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FOREWORD

THE introduction into electrochemistry of potential-pH diagrams in the form originated by Pourbaix
marks a new era in the study of electrochemical reactions occurring in an aqueous medium near an
electrode. By means of them it is possible to predict, on a thermodynamic basis, for a given element,
the equilibrium states of all the possible reactions between this element, its ions and its solid and
gaseous compounds in the presence of water. Of course, application of the data contained in these
diagrams is limited by the reactions which have been considered in establishing them as well as by the
values assumed for the standard chemical potentials of the substances taking part in these reactions;
in certain cases, for solid compounds, these chemical potentials may vary with the perfection of the
crystalline state. Moreover, the diagrams are based on the activities of ions, and not on their real
concentrations. However, even with these restrictions, it is evident that in a good many cases the
diagrams provide data which lead to important conclusions concerning the possible reactions; these
conclusions are particularly important in the study of corrosion in aqueous media.

It is only through the indomitable energy and perseverance of Pourbaix and his collaborators
that this Treatise, the Atlas of Electrochemical Equilibria, comprising data for go elements, could have
been produced.

Those who are acquainted with the history of these diagrams know that it goes back to Pourbaix’s
‘“*doctorate thesis”, presented at the Technical University of Delft in 1945 with the encouragement of
my late colleague, F. E. C. Scheffer. However, this thesis was only a modest beginning compared
with the “‘complete™ Atlas. I sincerely hope that this Atlas will find a welcome appropriate to the
enormous amount of work that has been necessary to produce it.

W. G. BURGERS



PREFACE

R. PIONTELLI

THE publication of the Atlas of Electrochemical Equilibria is a most rewarding culmination of all the
efforts of Dr. M. Pourbaix since the appearance in 1945 of his doctorate thesis, which was presented in
Delft with the encouragement of the late Professor F. E. C. Scheffer and of Professor W. G. Burgers,
and which was translated into English in 1949 by J. N. Agar at the invitation of Dr. U. R. Evans.

Dr. Pourbaix, President-in-Charge of CITCE, has for many years been the driving-force of this
organization, within which the activity of the ‘‘Potential-pH Diagrams” commission has been most
intense and productive, counting also on the enlightened collaboration of its members, in particular
Prof. Charlot, Prof. Delahay, Dr. Garrels, Dr. Hoar, Prof. Valensi and Prof. Van Rysselberghe.

Through the efforts of Dr. Pourbaix and his collaborators at CEBELCOR, and with the generous
support of the Union Miniére du Haut Katanga, the Institut pour I’Encouragement de la Recherche
Scientifique dans I’Industrie et dans I’Agriculture (IRSIA), and CEBELCOR’s Commission des Etudes
Fondamentales et Applications CEFA, the gathering of data has made continual progress in volume
and precision, thus enabling this Atlas to be produced.

Collected here in a condensed, logical and standardized form are the data which characterize the
equilibrium conditions at 25°C of a very considerable number of processes. These processes involve
water, hydrogen peroxide and 9o elements of the periodic system and are in direct relationship with the
electrochemistry of aqueous solutions, both theoretical and applied: the extraction of metals, their
finishing, corrosion and protection, analytical chemistry and other fields such as geology, whose con-
nection with electrochemistry is not often very apparent.

Potential-pH equilibrium diagrams were originated for the theoretical prediction of oxidation-
reduction catalysts (according to a method devised by Michaelis) and of the conditions under which
oxidation and reduction reactions are possible or impossible in the presence of aqueous solutions (in a
manner related to the experimental work of Travers and Thiesse). The method and technique used in
establishing them are the same as those used previously by their originator in work on the prediction
of catalysts in gas reactions; thus these potential-pH equilibrium diagrams result from the extrapolation
to electrochemical systems involving an aqueous solution of work carried out on chemical systems
involving a gaseous phase. Each of these two groups of work is based on the formulation of the equilibria
of all the reactions possible in a given system as a function of two independent variables (the other
possible variables being considered to be parameters). These two independent variables are chosen in
such a way that the equilibrium formulae are linear (or practically linear): they are the logarithm of the
oxygen partial pressure log po, and the reciprocal of the absolute temperature 1/T in the case of chemical
systems involving a gaseous phase, and the equilibrium electrode potential and the pH of the solution in
the case of electrochemical systems involving an aqueous solution. By this method the equilibrium
conditions of all the reactions possible in a given system are represented on a plane diagram by families
of straight lines. An investigator who constructs such diagrams must have a certain appreciation both
of science and art: the science is necessary in plotting the lines (i.e. above all in knowing the relevant
thermodynamic data) and the art in using the lines to create pictures which are as simple and useful as
possible, and which can, as U. R. Evans wrote in his Preface to the English translation of the Delft
thesis, “‘diagrams embodying a vast amount of pertinent information in a small space”.

The diagrams, which were originated for catalysis studies, have rapidly evolved towards problems
of the electrochemistry of metals, and corrosion in particular. The productiveness of the method caused

11



12 PREFACE

them to be applied to all the elements—metals and non-metals, and its applications have developed
greatly, spreading to other branches of electrochemistry and related fields.

For each of the elements in turn, it is a question of characterizing the equilibrium conditions (both
where there is a possibility of exchanging electrical work with the exterior and where there is not) for
systems whose constituent species are : the element in question and its ions in aqueous solution, water and
its constituents (H* and OH ™ ions, gaseous hydrogen and oxygen) and the products of the reactions of
the element with these species (oxides and hydroxides, hydrides, etc.).

Corresponding to each reaction which is chemically possible there is a “‘free enthalpy of reaction”
(referred by differentiation to unit variation in the degree of advancement of the reaction), whose value
and sign determine the tendency of the system to react and the direction of the reaction. Under fixed
physical conditions this free enthalpy of reaction can be expressed as the sum of a standard free enthalpy
(which is constant for fixed physical conditions characteristic of a standard reference state) and a linear
combination of logarithms of the activities of the substances taking part in the reaction. When the
reaction is accompanied by the circulation of an electric current in a galvanic cell, the free enthalpy
of reaction per unit electric charge gives us the value of the equilibrium potential difference at the
terminals of the cell (or electromotive force) which corresponds to a state of equilibrium of the reaction
considered.

An external source of electric current, such as that causing the circulation of *‘stray” currents
in the ground, or the current supply of an electrolysis bath, can impose on a system the circulation of a
current in a given direction and hence the production of a reaction in a given direction, subject to the
condition (which is necessary but not sufficient) that the source is capable of maintaining a potential
difference at the terminals which exceeds the equilibrium value, which is then called the ‘“‘decomposition
voltage™. An “‘electrochemical” presentation of the free enthalpies of reaction is thus quite natural for
reactions produced by an external current source. It is concerned with the very nature of the phenomena
both in this case in which electrochemical reactions are caused by the external supply of electric current
and also in the case of electrochemical reactions which produce electric current; spontaneous corrosion
processes of the metallic elements are of the latter type.

Since 1792 (i.e. shortly after the discovery of galvanism) when Fabbroni clearly stated the hypothesis
of the galavanic nature of corrosion processes together with his chemical theory of galvanic phenomena,
throughout the studies of Davy, Thénard and De La Rive and up to the most recent ones, the electro-
chemical conception of corrosion has never ceased to be strengthened and confirmed. Systems in which
spontaneous corrosion processes take place can thus be compared to galvanic systems which do not
exchange electrical work with the outside world, for which the conditions necessary for the occurrence
of modifications, or sufficient for their absence, can again be represented in an essentially electrochemical
form.

Let us consider a galvanic couple in which one of the two electrodes is the standard hydrogen
electrode, and for which one can represent the chemical modification as being the resultant of two
complementary partial oxidation-reduction reactions, taking place respectively at each of the two
electrodes with the participation of electrons in the phases having metallic conduction, the stoichio-
metric coefficients of the electrons having equal values and opposite signs for the two partial reactions.

The most common conventions concerning reference states for the thermodynamic properties of
gaseous hydrogen and the hydrogen ion in aqueous solution automatically cancel out the contribution
of the standard hydrogen electrode in the expression for the free enthalpy of reaction. One can thus
consider the value of this free enthalpy as being inherent to the reaction taking place at the other elec-
trode. The potential differences at the terminals of the galvanic couple are adopted, by definition, as
values of the potentials (or ‘“‘relative potentials™) of this electrode with respect to the standard hydrogen
electrode.(') A series of such potentials will give us the scale of the “affinities™ of the partial electrode

(') With regard to the sign of these relative electrode potentials, the convention adopted by Dr. Pourbaix is in accordance
with the [IUPAC recommendations (Stockholm, 1953), and is the so-called “*European Convention™.
Using the notation of the writer of this Preface, the above choice is equivalent to using the values EMH to express the relative

(Footnote continued opposite)



PREFACE 13

reactions, referred to the reaction proceeding at the standard hydrogen electrode as a conventional
reference level.

For the cell obtained by coupling any two electrodes, the equation of the overall reaction, the
value of the free enthalpy of reaction and hence the value of the equilibrium potential difference can be
deduced by simple algebraic addition of those corresponding to the cells formed by coupling each of
these two electrodes in turn with the reference electrode; the exactitude of the result depends on the
possible “liquid junction” contributions. In this way the study of redox reactions can be reduced to a
study of partial electrode reactions (or “electrochemical’ reactions involving free electrons or electrons
in phases having metallic conduction); the other reactions will be studied in the way which is classical
for purely chemical reactions not involving free electrons.

The equilibrium conditions can thus be represented in the general case of electrochemical reactions
by a relation between the equilibrium potential, the standard free enthalpy of reaction (in the form
of a standard equilibrium potential), and a linear combination of logarithms of activities. In the
particular case of non-electrochemical reactions the equilibrium conditions assume a simpler form as no
equilibrium potential is involved ; these conditions are then expressed by a relation between the standard
free enthalpy of reaction (in the form of an equilibrium constant) and a linear combination of logarithms
of activities.

With a view to the graphical representation of the equilibrium conditions on a plane diagram,
the choice of the relative electrode potential as one of the coordinates imposes itself in the more general
case of reactions involving electrons.

In view of the exceptional place occupied by H* ions among the species whose activities appear
in the equilibrium relations to be considered here, it was natural to choose a function of the activity of
H* ions as the second coordinate; the pH was chosen in order to linearize the equilibrium relations,
despite the difficulties inherent to the individual thermodynamic properties of ionic species.(!)

The linear combination of the logarithms of the activities of the species different from H*, whose
thermodynamic level in the electrolytic medium is also variable, will be given the nature of a “‘parameter”,
which is variable from one curve to another in each family of equilibrium curves.

For electrochemical reactions which do not involve hydrogen ions the loci of points representing
equilibrium conditions will be straight lines parallel to the pH axis; for “‘purely chemical reactions
involving hydrogen ions they will be straight lines parallel to the potential axis. When there is only
one species of variable thermodynamic level, the parameter, which is then proportional to the logarithm
of the activity of this species, characterizes the conditions of *‘practical existence” of this species in the
medium, i.e. the domain of conditions under which the equilibrium can be realized in the presence of
appreciable concentrations of the species. Let us consider a system consisting of a metal in contact with
solution of its simple ions, these being the only ones which can exist; if the concentration of these ions
which is compatible with the equilibrium conditions is lower than a fairly low conventional limit,
one can then speak of a state of thermodynamic immunity of this metal. When the number of species of
variable thermodynamic level is two, the parameter, which includes in general the ratio of their activities.
gives these domains of relative predominance, which can become practically total for one to the ex-
clusion of the other.

The diagrams thus give us a panoramic view of the “‘chemical configurations” of our systems,
predicted on a thermodynamic basis. An examination of the properties of the potential-pH diagrams

potential of an electrode M with respect to the hydrogen electrode (the sign convention is indicated here by the order of the letters
M and H). The “‘American” convention would correspond on the other hand, to using the value E"M. There are arguments for
considering the first choice as being the more “‘natural” one. It is, however, a question of adopting a simple convention, without
touching on the scientific prestige of nations or schools, which at different periods and with numerous alternatives have preferred
one or the other of the two conventions.

