead to hydration numbers.

13.9.2 Transport phenomena

These deal with the properties of ions moving in solution. The results of such experiments
indicate that the bound water molecules move with the ion.

Conductance studies and transport number experiments study the ion and its solvation shell
moving under the influence of an applied external field, while viscosity and diffusion
experiments study the movement of the ion and bound solvent through the solvent.

(a) Conductance data

The molar conductivities of alkali halides in water vary in an order:
A(LiCl) < A(NaCl) < A(KCI)

which is the reverse of what would be expected if ions were unhydrated (see Worked Problem
11.18). The smallest bare ion, Li", would be expected to move fastest in an applied field and so
be the most highly conducting. This is not so, and it is possible that the moving ions are really
Li* (several H,0) as against K* (bare) or K (few H,O). Molar conductivities coupled with
transport numbers and Stokes’ Law give individual hydration numbers for each ion.

Results suggest that if Cs™ has one layer of water molecules around it, then smaller ions on a
crystallographic radius basis must have more than one layer around them, for instance one to
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three layers. Cl1™ is believed to have one layer, F~ probably has more than one layer, while
complex anions such as SOE’ and NO5 have probably less than one layer.

Analysis of the shapes of conductance curves based on the various Fuoss-Onsager con-
ductance equations leads to experimental values for the distance of closest approach, a. But
since these studies are often carried out at concentrations where ion association can be
significant what is obtained is generally a range of values of @ and K, as best fit parameters.

(b) Viscosity and diffusion coefficients

These are older techniques and are no longer much used. A solute alters the viscosity of the
solvent. The ion and its solvent molecules exert a viscous drag on the rest of the solvent and the
change in viscosity can be used to calculate a total hydration number which is then split up into
its individual components. However, viscosity measurements are normally used as an aid to
developing a structural interpretation of solvation (see Section 13.8), and to give correction
factors in conductance equations (see Section 12.10).

Diffusion coefficient studies again study the movement of the ion through the solvent, and a
large variety of techniques can be used. Total hydration numbers are found.

13.9.3 Relative permittivity of the solution

The relative permittivity measures the alignment of the solvent dipoles and production of induced
dipoles by an electric field. An ion produces an intense field on bound solvent molecules, and will
cause partial, if not complete, alignment of the dipoles of the solvent molecules affected by the
ion. This results in a drop in the observed relative permittivity of the solution relative to the pure
solvent. This drop is related to the number of bound solvent molecules. Controversy exists as to
whether the effect is restricted to bound molecules only, or whether other solvent molecules are
involved. Both theoretical and experimental studies have been carried out. The dependence of the
relative permittivity on the distance from a given ion is of fundamental importance in theories of
electrolyte solutions where generally the bulk relative permittivity is used in the theoretical
expressions. But it is more likely that a varying relative permittivity should be used.

13.9.4 Activity measurements

This has always been an important, though very indirect, source of hydration numbers.
Colligative properties and emfs give high precision experimental data from which the activity
of the solute can be calculated and stoichiometric mean ionic activity coefficients found. If it is
assumed that solvent molecules are bound to the ions, a relation between

e the observed stoichiometric ¥, (ypsva)s

e the corresponding ¥ calculated from the Debye-Hiickel theory;

calc)

e and the hydration number for the electrolyte as a whole;

can be derived. This hydration number can then be split up into s, and /_.
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Deviations from predicted behaviour are here interpreted in terms of solvation, but
other factors such as ion association may also be involved. Ion association leads to
deviations in the opposite direction and so compensating effects of solvation and ion association
may come into play. The deviations may also be absorbing inadequacies of the Debye-Hiickel
model and theory, and so no great reliance can be placed on the actual numerical value of the
values emerging. This major method has now been superseded by X-ray diffraction, neutron
diffraction, NMR and computer simulation methods. The importance of activity measurements
may lie more in the way in which they can point to fundamental difficulties in the theoretical
studies on activity coefficients and conductance. The estimates of ion size and hydration
studies could well provide a basis for another interpretation of conductance and activity
data, or to modify the theoretical equations for mean activity coefficients and molar
conductivities.

13.10 Modern techniques for studying hydration: NMR

This is probably the most powerful spectroscopic technique, and with X-ray and neutron
diffraction is now the technique of choice. A shift in the proton resonance frequency and the
intensity of the signal tells how many water molecules are responsible. Proton relaxation shifts
have proved to be a major advance, and are progressively being applied to solutions containing
complex ions. For simple ions they suggest six water molecules around a cation are
fairly typical. In favourable cases individual hydration numbers are obtained using this
technique. In this respect they are superior to the more traditional methods which on the
whole only measure overall hydration numbers and require some arbitrary way of splitting
these into cation and anion contributions. Diffraction studies also furnish individual hydration
numbers.

Only nuclei with a net nuclear spin will give a signal. However, this is no problem for
hydration studies since it is the chemical shift of the proton, 'H, signal of H,O which is being
measured. In certain cases the signal from '’O in HyO is used. In a solution the O atom is the
atom closest to the cation and the H atom is the one closest to an anion. Essentially the
experiment looks at the environment of the atom whose resonance is being studied. In an
electrolyte solution there are three species of interest: the solvated cation, the solvated anion
and bulk water. Coordinated water will exchange with secondary solvation of the ion
under study, with the primary and secondary solvation of the counter ion and with the
bulk water.

If a signal is to be observed then the proton must remain in the same environment for at
least 10™*s to be picked up as a distinct entity in that environment. This is a
limitation imposed by the nature of NMR spectroscopy and is not an instrumental limitation.
This has significance for the study of hydration using NMR. If the proton does not
remain in one environment, e.g. coordinated to a cation, for at least 10~*s then the
signal found in the spectrum will be the average of that for all the environments open to
the proton.

Cations and anions can be studied using NMR, but the focus has predominantly been on the
cations. Signals from both can be picked up and it is relatively easy to assign particular
signal(s) to the cation and other(s) to the anion. If a series of metal chlorides are used, the
proton signal for water associated with the cation will depend on the cation, the chloride signal
will not vary in the same way.
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13.10.1 Limitations of NMR

e There are a few problems associated with salts of electronically diamagnetic and
paramagnetic cations. In general, if the exchange of water molecules is slow, two signals
are detected. If the cation is diamagnetic these proton resonances for water molecules are
easy to pick out and analyse. These are generally around 100 Hz apart. However,
paramagnetic ions, in general, cause much larger differences in the chemical shifts for
the two signals, but there is so much broadening in the signals that analysis is problematic.
However, in such cases, use of the '’O signal in isotopically enriched H,O resolves this
problem and two signals can be obtained. The use of D in D,O is also helpful here.

It is best if hydration can be studied using the two peaks corresponding to coordinated water
and the rest of the water which comprises secondary solvation of the cation and primary and
secondary solvation of the anion and the bulk water. When two signals are observed it is
possible to determine individual hydration numbers.

e It is possible to convert a single signal into two signals by lowering the temperature. This
slows down the rate of exchange of water between coordinated water and the rest. Because
high concentrations are required for NMR signals to be picked up, this means that
temperatures below 0°C can be attained in the liquid phase. The rate of exchange can
also be slowed down by adding propanone (acetone) to the solution. It is essential that any
added solvent must not significantly solvate with the cation or anion.

o NMR experiments have to be carried out at very high electrolyte concentrations to be able to
obtain a measurable signal. These are way above concentrations corresponding to non-
ideality, and so the hydration numbers found in slow exchange experiments in particular
will reflect this non-ideality. What is more serious is that the concentrations are in ranges
where ion association is expected to be significant, and an anion could well replace a water
molecule in the primary solvation shell.

13.10.2 Slow exchanges of water molecules

This is normally found for Be>*, Mg?* and higher charge cations including some of the
electronically diamagnetic transition metal ions, lanthanides and actinides. Paramagnetic
transition metal cations can be studied using '’O or D resonance.

If there are two peaks:

e the chemical shift gives some indication of cation—solvent interaction;
e peak areas give primary solvation numbers;
e but be aware that these may have to be corrected for ion pairing.
For slow exchange the positions of the chemical shifts do not alter with concentration, though
of course the areas under the peaks do. The areas under the peak for coordinated water and the

peak for bulk water can be easily measured and the ratio of these areas along with a knowledge
of the number of mol of ion and water will lead directly to the hydration number.
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Figure 13.11 Proton chemical shifts for solutions showing how these occur at lower field strengths
than for bulk water.

Paramagnetic ions such as Co>*, Ni** and Fe?* give only one proton resonance, and so
cannot be studied in H,O. However, if 170 enriched water is used, then two peaks are found
and the areas under the two peaks will give the hydration number.

A fairly large number of both diamagnetic and paramagnetic ions which have slow exchange
of water between coordinated water and the rest can be studied if both H,O and H’O are used.

The electric field of the ion polarises the water molecules and causes a reduction in the electron
density around the H-atoms. This causes the resonances for the protons in the coordinated waters
to occur at a lower field than that for the bulk water (see Figure 13.11). The magnitude of the
differences in these chemical shifts gives some indication of the cation—solvent interaction. These
differences show that the main factor governing the shifts is the electric field of the cation. This is
larger the larger the charge and the smaller the size of the cation. Minor effects appear if there is a
change in geometry of the coordinated water.

Data from slow exchange experiments show that the most common hydration number is six,
indicating that the primary solvation shell has an octahedral symmetry. This shell will thus
have approximately spherical symmetry.

13.10.3 Fast exchanges of water molecules

For some ions, the water molecules which are bound to the ion exchange rapidly with the water
molecules outside the primary solvation shell. If this is the case only one proton signal will be
detected. This will represent an average of the environments of the proton in the primary
solvation shell and in the rest of the water, i.e. in the secondary shell of the cation, the primary
and secondary shells of the anion and the bulk water. Situations where fast exchange is found
and one signal observed show that:

e exchange of water molecules between the primary solvation shell of cations and all the rest
of the water is fast for alkali metal cations, some alkaline earth cations and a large number of
transition metal cations;
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e exchange of water molecules between the primary solvation shell of anions and all the rest
of the water is always fast and only a single resonance is found;

e cxchange of water molecules between both cation and anion secondary solvation shells and
bulk water is always fast.

Special techniques are required to analyse this situation, and unfortunately only total
hydration numbers are obtained when only one resonance signal is observed. Methods for
splitting up these into individual hydration numbers are necessary (see below).

The chemical shift observed for a given electrolyte depends on the nature of both the cation
and the anion. Unlike the slow exchange where the chemical shift is the same whatever the
concentration of the solution, the position of the resonance signal if the exchange of water is
rapid depends on the concentration. This dependency is utilised in the determination of the
overall hydration number for the electrolyte in question.

The chemical shift is approximately linear in concentration with deviations becoming
progressively greater at high concentrations. However, it is possible to determine the quantity
(08/0c),_, from the graph of 8, the observed chemical shift, as a function of concentration.
This quantity can then be split up into chemical shifts for cation and anion using one or other of
the assumptions, e.g. 8 for K" is equal to §_ for C1~, or by assuming 8. for NR} to be zero.
The values of the shifts found using such procedures for splitting up the overall signal into
individual components, 4,5, and h_35_ have been used to discuss the structure breaking or
making properties of the ions which can be studied in this manner. These individual chemical
shifts have also been used for a study of the cation—solvent interaction. Various methods have
been tried in an attempt to obtain hydration numbers from fast exchange data, but the values so
obtained are to be treated with caution.

13.10.4 Results of NMR studies of hydration

NMR results are limited in so far as individual hydration numbers can only be found for ions
for which the two peaks corresponding to coordinated water and the rest can be observed. This
limits the study to ions for which there is slow exchange and means that alkali metal cations,
and most of the alkaline earth metal cations are excluded. Nonetheless a considerable number
of cations have been studied with unambiguous results. The most common coordination
number is six, but cations known to favour tetrahedral or square planar configurations show a
coordination number of four. It is only with large cations such as the lanthanides and actinides
that numbers greater than six are found.

When the exchange is fast only overall hydration numbers can be found. But these, in
conjunction with diffraction techniques which do give individual hydration numbers, can
extend the range of cations for which individual hydration numbers can be found.

13.10.5 Residence times from NMR and ultrasonic relaxation

The residence time found from NMR data is the average lifetime of a water molecule in the
primary solvation shell. Estimates of mean lifetimes can be found from the line widths of the
signals obtained for both fast and slow exchange. The resonance signal which is required is
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that for water coordinated to the cation. If the lifetime of a water molecule in the primary
hydration shell is long then a sharply defined peak is found, while shorter lifetimes will give a
broader peak. A detailed analysis gives relations between the width of the line, the lifetime of
the water molecule in its environment and the rate constant for exchange.

The signals obtained in the NMR study of hydration can be either from proton resonances or
from '7O resonances. The latter is preferable for cations since the O is the atom which is
coordinated to the cation. Observation of the line width of the 'O signal is easy to detect for
paramagnetic ions, not so for diamagnetic ions. Consequently ''O studies are limited to
paramagnetic ions and 'H is used for diamagnetic cations.

There is a fundamental difference in the processes occurring in the two experiments using
'H and '70. Exchange of a water molecule from the coordinated water molecules means
splitting the bond between the cation and the oxygen atom of the exchanging water molecule.
In the proton resonance it is only the proton which is flipping between its two environments,
not the whole water molecule. The rate of exchange of a proton of a coordinated
water molecule with other water molecules not coordinated to the cation is likely to be
faster than exchange of the whole water molecule which is what happens in the 'O
experiments.