(") For the purposes envisaged by Pourbaix’s diagrams one can assume that the pH gives us, in an indirect and approximate
way the potential of an electrode, which, like the standard reference electrode is a hydrogen electrode and is saturated with
gaseous hydrogen at 1 atm, but is immersed in the solution studied. One can also postulate that in this way one defines a quantity
which has an operational significance and which is also capable of characterizing the thermodynamic level of the H* ions (and
hence that of the OH ™ ions due to the dissociation equilibrium of water), with regard to their participation in any equilibrium.
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suggests certain aspects which it is useful to know in order to apply them appropriately. It is evident
that the electrochemical behaviour of a metallic phase, immersed in an electrolytic medium, depends
on the composition of the layer of solution which is in immediate contact with this phase. This composi-
tion may differ considerably from the mean or initial composition of the medium on account of the
absolute and relative rates of the possible processes of electrolysis and matter transport (by migration,
diffusion and convection). This same observation is valid for the phases formed by the compounds of
the metal, and must be considered carefully in using the diagrams.

When the metal forms soluble complexes of great stability with other substances (such as cyanides
or ammonia), the equilibrium diagrams for the binary system metal-water must be modified : one must
then take into account the equilibrium conditions of these complexes, for example by plotting equilibrium
diagrams for a ternary system. This may modify appreciably the domains of relative predominance of the
dissolved species and thc domains of thermodynamic stability. In these cases one must therefore be
very careful, particularly because ¢nly when a dissolved species is greatly predominant, in the case of
dilute solutions at least, can one assume, as has been done in this Atlas, that the activities are virtually
the same as the molarities.

Use of the diagrams therefore renders necessary corrections of activities with respect to molarities
(or molalities); these corrections, which may be important for all the diagrams when one considers
concentrated solutions, may also be important when one envisages the use of binary diagrams for study-
ing ternary systems which involve stable complexes.

Amongst the reactions considered in establishing the diagrams a special place is held by those
which involve a metal or its ions and oxygen or the ions derived from it, and which produce oxides or
hydroxides. The equilibrium conditions concerning these phases have a fundamental interest, not only
when they are the main subject of study but also when one considers the behaviour of the metal in electro-
chemical processes, such as those of corrosion. From this point of view the diagrams, in spite of their
essentially thermodynamic nature, can give us information about one of the most important kinetic
factors in the electrochemical behaviour of metals. Indeed, in the case of electrochemical reactions,
amongst the factors which can be named *‘resistances to reaction’ and which, in spite of the affinity
available, determine the kinetics of the reaction, a most important place is occupied by those which
depend on the formation of surface layers on the metallic phases. A fairly detailed study of these pheno-
mena has suggested, quite recently, that one should distinguish between passivation phenomena, cor-
responding to an increase of resistance to ionic exchange reactions between a metal and a solution
due to their separation by a surface layer, and states of passivity in which this resistance is sufficient to
reduce the raies of these reactions below limits at which they are appreciable in spite of there being an
affinity for the conversion of the metal into its corrosion products.

The solid compounds (oxides, hydroxides, basic salts) formed by the various metals with water
represent the most common and important source of passivation of metals in an aqueous medium by a
surface layer. Thus a knowledge of the conditions of thermodynamic stability of these oxides, hydroxides
and basic salts can enable one to characterize the domains of passivation predicted by thermodynamics.
The passivation may result in a state of passivity, which may be local or complete, depending on the
structural properties of the phases involved. Indeed, in any branch of electrochemistry, theoretical and
applied investigations can be carried out thoroughly only if one takes into account three types of factors:
thermodynamic, kinetic and structural ones. It must be realized that thermodynamic studies are in-
sufficient, even in conjunction with kinetic studies; structural studies are indispensable. This is the case
first of all because they give us information on the deviation of the real phases from the ideal ones
considered by theoretical thermodynamics and kinetics; moreover, they alone enable us to analyse, to
control if possible, and sometimes to predict the properties of our galvanic deposits or passivating layers,
the selectivity of the attack processes, and all those properties which determine to a large extent the
success of the electrochemical processes of production, finishing and protection of metals, or the conse-
quences of corrosion phenomena. While the scale of relative potentials gives us the degree of “‘thermo-
dynamic nobility” of the various electrode processes, a knowledge of their “*practical nobility’ requires
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that one should also take into account kinetic laws and the influence of structural factors on these laws.

For those metals whose ionic exchanges at 25°C in aqueous media are rapid (metals which we
have detined as being of “normal” electrochemical behaviour), the behaviour is in accordance with
thermodynamic predictions, both when they are attacked anodically and when they are deposited
cathodically, e.g. in a refining or electrodeposition bath, or in a displacement reaction, or in a corrosion
process. For those metals whose ionic exchanges are slow, on the other hand, or even very slow (metals
with “electrochemical inertia’), the divergence between the thermodynamic nobility and the practical
nobility is sometimes very great, even when there is no passivation. For these metals a knowledge of
these kinetic aspects of their behaviour is an indispensable complement to the information given by the
equilibrium diagrams. One of the most important kinetic features in many branches of electrochemistry
is the influence of the anions, as essential constituents of the metal solution double layers; as real
catalysts of ionic exchanges (according to various mechanisms, such as competitive adsorption at the
surface, excluding constituents which have an inhibiting action); or as destroyers of the surface layers,
or as agents which can exploit their weak points, or as structural factors in cathodic deposition, or as
selectivity factors in anodic attack. In all branches of the electrochemistry of metals the specific par-
ticipation of anions, even independently of any complexing action and of their influence on the ionic
activity values, can play an important part, which must often be considered to complete the information
that one can obtain from the diagrams.

At present the potential-pH diagrams concern only pure metals and non-metals (there is also an
attempt to apply them to sodium amalgams); these diagrams cannot therefore give us information about
the behaviour of alloys. which often differs from that of the pure metals, with regard to all three factors
mentioned above. It is fairly obvious that the corrosion behaviour of a bronze, or of a brass, is a fairly
complex resultant of the properties of the constituent metals, and this is even more true of a stainless
steel. On the other hand. a knowledge of the thermodynamic properties of the products of attack of the
metals constituting an alloy can sometimes enable us to predict its passivation conditions too. The study
of equilibrium conditions and kinetic conditions is fairly simple for galvanic systems consisting of two
electrodes. each of which can be considered to be the site of a single well-determined reaction. In prac-
tice, systems in which corrosion phenomena occur are very often multiple electrode systems in which
several reactions can occur simultaneously. Here, therefore, is a new source of complication, involving
once again kinetic aspects of the phenomena in particular.

The considerations which 1 have just discussed help us to recognize the limits to the application
of potential--pH equilibrium diagrams to concrete problems. cither of theoretical or applied electro-
chemistry. or of some other nature, within the limits of accuracy of the available thermodynamic data.
For anyone who might have claimed to find the answer in these diagrams to any theoretical or practical
problem without exception. the above analysis may have brought some disillusionments.

The author of this Atlas himself has stated most explicitly the opinion that only a clear under-
standing of the limits of the diagrams. and hence a rational and appropriate use of them, can enable us
to appreciate their great utility which justifies the generous. passionate and profitable efforts of Dr.
Pourbaix and all those who have worked with him to realize this Atlas, whose success can easily
be forescen.
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CORROSION: The reaction of a metal with its non-metallic environment that results in the continuing destruction
of the metal.

IMMUNITY: The state of a metal in which corrosion is thermodynamically impossible in a particular environ-
ment.

PASSIVITY: The state of a metal in which corrosion in a particular environment is prevented by modifications
of its surface, for instance, by the formation of a thin protective layer of oxide.

PASSIVATION: The process leading to more or less perfect passivity of a material.
Passivation can be obtained by electrochemical means (for instance the anodic polarization of iron in a
solution of sodium bicarbonate) or by chemical means (for instance immersion of iron in fuming nitric acid).

CATHODIC PROTECTION: The establishment of a state of immunity by cathodic polarization, i.e. by making
the electric potential of the electrode (or electrode tension) more negative. After the completion of the present
Atlas (1960), it has been observed(') that pitting of stainless steels (and of other passivable metals and alloys)
due to chlorides may often be avoided by a cathodic treatment under conditions which do not lead to immunity,
but lead to perfect passivity. '

Taking this fact into account, cathodic protection may be defined more generally as the establishment of a
state of immunity or of perfect passivation by cathodic polarization.

A state of cathodic protection can be obtained by the use of an e.m.f. applied through an external source
or by means of a galvanic anode (such as zinc or magnesium for the protection of iron or steel).

INHIBITOR: A substance capable, in the form of small additions to a reactive medium, of stopping or of slowing
down a chemical or an electrochemical reaction at a metal surface. When this reaction would result in corrosion

the inhibitor is called a corrosion inhibitor.

ELECTRODE POTENTIAL (or tension): The difference E = ¢, — ¢, between the electric potential ¢, of a terminal
lead of a metallic electrode dipping in a electrolyte solution and the electric potential ¢, of the terminal lead of
a reversible reference electrode in contact with this solution, this difference of potential being corrected on
account of the potential difference at the liquid junction which may exist between these two electrodes. The
two leads are made of the same metal, copper for instance. In general the electrode tensions or potentials E
will be expressed in volts with respect to the standard hydrogen electrode, i.e. an electrode of platinized platinum
on which an equilibrium is established between gaseous hydrogen under a pressure of 1 atm. and an aqueous
solution of pH = o.

{')See CEBELCOR’s Rapports Techniques R.T. 102, 103. 104. 120 (1962): cf. Corrosion Science 3, 239-59 (1963).
16



NOTATION AND

ABBREVIATIONS

A ampere 'K degree Kelvin
abs. absolute kcal. kilocalorie
ac. acid kg kilogram
act. activity 1 litre
anh. anhydrous In Napierian logarithm
anhydr. anhydride log logarithm to base 10
aq. aqueous, dissolved M molar, i.e. 1 gram-molecule per litre
atm. atmosphere M symbol for a chemical substance
b.c.cub. body-centred cubic M) fugacity of a gaseous substance, or activity
°C degree centigrade of a dissolved substance M
cal. calorie m metre
cm centimetre mA milliampere
cm? square centimetre mg milligram
def. deformed mn (or min) minute
diox. dioxide monocl. monoclinic
E electrode potential (or electrode tension) mV millivolt
E, equilibrium value of E (equilibrium u chemical potential
potential) u standard chemical potential
E, standard value of E, (standard equilibrium | u° standard chemical potential at 25°C
potential) HA microampere
Ej standard value of E, at 25°C (standard | um micrometre (or micron)
equilibrium potential at 25°C) N normal, i.e. I gram-equivalent per litre
e” negatively charged electron v stoichiometric coefficient
eam.f. electromotive force n stoichiometric coeflicient of the electron ¢™
f.c.cub. face-centred cubic OX. oxide
g gaseous orthorh. orthorhombic (or rhombic)
g gram pentox. pentoxide
g-at/l gram-atom per litre p.p-m. parts per million
g-ion/l gram-ion per litre quad. quadratic {or tetragonal)
g/l gram per litre rhomb. rhombohedral (or ternary)
g-mol/l gram-molecule per litre sesquiox. sesquioxide
h hour s second
h enthalpy of formation s solid
h standard enthalpy of formation s entropy of formation
h° standard enthalpy of formation at 25°C s standard entropy of formation
hex. hexagonal s° standard entropy of formation at 25°C
hydr. hydrated soln. solution
hydrox hydroxide solub. solubility
I electrolytic current tetrox. tetroxide
i reaction current tricl. triclinic
io reaction current at the equilibrium (ex- | V volt
change current) z oxidation number

In all tables, formulae and diagrams which appear in Chapter IV of the present Atlas, the physical state of the
substances considered will be indicated as follows:

M solid substances,
M liquid substances,

M gaseous substances,
M dissolved substances (in aqueous solutions).
17 .
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INTRODUCTION

REMARKS ON ELECTROCHEMICAL THERMODYNAMICS
AND KINETICS

PIERRE VAN RYSSELBERGHE
Stanford University, California, U.S.A.