If anions are studied it is the H end of the O-H dipole which is attracted to the anion. Proton
resonance will thus correspond to exchange of the water molecule.

If the resonances are studied over a range of temperatures, then activation parameters can be
found for the exchange of water between the solvation shell and the rest of the water.

Awide variety of lifetimes are found ranging from 25000 ps for a water molecule near Mn>*
to 10 ps for Na™, 5 ps for CI~ and 4 ps for I . These can be compared with 3 ps for the average
lifetime of a water molecule at a given site in the pure liquid.

Ultrasonic relaxation can also be used. Here relaxation times are measured and these are
related to the lifetime of a water molecule in a given environment. The relaxation time can
only be defined for a first order process and, like the half-life, is a fractional lifetime. It is the
time taken for the concentration to fall to 1/e of the initial concentration.

The rate of release of a water molecule is often studied as part of ion association studies, e.g.
the following consecutive equilibria are often found in formation of contact ion pairs.

Mt (H,0), + X* — (H,0),——=(H,0), ,M*"(H,0)(H,0)X* (H,0)
free ions solvent separated ion pair
——(H,0), M*"(H,0)X*" (H,0), , + H,0
solvent separated ion pair
——(H,0), M X" (H,0), , +H,0

contact ion pair

n—1 n—1

n—1

The contact ion pair could also be written as M**X*~ (H,0),, ,.

The rates of release of the water molecules from the two solvent separated ion pairs should
enable the lifetime of a water molecule in the two environments to be found.

The basic principle of the techniques can be illustrated by the following hypothetical
scheme:

MZJF (H2O)n <—MZ+ (H20)11— 1 + HZO

If a sound wave is passed through the solution it will perturb the equilibrium slightly and a wave
of new equilibrium positions is called for. If the concentrations can alter rapidly enough to enable
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each new equilibrium position to be set up as the wave is passed, then the equilibrium can keep in
phase with the periodic displacement of the sound wave, and there will be no associated
absorption of sound. If the concentrations cannot alter rapidly enough, they will not keep in
phase with the sound wave and they will remain approximately constant throughout.

These are two extremes. An intermediate situation occurs when the period of the sound wave is
comparable to the relaxation time. Here reaction occurs fast enough to allow the concentrations to
alter with time, but the change in concentration is out of phase with the sound wave. This shows
up as a point of inflection in the graph of (velocity of sound)? vs. frequency and as a maximum in
the absorption of sound (see Figures 1.2(a) and 1.2(b)). The relaxation time can be found from the
point of inflection, or from the position of the maximum. For the single equilibrium used to
illustrate the technique:

1

T=—" 13.1
ki +k_4 ( )
If the equilibrium constant is known:
ky
K=— 13.2
o (13.2)

and so k; and k_; can be found independently.

For more than one equilibrium, such as the scheme involving solvent separated and contact
ion pairs, several points of inflection or maxima may be observed and a relaxation time for
each equilibrium can be found (see Figures 1.2(c) and 1.2(d)). If the relaxation processes are
not resolved, best fit computer analysis is used to determine the relaxation times and the rate
constants for the desolvation processes.

Table 13.2 gives typical values found for hydration numbers from NMR.

13.11 Modern techniques of studying hydration:

neutron and X-ray diffraction

Diffraction patterns formed by scattering of X-rays or neutrons can give the following:
e the solvation or hydration number of the ion;

e an estimate of how the solvent molecules can be arranged around the ion;

Table 13.2 Typical values for hydration numbers found from areas of peaks in NMR

Ion and hydration number Ion and hydration number Ion and hydration number
Be?" 4 Vv 6 Pd** 4
Mg** 6 Mn?* 6 pt>* 4
AP* 6 Fe?" 6
Ga’* 6 Co** 6
Ni?* 6
Zn>* 6
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e possibly an indication of the numbers of layers bound to the ion; and

e an indication of the stability of the solvation layers, but only if the strong source modern
second and third generation synchroton-generated X-rays are used.

The main problem for the X-ray method is that H atoms do not scatter X-rays sufficiently for
clear scattering patterns to result. Since what is of interest is the interaction of ions with water,
this is a clear drawback. However, modern second and third generation synchroton generated
X-rays give a much more intense beam and this has partially compensated for the poor
scattering capacity of H atoms. Neutron diffraction is not limited in this way. In
modern work, isotopically substituted ions are used, and here accessibility and cost can be
a problem. Furthermore, if neutron diffraction with isotope substitution is used it is
essential that the isotopes show significantly different scattering. For instance '°0, '’O and
0 show very similar scattering patterns and so cannot be used in this way (see Section
13.11.1).

Despite this, diffraction and computer simulations are easily the most searching tools for
studying solvation. The main aim of the diffraction studies has been to determine the details of
the atomic environment of the solvent and the solute particles. Other than NMR probes, the
best way to determine such environments is through determination of the pair radial distribu-
tion function, g, (r). This gives the probability of finding atom, b, at a distance, r, from atom a.
In the present context of an electrolyte solution of XY, in HO(1) there are 10 pairs of types of
atoms described by 10 pairwise radial distribution functions, g,,(r). They are:

Solute : gxx(r),gxy(r) and gyy(r).
Solvent : goo(r), guu(r) and gou(r)
Solute/solvent : gxo(r), gxu(r), gyo(r) and gyn(r)

The total radial distribution function g(r) is a linear combination of these 10 individual
pairwise radial distribution functions, and this can be found from the overall scattering in the
diffraction experiment. This is a useful quantity to have, but the more informative pairwise
functions are essential in determining the complete environment of the ions in solution.
However, it is difficult to split up the observed overall g(r) determined from straightforward
analysis of the scattering into its components. It would be much easier to generate g(r) from
the individual components if they were available.

Scattering patterns can be translated by standard diffraction techniques to give these
pairwise distribution functions. This is difficult to do with X-ray scattering patterns, although
modern techniques such as anomalous X-ray scattering have helped. It is relatively easy to
determine these using the nuclear diffraction isotope substitution technique.

13.11.1 Neutron diffraction with isotope substitution

The electrolyte X, Y, is studied in solution. What is wanted is to find out about the hydration
around the cation and the anion, and to find out if the water structure is altered. If the cation is
substituted by an isotope and if the scattering abilities of both are different, then a different
scattering pattern will be found. If there is more than one isotope of the ion then different
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scattering patterns are found for each isotope compared with that for the unsubstituted
electrolyte. This makes the subsequent analysis much easier. Likewise, different scattering
patterns are found for isotopically substituted anions. If the H is replaced by its isotope, D, this
will also cause a difference in scattering pattern. '°0, '’O and '®0 show very similar scattering
patterns and so cannot be used in this way.

e (A) The electrolyte solution of X,Y, in H,O(l) is studied and its scattering pattern
determined. The following 10 radial distribution functions are relevant:

gXX(r)agXY(r)7gYY(r)7gOO(r)7gHH(r>7gOH(r)agXO(r)ngXH(r)ugYO(r) and gyu(r).

The total radial distribution function g(r) is a linear combination of these 10 g,y (7).

o (B) A solution of isotopically substituted XY, in water is taken and its scattering pattern is
found. The radial distribution functions which are then relevant to the difference in the two
scattering patterns of (A) and (B) are:

gxx(r), gxy(r), gxo(r), and gxu(r).

e (C) Likewise substitution of Y by its isotope Y* gives a further different scattering pattern,
and the functions which are now relevant to the difference in the two scattering patterns (A)
and (C) are:

gxy(r),gyy(r), gvo(r) and gyu(r).

e (D) Substitution of X by X*, Y by Y* and H by D will give a further different pattern, and the
relevant functions are now:

gxx(r)agXY(”)73YY(V)7gHH(V)780H(V)7gxo(V)a8XH(V)>gYO(V) and gyu(r).

e By studying the differences between all of the different scattering patterns it becomes
possible to deconvolute the information to give all the individual pairwise radial distribution
functions.

The important g(r)s are gxo(r), gxu(r), gvo(r) and gyu(r). From these it is possible to
determine ion—water coordination and conformation in the first shell of nearest neighbours.
With suitable data, it has been possible in favourable situations to obtain information about the
second hydration shell.

The average hydration number for an ion in solution can be obtained as the integral:

r

720 — constant J Gion_o(r)r2dr (13.3)

ion
i
)

or as 20 — constant J Gion_u(r)rdr (13.4)

ion

Ti

depending on which function is more readily available. r; is generally taken as the radius of the
species around which the hydration number is being found, and r; is the distance beyond the
origin at which the outer boundary of the solvation sphere is assumed to lie (see
Figure 13.12).
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Figure 13.12 Radial distribution function showing how to estimate the average hydration number
for an ion from the peak area.

The radial distribution functions for cation—anion can likewise give information on ion-
pairing, and in general the coordination number of atom f around atom « can be found from a
similar integral:

r

” = constant J gup(r)ridr (13.5)

Ti

where ry is again taken as the radius of the species, o, with which g is associated, and r, is the
outer limit to the region where the ions can be considered to be associated.

Typical values of hydration numbers are given alongside values determined by other
methods in Table 13.3.

Six water molecules are found to be arranged octahedrally around such ions as Ni**, Na*
and Ca>", with bound water possibly being confined to one layer only. A similar result has
been found for Cl.

13.12 Modern techniques of studying solvation: AXD diffraction
and EXAFS

These are two X-ray techniques using X-ray scattering which have become increasingly
important. AXD is an acronym for anomalous X-ray diffraction, and is a purely diffraction
technique, whereas EXAFS, extended X-ray absorption fine structure, is basically a
spectroscopic technique. Both these techniques have become possible because of the advances
made in the generation of high intensity X-ray beams using modern synchrotron, second and
third generation, equipment.
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Table 13.3 Typical hydration numbers found by various methods.
*denotes finding a negative value

From ionic
X-ray or neutron Stokes” Law conductivities
diffraction and Computer radii from ionic ~ with corrections
Ton NMR related methods simulation conductivities to Stokes’ Law
Li* — 4106 6 2.1 7
Na™ — ca. 6 6 0.8 5
K™ — ca. 6 6 * >1.5
Be* 4 — — 11 14
Mg** 6 6 — 6.5 12
Ca** — 6 to 10 — 45 10
AP 6 6 — — —
Fe>* 6 6 — — —
Ni** 6 6 — — —
La** — 8 — 9.5 13
Ag® — 4 — 0.2 >2.5
F~ — 6 6to 8 0.35 4
Cl™ — 6 6to 8 * >0.7
Br~ — 6to7 — * >0.3
I~ — 6t09 7 * >0

In the EXAFS technique the incident X-rays are absorbed by the atom which is being
studied. In doing so they interact directly with the electrons of the atom and the excited
electrons then probe the immediate environment of the atom. As a result X-rays are emitted
and this appears as fine structure in an absorption. From this it is possible to deduce
coordination numbers, geometry and mean distances of the atom under study to its nearest
neighbours, i.e. to give information about the primary solvation of an ion. Recently it has
proved useful in probing the secondary solvation shell.

In the AXD technique, X-rays of a given energy close to a region where the X-rays are
absorbed are used, and the resulting scattering pattern is found. Another experiment uses
X-rays of a slightly different energy and a further scattering pattern is obtained. By studying
the differences between these patterns considerable structural information can be found. This
gives the structure around the ion and the information derived fully complements and adds to
that derived by more conventional techniques. However, at present it is limited to atoms with
atomic number greater than 28, i.e. for Cu and beyond.

13.13 Modern techniques of studying solvation: computer
simulations

Computer simulations have proved to be an exciting advance for electrolyte studies; small to
moderately large solute molecules are now routinely studied. They are also being developed
for the study of large molecules such as those of biological importance, and could possibly
enable detail at the molecular level to be correlated with details of the structure of macro-
molecules in solution and their biological function.
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They are a major tool in the study of electrolyte solutions, and this technique
coupled with diffraction and NMR studies may give a means to unravelling the intricacies
of solvation.

The technique has been described in Section 10.15. In summary, a model of solvation is
decided upon. The computer uses Monte Carlo or molecular dynamics methods and a
simulation of the solvation pattern emerges. The beauty of the method lies in the capacity
to vary the model at will by varying the type and number of interactions considered for each
model. This will give a simulation for each set of conditions which can then be compared with
each other and with results from all the experimental methods described earlier. In effect the
computer is used to help find a model which fits experiment.

13.14 Cautionary remarks on the significance
of the numerical values of solvation numbers

Table 13.3 lists typical values of hydration numbers found by various methods.

Gross discrepancies in the values of h, hy and h_ for any given electrolyte
are found for the various methods. These may be a result of some or all of the following
factors:

e Different methods may measure different things: diffraction and spectroscopic methods
deal with an equilibrium situation whereas transport properties deal with the moving ion
and its bound solvent molecules. There are obvious discrepancies between:

(a) the diffraction and NMR results and

(b) conductance results.

The values of a found from conductance studies are more like crystallographic radii while
the diffraction and NMR results indicate bound water.

e Some experiments could measure bound molecules only; some could measure bound plus
affected molecules.

e Some of the discrepancies may be absorbing inadequacies in the theoretical model and the
equations used in the calculations, for example

e inadequacies of the Debye-Hiickel model and theory;

e inapplicability of Stokes’ Law (Sections 12.4.2 and 12.4.3) in transport methods, and of
assumptions that the ion and its bound solvent molecules are incompressible, and
electrostriction is ignored;

e lack of knowledge about the varying relative permittivity as the distance from the ion is
increased.

e NMR, diffraction and computer simulations give individual hydration numbers. These
methods are superior to all the other methods quoted and are the most likely to be able to
give a comprehensive and accurate study of hydration.
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13.15 Sizes of ions

Deciding on the actual size of an ion in solution is one of the fundamental problems in
electrolyte solutions. This is because there are several ways in which the actual size could be
defined. And so when talking about the actual size and giving it a magnitude, it is necessary to
state to what entity this is referring, i.e. is it:

e the bare ion;
e the bare ion plus its primary solvation sphere;
e the moving entity, i.e. ion plus water molecules moving with it;

e or is it the secondary solvation shell?

13.16 A first model of solvation - the three region model
for aqueous electrolyte solutions

Around the ion is a region of bound or strongly affected water molecules forming layers or
shells which are highly orientated by the ion—dipole interactions between the ion and the polar
water molecules. The arrangement of these bound or strongly affected water molecules is
considerably distorted from that of the pure solvent. Next to this region, and separating it from
the unmodified solvent, is an intervening region of water molecules whose structural arrange-
ment gradually changes from the highly orientated water to that of unmodified water. This is a
region of ‘misfit’ between bound and unbound water, and is expected to be highly disordered
because of this misfit.

A comparison can be made between the degree of ordering in the pure solvent and the
degree of ordering in the electrolyte solution in terms of:

e (a) the highly ordered region around the ion;
e (b) the disordered intervening region of misfit;

e (c) the order of the unmodified solvent.

Whether an ion will cause an overall increase in order in the solution compared with the pure
solvent depends critically on the balance between the order/disorder introduced by (a) and (b).

e If on balance

region (a) is dominant, there will be an overall increase in order in the solution relative to
the pure solvent, the degree of ‘structure’ will be enhanced and the ion is termed a
‘structure maker’.

e If, on the other hand, on balance

region (b) is dominant, there will be an overall decrease in order in the solution relative to
the pure solvent, the degree of ‘structure’ will be decreased and the ion is termed a
‘structure breaker’.
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A cautionary word is necessary here. The structure which is being discussed, i.e. in the
strongly orientated and the misfit regions, is not the structure of ordinary water. The structure
which the ions enforce on the strongly orientated water is often an octahedral arrangement
which is approximately spherically symmetrical around the ion, and this is totally incompa-
tible with the tetrahedral arrangement dictated by the H-bonding array found in pure water. In
the intervening ‘misfit’ region the arrangement is neither a spherically symmetrical nor a
tetrahedral one, but something which has to change from one extreme to another, and this
could occur over several layers of water molecules. In these layers the molecules must be
structurally and dynamically perturbed.

Since this 3-region model was proposed, more precise experimental techniques and
theoretical approaches have been developed, and these have led to the possibility of a more
detailed description of the three regions.

13.16.1 Structure making and structure breaking ions

e For a structure maker the ordering of the bound water molecules must outweigh the
disorder induced in the ‘misfit’ region. Such ions will be highly polarising, and so are
expected to be smaller and highly charged as exemplified by Li*, Mg?*, A" and F~.

e Structure breaker ions bind water molecules around them sufficiently to cause a ‘mis-
match’ between the structure of the bound water and that of unmodified water typical of the
pure solvent. But the order induced is not great enough to outweigh the disorder created in
the ‘misfit’ region, and this will occur with the less strongly polarising ions such as Rb™,
Cs™, BrandI".

e Polyatomic ions are more difficult to classify without recourse to experimental clues. But all
indications suggest that, possibly because of charge effects,

e SO~ and PO~ are powerful structure makers; and
e NO3, ClO4, and SCN™ are structure breakers.

e Tetraalkylammonium ions, long chain fatty acid anions, detergents and many big biologi-
cally important ions are in a class by themselves. They appear generally to be structure
makers, but modern work has shown that their structure making behaviour is not a result of
the molecular processes proposed for simple ions, but is a result of a totally different
physical process called hydrophobic hydration.

13.16.2 Evidence for structure making/structure breaking

Thermodynamic studies are the main source of evidence for these phenomena.

13.16.3 A first attempt at classification

The entropy of solvation of the electrolyte can be compared with that for the corresponding
number of noble gas atoms or non-polar molecules. For instance, KCI is compared with two
argon atoms while CaCl, could be compared with three CH4 molecules.
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The processes for the noble gas or non-polar molecule are:

noble gas(g) — noble gas(aq)

non-polar molecule(g) — non-polar molecule(aq)

It might be expected that because there will be no electrostatic interactions between the noble
gas atoms and the water molecules there will be only small changes in entropy. However, they
have large negative entropies of solvation. This is surprising since it means that the presence of
a non-polar inert solute in water causes a considerable increase in order and must therefore
alter the structure of water. It also suggests that any solute in water will alter its structure.
These processes are, therefore, used as a base-line for comparison with solvation of electro-
lytes, with the following being used as a ‘rule of thumb’:

e if the entropy of solvation of an electrolyte has a more negative value than that expected,
then it is a structure-maker;

o if the value is less negative than expected it is a structure breaker.
The expected values are computed as follows:

o if the electrolyte is KCI then the value of the entropy of hydration for KCI should be
compared with that for 2 Ar;

e if SrCl, it should be compared with the entropy of hydration for Kr + 2Ar;

If hydration entropies of individual ions are considered, the comparisons required can be
illustrated by:

o K™ with Ar;
o I~ with Xe;
e Mg”* with Ne.

However, as will be shown later, the physical processes involved in the solvation of the inert
gases, apolar and non-polar molecules are totally distinct from those involved in the solvation
of ions. It could be queried as to whether it is valid to use the entropies of solvation of these
substances as the basis of a classification of ions in solution.

13.16.4 Thermodynamic evidence

All of the thermodynamic evidence pertaining to hydration is given in terms of standard values
which correspond to ideality where the solute concentration — 0. Under these conditions the
only interactions will be those between ion and solvent molecules and between solvent and
solvent molecules. Ion—ion interactions can then be ignored.

The thermodynamic procedure is carried out in a series of steps as given in Sections 13.16.5
and 13.16.6.
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13.16.5 Determination of partial molar entropies for individual ions

Note well: when data on partial molar entropies are given they are usually in terms of the
hydrogen ion written as H' (aq). This section uses this convention so as not to be in conflict
with tabulated data. In all other parts of the book, the standard procedure of writing the H' in
terms of H;0™ (aq) is used.

e From standard emfs of cells:

The overall reaction occurring in the cell, Pt(s)|H,(g)|HCl(aq) :: AgNO;(aq)|Ag(s) is:
Y2Ha(g) + Ag”(aq) — H' (aq) + Ag(s)
and AG” = pigs + Riagi = V2 M) — Hag (g (13.6)

=0 =6 =6 =0
and AS” = Sy (ug) + Sag(e) — ¥2Sk,) — Sag' o)

where the S”’s are standard partial molar entropies.

The partial molar entropy of substance B in a solution relates to the dependence of the
entropy of the solution on the amount of substance B in it. More precisely, it is the rate of
change of S for the solution with change in amount of B present, with the change in amount of
B being carried out at constant temperature, constant pressure and constant amount of every
other substance.

AS? can be found from the temperature dependence of the emf of the cell (see Worked
Problem 8.11, Section 9.12.2 and Worked Problem 9.16).
Eﬁg“) can be calculated from third law entropies,
Sliz(g) can be calculated from statistical mechanics,

<6 . . . . . <0
S+ (aq) 18 allocated specific values using various conventions, .g. Sy (,q) = 0, or

Sht(aq) = %gfh (@It is vital when quoting partial molar entropies and entropies of hydration

to be aware of what convention has been used in deriving the values. In this book the
convention used is that Sy, ) = 0.

All the quantities in Equation (13.7) are known except §§g+(aq) which can thus be found.
If other cells are used further standard partial molar entropies can be found.

e From solubility products:

This can be illustrated by the solubility of the sparingly soluble AgCl(s)

AgCl(s)—Ag*(aq) + Cl™ (aq)
AG" = M(’Ag*(aq) + H’%l’(aq) - /“LQAgCI(s) (138)

0 _ ot -0 —0
AS" = Sag*(aq) T Sc1-(aq) ~ Sagcis) (13.9)

AS? can be calculated from AGY found from the solubility product, K, and AH? found
from the temperature dependence of the solubility product, as illustrated in, for



548 CH13 SOLVATION

example, Worked Problems 8.6 and 8.7, or from the temperature dependence of AG? (see
Section 8.19).

geAgCl(s) can be found from third law entropies,

§9Ag+<aq> can be found as above from the emf of the cell Pt(s)/H,(g)|/HCl(aq) ::
AgNOs(aq)|Ag(s) L

All the quantities in Equation (13.9) are known except S¢,- (,q) Which can thus be found.
Using these methods and others, tables of individual partial molar entropies for many ions
have been built up.

But remember: the actual value for any ion will depend on the convention used. Other
conventions may be used and they need not necessarily relate to H" (aq). Care must, therefore,
be taken when using such tables.

Similar tables can be found for determining standard partial molar entropies for ions in a
variety of solvents. These are important in determining thermodynamic transfer data (see
Sections 13.23 and 13.25.5).

13.16.6 Standard entropies of hydration

These relate to the process of transferring the ion from the gas phase to the aqueous phase.
They can be calculated from the tabular data of partial molar entropies of the ion in solution
and statistical mechanical calculations on the ion in the gas phase.

K*(g) — K*(aq)

AGgydration = /LOK*(aq) - ILOK*(g) (1310)
<0 =0
ASﬁydration = SK*(aq) - SK‘(g) (1311)

=0 .. .
SK+(g) can be found from statistical mechanics

S{Qa ) can be found as given above (Section 13.16.5).
and s0 AS} 0, can be found.
Tables of entropies of hydration for individual ions can thus be drawn up.

But take care: these will also be dependent on the convention used in the determination of the
individual partial molar entropies of ions in aqueous solution.

Table 13.4 lists some values for AS? hydration- 1t Will be seen that they are negative
corresponding to a decrease in entropy and to an increase in order on forming the solution.
This is not surprising as solvation will occur. To be able to classify ions into being ‘structure
breakers’ or ‘structure makers’, these ASY hydration ar¢ compared with the entropies of
hydration for the noble gases. A value of ASY hydration = —100J mol " mol ™! is taken as a
rough and ready division between ‘structure breakers’ and ‘structure makers’. A value of
ASY hydration Which is more negative than this indicates a ‘structure maker’, a value which is
less negative indicates a ‘structure breaker’. Obviously there is quite a degree of latitude as to
where the dividing line is drawn, but overall most ions are classified correctly using this highly
approximate method. However, the values of ASf'On structural d€duced in Section 13.16.7 are

more meaningful.
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Table 13.4 Values of AS{, , .si,, for various ions
Cations
AS?
Jmol—'K-!
Ton (a) (b) (©) Comment
Ht —109 —131 —104 structure making
Na® -89 —111 —84 structure making
K* -52 ~74 —47 structure breaking
Mg** —287 —331 -304 structure making
Ba?* —161 —205 —178 structure making
APF —472 —538 —511 structure making
La’* —388 —454 —427 structure making
Anions
AS?
Jmol-1K-!
Ion (a) (b) (c) Comment
F~ —-159 —137 —110 structure making
CI™ -96 —74 —47 structure breaking
Br~ —81 -59 —32 structure breaking
I~ —58 -36 -9 structure breaking

(a) based on standard pressure for gaseous ions, ordinary concentrations for aqueous
ions; convention as given in Section 13.6.5 for H*(aq);

(b) based on standard pressure for gaseous ions, ordinary concentrations for aqueous
ions; different convention — one which gives the same values of ASﬁydrmon for
Cl™ (aq) as for K*(aq);

(c) based on a standard concentration (1 moldm~) for gaseous ions, ordinary con-
centrations for aqueous ions; convention — one which gives the same values of
AS? for C1™(aq) as for K*(aq), i.e. as in (b).

hydration

13.16.7 Significance of entropies of hydration
for structure making/breaking

The entropy of hydration is the difference between the partial molar entropy of the ion in its
standard state in solution and that of the gaseous ion in its standard state. There will be several
contributions to this change in entropy, the most significant being:

e (i) long range electrostatic effects due to the interaction of the charge on the ion with the
permanent and induced dipoles of the water molecules. This can be calculated using an
argument developed by Born. However, there are hidden problems here. The argument used
involves an integral over distances from the ion and also the relative permittivity of the
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solvent. The upper limit in the distance is always co. The value for the lower limit is the
problem. It could be taken to be one of the following:

o if the radius of the bare ion is used then the relative permittivity close to the ion cannot be
the bulk value. What would be needed is a relative permittivity whose value varies with
the distance from the ion. It would also include an effect due to immobilisation of the
water which is generally treated separately.

o if the lower limit is taken as the radius of the primary solvation sheath, then the entropy
which is calculated will include a contribution from the misfit region. This would really
be a ‘structural’ effect which is normally calculated from the entropy of hydration minus
each of the contributions (i) and (ii).

e The best procedure is probably to use the Born equation with the lower limit being the
distance from the origin to the start of the region corresponding to bulk water. This allows
(i1) and (iii) to be assessed separately.

e (ii) immobilisation of solvent molecules in the near environment of the ion. This is likely to be
the primary solvation shell for singly charged ions, but for higher charged cations it might
include some of the secondary solvation.

e (iii) other effects which are a consequence of the disruption of the water structure in the
misfit region.