THE excellent Preface by Professor R. Piontelli provides a perfect basis for this Introduction which
can thus be reduced to a few remarks concerning certain fundamental points, all the details of the
calculation and of the construction of the tension-pH diagrams being presented by M. Pourbaix in
the following chapters.

We shall begin by examining the meaning of the very name given to the diagrams in the present
book. Let us recall that, for many years, their name has been both in French and in English, “*potential-
pH diagrams”. Commission No. 2 of the International Committee for Electrochemical Thermo-
dynamics and Kinetics (CITCE), ““Electrochemical Nomenclature and Definitions”, has presented
in yearly reports since 1951 a critical study of electrochemical concepts and has made a number of
recommendations concerning the exact significance of various terms currently used and, in some
cases, it has found useful to insist on the adoption of certain new terms or of new and more precise
definitions of old terms. In particular, Commission No. 2 of CITCE has presented in recent reports
a systematic treatment of the various tensions—electrochemical, electric, chemical—which should be
considered in the fundamental theory of electrochemical equilibria and of irreversible electrochemical
phenomena. Up to now this vocabulary of tensions has received general approval among French-
speaking electrochemists and, with the very precise translation tension = Spannung, that of their
German-speaking colleagues. The situation seems to be the same in most of the other languages, but
as far as English is concerned, certain resistances have been encountered, and some of these have
been rather strong. On the other hand, encouragement has been forthcoming from some quarters
in the United States, and statements of adoption of the new terms have been made, in Australia for
instance.

Before entering into a brief discussion of the question it is advisable to note that the word
“potential” has been used in thermodynamics, physics, etc., in so many different senses that the appella-
tion “‘potential-pH diagram™ appears to be really too vague, particularly in view of the fact that the
potentials here involved are actually combinations of differences of inner electric potentials of the
various phases or linear combinations of chemical potentials reduced to the unit of charge. The
objection can, of course, immediately be made that the word “‘tension” has also been used in many
different senses, but, when one has to distinguish between inner, outer and surface potentials; chemical
potentials, electrochemical potentials; oxidation, reduction and redox potentials; thermodynamic
potentials, etc., the three very precisely defined types of tensions, which are always differences or linear
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combinations (reduced to the unit of charge) of the corresponding potentials, certainly introduce a
considerable amount of clarity.

In the general name “‘tension-pH diagrams™ the word tension is used without adjective. We shall
immediately see that it can be understood as referring to equilibrium electric tensions, but also, and,
we submit, chiefly to reduction chemical tensions, which are also called in the CITCE reports
reduction affinities per unit of charge and correspond to one of the possible types of the quantities
which are rather currently called “‘electromotive forces™.

As far as pH is concerned, the diagrams presented in this Atlas use it in the well-known operational
sense. Commission No. 2 of CITCE has been examining for some time the possibility of establishing
a rational definition of pH, but we shall not enter here into these theoretical considerations.

In order to define the various tensions as briefly and clearly as possible, let us first examine the
typical example of the Daniell cell, which we shall represent by the following diagram:

Cu / Cu+t+ [/ ZIn++ [/ Zn [/ Cu
1 2 3 4 r

followed by an external circuit 1" — 1.
The inner electric potentials of the various phases are represented by @', @2, ... The electric tension
U of the cell, considered from left to right in the direction of the numbering of the phases, is

(1) U=o¢t—y9t,

whether a current passes through the cell (U is then an irreversible electric tension) or not (U is then
the reversible electric tension, if one leaves out of consideration the electric tension ¢? — @3 of the
liquid junction between solutions 2 and 3, either by neglecting it or by estimating it numerically and
subtracting it from the total electric tension). The terminals 1 and 1’ being chemically identical, we
may write

po——Fot  pl —Feot’

(2) U= —_F - —_TF ’

where u)_ = pl_ represent the chemical potential of the electron in copper and F represents the
Faraday. Measuring instruments, potentiometers and voltmeters, always give us differences of electric
potentials between chemically identical phases which should then always be associated to the phases
of the electrochemist’s galvanic and electrolytic cells. In general the copper wires used as connections
will belong to the electrochemical systems under study.

Introducing the electrochemical potentials

O fp—=pp—Fo!, G _=upn _—Fol,
we have

~qr ~1

B H—
(4) U -+ -——:—F-—— = 0,

where, in the denominator of the second term on the left-hand side, the charge —F is that transported
by 1 mole of electrons passing from 1’ to 1 through an external conductor. The difference of electro-
chemical potentials in the numerator is equal to the electrochemical affinity of the process

(%) (1) > e (1), A=g_—fg_.
If we reverse the mode of writing of the process, its electrochemical affinity changes sign:
(6) e—(1) - e (1), A= ﬁ;_— F"-g—-

The charge transported from 1’ to 1 by the external circuit when the process occurs once is now
+F. We thus see that the quotient of the electrochemical affinity by the charge transported in the
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direction of the numbering of the phases is invarient in magnitude and in sign. It is called electro-
chemical tension of this process and we write, designating by E this electrochemical tension, '

(7) U D —U+F=o

ZF

where z is the number of charges transported, expressed in Faradays. We have z = —1 for case (5)
and z = +1 for case (6).

At the Zn/Cu contact between phases 4 and 1’ there is always electrochemical equilibrium for the
transfer of electrons, intermetallic contacts being considered as unpolarizable. We then have, for the
process

(8) e=(4) > ),

the electrochemical equilibrium condition

(9) .7\ = ;l"e_— ﬁ;_: )
and (4) can then be written

=l
(10) Ur ——% =0

—_Tr

whether there is, for the whole cell, equilibrium (zero current) or non-equilibrium (current passing
either in the spontaneous direction, here from Zn, phase 4, to Cu, phase 1, in the cell, or in the non-
spontaneous direction thanks to a suitable electric tension applied from the external current).

In the absence of current there is electrochemical equilibrium at the contact Cu (phase 1)/Cu.**
(phase 2) and at the contact Zn** (phase 3)/Zn (phase 4). We then have, for the processes

(11) Cu(1) = Cut+(2)+2e (1),
(12) Int+(3)+2¢-(4) - 7n(4),
the respective electrochemical equilibrium conditions

(13) 20 = iy — Bl g+

(1) 2= B — B

From (10) we then obtain, but only for equilibrium (at all interfaces, 2/3 excepted) which we indicate
by the subscript I = o (zero current):

ﬁ.(zlu"“""_ P';.n_ “bu— I."'"ilin""*'

(15) =
Ul =0= —oF
Let us decompose the electrochemical potentials into their chemical and electric terms:
Bhur+* Bn — Bou ™ Pzn++
(16) Ui=o=— - Y +(?2_?3)I=07

the difference (¢? — @), being the electric tension of the liquid junction at zero current.
Let us introduce the chemical tension (or electromotive force) E of the cell reaction, equal to the
chemical affinity of the reaction

(17) Cut+(2) +Zn(4) - Cu(1) +Zn++(3)

divided by its reaction charge — 2F, or to the chemical affinity of the reaction

(18) Cu(1) + Zu++(3) — Cu++(2) + Zn(4)
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divided by its reaction charge + 2F. We then have

A
(19) Ul=o=—';i5+(?’—?3)l=o or U=+ E = (92— ¢3)1=0.

The difference between U,-, and U at I different from zero given by (10) can be written

Blgr++ 20— Bby  BEn— BZa++— 28—
(20) Urmo— U= ———— &7 et T (91— 9 hi=mo— (91— ¥

The first fraction on the right-hand side is equal to (@' — @?)-,, the second fraction is equal to
(@ — @*)-0 and we have

(21) ' Utzo— Ur= (9! — #)1=0— (' — 9* 1+ (9> — 9* Ji=o— (* — ¢* 1 — (9f — 97 ),

in which the difference ¢? — ¢} is equal to plus or minus the internal ohmic drop in the cell. The
differences of differences appearing in (21) are the anodic and cathodic overtensions at the electrodes of
the cell. When the current passes through the cell in the direction corresponding to that in which the
cell reaction takes place spontaneously, hence from left to right according to (17), there is a displacement
of positive charges from right to left in the cell diagram, copper being deposited on electrode 1 and zinc
dissolving in solution 3. The cathodic overtension 7, being always negative and the anodic overtension
n, always positive, we have at the cathode 1/2:

(22) (?l—?2)|=0—(§’—?3)|=—7‘c>0

and at the anode 4/3:

(23) (23— e )imo— (PP — P* =+ M >0,
with
(24) ¢ —of = RI

and (21) can thus be written
(25) Uizo— Ui=|nc| +ne+ RI > 0.

If the current passes through the cell from left to right, the cell reaction takes place from left to
right according to (18), copper dissolving in solution 2 and zinc depositing on electrode 4» We have at
the anode 1/2:

(26) (t—h=0— (P! — 2 N=—mn.< 0
and at the cathode 3/4: '

(27) (=2 n=0— (P —*n=+1:< 0,
with

(28) . i —9{=RI

and (21) is now written
(29) Ur— Ui=y=1Na+ | %! + R[> 0.

Let us now consider the tensiometric cell
C 7 ++ -+ = = . :
Au/ /n / gn // I;I (aH_,_ 1) / lﬂ-‘lg(‘pn2 1 atm ), Pt/ (};u
in which the electrode on the right is a standard hydrogen electrode. The cell reaction is
(30) Za(1) +oH+(3) - Zn++(2)+ Hy(4)
with the reaction charge +2F or

(31) In++(2) +H,(4) = Zn(1)+2H+(3)
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with the reaction charge —2F. As in (19) we have, neglecting the electric tension of the liquid junction,

. Aoxi A A
32 = o\ — OB — — oxid. —_— red. red.
(32) Uimi= ot =gt O F =~ Z3F = 3F

where A4 represents the chemical affinity of reaction (30), which is the oxidation of Zn by H* at

ay. = 1, and A 4 represents the chemical affinity of reaction (31), which is the reduction of Zn**
by H, at py, = 1 atm. We also have

HZn++—BZn— (2 o I"‘il,)

(33) UI=0= 2F

= Ercd.

Since Pourbaix represents by the symbol E,, this electric tension at zero current or ‘“‘equilibrium
tension”, our symbol U;_, corresponds to this symbol E, which is to be found in all the formulae
and diagrams of the present Atlas.

The reversible electric tension of the tensiometric cell here considered is thus equal to the reduction
chemical tension, which is identical with the reduction affinity per unit charge, as indicated in (32).

The chemical potentials 5, and py, are the standard chemical potentials of H* and H,, pj;. and
uh,- The universal usage is to take the standard hydrogen electrode as reference electrode at all tem-
peratures. Moreover one takes conventionally

(3%) e S M
at all temperatures, with, specially, at 25°C:
(35) HH+=° and M=

Formula (33) is then written

2 |
‘u'Zn'*"" - f"‘Zn

(;b) b:h0= Erca. = oF

At the standard state of 25°C the Zn/Zn* * electrode has a reversible electric tension of —076 V.
We thus have

Uf_,=—0.76 YV, Elq=—0.76 V.
with
(37) ES 0 =—E%; =~+0.76 V.
If we take, still at 25°C, ug, = o0, we obtain u3,.. = —076 x 2 x 96 500 = —146 700J or
—076 x 2 x 23 = — 35kcal, a quantity which thus represents the standard free enthalpy of formation

of the Zn** ion, equal to minus the standard chemical affinity of the reaction.
(38) Zn + -z.H-i-(a”___ = 1) > le-‘r(:aln,%_‘_: 1) + Hy (pH_:= atm.).
Let us now consider the general case of the electrode reaction

(39) al\ +mH+~ne- - bB+cH,0,

in which A may represent a simple metallic ion and B the corresponding metal (@ = b = 1.m = ¢ = 0),
but in which A and B may also both be dissolved species, for instance Fe™ ™ *, Fe™ ™ and FeO,H™, or
both oxides or hydroxides, etc. When the reagents and products do not include a metal, the electrons
are furnished or liberated by an inert noble metal such as platinum. The reversibie electric tension
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of a cell in which the electrode on the left is that at which reaction (39) can occur, the electrode on the

right being always the standard hydrogen electrode is given by

app +mpg,—bpg—cuy o
rF

b}

(40) Ur=o= Erea. =

an expression in which convention (34) has been taken into account.
The chemical potentials being of the form

(41) wi=p{ (T, p) + RT Ina;
we have
a a m

(42) ' U[ =0= Eged _.E°+ ’I:'II; Q_A)TLE-F_)_

| " (*8)°(°n,0)"
with

awy + mufr— bup— ekt 0

43) E= — 2.

" The tension-pH diagrams presented in this Atlas apply to the temperature of 25°C. We then make
pi+ = o1in(43). The activity of water ay,o, exactly equal to the ratio of the vapor pressure of the solution
to that of the pure solvent, is taken as practically equal to one. We then have, at 25°C and in terms of
pH,

(44) Ur=o= Eper.= E§ + = 0:’9l Ea )>b —0.059% pH.

The systematic use of equations of this type in the construction of the tension—-pH diagrams is
discussed in detail in the chapters contributed by Pourbaix. The outline of theory presented in this
Introduction has as main goal to bring out the fact that the tensions represented in the diagrams can
be regarded as being either reversible or equilibrium electric tensions or reduction chemical tensions.
In the majority of cases the experimentally accessible tensions are those derived from thermodynamic
data, free enthalpies or affinities, obtainable themselves from thermochemical data (heats of formation
and entropies), the electrically measurable tensions, at electrodes which must necessarily function
reversibly, being definitely in a minority. In any case, the two types of tensions are immediately con-
vertible into each other.

It can also be deduced from the above discussion, particularly from our brief mention of the over-
tensions, that, out of equilibrium, the reduction chemical tensions remain unchanged as long as the
composition of the system, temperature and pressure remain unchanged, while the electric tensions
vary on account of the overtensions and of the ohmic drops. It follows that the tension-pH diagrams
continue to play a fundamental part out of equilibrium. They represent then, for an element and the
ions, oxides and hydroxides resulting from its interaction with water, the various reduction chemical
tensions to which one may compare, when they are experimentally obtained by means of polarization
curves and plotted on the diagrams, the irreversible electric tensions corresponding to different values
of the current or of the reaction velocity.

It is the role of electrochemical kinetics to unravel the mechanisms of irreversible oxidation and
reduction processes and to furnish theoretical foundations for the interpretation of the empirical relations
between overtensions and currents. In spite of the considerable progress in this field during the last few
years and of the abundant experimental and theoretical literature appearing at a constantly accelerated
rate, it must be recognized that electrochemical kinetics is still far from having reached a satisfactory
degree of logic and coherence.

When the concentration ar " resistance polarizations have been separated from the total polariza-
tion and the activation polarization remains alone to be considered, it is generally found that a law of the



INTRODUCTION 27

Tafel type applies at sufficiently large overtensions and currents. For a cathodic process, for instance,
we have

(45) |Me]=a+blnl
or

RT I
(46) l"lc|=;§‘F'nr“’

the transfer coefficient a and the exchange current I, being empirically obtained from the slope and the
extrapolation of the “Tafel straight line”. In the range of overtensions and currents for which the
velocity of the reverse process, here an oxidation, is not negligible, one writes

(47) | r=:o[cx.,(a_z_l;g)_cxl, (_ B2 L] >]

the transfer coefficient B of the reverse process being generally taken equal to 1 — . Finally, in the range
of very small overtensions, it is possible to retain only the first two terms of the developments in series
of the two exponentials and we have

(e +B) zF

(48) 1=1, 82820 ),

a formula which expresses the proportionality in the vicinity of equilibrium between current or reaction
velocity and electrochemical affinity. It is thus a typical formula of the thermodynamics of irreversible
processes.

A complete theoretical deduction of these formulae explaining the exact significance of the transfer
coefficient and determining the influence of the composition of the system on the exchange current
remains to be established. At the eleventh yearly meeting of CITCE held in Vienna around 1st October
1959, we have suggested, on the basis of earlier communications and of a preliminary study presented
in our Electrocheriical Affinity (Hermann, Paris, 1955), that the use in electrochemistry, for each
elementary step of a reaction mechanism, of the Marcelin-De Donder formula (see our article ‘“‘Reaction
rates and affinities”, J. Chem. Phys. 29, 640 (1958)), could lead to considerable clarification. This is of
the form

A—% JNY
(49) v=3e(exp — — exXp —— "),
! RT T

in which v is the reaction velocity, V, =V, is the exchange velocity at equilibrium, A and A are the
opposed partial affinities equal to the sums of chemical potentials of reagents and products (we have

A — A =A). A, = A, is the common value of these affinities at equilibrium. In the case of electro-
chemical reactions these various affinities become sums of electrochemical potentials. We had already
insisted in 1949 (J. Chem. Phys. 17, 1226 (1949)) on the advisability of using systematically the electro-
chemical potentials in the typical case of hydrogen overtensions. Current theoretical studies in the
field of electrochemical kinetics combine in general the principles of purely chemical kinetics with
empirical considerations intended to describe the role of the electric field in the transition layer from
metal to solution. It is, however, clear that the total influence, chemical and electric, of a charge constitu-
ent on the velocity of a reaction in which it participates results from the value of its electrochemical
potential at the spot where the reaction act takes place. This influence cannot then result from separate
and functionally different contributions of the local chemical and electric potentials.

Among the numerous current and future applications of the tension—pH diagrams assembled in
this Atlas it appears certain that they will serve as foundations for numerous investigations in the
field of electrochemical kinetics to the great benefit of this discipline.
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1. INTRODUCTION

WHEN iron corrodes in the presence of air in tap water from a town water supply (Fig. 1), a large number
of reactions take place simultaneously: the iron corrodes with evolution of hydrogen and the water
becomes alkaline according to the reaction Fe + 2H,0— Fe** + H, .7 + 20H™; in strongly
aerated regions the ferrous ions thus formed are oxidized to ferric ions by dissolved oxygen according
to the reaction 4Fe** + O, + 2H,0 > 4Fe*** + 4OH™, and these ferric ions react with the hy-
droxyl ions according to the reaction 4Fe*** + 120H~ — 4Fe(OH); ! to form a brown deposit of
ferric hydroxide; in less aerated regions the action of oxygen leads to the separation, not of ferric
hydroxide, but of magnetite Fe;O,. In general these oxides are deposited in the form of rust at a
certain distance from the place where the iron dissolves, in which case the corrosion of the metal proceeds

(!) Detailed accounts of this have been given in the following publications:

[1] M. PoursBalx, Thermodynamique des solutions aqueuses diluées. Representanon graphlque du réle du pH et du
potentiel (Thesis, Delft, 1945; Béranger, Paris and Liége). 3 Edition, Cebelcor 1963. Thermodynamics
of Dilute Aqueous Solutions, with Applications to Electrochemistry and Corrosion (foreword by U. R. EVANs),
Arnold, London, 1950.

[2] M. PouRBAIX, Legons sur la Corrosion électrochimique (2° fascicule) (Rapport technique RT.30 of CEBELCOR,

1956).
[3] M. PouRBAIX, Legons sur la Corrosion électrochimique (3¢ fascicule) (Rapport technique RT.49 of CEBELCOR,

1957).
The author expresses his gratitude to P. Van Rysselberghe and R. Defay for numerous discussions relating to the present text.
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in a permanent manner ; sometimes these oxides are deposited in an adherent form at the actual place
where the iron dissolves, in which case they can cover the metal with a more or less protective coating.
Other changes can occur simultaneously with these reactions: the local alkalinization of the water
due to the evolution of hydrogen or the reduction of oxygen causes the conversion of bicarbonate ions,
according to the reaction HCO; + OH™ - COj; ~ + H;O, into carbonate ions, which react with the
dissolved calcium ions to form calcium carbonate according to the reaction CO;~ + Ca** —
CaCO; |. If this calcium carbonate is deposited on the metal, which frequently happens with tap
water, it can form on the surface, in combination with ferric oxide or hydroxide, an adherent coating
which effectively protects the metal against further corrosion.

Y Fell 1o

7 07 < —

S 0, /
Solid substances

/

/
/

ol

Gaseous substances

Fe(OH)z || 2
Fe(OH)3 | | Ho0
Fes OL; H*
Fe203 OH™
CaCOg3 Ca*t +\
H,CO

- HCOa

E Fe'**H, 02 <j BDrssolved substances

FIG. 1. Iron in the presence of tap water from a town water supply.

Finally, in the course of this corrosion of iron, other reactions can lead to the formation of small
quantities of hydrogen peroxide.

Under these conditions, therefore, the corrosion of iron gives rise to the formation of a large number
of substances in the dissolved, solid and gaseous states; these substances react chemically and electro-
chemically among themselves, and we are faced with an inextricable problem if we try to study these
reactions separately. For the study of these complex phenomena it is best to employ graphical methods
which enable us to study simultaneously the equilibria of all the entangled reactions,(?) both chemical
and electrochemical, that may occur.

It is for the study of such problems that the electrochemical equilibrium diagrams dlscussed here
are intended.

2. CONVENTIONS FOR WRITING THE REACTIONS.
CHEMICAL REACTIONS AND ELECTROCHEMICAL REACTIONS

2.1. GENERAL

Throughout this Atlas we shall concern ourselves in particular with the study of equilibrium states
of reactions, which are the same in whichever direction one considers the reactions. We shall therefore

(2) The idea of “*entangled equilibria” was introduced by P. Montagne in his treatise Calcul numérique des équilibres chimiques
en phase gazeuse homogéne; applications a I’étude théorique des combustions, Gauthier-Villars, Paris, 1934.
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write these reactions in a manner that does not necessarily imply that the reaction takes place in a
definite direction (for instance from left to right, a convention which the majority of authors use at
present) rather than in the other direction (from right to left).

For example, the equation 2H,0=2H, + O, will not necessarily be taken to represent the dis-
sociation of water 2H,0— 2H, + O,; it will represent equally well the synthesis of water 2H,0 «
2H, + O,. The equation H,=2H" + 2¢~ will not necessarily be taken to represent the oxidation
H,— 2H* + 2¢7; it will also represent the reduction H, «— 2H™ + 2¢~.

2.2. CHEMICAL REACTIONS

A chemical reaction is a reaction in which only neutral molecules and positively or negatively
charged ions take part, with the exclusion of electrons (see later on the definition of an electrochemical
reaction).

The following reactions are examples:

Dissociation of water vapour 2H,0p > 2Hyy+ Oxg

Electrolytic dissociation of liquid water H.Op - H,)+ OHg,,
Precipitation of ferrous hydroxide Feiay+ 2015, — Fe(OH)y

Dissolution of gaseous CO, COy+ Ha Oy - HyCOypaq)

Corrosion of iron with evolution of hydrogen Feg+2Hq) > Felr + g

Oxidation of ferrous ions by permanganate Mn Oy ) +8H5 ) +5Feld) - Mnjd +4H, Og+5Fci .

These reactions can be written in the general form

() My My 4 =Y M] 4+ VML +.