When the entropy contributions from (i) and (ii) are added up and subtracted from the
entropies of hydration, there is a finite value left which is assigned as a change of entropy
consequent on the disruption of the water structure in the misfit region, often labelled
AS? Table 13.5 lists some typical values.

ion structural

Table 13.5 Values of AS? for various ions

jon structural

Approximate
contribution
from restriction
Approximate ‘Born’ of motion of Estimated ‘structural’
electrostatic nearest neighbours contribution/
Ion ASflydmmm /Jmol ' K~!  contribution/Tmol ' K~!  of ion/Imol ! K~} Jmol~' K~!
Na*t -84 —15 -50 —19
K* —47 —15 —50 +18
Mg** —304 —60 —50 or —120 —194 or —124
Ba*" —178 —60 —50 or —120 —68 or +2
AP* —511 -135 —50 or —150 —326 or —226
La** —427 -135 —50 or —150 —242 or —142
F~ —110 —15 -50 —45
Cl™ —47 —15 -50 +18
Br~ -32 —15 —50 +33

I~ -9 -15 —50 +56
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(i) The values of ASﬁydmion listed are based on a standard concentration for the gaseous ions,
as distinct from the normal values based on a standard pressure; and on ordinary
concentrations for aqueous ions. They correspond to the convention which takes
ASY for C1~(aq) to be the same as for K™ (aq).

ydration

(i) The ‘Born’ contribution is estimated by taking it to relate to the region beyond 0.270 nm
from the centre of the ion. This gives a contribution of (z*> x 15)Jmol ™' K1

(>iii) The contribution from the restriction of motion of H,O molecules which are nearest
neighbours is taken to be either:

e —50Jmol~! K~! for all monatomic ions;
or

e —50Jmol ! K~! (moderate restriction) for singly charged ions;
—120JT mol~! K~! (extensive restriction) for doubly charged ions;
—150Jmol~! K~! (immobilisation) for triply charged ions.

(iv) The ‘structural’ contribution is estimated as:

ASﬁydraﬁm — {‘Born’ contribution} —
{contribution from restricted motion of nearest neighbours}

For some ions ASY. . isnegative, i.e. the effect is a loss of entropy corresponding to an
increase in order of the solvent. These are called ‘structure making ions’. Those for which
ASY | ructural 18 POSitive correspond to an increase in entropy and an increase in disorder for the
solvent and are ‘structure breaking ions’.

Confirmation of this classification comes from studies on the partial molar volumes of ions,
and from the compressibility and viscosity of electrolyte solutions and from the activation
parameters for water exchange found from NMR and ultrasonic methods.

13.17 Volume changes on solvation

When a solute is added to a solvent, e.g. an electrolyte to water, it might be expected that
the final volume of the solution would be greater then the volume of the solvent used. However,
this is not always the case, and large negative changes in volume are often found experimentally.
These are found by measuring the density of solutions as a function of concentration of the
electrolyte.

Analogous interpretations to the entropy data can be given for changes in volume on
solution of an electrolyte, though the effects are less definite than with the entropies.

o If the decrease in volume is greater than expected, then the ion is a structure-maker — constriction
of the solvent in the bound shell more than outweighs the effect of the ‘misfit’ region.

e If the decrease in volume is less than expected, then the ion is a structure-breaker — the
constriction of the loosely bound water molecules in the bound region is not sufficiently
great to outweigh the effects of the ‘misfit’ region.
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13.18 Viscosity data

This is a less clear-cut situation:

e An ion with a strongly bound inner region will give a more ordered solution and hence an
increase in viscosity greater than expected. This is found for structure-makers.

e Anion with a loosely bound inner region will give a less ordered solution and hence a lower
viscosity than expected. This is found for structure breakers.

13.19 Concluding comment

The models described are expected to be an oversimplified description of what happens in
solvation. But this has focused attention on the molecular description and microscopic detail
of what happens around an ion in solution, and has thrown into perspective the relevance and
importance of diffraction and computer simulation experiments.

13.20 Determination of AGy ;..o

This requires a more complex argument than that used for determining ASﬁydra[ion, and can be
illustrated by the process of hydration for Ag™(aq).

Ag"(g) — Ag'(aq) (1)

There are five stages to the argument:

e Use of the cell, Pt(s)|Ha(g)|HCl(aq) :: AgNO;(aq)|Ag(s) whose overall cell reaction
is:

Y2Hy(g) + Ag*(aq) — H' (aq) + Ag(s) (2)

and whose AGg can be found from the emf of the cell.
e The reaction H(aq) + Ag(s) — Y2Hy(g) + Ag™(aq) (3)

is the reverse of reaction (2) and so:

AGS = —AG; (13.12)
Hence AGj is known.

e The reaction: BH,(g) — H'(aq) + ¢ 4)
is taken by convention to have AG} = 0 (13.13)
If reactions (3) and (4) are added this will give:

Ag(s) — Ag”(aq) +e (5)

with AG! = AGY + AG! = AGY + 0 = AGY = —AG) (13.14)



13.20 DETERMINATION OF 553
e The reaction which is required is:
Ag'(g) — Ag(aq) (1)
and this is made up from the two reactions:
Ag(s) — Ag'(aq) +e (5)

and Ag(s) — Ag™(g) +e (6)

ie. (1) = (5) — (6)
Now AG? = AG§ = —AG} see Equation (13.14)

SAG) = AGY — AGY = —AG) — AG) (13.15)
e It is now necessary to find (6) which is the sum of:

Ag(s) — Ag(g) (7)

which corresponds to sublimation, and for which the free energy of sublimation can be
found, and

Ag(g) — Agt(g) +e (8)

which corresponds to ionisation, and for which the free energy of ionisation can be found
and so (6) = (7) + (8)

and hence AGY = AGY — AGY = AGY — AGY — AGY = —AG5 — AGY — AG; (13.16)
Since AGY, AGS and AG} are all easily determined experimentally, AG{ which is the

standard free energy of hydration for Ag™ can be found.
Using arguments such as these, AGﬁydmﬁon for a whole variety of ions can be tabulated.

13.21 Determination of AH,‘iydration

An exactly analogous argument will result in AHgydmtion.

e AHS for reaction (2) can be found from the temperature dependence of the emf of the cell,
Pt(s)|H2(g)HCl(aq) :: AgNO;(aq)| Ag(s) from which AH§ = —AHS

e By convention AH{ = 0, and so AH? = AHY = —AHS (13.17) and (13.18)
e Standard enthalpies of sublimation and ionisation are easily determined experimentally,
and so AH{ = AHY — AH] = AH? — AHY — AH = —AHY — AHY — AH{ (13.19)

Using arguments such as these, AHgydmﬁOn for a whole variety of ions can be tabulated.
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13.22 Compilation of entropies of hydration

0 0
from AGhydration and Athdration
The values of AHgydmtion and AGﬁydmtion found above can be used to give values of ASﬁydration
for the series of ions for which AH}, .0, and AGY 4.0, have been found.
Now take very great care: These values for ASﬁydration have been found using the convention
that for the reaction:
Y2H(g) — H'(aq) +e 4)

AG =0, AH{ =0 and therefore AS] = 0. This is a different convention to that used in
Section 13.16.6 where ASﬁydralion values have been calculated from standard partial molar
entropies for the individual hydrated ions which were based on the convention that
S+ (aq) = 0. The two sets of values for ASﬁydration will not be the same.

It is absolutely vital to be aware of these different conventions and any other which may
have been used. When compounding standard values for thermodynamic quantities they must

all be for the same convention.

13.23 Thermodynamic transfer functions

The three thermodynamic quantities AG? | . AH? . and ASY . canbe compiled for
ions in a variety of solvents. For a given ion each corresponding thermodynamic quantity can
be converted into a quantity called a thermodynamic transfer function for transferring the ion
from the solvent to water. For instance AHgydmﬁon — AHY | 0. gives the transfer function,
AH?  ...(s — w). These can give some interesting insights into structural aspects of solva-
tion, and will be discussed in Section 13.25.5, and compared with the transfer functions for
apolar molecules.

This is a book on aqueous electrolytes, but it is imperative that something is said about the
solvation of non-polar solutes. This is a topic of prime concern for biochemists and biologists,
but it is also very important for chemists because many of the phenomena observed for non-
polar and apolar solutes bear a superficial similarity to those for electrolytes. However, it is
important to point out that, despite this similarity, the physical and molecular details are totally
different for ions and apolar solutes. A study of the reasons for the difference in molecular
behaviour involved in the solvation of ions and apolar molecules has resulted in an increased
understanding of solvation phenomena in general. It has also led to an upsurge in the number
of investigations, both experimental and theoretical.

13.24 Solvation of non-polar and apolar
molecules — hydrophobic effects

The behaviour of noble gases and non-polar molecules has been used as a base-line for
discussion of solvation of electrolytes. However, the molecular description of what happens
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on solvation is different in the two cases with hydrophobic interactions being the predominant
factor in the solvation of the apolar or non-polar molecule and interactions of the ion with the
dipole of water being the predominant factor in the solvation of ions. If this is the case, it
becomes necessary to study hydrophobic interactions and to query the validity of using
the behaviour of apolar and non-polar molecules as a base-line for interpreting data on
electrolytes.

When an apolar or non-polar solute is dissolved in water, intuitively it is not expected that
there would be any interactions of the molecule with the dipoles of the water molecule. Yet,
dissolution is accompanied by a large negative change in entropy which can only be explained
by saying that the solute is doing something to the solvent structure which results in a large
overall increase in order.

This observation demands that the question should be asked:

what large change can an inert molecule impose on the structural behaviour
and properties of pure liquid water?

The only feasible answer is that the normal extensive H-bonded structure of water responds
to the presence of the solute molecule by spatial and orientational rearrangements which
result in an overall increase in order of the solution. The loose H-bonded structure of
ordinary water is lost locally near the solute molecule, and in its place a new H-bonded
structure is set up where the water molecules form a cage-like structure around the solute
molecule. A large number of cage structures can be formed. These differ in size and shape,
and can therefore accommodate different sizes of solute molecules, but all cage structures
are made up of H-bonded water molecules. The term hydrophobic hydration is used to
describe the situation when a non-polar or apolar solute is solvated in this way by having a
cage of solvent molecules around it. Hydrophobic hydration is only possible because liquid
water can exist in many spatial H-bonded arrangements over and above the open and
extensive H-bonded array of ordinary water. Hydrophobic hydration generally occurs only
with non-polar or apolar solutes, though alcohols, ethers and amines must be included in an
exhaustive study. However, for the electrolyte chemist it becomes important as an aspect of
the solvation encountered when alkyl ammonium ions and other large organic ions are
dissolved in water (see Section.13.26). Polar solutes, on the other hand, break down the
H-bonded arrangement of water and replace it by a spherically symmetrical non-H-bonded
shell of water molecules.

Hydrophobic hydration involves relatively rigid cages around molecules of solute. In this
way, a structure is formed which is more ordered than ordinary water. The observed large
negative ASY for hydration is thought to be a consequence of this.

It is important to realise that hydrophobic hydration is a physical consequence of rearran-
gement of the water structure around the solute, and is not primarily a result of direct attractive
interactions between solute and water molecules. It is a hydration phenomenon totally distinct
from the sort of attractive interaction hydration which occurs when a polar or charged solute is
dissolved in water.

It is for this reason that the comparison of thermodynamic quantities for apolar and non-
polar solutes with those for charged solutes must be queried. However, it could be asked ‘what
other comparison can be made?’
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13.25 Experimental techniques for studying hydrophobic
hydration

These can be broadly classified into three main categories:
(1) spectroscopic, NMR and ultrasonic relaxation;
(i) computer simulations;

(iii) thermodynamic studies.

13.25.1 Results of methods (i) and (ii)

Spectroscopic studies strongly support cage-like structures, and show strong similarities to the
solid clathrates which are well characterised as being crystalline cage-structures around an
inert molecule. NMR relaxation studies show that rotational diffusion motions of the water
molecules of the cage are inhibited, but the motion of the solute is not. This would be expected
if water molecules are ‘fixed’ in the cage, but the solute is still free to move around in the
space inside.

As in the case of aqueous solutions of electrolytes, computer studies have shed much light
on the behaviour of aqueous solutions of non-polar and apolar molecules. They can give
information on solute—solvent and solvent—solvent interactions in such solutions. This is a
powerful tool for studying hydrophobic phenomena and is limited only by the accuracy of the
assumed model and the quantities relevant to this model which are fed into the computer
simulations. Simulation is of particular importance in the solution chemistry of large macro-
molecules and polymers which are extremely difficult to study experimentally, especially in
dilute solutions. They are likely to be a dominant feature of the future study of hydrophobic
hydration.

This work indicates:

e Agreement with other techniques which suggest that there is disruption of the normal
H-bonded water structure on introduction of an apolar or non-polar solute. This is replaced
by a cage-like H-bonded structure with the solute molecule sitting in the cavity at the centre
of the cage.

e Cages of different sizes can result from different H-bonded arrangements of water
molecules.

e The H-bonds around the centre of the cage may be stronger than those in bulk water.

e The rotational motion of the water molecules in the cage is impeded, and this affects
viscosity and diffusion rates.

e The thermodynamic functions calculated from computer simulations can be fitted to
experimental values.
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These findings should be compared with the results of computer simulations on aqueous
solutions of electrolytes.

13.25.2 Results of thermodynamic studies

These have been the backbone of studies on hydrophobic hydration. Thermodynamic func-
tions such as AG, AH and AS extrapolated to infinite dilution give information about solute—
solvent interactions whereas the same functions studied over a range of concentrations give
information on solute—solute interactions (see Sections 1.7.1 and 1.9). Results at infinite
dilution will give information on hydrophobic hydration.

13.25.3 Entropies of hydration at infinite dilution, AS®

AS? is always large and negative for hydrophobic hydration. This supports the belief that
dissolution must increase the order of the solution, which, in turn, suggests the alteration in
structure which would result from cage formation.

13.25.4 AV of solvation at infinite dilution

This is a change in volume at infinite dilution when the solute and solvent are mixed to give the
solution.

Such studies show found that AV . is always negative for hydrophobic hydration. If the
solute is small then it can fit into the spaces of the normal tetrahedral H-bonded structure of
ordinary water, giving a decrease in volume. But if cage structures result it could be expected
that the water structure is even more compacted around the solute, resulting in a further

decrease in volume.

13.25.5 Thermodynamic transfer functions

When an apolar or non-polar solute is dissolved in a variety of solvents water is always anomalous.
So it is useful to compare properties in each solvent with those in water. And so ordinary
thermodynamic functions like AHY, . are converted into transfer functions which represent
the change, for instance, in enthalpy for the process of transferring the solute from the given
solvent to water (in all cases) at infinite dilution. It is interesting and of value to compare the

behaviour of apolar solutes with that of ions in solution. The results can be summarised as follows.
e Ions in solution

e When ions are dissolved in water and in non-aqueous solvents, they are more soluble in
the water, and AGY(transfer, s — w) is negative.
; 0 0
Le. AGsolv(w) < AGsolv(s)
and therefore the equilibrium constant for the process gas ——— aqueous solution is
larger than that for the process gas ——— non-aqueous solution.
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o AH?(transfer,s — w) is positive.
: 0 0
Le. AI—Isolv(w) > AI—Isolv(s)
so that if the only factor affecting dissolution were AH?, , then the process of forming
solvated ions would be more energetically favourable in the non-aqueous solvent than in
water, contrary to what might be expected.

e The only way in which AG?(transfer, s — w) can be negative when AH? (transfer, s — w)
is positive is for TAS? (transfer, s — w) to be positive and large enough.

Remember: AG? = AH? — TAS? or TAS® = AH? — AG?

In the present context both AHY (transfer, s — w) and {—AG?(transfer, s — w)} are positive.
This conclusion supports the belief that the aqueous solution is more disordered than the
non-aqueous solution. Put otherwise, the process of dissolution is energetically unfavour-
able in water compared with the non-aqueous solution, but this is compensated by an
entropically favoured process for the aqueous solution compared with the non-aqueous
solution.

e Apolar solutes in solution

e Most non-polar and apolar molecules are less soluble in water than in other solvents.
Therefore, AGY(transfer, s — w) is positive.
: 0 0
Le. AGsolv (W) > A(;solv (S)
and therefore the equilibrium constant for the process gas ——— aqueous solution is smaller
than that for the process gas ——— non-aqueous solution.

o AHC(transfer,s — w) is often negative and fairly large which means that the process of
forming the solvated solute is more energetically favourable in water than in the non-
aqueous solvent, contrary to what might be expected.

e The only way in which AG?(transfer, s — w) can be positive when AH? (transfer, s — w) is
negative is for TAS?(transfer, s — w) to be negative and large enough.

This suggests that the solute must be passing from a less ordered solution to a more ordered
solution in going from the solvent to water.

This is very difficult to explain other than in terms of hydrophobic hydration, that is, cage
formation of tetrahedrally H-bonded water molecules around the solute. Forming the cage in
water with the apolar molecule inside corresponds to an increase in entropy compared with the
situation of the apolar molecule in other solvents.

The further conclusion which has to be drawn is that dissolution of ions in water is
structurally totally distinct from that for dissolution of apolar solutes in water. The way in
which the structure of pure water is modified on forming aqueous solutions of these two types
of solutes is crucially different, and raises the question as to whether the changes of entropy on
dissolving an apolar or non-polar solute in water can be used as a base-line for interpreting
changes in entropy for dissolution of ions in water (see Section 13.16.3).
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To summarise:

Ions in solution Hydrophobic hydration

AGY | ;or(s — w) is negative AG?. . (s — w) is positive
AH? | ..(s — w) is often positive AH? . (s — w) is often negative
AS{anster (8 — W) is positive ASY vier (s — W) is negative

and

AV? hydration is negative AV? hydration is negative

AS? hydration is usually large and negative AS? hydration is large and negative

Note: the distinction in the effect of ions and apolar solutes on the structure of water
only becomes apparent in terms of AS? values when thermodynamic transfer AS? values
are used.

13.26 Hydrophobic hydration for large charged ions

Tetraalkylammonium ions are interesting. At first sight they appear to be structure-making
ions but, in fact, their properties are due to hydrophobic hydration as shown by thermo-
dynamic, spectroscopic, conductance and viscosity data. Computer simulation experiments
also fit in with the ideas of hydrophobic interaction. The long alkyl chain acts as a non-polar
residue which induces the orientational changes in the water structure characteristic of
hydrophobic hydration. It is likely that ions which combine a charge with a substantial alkyl
or aryl residue, for example detergents, phospholipids and other large ions will show the
same pattern of behaviour. These ions must be thought of in a different way from simple
approximately spherically symmetrical ions. They may well form a bridge between the
microscopic behaviour of simple electrolytes exhibiting one type of molecular behaviour to
large polyelectrolytes and large charged molecules and macromolecules exhibiting
an entirely different type of behaviour, even though their macroscopic properties may be
similar.
Again it is worthwhile to emphasise the crucial distinction between:

hydration of ionic solutes
and
hydration of non-polar and apolar solutes

Tonic solutes are hydrated as a consequence of attractive electrostatic interactions between the
charges on the ions and the dipoles of the water molecules. These interactions break down the
tetrahedral arrangements of H-bonded water molecules near the ion to form a spherically
symmetrical hydration shell which is not H-bonded in the pattern characteristic of the pure
solvent.

Non-polar and apolar solutes are hydrated not because of attractive interactions between the
solute molecule and the dipoles of the water molecules, but because the presence of the solute
molecule induces rearrangements of the H-bonds. Hydration of these solutes is possible
because water can form another type of tetrahedral structure — cage arrays. But in these cages
the solute molecule is surrounded by water molecules which are still H-bonded and tetra-
hedrally disposed.
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13.27 Hydrophobic interaction

When finite concentrations of non-polar and apolar molecules are considered, it would be
expected that there would be no attractive interactions between such solute molecules.
However, when the concentration dependence of various thermodynamic functions is looked
at, the behaviour observed is not consistent with that expected for non-interacting solute
particles.

Remember: concentration dependence gives information on solute—solute interactions (see
Sections 1.7.1 and 1.9).

For instance, the entropy of solution is found to be less negative than would be predicted on
the basis of the limiting AS? (discussed in hydrophobic hydration, Sections 13.24 and 13.25)
and the increasing number of particles present in solution. The presence of the supposedly
non-interacting solute molecules appears to be reducing the large negative entropy change
associated with hydrophobic hydration, and is partially reversing the entropically unfavour-
able hydrophobic hydration.

Observations on other thermodynamic functions collected at finite concentrations support
the idea that something is happening to partially reverse the hydrophobic hydration, and this
effect manifests itself more obviously as the concentration increases. This effect is called the
hydrophobic effect or interaction. The simplest interpretation pictures two cages each with a
solute molecule in its cavity coming close enough to squeeze all the water molecules out from
between the two cages, and to enable the solute molecules to touch. This results in increased
disorder corresponding to an increase in entropy which fits with the observation that the
entropy of solution is less negative than expected. More detailed work shows that this picture
is oversimplified.

A lot of evidence supporting the idea of a hydrophobic effect comes from detailed
thermodynamic studies over a range of concentrations.

A similar conclusion of too simple a picture of hydrophobic interaction is reached when the
physical properties of apolar solutions are looked at in more detail.

However it is again crucial to realise that the hydrophobic effect, like hydrophobic
hydration, is physically a consequence of rearrangement of the water structure around the
solute molecules. It is not a result of a direct attractive interaction between two solute
particles. This becomes important when biologically important solutes are considered. Here
both hydrophobic hydration and hydrophobic interaction play a crucial role in determining the
structure of biological molecules in vivo and in determining their biological function. For
instance, when two apolar parts of a protein appear to be ‘attracted’ to each other it is not
because of an attraction between these two parts of the protein molecule. Rather it is because
overlap of the cage structures around the apolar residues results in a change of the water
structures between the apolar residues of the protein.

13.28 Computer simulations of the hydrophobic effect

Computer simulation experiments suggest that the hydrophobic effect is more complex than
previously thought. They fit in with the idea of two sorts of ‘interaction’, one corresponding to
solute—solute contact with no solvent between the solute molecules, the other corresponding to
a solvent-separated hydrophobic effect with the two solute molecules still solvent separated.
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Acids, bases, salts and buffers — a classification:

3.1-33
ampholytes, intermediate species: 6.2—-6.4

Calculation of pH: 2.4, 4.1-4.6, 4.8, 5.1-5.4,
6.1, 8.20, 9.19, 9.23, 9.24

Cells:
assignment of polarity: 9.10, 9.11, 9.15
cells with liquid junction (salt bridge): 9.13,
9.17, 9.18, 9.20-9.23, 9.25-9.28
cells with liquid junction (tube): 9.12, 9.30

cells without liquid junction: 9.19, 9.24, 9.29

concentration cells: 9.21-9.23, 9.25,
9.26-9.28, 9.30

dependence of emf on ionic strength: 9.17,
9.18, 9.21, 9.23, 9.28, 9.29

determination of E°: 9.17-9.20, 9.29

electrode reactions and processes in cell:
9.4-9.30

formulating emf from p’s: 9.17-9.30

migration processes: 9.4, 9.5, 9.10-9.13, 9.30

transport number: 9.4, 9.10-9.13, 9.30
use to determine thermodynamic quantities:
9.16, 9.18, 9.19, 9.20, 9.23-9.28

Conductance:
cell constants: 11.1-11.3
equilibrium constants: 11.5, 11.6, 11.9-11.11
Kohlrausch’s Law: 11.8-11.11, 11.14
mobilities: 11.15, 11.16, 11.18, 11.19

transport numbers: 11.12-11.14, 11.16, 11.17

A: 112,113
A% 11.6-11.11, 11.14

a=A/A% 114,115,119
At 117, 11.8, 11.10-11.14, 11.16

Dependence of thermodynamic quantities

on T and p:
K:2.4,2.5,85-809:
AH®:8.4,8.6

emf’s: 8.11, 9.16

Direction of reaction: 2.2, 2.3, 7.5, 7.6, 8.1,

8.3,8.16
possibility of precipitation: 2.3,7.5, 7.6, 8.3, 8.16

Electrolysis: 9.1-9.3

Electrical neutrality, use of: 4.3, 4.6

(Section 5.4.1), 7.1, 7.7, 9.13

Equilibrium calculations:

buffers: 5.3-5.5
effect of complexing and ion pairing on
solubility: 7.8-7.10
formulating AG from p’s: 9.17-9.30
effect of ionic strength: 8.15, 8.18-8.24,
9.17-9.19, 9.21, 9.23, 9.29
experimental determination of K: 7.2, 7.3, 7.10,
8.11, 8.15, 8.18-8.22
from conductance: 11.5, 11.6, 11.9-11.11
from emf’s 9.16, 9.20, 9.23-9.28

fraction ionised/protonated () 4.1-4.8, 5.1,

(Section 5.4.1), 11.5, 11.9
dependence of o on concentration: 4.4, 4.8,
5.1, (Section 5.4.1)
maximum ionisation/protonation: 4.7, 4.8,
11.9
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ion pairing and complexes: 7.1-7.3, 7.8-7.10,
9.26,9.27
fraction associated: 7.1-7.3
salts: 5.1, (Section 5.4.1), 5.2
solubilities: 7.4-7.10, 8.3, 8.15, 8.16, 9.22,
9.25,11.10, 11.11
weak acids and bases: (stating approximations,
if any) 4.1-4.6, 4.8, 6.1, 8.19-8.22
dibasic acids: 6.1

Formulating K:
corrections for non-ideality: 8.18—8.22
from experiment or stoichiometry: 2.1-2.3
from w’s: 8.2

Ionic strength, Debye-Huckel calculations
and graphs, activity coefficients:
calculations: 8.12-8.22, 9.19-9.24, 9.28, 9.29
effect of non-ideality and ionic strength on K’s:
8.15, 8.18-8.22,9.23,9.24

SUBJECT MATTER OF WORKED PROBLEMS

Stoichiometric relations, use of: 4.2, 4.4-4.6,
(Section 5.4.1), 5.3,7.1,7.2,7.8, 7.10,
8.21, 8.22,9.23, 9.26, 9.27

Successive approximations: 8.22, 9.19, 9.23

Thermodynamic quantities:

from conductance: 11.5, 11.6, 11.9-11.11

from emf’s: 9.16, 9.18, 9.19, 9.20, 9.23-9.28

interpretation of AH®, AS®, AV?: 8.8-8.10

AC;’: 8.4-8.6,8.9,9.18

AH®: 8.4-8.9,8.11,9.16, 9.18

AG’: 8.1, 8.11,9.16, 9.18

AS%: 8.5-8.7,8.9-8.11, 9.16, 9.18

AV®: 8.9, 8.10,9.18

K:72,73,7.10,8.11, 8.15, 8.18-8.22
from conductance: 11.5, 11.6, 11.9-11.11
from emf’s 9.16, 9.20, 9.23-9.28
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see also, where marked *, the appropriate section in “‘subject matter of worked problems”.