"

in which the *‘stoichiometric coefficients” v, v, ... and vj, v; ... are positive numbers.
By bringing all the terms to one side of the equation, we can write the reaction equation (1) in a
shortened form

(2) XvM =o,

in which the stoichiometric coefficients v have the same numerical values as in (1) but bear either a +
or a — sign; as a sign convention we say that the coefficients v are positive for the reacting substances
M on the right-hand side of the reaction equation (1), and negative for the reacting substances on the
left-hand side.

For example, the following reaction written in form (1)

MnO7;+8H++5Fe++ - Mnt++ fH,0 + 5Fe+++
will be written in form (2)
Mn++4 4H,0 + 5Fet+++—MnO;— 8§H+—5Fe* +=o.

By writing the reaction in form (1) or form (2) we do not assume that we know the direction in
which the reaction is really proceeding. Depending on the circumstances, reaction (1) can take place
from left to right, using up certain quantities of substances M’ to produce substances M”, or conversely
from right to left, producing substances M’ at the expense of substances M"”. When the reaction takes
place from left to right we say in general that it takes place in the positive direction ; when it takes place
from right to left, we say in general that it retrogresses, or takes place in the negative direction.

In short, by choosing the direction in which to write a reaction, we do not assert that it will proceed
in this direction ; we merely choose the direction which will be taken as positive; when a reaction takes
place from left to right. we say moreover, that it takes place in the direction in which it is written.

2
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The rule for the signs of the stoichiometric coefficients in the reaction equation (2) can be stated
very simply as follows: when reaction (1) takes place in the direction in which it is written, the con-
stituents which appear have positive stoichiometric coefficients in (2) and those which disappear have
negative stoichiometric coeflicients.

2.3. ELECTROCHEMICAL REACTIONS

We shall define an electrochemical reaction (or electrode reaction) as being a reaction involving,
besides molecules and ions, negative electrons e~ arising from a metal or other substance by metallic
conduction. Such reactions will be oxidations if they proceed in the direction corresponding to the
liberation of electrons; they will be reductions if they proceed in the direction corresponding to the
absorption of electrons.

Some examples of electrochemical reactions are:

Reduction of hydrogen ions to gaseous hydrogen 2Hj ) +2¢e~ > Hypg

Reduction of gaseous oxygen to hydroxyl ions Oz+ 2H: O+ fe— - JOHL,,
Reduction of permanganate to manganous ions ) MnOgyq)+ 8H, )+ 5e- - Mn{5 + 4H. 0
Oxidation of iron to ferrous ions Few - Feid) +2e
Oxidation of ferrous ions to ferric ions Feity — Fehty + e

These reactions can be written in the general form

(3) VM, +ViMy+...+ne=vI M+ i M)+ ...
or
() EVM +ne-=o.

2.4. METHOD OF WRITING THE REACTIONS

It is well known that, for every chemical reaction involving, among other substances, gases and/or
dissolved substances, there exists an equilibrium constant whose value for a given temperature and total
pressure is a certain function of the partial pressures (or the fugacities) of the gaseous reacting substances
and of the concentrations (or the activities) of the dissolved reacting substances. Some examples of such
equilibrium constants are:
dissociation in the gaseous phase (Guldberg and Waage’s constant, mass action constant):

= (pH?)z.Poz.
(Pr.0)" '’

dissociation in solution (Ostwald’s constant, dissociation constant, ionic product of water):

2}{20(g)= 2“3{5)+ Og(g), K

H, 0(|)= H(':q‘)—i- OH(—M-)’ K= C}I""COH";
dissolution of sparingly soluble solid substances (solubility product):

Fe(OH)9= Feld)+20H,,, K= CFe"—-"’C%)H--;

Ass 0:;(s)+ H,O4p=2H Asoz(,q,), Kk = CHASOg;
dissolution of gaseous substances: ‘
L o
€O+ Hy Oy = Hy COsaqy, K = _H:€0:

Pco,
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It is possible to show(?) that, for every electrochemical reaction involving gases and/or dissolved
substances, there also exists an equilibrium constant whose value, for a given temperature and total
pressure, is a function, not only of the partial pressures (or fugacities) of the gaseous reacting substances
and of the concentrations (or activities) of the dissolved reacting substances, but also of a difference of
electric potential (or electrode tension).

Consequently, if, in order to establish equilibrium diagrams as a function of pH and electrode
potential, we concern ourselves with investigating the influence of the pH and the electrode potential on
the equilibrium characteristics of the different reactions that we are interested in, it is as well to write
these reactions in a certain specified manner which makes clearly apparent in the reaction equation
any H™ ions and electric charges e~ that may take part in the reaction.

For this purpose we shall in general use the following convention for writing the reactions: for
example in writing the reaction for the conversion of permanganate ions MnO; into manganous ions
Mn** (reduction of permanganate in acid solution) we proceed as follows: we write the symbols for
these two substances on either side of the = sign.

. MnO7 = Mnr-
We balance the O's with H,O: Mn O3 = Mu+ o+ ¢11, 0
We balance the H’s with H* : MnQ;+ 8H* = Mn+++ {H,0
We balance the electric charges with e™: Mu O+ 8H++ 5¢= = Mn++ 4+ {11, 0.

Below are some other examples (reduction of permanganate in non-acid solution, and reduction of
dichromate):

MnOy = MnOQO, Cr, Oz~ = 2(r+++
MnO; = MnO,+ 21I,0 Cr, O3~ =a(r++++ 71,0
MnOy+ {1~ = MnO.+2H,0 Cra O3+ 141+ = 2Cr+++4+-H,0

MnO7+ jl+*+3¢==Mn0,+2H,0 CraO77+1fH++ 6e—=2Cr=+ 4 -1, 0O

Also for the precipitation of ferrous hydroxide, for example, we shall not write:
Fer+ 4 20H-=Fe(OH),.
but we shall write instead
Fetr++ 2,0 = Fe (O )y + 2 [1+,
In general, the reaction for the conversion of an oxidized substance A into a reduced substance B,
for instance, will be written:

a N +clHoO+ne-=508 4+l

By applying the general equilibrium formulae that we are about to deduce to reactions written in
this way, we shall obtain equilibrium relations which will automatically be expressed as a function of
the pH and the electrode potential ;

the pH measures the effect of the H™ ions;
the electrode potential measures the effect of the charges e™.

3. GENERAL FORMULA FOR CHEMICAL EQUILIBRIA

Let us consider a chemical reaction

(2) . XoM = o.

which involves gaseous substances and/or substances dissolved in aqueous solution.

() See loc. cit. [1].
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The affinity A of this reaction can be expressed by the equation
(3) A=—3Zvu,

in which u represents the *“‘chemical potentials™ of the various reacting substances M.

If we use the common symbol (M) to represent the fugacity or *‘corrected” partial pressure of the
gaseous substances (expressed in atmospheres), and the activity or “corrected” concentration of the
dissolved substances (expressed as a molality, i.e. in gram-molecules or gram-ions per kilogram of
solvent), the values of the chemical potentials u of each of the reacting substances M can be expressed by
the following equation :*¥
(6) u = p'+ RT In(M),
in which

u* is the “standard chemical potential” of the substance considered:
R is the ideal gas constant (1-985 cal.-deg. mole);

T is the absolute temperature;

In represents a Napierian logarithm.

In the case of a gaseous constituent, the standard chemical potential u- depends solely on the
temperature; it is the chemical potential of the substance when it is by itself at the temperature con-
sidered and under such a pressure that its fugacity is 1 atm. (760 mm Hg).

In the case of a condensed constituent, u- is the chemical potential of the pure substance in this
condensed state; it depends on the temperature T and the pressure p.

In the case of a solution, the standard chemical potential of the solvent is the chemical potential
of the pure solvent at the temperature and pressure considered; the standard chemical potential of a
dissolved substance is the chemical potential of this substance at the pressure and temperature con-
sidered, in a reference state chosen according to certain conventions in which the substance is attributed
an activity of unity.

Now the chemical potential u of a constituent can be expressed by the equation

(7) p=h—Ts,

in which h is the specific molar enthalpy of this constituent and s is its specific molar entropy, under the
conditions of medium, pressure, temperature and concentration experienced by the constituent.
For the chemical reaction 2vM = o we can write, on the basis of equations (5) and (7):

(8) —A=2vu=32vh—TZvus
or, representing the summation Zvx by the notation AX:
(9) ' — A =AG=AH —TAS,

in which G represents the free enthalpy G = H — TS: we point out, however, that although the X
corresponding to x = u is being represented more and more widely by the symbol G. it is still often
represented by the symbol F used by G. N. Lewis and his collaborators.

Equation (9) can be written in particular for reagents and reaction products considered separately
in the pure state and under the same conditions of temperature and pressure. For example. if we con-
sider the reaction

1
Hig+ - Org > H:0y

representing the formation of liquid H,O starting from the substances H, and O, in the gaseous state,

we have
~ I
A6 = PHE .O\I,}_ EJ‘HZ:zA)— -2- :J.O:“g

(* See loc. cit. [2]. p. 9.
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A very widely adopted convention consists of assigning the value zero to the chemical potentials
of elements in their normal molecular state at 25°C and 1 atm. pressure. If H, and O, are both con-
sidered at 1 atm. pressure we have therefore,

AG =gy, 0,
which shows that the free enthalpy of formation of liquid H,O starting from its elements at 25°C and
I atm. is the same as the chemical potential of liquid H,O, a substance which is then in its standard
state.

In view of this, and taking into account equation (5), the condition for thermodynamic equilibrium
of a chemical reaction, ie. the condition which expresses that the affinity of such a reaction is zero,
can be written

(10) ’ Xv;;.:\o .

or, substituting into this equation the values of the chemical potentials u shown in equation (6),
(11) v+ RTSvIn(M) =0

or further, by replacing the ideal gas constant R by its numerical value, and changing from Napierian
logarithms to decimal logarithms:

(12) B+ 4.573TEvlog(M) = o
that is

(13 Evlog(\l):—-—‘\-'i
(13) v 73757

which can be written

() Svlog(M) = logR, I
= . S’ 5
(1) logK = — 7o l ()
Now the formulation
(2) SvM=o0
of a reaction equation is equivalent to the usual formulation
(1) Vi My A A M o= M =

The stoichiometric coefficients v of the formulation (2) are usually considered as being positive for the
substances M” on the right-hand side of the usual formulation; they are considered as being negative
for the substances M’ on the left-hand side. Equation (13) can therefore be expressed in the form

16 lo

o M) (M) ... Xyt
TOM LMy ). 19757

or

. (MG M -
1) = =10
e

M, )76 e

(*) It would be as well to point out that the formulation (15) of the value of the equilibrium constant K is equivalent to the
usua! equation

Xt
Ink == — =
RT
and to the equation
A*
L

in which A is the standard affinity of the reacrion. i.e. the affimity of the reaction in the particular case when all the reacting
substances are in the stindard state
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or

, (MO (M ...

18) CALRU AL
. S’

(19) logK = — 5T

Consequently for every chemical reaction ZvM = o, the equilibrium condition at a temperature
T can be expressed by the equation
(14) ' Zvlog(M) = logK,
i.e. the algebraic sum Zvlog (M) of the logarithms of the fugacities, and activities (M) of the gaseous
and dissolved reacting substances is a constant which is the logarithm of an *“‘equilibrium constant” K.
The value of this equilibrium constant is connected with the values of the standard chemical potentials
u of the reacting substances and with the absolute temperature by the equation

Iy’
4.595T

'When the temperature is t = 250°C, i.e. T = 2981°K, as is considered throughout this Atlas,
equilibrium conditions (13), (14) and (15) become respectively

(15) ' logK =—

' = v

(20) Zvlog(M) = 363"
(14) : Zvlog(M)= logKk,
_ Zvul

(21) logK = — 1363°

in which u° represents the standard chemical potentials at 25°C of the reacting substances M.