Absorbance (log;olo/I), see Beer’s Law
Absorption of sound waves, see ultrasonics
Acidic functional group 54-56
*Acids and bases 53-71, 75-105
approximations in calculations 74—105
Acids and bases Table 3.1
*Activity 15-16, 221, 223-225, 312-315, 320,
532-533
*Activity coefficient 15-16, 221, 223, 244-251,
252-270, 312-315, 337-343, 350-351,
363, 375-377, 380-381, 388-390,
391-393, 399, 401-402, 409, 415-417,
see also Debye—Hiickel,
actual, of a species 244-245, 247-250, 375-377
for an ion pair 391, 399
for an uncharged species 245, 259
mean ionic, 247-250, 375-377,
stoichiometric 386, 391, 401-402
Actual concentration (definition) 49-50, 70-71,
399
*Algebraic form of the equilibrium constant
35-39, 224-225
for ideal conditions 74-213
for non-ideal conditions 263-271
Alternating current 425, 457
Alignment of dipoles 9-11, 13—-14, 352, 527-528,
532
Amalgam electrode 290
* Aminoacids and aminophenols: acid base
behaviour 168-175
Ampere, unit of current 278
Ampholytes 60-62, 168—175

An introduction to Aqueous Electrolyte Solutions.

Amphoteric 58, 59-60
Anode: as in electrolysis 275, 279-280,
425
as in electrochemical cells 280-282
Apolar molecules 518, 546, 554-560
Approach to equilibrium 34-35
* Approximations for calculations on weak acids
75-79
rigorous 103-104
* Approximations for calculations on weak bases
86-90
rigorous 105
* Approximations for calculations on salts and
buffers 108-110, 112-114, 122, 129-131
rigorous 122-125, 131
Aspects of physics in:
Debye—Hiickel theory 352-360
conductance 422427
*Association and association constants, 21,
23-32, 178-179, 184-186, 187-189,
203-213, 393-401, see also ion pairing
and complexes
AXD diffraction 541-542

Base lines 24-26, 401-402, 497, 500-501

Bases see acids and bases

Basic functional group 56

Battery, 274-275, 280-282, see also cells
operating irreversibly

Beer’s Law 25-26

Biological electrolytes 5-6, 23, 518, see also
apolar molecules
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Bjerrum 31, 393-400, 508
association constant 396-399
critical distance (q) 394-395
critique of Bjerrum theory 400
cut-off 394-395, 400
fraction associated (8) 396-399
theory ideal conditions 393-399
extension for non-ideal conditions 399
use in identifying chemical species involved in
equilibrium 31
Bogolyubov, see Kirkwood Yvon Born Green
radial distribution functions 414417
Bond dipole 9
Bond dipole moment 9
Born, see Kirkwood Yvon Green Bogolyubov
radial distribution functions 414417
Born contribution to entropy of hydration 549-551
Born-Oppenheimer level models 419
Bound solvent; bound water, and non-bound water
529-530
Brownian motion 482, 495-496, 510-511,
514-515, 519, 521
modified, in derivation of Fuoss—Onsager
conductance equation 495-496,
510-511
*Buffer 62-65, 119-137
Buffers, Tables 3.1 and 5.1, 63-64, 119
Buffer capacity 134-137
effect of dilution 134
effect of addition of H;O"(aq) and OH (aq)
134-135
*Buffer equation 120-125, 130-131
approximations made in derivation of
Henderson equation 120-122,
130-131
rigorous calculation 122-125, 131
Build up and decay of the ionic atmosphere
476-480
Bulk or macroscopic 4, 7-8, 9—-11, 352, 383,
405-409, 528

Cage structures 526, 554-560
Cathode as in electrolysis 275, 279-280, 425
as in electrochemical cells 280-282
Cavity term in Gurney type equations 408, 413,
419
Cells, see electrochemical cells
Cell constant 425-427, 429
units of 429
Central reference ion, in Debye—Hiickel theory
352-353, 360-362

INDEX

Charge, Q 216-219, 278-279, 309
units of 278
Charge density 362, 365-370, 377-380, 384
Charge distribution in hydrogen bond 519-520
Charge gradient as in liquid junction potential
300
Charge separated ions 4, 5-6, 18, 61-62, 168-175
Charge separated ion pair 18
Charges in a medium, see aspects of physics
Charges in a vacuum, see aspects of physics
Chelates 17, 19-20, 22
*Chemical potential (n) 221-225, 247-250,
312-313
criterion of equilibrium in terms of 222-223,
224-225
for gases 223
for solids and liquids 223
for solutes 223-224
non-ideal part (1) see non-ideal free energy,
GE
standard values 223-225
Chemical shifts (nmr) 533-536
Cloud of charge, 360-362, 365-367, 368-369,
377-380, 384, 412
Clusters in water structure 519-522, 525-526
Colligative properties 2—3
*Common ion effect in solubility 196197, 198
*Complexes (formation) 17, 21-22, 184-194,
203-213
equilibrium constants 326, 328, 336-337
effect on solubility 203-213
Composition of equilibrium mixtures 34-37,
45-46
Computer simulation 402—404, 409-410, 413,
512, 526, 539, 542-543, 556557,
559-560
in determining water structure 526
in hydrophobic effect 559-560
in solvation studies 539, 542-543
molecular dynamics 404, 413, 526
Monte Carlo 403-404, 410, 413, 526
Concentration 66
see also molal, molar and mole fraction
*Concentration cells and “concealed”
concentration cells, 299, 314-315, 320,
324, 326, 328, 333, 343-347
Conductance bridge 425
Conductance cell 425-427, 457-458
Conductance (electrical) 421-516
aspects of physics relevant to 422-425
units of 429
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Conductance studies 23, 29, 421-516
*for determination of equilibrium constants for
weak acids/bases 438-441, 447-451
*for solubility products 451
over a range of relative permittivities 506
Conductance theories 475-516
empirical corrections 492-493
pre 1957 480-488
post 1950 493
1957 and post 1957 493-516
modern 506-516
Conductance theories see also
Debye—Hiickel, Debye—Hiickel-Onsager,
Fuoss—Onsager 1932, Fuoss—Onsager
1957, Fuoss 1978
*Conductivity (k) 423, 425-429, 432-435,
441-443, 453-455, 459
corrections for self ionisation of water 427
units of 429
Conjugate acids and bases 57-59, 68-70,
104-105, 109-110
Contact ion pairs 19-20, 29-31, 400401, 508-512
Continuity equation 485, 495
Continuous distribution of charge, see cloud of
charge
Continuum, continuous structureless medium,
see solvent 7-8, 352, 383, 405, 419
Core 406—409
Co-sphere 405-409, 507-512
Coulomb inverse square law 10, 12, 350,
355-359, 382
Coulomb, unit of charge 278
Coulombic interactions see electrostatic interionic
interaction
Counter ions 23
Cross-over point in conductance theory 498-500
Cross terms in conductance theories 482—483,
494-497, 512, 514-515
see also electrophoretic and relaxation effects
Cross sectional area 426
Crystallographic radii 5, 19, 21, 360, 387,
406-409, 474, 498, 527, 543
Cubic equation; solution 104, 124, 158
Current, see electric current
Curve fitting 168, 188, 388, 492

Daniell cell 280-282, 284

Data fitting, see curve fitting

Davies’ equation 402

Debye—Falkenhagen effect, high alternating
frequencies 478-479
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Debye—Hiickel theory 24-25, 349-393, 401-402
approximations and inadequacies 382-385
aspects of physics relevant to 353-360
Debye—Hiickel plots as evidence for ion

association 391-393
determination of a and b 388-390
determination of a, b, K. from
Debye—Hiickel equation 393
*equation 24-25, 245, 258-260, 337-343,
375-377, 380-381, 385-387
*extended equation 24-25, 245, 258-260,
337-343, 388-391
*limiting law 24-25, 245, 258-260, 337-343,
380-381, 385
model (features of) 351-353, 382-385
modifications of the theory 385-402
empirical methods 385-391
ion association (pairing) 391-401
new approaches to the theory,
Gurney 405—409
statistical mechanical 409-419
parameter A 377
parameter B 377
parameter b 388-390, 407
quantity « 372, 377-380
shortcomings of the derivation 384-385
shortcomings of model 382-384
use as a base line 24-25, 401402, 543
Debye—Hiickel-Onsager conductance equation
480-493
assumptions 481483
behaviour and use for strong electrolytes
488-490
behaviour for weak electrolytes and ion pairing
490492
brief derivation 483-488
constants in equation 487
contribution from electrophoresis 484485
contribution from frictional force 483-484
contribution from relaxation 485
empirical corrections 492-493
range of applicability 489-490
use as a base line 24-25
*Degree of dissociation from conductance studies
433-436, 438-439, 490492

Degree of ionisation, see fraction ionised or

protonated

Dependence on pressure of AG?, of K see pressure

dependence

Dependence on temperature of AG?, of AH?, of

AS?, of K, see temperature dependence
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*Dependence of K on ionic strength for acid/base
equilibria 258-260, 263-270
Dibasic acids 153-166
Dielectric constant, see relative permittivity
Dielectric saturation 9-11, 352, 383, 528
Diffraction studies (X-ray and neutron), 522-526,
538-542
AXD 541-542
EXAFS 541-542
Diffusion 476480
in studying solvation 532
migration of ions in cells with transport
300-302
Dipole, dipolar molecule, dipole moment 5-6,
10, 18, 352, 419, 519-522 see also polar
molecule
Dipolar ion 168-175
Dipolar ion pair 18
Dipole-dipole interactions 13, 411, 519-522
Dipole-induced dipole interactions 13, 411
Dipole-quadrupole interactions 13, 411
Direction of flow of electrons 280-282,
292-294, 305
Direction of reaction 39-41
Disorder
relation to entropy 236-237
in three region model 544-546
in water structure 519-522
Dispersion forces, 13, 383, see also induced
dipole-induced dipole interactions
Disruption or change in solvent structure 544-546,
554-560
Dissociation constant 178, 502
Distance of closest approach, a 352, 360-362,
380-381, 385-390, 391, 393, 406408,
503-506, 508-509, 532, 543-544
Distinctions between possible types of associated
species 29-32
Distribution of charge in an ion or an ion pair
18-19
Distribution of ions 352-353, 365-367, see also
ionic distribution functions
Distribution functions, 404, 409-419, see also
radial distribution functions and Maxwell—
Boltzmann
modified in conductance theory, 481-483, 485,
493-496, 512, see also relaxation and
cross-terms
Distribution of ions in ionic atmosphere 351-353,
360-362
of charge (continuous) 360-362, 365-370,
377-380, 384, 411-413