Relation (20) [and relations (14) and (21) which are derived from it] is the general formula for
chemical equilibria (or physicochemical ones) at 25°C.

This relation expresses that, when the equilibrium state of a chemical or physicochemical change
is obtained at a given temperature and pressure, the algebraic sum Xv log (M) of the logarithms of the
fugacities and activities (M) of the gaseous and dissolved reacting substances is equal to a constant
log K, whose value depends only on the temperature and pressure, and can be calculated from relation
(21) if the values of the standard chemical potentials u° of all the reacting substances are known for the
standard reference state, which is: :

for condensed substances (solid or liquid), the pure state;

for gaseous substances, the state having a fugacity (or *‘corrected” partial pressure) of 1 atm.;

for dissolved substances, the state having an activity (or “corrected” molality) of 1 g-mol (or 1 g-ion)
per kilogram of solvent.

Given below are some examples of the calculation of the equilibrium constant, for the four types
of chemical reactions considered in paragraph 2.4, and also for the vaporization of water, based on the
following standard chemical potentials y* at 25°C;(®)

H,0 (gaseous) — 54 635cal Fe(OH), (solid) — 115570 cal
H, (gaseous) o, Fe** (dissolved) — 20300 ,,
O, (gaseous) o, As, 0, (solid) - 13768 ,,
H,O0 (liquid) — 56690 ., HAsO, (dissolved) — g¢6250 ,,
H"* (dissolved) o, CO, (gaseous) — 94260 ,,
OH™ (dissolved) — 37595 H,CO; (dissolved) — 149000 ,,

(°) Enthalpies libres de formation standard (Rapport technique RT. 87 of CEBELCOR, 1960).
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Homogeneous reaction in the gaseous phase :
2Hy0) = 2Ha) + Oy ¢
log (P1,)-Po, — 2841, 10, 241,0 ____ 0+ 04109270
° (Pu, N 1363 - 1363
T = — 80.16 [Guldberg and Waage's law of
. dissociation in the gaseous phase
(mass-action law)].

Homogeneous reaction in aqueous solution :

HZO(Z) = H(‘:‘\q.) + OH:.q :
g — 0
g Cor G — MLt BOI-TPH,0 0 — 37505 + 56 690
SHH+HMOI-T T 1363 - 1363
=—1%{.00 (Oswald’s law of electrolytic dissociation).

Heterogeneous reactions—solid/solution type :

Fe(OH).y = Fefiq) + 2 OHg,,:

PFe+++ 280~ "i)"e(()li Yo = — —20 300 + 7;3(;§)o+ 115 570
1

logCpo+s-(Con-)*=— 1363
, . =—14.73 (solubility product law);

AS}OS({ + HZOU' = QHASOmaq.) H
2M As O, HAs, 0, HH, O

IOg(:Il A = — -!- —
AsO, 2 1363
— 192 500 +2132 :80 —+ 56 6go = — 0.6 (solubility).

Heterogeneous reaction—gas/solution type:
—gasy yp

C02 i + H20\|) = Hzcos(:m,\ .
CSi.c0. . PiLCo, T BC0. T HiL0
pCO* - 1363
i _ __ —149 000 + 94 260 + 36 690 -1 ‘,3
- 1363 -0

log

(Henry’s gas solubility law).

Conversion from condensed phase (solid or liquid) to gaseous phase :

Hzo‘n = HQO(;) H
[ 0
“H,00 " MH,On  — 54635 +56690 -
== 1363 IR

logpy,0=— 1363

that is
P, 0= 10~1:505 atm. = 0.0313 atm. = 23.7 mm Hg (vapour pressure law).
It is important that we should be well aware of the fact that the different equilibrium laws which

these equations express are only particular cases of a single law of physico-chemical equilibrium

Zvlog(M) =logk,

(14)
or
oK = — 2
logK = — T3

(21)
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in which the constant K is known by different names, according to the nature of the change that is
being studied : Guldberg and Waage’s constant (mass-action constant), Ostwald’s constant (dissociation
constant, ionic product of water), solubility product, solubility, Henry constant, vapour pressure. The
value of each of these equilibrium constants K is connected with the values of the standard free enthalpies
formation (or standard chemical potentials) u° of the substances taking part in the change, by the same
relation, which is at 25°C:

: oK — — 2V
(21) logK =— 353

4. GENERAL FORMULA FOR ELECTROCHEMICAL EQUILIBRIA (7)

4.1. GALVANIC CELLS

We have defined an electrochemical reaction (or electrode reaction) as being a reaction involving
both chemical substances M (neutral molecules and/or positively or negatively charged ions) and free
electric charges (for instance negative electrons e~ arising from a metal or other substance with metallic
conduction):

XvM+ne-=o0 (7) for example Zng = Znf+ 2¢—.

Such reactions can be brought about by the coupling of two electrodes at which take place respec-
tively absorption and liberation of electrons, for instance according to the reactions

SviMy+n,e- =o,
EVgMz— nye- =o,
leading to the overall chemical reaction
(22) E‘I|M1+ SV:N]-_»-': 0.

These galvanic cells may operate either without the external addition of electrical energy (in
which case the overall chemical reaction takes place in the direction suggested by its affinity), or with
the external addition of electrical energy (in which case the overall chemical reaction takes place in
the opposite direction to that suggested by its affinity alone). In the first case, which is obtained in the
discharge of batteries and accumulators and in the spontaneous corrosion of metals, there is oxidation
at the negative electrode of the cell and reduction at the positive electrode(®): in the second case,
which is obtained in electrolysis and in the charging of accumulators, there is reduction at the negative
electrode and oxidation at the positive electrode; in the two cases we call the electrode where there is
oxidation the anode, and the electrode where there is reduction the cathode.

For example (Figs. 2 and 3), the synthesis of water in a hydrogen/oxygen gas cell and the discharge
of a zinc/copper Daniell cell take place according to the following reactions:

— ve Electrode (oxidation) - 2H, - 4H++fe- In - Zn++4 20—
+ ve Electrode (reduction) O,+ jH++ fe- > 2H.O Cur+42¢~ —> Cu
Overall reaction 2Ha+ 0y -» 2H.O Zn+ Cu++ = Zn+++ Cu.

(") See loc. cit. 3], pp. 5-14.
(%) Here we call the electrode attached to the negative terminal of the ceil the negative electrode, and the electrode attached
to the positive terminal of the cell the positive electrode.
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Conversely, the electrolysis of water and the charging of a Daniell cell take place as follows:

— ve Electrode (reduction) jUH++ je— > 2H, In+++4 26— —> Zn

+ ve Electrode (oxidation) 2H.0 = Oy+4H++ fe— Cu - Cut+a20-

Overall reaction 2,0 - 2H,+ 0, Zn+++Cu - Zn+ Cut++.
A A A

-+

1

A 7 F
] Zn A Zn
) a (
| |
{(a) (c)

FIG. 2. Electrochemical realization of chemical reactions.

(a) Decomposition of water (electrolysis): 2H,0 — 2H, +0,.
(b) Synthesis of water (gas cell): 2H, + O, — 2H,0.
(c) Corrosion of zinc with the evolution of hydrogen: Zn+2H* — Zn** +H,.

So— R A;
[
Cu Cu

Zntt C b as
U’_J_“_J +:‘_‘|_‘L_

F1G. 3. Daniell cell.

4.2. EQUILIBRIUM POTENTIAL DIFFERENCE OF A GALVANIC CELL

The electromotive force of such galvanic cells is the potential difference ¢, — @, (°) (or tension at
the terminals of the cell) when the cell is “on open circuit™, and when the whole system is in electro-
chemical equilibrium. The value of this potential difference is connected with the value of the affinity
A, , of the overall chemical reaction (22) by the relation

3 — T w—— em——
(23) ?1— P2 nF

(%) 9, and @, represent respectively the internal electric potentials of chemically identical terminals (both made of copper for
instance) attached to the two electrodes of the cell. The electromotive force (or chemical tension) of the cell is A, ,/nF.
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or, since

(21) Ajp=— (v + Svaun),
(23) G1— 92 = Vit Svais
> 1= =

This difference of electric potentials, or electric “‘tension”, is the equilibrium potential difference
of the galvanic cell.

If we express the electric potentials in volts and the chemical potentials y in calories per mole,
equation (25) becomes

(26) c _ Xvymy =+ Yvaus
|y = ———
23 obon,

Let us consider, for example, a Daniell cell in which the Zn** and Cu™ * ions are in the standard

state (activities: I g-ion/l at 25°C), and for which the chemical potentials have the following values
(according to Latimer): ‘

o - 8 " = ‘ .
2 = o cal., tou = o cal,,
:J.!I"“‘._’_=—3‘3 18 » :L::u"' ,==+13530 »
Equation (22) gives
— 3518 —o0+0—135%0 50714

=—r1.099 V.

YnT YCu— 46120 T f6mo

The potential at the terminals of this Daniell cell in the equilibrium state is o9y V; the zinc is
the negative electrode, i.e. the copper wire which is attached to it is negative with respect to the other
terminal of the cell.

4.3. ELECTRODE POTENTIAL. EQUILIBRIUM POTENTIAL OF AN ELECTROCHEMICAL REACTION

With a view to studying any electrochemical reaction Zv;M, + n,e”™ = o, let us consider a galvanic
cell of a special type (Fig. 4) made up of an electrode 1 on which is taking place the reaction that we

o —
Bo Zn
H
e
9 I (
|
11
V|
”H* z”*' l
Reversible reference
electrode

FIG. 4. Measurement of electrode potential.
(Haber and Luggin’s method.)

wish to study, and a reversible reference electrode (hydrogen electrode, calomel electrode, silver chloride
electrode) on which the state of thermodynamic equilibrium of the electrochemical reference reaction is
obtained. It must be understood that this reference electrode is connected to the reaction solution by
means of a siphon to avoid the existence of a diffusion potential between the two solutions (for instance
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a siphon of agar-agar jelly saturated with KCl) and which, when an electric current flows in the reaction
solution, emerges in this solution in the immediate neighbourhood of the metallic surface on which the
reaction to be studied is taking place (Haber and Luggin’s siphon or Piontelli’s siphon). The equation

'\"‘Vl s Bt Evﬂ‘f epef

(27) Q1 — Jpef =
T wed 23 obon,

which is deduced from equation (24) gives the value of the equilibrium potential difference of the cell
formed by coupling the electrode studied and the reference electrode, i.e. the value of the potential
difference when the whole of the system is in electrochemical equilibrium. Now the reference electrode
is, by definition, in a state of equilibrium. Equation (27) therefore expresses the equilibrium condition of
the electrochemical reaction studied.

Consequently a general electrochemical reaction r, ie. Zv,M, + ne”~ = o, will be in a state of
equilibrium if the difference between the potential ¢ of the electrode on which this reaction is taking
place and the potential ¢, of a given ('") reversible reference electrode has a fixed value. given in

. Sy — Eper Yot
(28) Dr— Frof = —Bobon,

We shall call the difference of potential thus measured between an electrode and a reversible
reference electrode the “potential” of this electrode, or electrode potential E, and we shall call this
electrode potential the equilibrium potential of a reaction in the particular case when it corresponds to
the state of equilibrium of an electrochemical reaction taking place on this electrode. If we use the:
symbol E,, to denote the equilibrium potential of a reaction r written in the form Zv,M, + ne™ = o,
equation (28) can be written

. zv"!‘ll‘— X Vet Mref
(29) Eor = 23 obo n, )

If we use as a reference electrode the standard hydrogen electrode for which the chemical potentials
of the constituents H* (at pH = o) and H, (at 1 atm. pressure) are taken to be zero, the equilibrium
condition (27) takes the simpler form

. V., 0
3 o= ettt
(30) | Eor= 33 obon,

Consequently, for any given electrochemical reaction taking place under fixed physico-chemical
conditions (to which correspond fixed values of the chemical potentials 1) there exists a fixed value of
the electrode potential at which the equilibrium state of the reaction is obtained.