INDEX

Effect of temperature on the equilibrium constant,
see temperature dependence
Effect of pressure on the equilibrium constant,
see pressure dependence
Effective radius of ionic atmosphere see «
Effective radius of ions Table 11.1, 473-474, 542
Electric current 274-275, 278, 279-280, 422-423,
453-455, 457459
units of 278
per unit area 423,
alternating 425, 457
Electric field 7, 353-354, 358, 359, 424-425,
457459, 470473, 477-480, 528
alternating fields in the Debye—Falkenhagen
effect, high frequencies 478-479
very high fields in Wien effect 479—480
dependence on distance 358-360
for two charges 424-425
for a battery 424-425
for ionic atmosphere 424-425
uniform and non-uniform 424-425
in Debye—Hiickel, see aspects of physics
Electrical conductance, see conductance
*Electrical neutrality 50-51, 78-79, 80, 84, 87, 90,
97,112,118, 123, 163, 165, 179, 201-202,
206, 281-283, 300, 302, 369, 447, 449,
470471
Electrical work, see work done on
*Electrochemical cells 280-347
conventions for writing down 293-294
irreversible 280, 284-285
reversible 280, 284-285
with liquid junction, see liquid junction
without liquid junction, see liquid junction
with transport, see liquid junction
without transport, see liquid junction
Electrochemical cells overall chemical reaction
and relation to thermodynamic quantities,
308-311, 312-314
Electrode potentials 305-307
see also standard electrode potentials
*Electrodes types of 285-292
amalgam 290
combinations to make cells 292-293
gas electrode, 285-286, see also hydrogen
electrode
glass 292
ion selective 292
metal coated with sparingly soluble salt in
solution of its ions 287
metal in solution of its ions 286
redox 288-289
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*Electrolysis 275-280
Electrolyte theory, see Debye—Hiickel theory,
Conductance theories and Modern
developments
Electromotive force, see emf
Electronic spectra UV and visible, 29-31,
530-531, see also spectroscopic studies,
Electrostatic long range coulombic interionic
interactions, 7, 12, 15, 350-351, 355-358,
359-360, 363, 366-367, 374-375, 394—
395, 397-399, 402-409, 411, 413414,
see also Debye—Hiickel
Electrostatic short range coulombic interionic
interactions, see ion pairing
Electrostatic potential (v) 308, 359-375,
378-380, 396-397, 424-425
due to ionic atmosphere at surface of an ion
(al2) 360-363, 373-375
due to ionic atmosphere at a distance a
360-363, 373-375
due to ionic atmosphere at distances > a 361,
363-364, 373-375
Electrophoretic effect (viscous drag of solvent)
480, 482-485, 493497, 510-515
cross terms 482-483, 494-497, 512, 514-515
in derivation of Debye—Hiickel-Onsager
equation 483-488
in derivation of Fuoss—Onsager 1957
conductance equation 493497,
510-515
in Wien effect 479480
Electrostriction 11, 352, 383
Emf 294, 308-309
*relation to thermodynamic quantities
219-220, 242-243, 298, 308-311, 317
*measurements, see worked problems
conventions 293-294, 310
*dependence on temperature 310-311
*determination of mean activity coefficients
337-343
*determination of standard values 317
negative emf 310
positive emf 310
*Nernst equation 312-315
*testing of Debye—Hiickel equations 337-343
*use in determining equilibrium constants
322-323, 328, 333, 334, 336
*use in determining transport numbers 343-347
Emf, standard 317
Energy, U, and change in energy, AU 216-218
End-point and equivalence point 149-156, 161,
162, 164-165, 168-170
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Enthalpy, H, and change in enthalpy AH 217-218,
310-311
*calculation of AH? from values of K over a
range of temperature 231-232, see also
temperature dependence of K
*interpretation of AH? 237-240
of hydration, determination of 553
standard value, AH?, see standard values
*temperature dependence giving Ale 230-232
*Entropy, S, and change in entropy, AS 217-218,
236-237, 242-243
statistical interpretation 236237
*interpretation in terms of order and disorder
236-237, 237-242
Entropy of solvation (hydration) 547-551, 554
classification for structure breaking and
structure making ions 548-551
for hydrophobic hydration 555-560
from AH}?\'dmtian and AGZydrution 554
thermodynamic transfer 555-559
Equilibrium 23-29, 33-49, 215-271
position of 34-36, 45-46, 220
*thermodynamic criterion of in terms of
chemical potentials 222-225
*thermodynamic criterion of in terms of the
sign of AG 220
*use of the thermodynamic criterion of
equilibrium to derive the form of the
equilibrium constant, ideal case
222-225
non-ideal case 224-225, 244, 258-271
*Equilibrium calculations for weak acids and
bases 73-105
*ideal case 73-105
*non-ideal case 263-271
*Equilibrium calculations for salts and buffers
107-137
*Equilibrium calculations for ion pairing 178—184
*Equilibrium calculations for complexes 184—194
*Equilibrium calculations for sparingly soluble
salts 195-213
*Equilibrium constants 23-29, 35-38, 224-225
form of 35-38, 224-225
*determination of
for weak acids and bases 73-105
for very weak acids and bases 447-451
from conductance 438-440, 447-451
from emf’s 322-323, 328-337
graphically, non-ideality 270-271
for large K 322-323
for small K 322-323
e ionic strength dependence 37-38, 258-271
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e pressure dependence 49, 237, 240-242
e relation to AG? 224-225
o temperature dependence and AHY 4748,
231-236
found from stoichiometry and experimental
35-38
found from thermodynamics 224-225, 258-260
Equivalence point see end point
EXAFS 541-542
Excess free energy (GF), see free energy
Exchange of water molecules (nmr) 534-537
Extent of ionic atmosphere see k
Extent of ionisation for a weak acid, see fraction
ionised
Extent of protonation for a weak base, see fraction
protonated

Faraday (unit of charge) 278, 308

Faraday constant 219-220, 309

Field (electric) see electric field

First Law of thermodynamics 216

Flickering cluster model 519-522, see also solvent
structure

*Fraction associated for an ion pair, 8, 179, 393,
396-399, 511-512

*Fraction of metal associated in complex
formation, «,, 186

fraction not associated in complex formation,
(e 7)) 186

Fraction dissociated, see «

*Fraction ionised (&) for a weak acid 71,
97-103, 433-436, 438-439, 441,
447451, 490492

dependence on pK, and pH 98-101

dependence on concentration 101-103

determination from conductance studies
433-436, 438439

maximum fraction ionised for a weak acid
100-101, 441

Fraction of ion pairs able to conduct the current,
Fuoss 1978 and later 511-512

Fraction of current carried, see transport number

Fraction not ionised for a weak acid 97-98

Fraction not protonated for a weak base 97-98

*Fraction protonated for a weak base 97-103,
433-436, 441, 447451

dependence on pKj, and pH 98-101
dependence on concentration 101-103
maximum fraction protonated for a weak base
100-101, 441
Fraction reacted or converted 36
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Free energy, G, and change in free energy, AG
218-220, 222-226, 242, 309-311
*dependence on temperature 242, 310
*for a cell reaction 219-220, 309-311, 312-315
non-ideal free energy, or excess free energy G©
350, 363, 375-377, 414
*relation to direction of reaction 220
*standard value AG? 221, 224-225, see also
relation to the equilibrium constant
standard value for hydration 552-553, 554
Frictional effect of solvent on moving ions, see
viscous drag and electrophoretic effect
in derivation of the Debye—Hiickel-Onsager
equation 483-486
Friedman 406
Fuoss—Onsager conductance equation for
symmetrical unassociated electrolytes
1932 and 1957 483489, 493-503
cross-over points 498-500
deviations from predicted behaviour evidence
for ion association Figure 12.3, 499-503
mathematical limitations 503-505
parameters Table 12.3, 515-516
physical limitations 503-504
range of applicability 503, 505
use as a base-line 24-25, 500-501
use to determine A°, a and J 498, 503
Fuoss—Onsager equation for weak electrolytes and
ion pairing 500-503
determination of A°, a and K,qociation 503
later modifications 505-506
Fuoss et al 1978 and later 506-512, 515-516
Fuoss ion pairs 400-401, 507-512
contact and solvent separated Figure 12.5(a)
and (b), 508-512

Galvanic cell, see electrochemical cell
Gas electrode 285-286
Glass electrode 292
Gradient of potential see field
Green, see Kirkwood, Yvon Born Bogolyubov
radial distribution functions 414417
Guggenheim 370, 401-402
Guntelberg 381
Gurney co-sphere 405409, 411, 413, 507-511,
Figure 12.7
in theory of non-ideality 405409, 411, 413
in conductance theory 507-511

Hard core term in Debye—Hiickel theory
406-408, 413
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Hard spheres, hard sphere repulsions 12, 380-382,
406408, 413
*Heat capacity, C,, and change in heat capacity,
AC, 230-232, 242-243, 311
*determination from emf’s of reversible cells,
311,
*determination from temperature dependence
of AH? 230, 232
determination from temperature dependence of
AS? 242243
standard value AC;), 230, 232, 242243
Heat transferred, ¢, 216
*Henderson equation 120-125, 130-131
approximate 120-122, 130-131
rigorous 122-125, 131
Heterogeneous reactions 35, 37, 44-45, see also
solubilities
Hittorf 343, 465-468
Hydration, see solvation
Hydration numbers, see solvation numbers
Hydrodynamic radius (R) 497
Hydrogen bonding and bond 519-526, 545,
554-559
effect of T and p on H-bonding 521
lifetime of a cluster 521
lifetime of H-bond 521
structure of H-bond 519-520
Hydrogen electrode 285-286, 292-293
standard hydrogen electrode 306307
Hydrophobic hydration, hydrophobic effects,
hydrophobic interactions 554-559
for large charged ions 559

Ice-like structure of water, see H bonds and
solvent structure

Ideality 11, 14, 428-429

Ideal equilibrium constants 37-38, 73-213

Identity of chemical equilibria 29-32, see
ultrasonics and spectroscopic methods

Induced dipole-induced dipole interactions 13,
383, see dispersion forces

Induced dipoles 9-14

Infinite dilution 11

Infrared studies for studying solvation 531

Inner-sphere ion pairs 19-20, 26, 29-31

Interionic coulombic electrostatic interactions, see
Debye—Hiickel and ion-ion interactions

Interionic long range electrostatic interactions see
Debye—Hiickel and ion-ion interactions

Interionic short range electrostatic interactions,
see ion pairing
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Ions, properties of 4-7

Ion association (ion pairing) 67, 17-20,
29-32, 178-184, 334-336, 391402,
434, 490492, 499-503, 506-515, 533,

537-538, 541

Ion-dipole interactions 9-13, 382-383, 411, 413,
527-528

Ion-induced dipole interactions 9—13, 382-383,
411, 413

Ton-ion interactions 7, 12, 15, 350420, 432433,
475-515, see also ion pairing
Ion-solvent interactions 8—13, 14-15, 352, 383,
403, 412414, 518-559, see also Gurney
co-spheres
Ion selective electrodes 292
Ionic atmosphere 352-353, 360-362, 363-380,
397, 412-413, 414415, 417
asymmetric (relaxation) 476-480, 485—488
confirmation of its existence 478—480
destruction in Debye—Falkenhagen and Wien
effects 478—480
electrophoretic effect 480, 484-485, 486488,
see also cross terms
*lonic mobility, u, 457-464, 468-474
in Debye—-Hiickel-Onsager and Fuoss equations
484-486, 512-515
relation to ionic conductivity and transport
number 457464
*Tonic molar conductivity, 4, 390, 441-451,
454-455, 459, 464465, 470, 486-487,
493-495, 512-515
abnormal value for H;O"(aq) and OH (aq)
275, 463-464
limiting values at infinite dilution
443-451
relation to ionic mobility 459
relation to transport number 454455
relation to total molar conductivity 441443
symmetrical electrolytes 442, 454, 459
unsymmetrical electrolytes 443, 454, 470
*Ionic product for water 67-70, 328, 331-333
Ionic sizes see crystallographic radius, distance of
closest approach, effective radius
*Ionic strength 24, 244-271, 313-315, 372,
376-380
definition 244-245, 372
effect of 244-271, 313-315
*relation oflog, . to 244-245, 377, 380-381,
388 and see Debye—Hiickel equations
actual and stoichiometric 386, 399
ITonic velocity 425, 457459, 470-471
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Irreversible processes, thermodynamic 217, 280,
284, 299-300
Irreversible reactions, chemical 34, 140-141
Irreversibility in cells 280-282, 284, 299-300
Isotopic substitution in neutron diffraction studies
539-541
in nmr studies 533-537

Kirkwood, see Yvon Green Bogolyubov radial
distribution functions 414417

*Kohlrausch Law 440, 443-445, 451

Kramers 381

k in Debye—Hiickel theory 371-380

Lattice calculations 419-420
Levine 406
Lifetimes
of flickering cluster structure 521
of H-bonds 521
of water molecules in primary solvation shell
536-537
Ligand 21-22, 184-194
Light scattering studies 22-23, 29, 527
Line widths 536-537
Linear superposition of fields 364, 384
Liquid junction potential 300-302
Liquid junctions 293, 298, 343
*Liquid junctions cells with 299-302, 343, 344-347
cells without 298-299, 343-344, 347
Liquid junctions, types of
narrow tubes: cell with transport 293, 299-301
porous pot/partition: cell with transport 293,
301-302
salt bridge: cell without transport 293, 302-303
Long-range Coulombic interactions, see ion-ion
interactions
Long range structure, (periodic structure) 519

Macroscopic level, quantity, see bulk
Maxwell-Boltzmann distribution, see also
distribution functions 353, 366-370,
397-398, 410-411
*Mean ionic activity coefficient, see activity
coefficient,
relation to individual activity coefficients
247-250, 251, 376-377
for symmetrical electrolytes 376
for unsymmetrical electrolytes 376-377
*Mean number of ligands bound, 7 187-189
Medium or solvent 7-11
Metal/ion electrode 286

INDEX

Metal/insoluble salt/ion electrode 287
Micelles, micelle clustering 7, 17, 22-23, 29
Microscopic level, quantity, see also molecular
level 4, 8, 9—11, 352, 383, 528
*Migration of ions 280-283, 299, 300-303,
344-347, 428, 457-474, see also
conductance theories
Milner 351, 403
Misfit region, see three region model
Mobility, see ionic mobility
Modern developments in:
conductance theory 506-516
electrolyte theory 402, 420
Modified interactions
ion-ion, solute-solute 14—15
ion-solvent, solute-solvent 1415, 350, 383,
403
solvent-solvent 1415, 351, 383, 403
Modified solvent structure, see three region model
Molar absorption coefficient (g) 25
Molar concentration, molal concentration, mole
fraction 315-316
*Molar conductivity (A) 24-25, 428-445,
447-451, 480-516
dependence on concentration for a strong
electrolyte 432-433
dependence on concentration for a weak
electrolyte 433-440
the ideal case 421453
the non-ideal case 480-516
physical significance of 431432
units 429
*Molar conductivity at infinite dilution, (A°) 24,
433-441, 449-451
from Kohlrausch 443445
measurement 436, 438-440, 443-445
simultaneous determination with K for a weak
electrolyte 438-440
Molecular dynamics computer simulation 404,
413, 526
Molecular level, see microscopic level
Monte Carlo computer simulation 403—404, 410,
413, 526
*Moving boundary 468-473
significance of electrical neutrality 471