If we consider a metal-solution system at the interface of which an electrochemical reaction can
occur (for example zinc in a zinc sulphate solution, in which the reaction Zn = Zn** + 2¢”~ can take
place; or platinum in a solution of ferrous and ferric ions, in which the reaction Fe** = Fe*** + ¢~
can take place; or any metal in a solution saturated with gaseous hydrogen, in which the reaction
H, = 2H™ + 2¢7 can take place), there exists a value of the electrode potential of the metal for which
the equilibrium state of the reaction is obtained. When the potential of the metal has this value, the
reaction canhot take place either in the oxidation direction or in the reduction direction: for example
there can be neither corrosion nor electrodeposition of zinc, neither oxidation of ferrous ions nor
reduction of ferric ions, neither evolution nor oxidation of hydrogen. For any other value of the electrode

(') It is understood that this difference of potential is measured by Haber and Luggin's method mentioned above (Fig. 4).
The electric potentials in question here are those of chemically identical terminals (e.g. copper) attached to the electrodes of the
cell.
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potential, the state of thermodynamic equilibrium will not be obtained, and it is possible, from the
energetic point of view, for the reaction to take place, either in the oxidation direction (if the electrode
potential is above the equilibrium potential of the reactxon) or in the reduction direction (lf the electrode
potential is below this equilibrium potential).

As P. Van Rysselberghe has shown in his excellent Introduction to this Atlas, the equilibrium
potential E, of an electrochemical reaction is equal to the reduction affinitv per unit charge, i.e. the
affinity of the chemical reaction obtained by combining, in the reduction direction, the electrochemical
reaction studied with the electrochemical reference reaction. ,

For example, in the case of the reaction Fe,, = Fei", + 2¢” for which the standard equilibrium
potential at 25°C, measured with respect to the standard hydrogen electrode, is E = — 0'440 V, the
reduction affinity, relating to the reaction Fe;,, + H,,—Fe, + 2H(,, taking place under standard
conditions, is — 0-440 V; the oxidation affinity, relating to the reaction Fe) + 2Hg, 7 oFeq,) + Hy
is + 0440 V.

4.4. FORMULATION OF ELECTROCHEMICAL EQUILIBRIA

The equation

Svu

(31) Eo= 23 obon

("

(which gives in magnitude and sign the value of the equilibrium potential of a given electrochemical
reaction ZvM + ne” = 0) expresses in short the condition of thermodynamic equilibrium of this
reaction. Indeed, the affinity A of an electrochemical reaction can be expressed by the equation

(32) A =—Z3Zvu+23060nE
and the equation
(33) Evpg —23060nE,=o0

which is equivalent to equation (29) expresses that the affinity of the electrochemical reaction is zero
at the equilibrium. '

Equation (33) enables us to compare the equilibrium condition for chemical reactions and the
equilibrium condition for electrochemical reactions:

Reactions

~

Chemical Electrochemical
Reaction equation WM =o ZvM + ne” =0
Equilibrium condition Ivu =0 Zvu — 23060 nE = o

We see that in the same way that the equation of an electrochemical reaction differs from that of a
chemical one only by the presence of a term which indicates the presence of free electrons e¢~, the
equilibrium condition of an electrochemical reaction differs from that of a chemical one only by the
presence of a term which expresses the energetic influence of these electrons, in the form of an electrode
potential E.

By manipulating equation (33) as we manipulated equation (8) relating to chemical equilibria, in
paragraph 3, we obtain successively, by substituting fugacities and activities (M) and standard chemical
potentials u':

(34) Svu'+ §.575 T Svlog(M) — 23 0607 E = o.

(*') Equation (31) is equation (30) in which the indices r have been omitted to simplify the discussion. However, all the symbols
arising in this equation concern a definite electrochemical reaction.
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which becomes at 25°C

(33) X0+ 1363Zvlog (M) —2306onkE =0
or
(36) © | B =Eg 4+ 22wy jog(M),
PR
g0 — =V
(37) £ 23 obon’
in which

E, is the equilibrium potential of the electrochemical reaction;

EJ is the standard equilibrium potential of the reaction at 25°C, i.e. its equilibrium potential for the
particular case in which all the reacting substances are in the standard state at 25°C: fugacity,
1 atm. for gaseous substances; activity, 1 g-mol/l (or I g-ion/kg of water) for dissolved substances.

The value of the standard equilibrium potential EJ can easily be calculated from equation (37) if
we know the standard chemical potentials u° of all the substances taking part in the reaction.

Given below are some examples of standard equilibrium potentials and the corresponding equili-
brium formulae, based on the following values of standard chemical potentials u° (5):

Fe** (dissolved) — 20 300 cal H,O (liquid) — 56690 cal
Fe*** (dissolved) — 2530 , O, (gaseous) o,
Fe (solid) o, H* (dissolved) o,

Homogeneous reaction in aqueous solution :

Felj)=Feli + e :

"'i'? R l"'f? o+ -+ 5
Jo— _T¢® e =_2°3°+2°3°°=+071V
e 23 060 23 o6o 0.7t V.
: . (Fetr++) .
Ey =+ 0.771 + 0.0%91 log Fev™) (volt) (redox tension)
Solid/solution reaction:
Fey = Feliq) + 2¢7
BRe++— YFe  — —
ES = F'e"'. l*e= 20-300 o=_0.4!'0v,
23 060 < 2 46120
Ey = — 0.440 + 0.0295 log(Fc++) (volt) (metal solution tension)

Gas/solution reaction :
2H.0) = Ouy + 4HGq) + be :
_ “"003"' 4“?‘1‘*"— 2*";{,0 __o0+o0+113380

E{= T
23 obo X 4 92 250
Ey = +1.228 — 0.0591 plI + 0.0148. log'po2 (volt) (gas electrode tension)

=<+1.228 V.

It follows from the above that the redox tensions (or “‘redox potentials’), the metal solution tensions
(or “metal solution potentials’’) and the gas electrode tensions (or “gas electrode potentials™) are only
three particular cases of the equilibrium tension of an electrochemical reaction.




46 CHAPTER 1I

5. CONSTRUCTION OF POTENTIAL-pH EQUILIBRIUM DIAGRAMS(!2)

In view of the above we shall now show how to proceed with the construction of potential-pH
equilibrium diagrams. We shall consider, by way of an example, the particular case of the system
iron—water at 25°C, which is treated in detail in Section 12.1 of Chapter IV.

5.1. STANDARD CHEMICAL POTENTIALS

We draw up a list of all the substances that we propose to consider and find out from chemical
literature the values of the standard chemical potentials u° of all these substances. Except where indicated,
these values have been taken from Latimer.(*) We make a table of these values (in small calories)
grouping separately the condensed substances (solid substances and liquid substances other than
water), the solvent (water) and the dissolved substances, and the gaseous substances. In each of these
groups we classify the derivatives of the element considered in order of increasing oxidation number Z.
In the case of hydroxides or other hydrated oxides, the chemical potentials are preferably calculated
for the anhydrous oxide which would have the same stability('3); when the same oxide exists in different
forms (allotropic modifications, or differently hydrated oxides) we classify these forms in order of
decreasing stability, i.c. in order of increasing value of chemical potential calculated for the same
chemical formula (which is the anhydrous form here), and we iabel these forms by the indices a, b, c, . . .

Concerning the values accepted for the standard chemical potentials, we indicate their degree of
accuracy by writing in italics the figures which cannot reasonably be considered exact, the last of the
figures not in italics nevertheless being subject to caution.

For example, here are the values of the standard chemical potentials u° which we have taken in
the case of iron:

Oxidation Solid Solvent and dissolved
Number Substances Substances
(Z). - —_ . ctl————. ...
- - - 1.0 — 56690 cal.
- - - -+ 0 »
0 Fe 0 cal. - -
-+ FeO hydr. (Fe(OHY,) — HR K880 » Fei + — 20300 »
» - - HFeO3 - — 90627 »
9.6~ YFey 0O, —2R2 400 » - -
—+3 a. ¥e, O —177T100 » Fet+++ — 2330 »
» b. Fe, Oy hvdr. (Fe(OHY)  —161930 » Fe OIl'++ — 35910 »
» - - Fe (ON)y —106200 »
=+06 - - FeO3~—? —111685 »

5.2. REACTIONS

We write the equations of the various reactions in which these substances can take part two by
two in the manner shown in paragraph 2 above, i.e. possibly introducing, apart from these two sub-
stances A and B, water H,O, the H* ion, and the free electric charge e™.

('2) A similar account giving in detail the method of construction of the potential-pH equilibrium diagram relating to the
systera copper-water, has been published elsewhere (Legons sur la corrosion électrochimique (3° fascicule), pp. 28-34. Rapport
technique RT. 49 of CEBELCOR. 1957).

(*3) The chemical potential of this anhydrous oxide is calculated by adding to the chemical potential of the hydrated oxide
as many times 56 690 cal, (i.e. — ud,0qiquia)) @S there are water molecules in the chemical formula of the hydrated oxide. For
example pf.on), = — 115 570 cal. corresponds to ppeo = — 115 570 +56 690 = — 58 880 cal.

(*) W. M. LATIMER. The Ouxidation States of the Elements and their Potentials in Aqueous Solutions. 2nd. ed.. Prentice-Hall,
New York. 1952: Recent References to Thermodvynamic Data. University of California. 1954.
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These reaction equations will therefore have the following general form:
N +cl,O 4+ ne =0B+mHir (%),

We group these reactions as follows according to the physical state of the substances A and B,
indicating, for each reaction, the oxidation numbers Z of the element in each of these two forms:

a. homogeneous reactions (two dissolved forms):

b. heterogeneous reactions involving two condensed substances (generally two solid forms);

¢. heterogeneous reactions involving one condensed substance (generally solid) and one dissolved
substance.

When the system considered includes substances in the gaseous state, we alsq consider all or some
of the groups of reactions below (group d will not be considered when there is only one substance in
the gaseous state):

d. heterogeneous reactions involving two gaseous substances;

e. heterogeneous reactions involving one gaseous substance and one dissolved substance;

[ heterogeneous reactions involving one gaseous substance and one condensed substance (generally
solid).

In each of these groups, we consider separately the chemical reactions, in which the forms A and B
have the same oxidation number Z and in which electrons ¢~ do not appear (the coefficient n of the
electron is then equal to zero), and the electrochemical reactions in which the forms A and B have
different oxidation numbers, and in which electrons appear (the coeflicient n is then not equal to zero).

In each of these groups the chemical reactions are classified in order of increasing oxidation
number ; the electrochemical reactions are classified.in increasing oxidation number of the least oxidized
form, and following this successively in increasing oxidation number of each of the more oxidized forms
in turn. ‘

Each reaction is given an identification number, with the intention that we reject those reactions
which, at a later stage of the work, appear to present no practical interest.