Nature of species involved in a chemical
equilibrium 29-32
*Negative electrode in electrolysis 275,
279-280
in a cell 281-282, 285-292, 292-294, 307
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*Nernst equation 312-315
corrections for non-ideality; dependence on
ionic strength 313-315
Nearest and next nearest neighbours in water
523-525
Neutralisation 108-110, 117-118, 140-168
interpretation of pH titration curves 149-153
strong acid/strong base Table 6.1, Figure 6.1,
141, 145
strong base/strong acid Table 6.2, Figure 6.2,
145
weak acid/strong base Table 6.3, Figure 6.3,
145-148
weak base/strong acid, Table 6.4, Figure 6.4,
148-149
weak base/weak acid 150
Neutron diffraction, see diffraction
Non-bound water 529
Non-electrolytes, as distinct from electrolytes 2—3
*Non-ideality 11-14, 14-16, 18, 23-25,
244-271, 313-315, 337-343, 349-420,
428, 431-432, 475-516
see also activity coefficient
corrections for, by calculation 258-260,
313-315
corrections for, graphically 258-260, 270-271,
313-315
dependence of equilibrium constant on ionic
strength 258-271
experimental evidence for 350
non ideal free energy G™ see free energy
Non-polar
bonds 8-11
molecules 8-11, 518-519, 545-546,
554-560
Non-polarisable 4, 8, 352, 383
Non-spherical symmetry 5, 383, 413, 419
Nmr studies 522, 533-538
fast exchange of water molecules 535-536
in studying solvation 522, 533-538
limitations in use for studying solvation 534
residence times 536-538
slow exchange of water molecules 534-535
Numerical integration 370. 401-402

Ohm’s Law 422-423, 459
Order and disorder
relation to entropy 236-237, 237-242
three region model 544-552,
see also solvent structure
Outer-sphere ion pairs 19-20, 26, 29-31
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*Qverall association constants in complex
formation, g, 179, 184-186, 188-189
determination 188-189
distinction from stepwise 184—186
Oxidation (at electrodes) 274-277, 279-280,
281-282, 285-292, 293-294

Pair-wise radial distribution functions, see radial
distribution functions
Partial derivatives 219, 222
Partial molar entropies, 547-548
conventions in defining 547-549, 554
determination of 547-548
Peak areas
in solvation studies 531, 534-535, 540-541
in solvent structure 524-525
Pentameric unit in water structure 519-522, 526
Permittivity, see relative permittivity
Perturbed ionic distribution in relaxation effect
476-480, 482-483, 485, 493496, 510,
512-515
Point charges 381, 483
pH 46, 292, 320
pH titration curves 139-170, 173-175
interpretation 149-153
pK 46
Polar bonds 8-11, 518-519
Polar molecules and solvents 6, 10, 518-519
Polarity 5-6, 10
Polarisability 4, 6, 184, 352, 383
Polarisable ions 4, 6, 184, 383
Polarity of an electrode 275, 280-281, 292-294,
306-307
Poisson—Boltzmann equation in Debye—Hiickel
theory 368-373
expansion and approximation 370-372
solving the equation 372-373
truncated Poisson Boltzmann equation
371-373
Poisson’s Equation 365-366, 368, 370, 409,
412-413, 414, 416
*Polybasic acids Table 6.5, 153-168
pH titration curves Figures 6.9-6.11, 161-168
Polyelectrolytes 5, 23, 559-560
Porous pot, see liquid junction
Position of equilibrium, see equilibrium
position
*Positive electrode in electrolysis, 275,
279-280
in a cell 281-282, 285-292, 292-294, 307
Potential, electrical (1), see electrostatic potential
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Potential difference (electrical) 218, 219-220,
280, 284, 292, 298, 305-306, 307-311,
422423, 453-455, 458-459, 470-472,
see also electromotive force

units of 311

*Precipitation, possibility of 40—41, 43-44,
198-201, 228-230, 253-254

Pressure dependence of K 49, 237, 240-242

Primary and secondary solvation 530, 533-538,
542, 544

Probability 352-353, 410-414, 522-526,
see also radial distribution function

Properties of ions 4-7

Proton transfers 54-59

*Quadratic equation 78, 82, 89, 90, 92, 124,
181-183
solution 78
Quadrupoles 13, 411, 419

Radial distribution functions, g(r,,) 409-419,
522-526, 538-541
use in electrolyte theory 409419
¥ (rpp) etc 409-411, 415-419
g(3>(r12, r3, r273) etc 411415
comparison of g (r) for concentrated and
moderate concentrations 417-418
dependence of g (r) on ion size
417, 419
non-spherically symmetric ions 413, 419
relation to non-ideality 414-417
results from radial distribution studies
417-419
total potential energy ® 411, 413414
use of radial distribution functions to define
a new quantity G 415-417
use in solvation 522-526, 538-541
from neutron and X ray diffraction,
see diffraction
theoretical studies 526
use in determining number of molecules
of water in each shell 524-525,
540-541
water structure 524-525
Radius of the ionic atmosphere, see «
Raman studies 531
Random and non-random motion 351
Randomness 236-237
Rasaiah 406
*Redox electrode 288-289, 322-323
*Redox potentials 305, 307

Redox reactions 36-37, 322-323
Reduction (at electrodes) 274-277, 279-280,
281-282, 285-292, 293-294
Relative permittivity (e,) 8, 10-11, 352, 355-359,
383, 405-409, 496-497, 506-507,
515-516, 518-519, 528, 532
conductance studies over a range of 506
effect of ions on, Figure 13.1, 496497, 528,
532
Relation between K, and K}, 68-70
Relaxation, see ultrasonics
Relaxation effect in conductance 476480, 482,
485, 493-497, 510-515
cross terms 482-483, 494-497, 512, 514-515
in derivation of Debye—Hiickel-Onsager
conductance equation 485-488
in derivation of Fuoss—Onsager theory 1957
493-497, 510-515
Relaxation time in conductance 477-478
Relaxation time for exchange of water molecules
536-538
Residence times from nmr and ultrasonics,
536-538
Resistance 422-423, 425-427, 429
units of 429
Resistivity 423
Reversibility of cells 280, 284-285
conditions for 285
Reversibility of an electrode w.r.t. species in
solution 285-292, 298-299
*Reversible cells 219, 280, 284285, 298-299,
309-311, 312-347
Reversible processes (thermodynamic) 217-218,
219, 280, 284-285
Reversible reactions, chemical 34, 140-141

*Salt bridge 299, 302-303, 324, 326-328,
343-347
Salts, 62-65, 107-118, Table 3.1
strong acid/strong base, 62—65, 108, Table 3.1
weak acid/strong base, 62—-65, 108-109,
Table 3.1
weak base/strong acid 62-65, 109-114,
Table 3.1
weak acid/weak base, 6265, 117-118,
Table 3.1
Scattering of light 22-23, 29, 527
Scattering of neutrons, see diffraction
Scattering of X-rays, see diffraction
Second law of thermodynamics 217-219,
220
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Secondary solvation see primary and secondary
solvation
*Self ionisation of water 56, 67-70, 74, 76, 78-79,
85, 86-87, 89-90, 97-100, 103, 110-114,
328, 331-333, 427, 447-451
Shapes of ions 4, 5, 352, 383, 403, 413, 419
Short range Coulombic interactions 12, see also
ion-ion interactions and ion pairing
Short range interactions generally 12, 380-381,
382
non-hard sphere repulsions 408, 413
Short range structure 519-526
Sizes of ions, see crystallographic radius, distance
of closest approach, effective radius
ion pair 19-20
Slow exchange of water molecules, see nmr
Smearing out of charges in ionic atmosphere
see cloud of charge
*Solubility 195-213
effect of complexing or ion pair formation on
203-213
*Solubility product 195-213, 326, 328, 333-334,
451-453
Solute-solute interactions, see ion-ion interactions
Solute-solvent interactions, see ion-solvent
interactions
Solutes, a classification 518
Solvation (hydration) 16, 19-20, 405-409,
506-512, 517-560
computer simulation 526, 542-543
neutron and X-ray diffraction 522-526,
538-542
nmr 533-537
ultrasonics 537-538
AXD, EXAFS 541-542
traditional methods 530-533
of non-polar and apolar molecules
554-560, see also hydrophobic effect
see also three region model, primary and
secondary solvation
Solvation effects in biological systems,
see hydrophobic effect
Solvation numbers 5, 530-533, 543, Tables 13.2
and 13.3
Solvation sheath, shell, sphere 19-20,
529-530, 544-545, see also Gurney
co-sphere
Solvent, structureless, see continuum
Solvents, a classification 518-519
Solvent separated ion pairs 19-20, 29-32,
506-512, 536-538
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Solvent-solvent interactions 13-14, 15, 351, 352,
383, 402-404, 413, 419
modified 15, 351, 383, 402-404
Solvent structure 9-11, 507, 519-528
Sound waves, see ultrasonics
Sparingly soluble salts, see solubility
Spectroscopic studies 29-32, 169, 173-175, 393,
522, 527, 530-531
Speed of an ion, see velocity
Spherical symmetry 5-6, 18, 352, 360-362, 365,
367, 383,413
Spontaneous reaction, relation to sign of AG 220
Standard electrode potentials 306—-307
Standard hydrogen electrode 306-307
Standard states, standard values 221, 306307,
313
Standard values of thermodynamic quantities
AC[f 230-232, 242-243, 271
AH? 230-232, 242
AG? 224-226, 242, 271
AS? 236237, 242-243, 271
AV? 237,271
Statistical interpretation of entropy 236-237
Statistical mechanics 236-237, 353, 366, 409-419
non-equilibrium 512
Status of the associated species 29-32
*Step-wise association constants in complex
formation, K, 184-186
see also overall association constants for
complexes, £,
Stoichiometric concentration (definition) 49-50,
70-71, 391-393
*Stoichiometric relations, formulation of 49-50
Stokes’ Law 473-474, 482, 483-485, 498, 504,
531, 542-543
Strong acids/bases 56-57
Strong electrolytes 3, 432433, 443445, 488-490
Structure breaker/structure maker 544-552
classification from entropy of hydration
544-551
classification from volume of hydration 551
classification from viscosity 552
Structureless dielectric or medium 7-11, 352, 383
Structure of water, see solvent structure
*Successive approximations 104, 124-125, 158,
162, 189
Symmetrical electrolytes y, 16, 251, 370, 371,
376, 391, 396, 399
A 442-443
t 454, 459
u 459
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*Temperature dependence of
K 231-232
AH’ 230
AG? 242
AS? 242243
emf 310-311
Thermal energy or motion 17, 393, 394
Thermodynamics 215-271
*Thermodynamic quantities in electrochemistry
219-220, 298, 309-311, 312-315,
317, 328
Thermodynamic studies of solvation 544-554,
557-559
Thermodynamic transfer functions 554, 557-559
Three region model 544-546
Time averaged charge density and potential
365-366
Total concentration, see stoichiometric
concentration
Total potential energy ® 411-414, 416
Transcendental term in conductance theory 493,
495-496
Translational degree of freedom, loss of 530
formation of ion pair 17
*Transport numbers 275, 280, 302-303, 343-347,
443, 453-457, 459, 464-474, 531
Hittorf method 343, 465-468
moving boundary method 343, 468473
relation to ionic conductivities 454455
relation to ionic mobilities 459, 470
Transport phenomena in solvation studies
531-532, 543
Tribasic acids 153-156, 166-168

Ultrasonic studies 26-29, 537-538

Ultraviolet studies 29-32, 530-531

Unbound water, see primary and secondary
solvation, three region model

Undissociated molecules 17

Unmodified water, see three region model

Unpolarisable ions 4, 8, 352, 383

Unsymmetrical electrolytes y, 16, 251, 370, 371,
376-377, 391, 399
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A 443
t 454-455, 470
u 459, 470

Velocity of sound waves, see ultrasonics
Velocity of an ion, see ionic velocity
Vibrational spectra, see IR and Raman
Viscosity (1) 519, 532, 552
in conductance theories 480, 481485,
486-487, 494-497, 512,
514-516
see also Stokes’ Law
Viscous drag of solvent due to frictional effects
480, 481-485, 486487
Viscosity studies in studying solvation
532,552
Visible spectra 29-32, 530-531
*Volume, V, and change in volume, AV 216-218,
237, 240-242, 551, 557
determination of AV? from dependence of K on
pressure 237
interpretation of AV? 240-242
standard value, AV? 237
volume changes on solvation 551, 557

Water structure, see solvent structure
Weak acids/bases 56-57
Weak electrolytes 3, 431432, 433436,
490-492
Wien effect (conduction in very high fields)
479480
Work done on system, w, 216-218, 309-311,
353-358
change in volume 216, 218
electrical work 217, 218, 309-311
electrostatic work 217, 218, 353-358

X-ray diffraction, see diffraction

Yvon, see Kirkwood Green Bogolyubov radial
distribution functions 414-417

*Zwitterion 61-62, 168—-175