Thus we have below the reactions that we considered in the case of iron(*3):

(a) Homogeneous reactions (two dissolved forms):

Z. ne
1. Pt + 21,0 = HFeO7 <+ 31+
+3 2. Fer+v+ o+ 1L,O = FeOll++ 4 I+
] FeOIl++ + H,0 = Fe(Ol)i+ M+

42 >3 4. Fei = Fet++ “+ e
» 5. Fee+ + ILO = FcOl++ 4+ H+ + ¢~
» G. Fe++ + 2.0 = Te(OINf+2H: + o~
» 7. HFcO; -+ I+ = Fe(OH)} +
+ 2>+ 6 R. HFeO,; —+2l,0= FeOy;~ ~+5H+ 4+ 4o
+ 3 ->+0 9. Fet++ 4+ 4ILO = FcO;~ =+ 8H+ 4+ 3e-
» 10. FeOH++ + 3.0 = VFeOy~ +7I+- +3¢-
» L. Fe(OI),; + 21,0 = FeO7~ +6H" +3e-

('4) By the convention discussed in paragraph 2, this equation can represent equally well the oxidation
y
A - H,O=-ne= < LB ol

and the reduction
ad+cl. 0V +~ne - OB 4wl

{(**) In the equations below. the chemical symbols in heavy type represent solid substances; the symbols in normal type
represent water and substances dissolved in aqueous solution.
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(b) Heterogeneous reactions involving two solid substances :

0>+ 2 2. Fe + H,.O= FeO + 2+ 4+ 2e-
0->+ 2,67 13. 3Fe + {H.0= Fe;O, -+ 8H+ +8e~
0o->+3 1%. 2Fe + 3.0 = Fe,O3 +06lI+ +6e¢—

+ 2>+ 2.67 15, 3FeO + 0= Fe;O, -+ 2+ +ne-
+2->+3 16. 2FeO + H.0= FeyO; +2l+ +oe~
+2.67 >+ 3 17. 2Fe;0, + H.0=3Fe;O03 +2H+ +2e-

(c) Heterogeneous reactions involving one solid substance and one dissolved substance :

+2 18. Fe++ + H,0= FeO + 2H+

» 19. FeO + H.0= HFeO; + H+

=+ 3 20. a2Fet++ 43 IIgO = F3303 + 6 H+

» 21. 2FeOH+++ H,0= Fe,0; -+ 4H+
» 22. 2Fe(OH)} = Fe;0; + H,O0+ 20+
0>+2 23. Fe = Fe++ “+2e—
» 2%. Fe +2H,0 = HFeO37 +3H*+ 4 2e—
o—->—+3 23. Fe = Fe+++ + 3e—
+ 2>+ 2.67 26. 3Fe++ + 4110 = Fe;O0, +8H+ —42e—
» 27. 3JHFcO; + H+ = Fe;O, +21,0+2¢—
+2->+3 . 28. 2Fe++ +3H,0 Fe;O; + 61+ +2e-

(]

» 29. 2l FeO3 Fe, O3 + IO+ 20—

5.3. EQUILIBRIUM CONDITIONS FOR THE REACTIONS

For each of these reactions we evaluate the equilibrium condition, by applying the following
equations, established in paragraph 3 and 4.4:

for chemical reactions :

Evlog(M) = logK, where lnoK-—__-__..W,
-] ] 2 N o 1 363
for electrochemical reactions :
Eo= E}+ 00391 Zvlog(M), where E}= = vpd
0 0 n ° ’ 0 23 obon

and we write these equations in such a way as to make explicit the influence of pH, which occurs
implicitly in the term Zv log (M).

In the case of chemical reactions written in the form
(38) aA +cH,0 =b6B+ mH+,

in which B is the alkaline form and A is the acid form of the element in question, the condition for
equilibrium will be of the form

B
(39) logm = logK + mpH

7

and, in the most common case when a = b = 1, and the reaction is A+cH,0 = B+mH"

—~

B)
)

This equation shows that the ratio of the fugacity (or activity) of the alkaline form to the fugacity
(or activity) of the acid form increases linearly with the pH.

(o) log = logK + mpH.

|

>
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In the case of electrochemical reactions written in the form
(41) aA +cH,0+ne—=0B+ mH+,

in which A is the oxidized form and B the reduced form of the element in question, the condition for
equilibrium will be of the form

0.0591 m 0.0591 (A)~

Emy
and in the most common case when a = b = 1, and the reaction is A + cH,O + ne” = B + mH*

(42) Ey=E}— pH -+ log

5 5
o.0591m 0.0591 log(A)

(B)

It is as well to note that the fugacity (or activity) of the oxidized form A occurs in the numerator
of the term log (A)/(B): the equilibrium tension E,, increases when the percentage of the oxidized form
increases.

The equilibrium formulae for the twenty-nine reactions quoted in paragraph 5.2 can be found in
paragraph 2 of section 12.1 of Chapter IV (p. 308).

In the particular case of solid substances existing in different varieties having different free forma-
tion enthalpies (labelled in 5.1 by the indices a, b, ¢, . ..) we label the corresponding equilibrium con-
stants and standard tensions with these same indices [see, for example; equations (17) and (20) concern-
ing anhydrous Fe,O, and hydrated Fe,O; (or Fe(OH),)].

Finally, if we put (A) = (B) in equilibrium relations of the type (40) or (42), we obtain the following
equations which express the conditions of pH and electrode potential for which the activities (or.the
fugacities) of these two forms are equal(®), being valid for the case when the forms A and B of the
element in question are either both in the dissolved state or both in the gaseous state:

(43) Fo= E§ — pH +

1
A/ = —
(44) pH = o logK,

0.0391m
n

(45) ' E,= EJ— pH.
Such equations, concerning the reactions between the dissolved forms of iron according to reactions
(1)11) are given under numbers 1'-11’ of paragraph 2 of section 12.1 of Chapter IV (p. 309).

5.4. CONSTRUCTION OF THE EQUILIBRIUM DIAGRAMS

Considering the electrode potential and the pH as independent variables and the logarithmic
function of the concentrations and/or pressures of the substances A and B as a parameter, we can now
proceed to establish potential-pH equilibrium diagrams on millimetre paper on which we have pre-
viously drawn the lines a and b:

Eys = 0.000 — 0.0391 pH (volt) (line a)
Eg, = 1.228 —0.0%91 pH (volt) (line &)

which express respectively the reduction equilibrium of water according to the reaction H, = 2H* + 2¢~
(a) and its oxidation equilibrium according to the reaction 2H,0 = O, + 4H* + 4e~ (b) at a hydrogen
or oxygen pressure of I atm.

(*%) These simple relationships can only be applied when the formulae of the two substances A and B refer to the same number
of atoms of the substance under considcration, e.g. Fe* */Fe '™ “. For examplc this is not the case for the systems Cr,Q-/Cr***
or N,/NO; relationships have to be moditied by allowing for the total concentration C (or activity) of the element in the two forms
n solution C1,05 7 + Cr***) or the total pressure P (or fugacity) of the two gaseous forms (N, + NO).
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The drawing of lines expressing the conditions under which the concentrations (or activities) of
the two dissolved substances are equal [equations (1')-(11’) relating to iron] enables us to represent
in Fig. 1 (section 12.1 of Chapter 1V) the domains of relative predominance of the dissolved forms in
question: Fe**, HFeO3, FeOH* *, Fe(OH); and FeO; ~.

The drawing of lines which express the equilibrium conditions for two solid substances [equations
(12)~(17)] enables us to represent the domains of relative stability of the solid substances in question.
Such a representation can be made, not only for stable equilibria (Fe/Fe;O,/Fe,0,), but also for
unstable equilibria [Fe/Fe(OH),/Fe(OH),].

By superimposing these two diagrams, we can easily pick out the conditions of potential and pH
under which a given solid substance and a given dissolved substance can be simultaneously stable. By
giving a definite value (for instance zero) to the logarithmic term which, in the equilibrium equation
for this solid substance and this dissolved substance [relations (18)29)], expresses the value of the
concentration (or activity) of the dissolved substance (for instance 10° = 1 g-ion/l), we define a line
which represents the conditions under which the solubility of the solid substance considered, in the
dissolved form considered, has this value. In this way it is easy to draw, step by step, a line which
represents the locus of the points of the diagram for which the solubility of the different solid substances
in all the different dissolved forms has the same value. It is often useful to establish such *“‘equisolubility”
lines for different solubility values (for example, 10°, 1072, 10”* and 10~ ° g-atm. of the element con-
sidered per kilogram of water('?)). We thus obtain, after omitting those lines or parts of lines which
have no practical interest, figures such as Figs. 4 and 5 which are two electrochemical equilibrium
diagrams for the systems Fe-H,O; Fig. 4 represents only stable equilibria; Fig. 5 represents, with regard
to Fe(OH), and Fe(OH),, unstable equilibria.

It is as well to note that each of the lines indicating the solubility of the different condensed sub-
stances in all the different dissolved forms changes direction abruptly at the places where the composi-
tion of the system changes abruptly (for example in Fig. 4, when we pass from the domain of relative
stability of Fe to the domain of relative stability of Fe;O,); these lines change’ direction progressively
when the composition of the system changes progressively, that is in the neighbourhood of the lines
which separate the domains of relative predominance of the dissolved substances (for example Fe* *
and Fe* **). The drawing of these curved portions of the equisolubility lines can be done by a graphical
method that we have described elsewhere('®). These equal solubility lines therefore have sharp points
at the limits of the domains of stability of the condensed substances, they have gradual curves near the
limits of the domains of predominance of the dissolved substances.

Such diagrams are valid only for solutions in the presence of which the metal or metalloid con-
sidered can exist only in the forms that have been considered in establishing the diagram. When the
solutions contain substances capable of forming soluble complexes with the metal or metalloid (for
instance cyanides forming ferro- and ferricyanides) or insoluble salts (for instance phosphates forming
ferrous and ferric phosphates), it is necessary to modify the diagram by adding to it a representation
of the stability conditions of these dissolved or solid substances. It is then necessary to establish dia-
grams for systems which are not binary such as Fe—H,O, but ternary such as Fe—CN~—H,O or
Fe—PO,” " "—H,0.

(*7) We shall often use. from the point of view of simplification, the fact that solubilities cxpressed per litre of aqueous solu-
tion are almost the same as solubilities expressed per kilogram of water.
("®) Legons sur la corrosion électrochimique, 2 fascicule (Rapport technique RT. 30 of CEBELCOR. 1956, pp. 22 and 23).
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SECTION 1}

GENERALITIES

M. POURBAIX

IN THE important preface that R. Piontelli has kindly written for this Atlas, he has brought out the
practical significance of potential-pH equilibrium diagrams and has pointed out the limitations which
we must be aware of when using them. In the accounts which follow, the reader will find some exampies
of the application of these diagrams to the study of concrete problems of inorganic chemistry, analytical
chemistry, corrosion, electrodeposition and geology. Elsewhere can be found some examples of their
application to catalysis(!) and the study of batteries and accumulators(?).

We shall therefore be very brief here, and content ourselves with reviewing a few partlcularly
important fundamental ideas.

We know well the tremendous scope given to chemistry by chemical thermodynamics, which is the
science of the application of energetics to chemistry and is based on the concept of chemical equilibrium.
Chemical thermodynamics, whose fundamental basis was established around 1876 by J. Willard Gibbs,
and whose applications have greaily developed since the beginning of this century, has enabled us to
understand a large number of formerly mysterious chemical phenomena; it has allowed us to predict
certain facts prior to experiment; and it has greatly helped in the perfection of numerous processes of
chemistry and metallurgy. '

Electrochemical thermodynamics can, within limits, provide for electrochemistry a help analogous
to that provided for chemistry by chemical thermodynamics. The potential-pH equilibrium diagrams
have the essential purpose of supplying a thermodynamic framework for electrochemical reactions
involving an aqueous solution.

In electrochemistry as in chemistry, the fact that a reaction is thermodynamically possible does not
entail that this reaction actually takes place. Such a conformity between theoretical possibility and
reality exists only for reactions which are practically reversible; the world of electrochemical reactions
is full of irreversible changes which, like many chemical reactions can take place only on the condition
that there is an appreciable affinity, and their speed is influenced by the presence of catalysts ; the chemical
synthesis of water, although thermodynamically possible between 25° and 100°C, generally takes place
only extremely slowly under these conditions, and can be accelerated by the presence of catalysts such
as platinum; similarly, the electrochemical synthesis of water, which occurs in a hydrogen/oxygen gas

cell, takes place only in a very irreversible manner at these temperatures and is affected by the catalytlc
action of the metals constituting the electrodes.

Electrochemical reactions (or electrode reactions) differ from chemical reactions-in that they
involve, apart from chemical reagents, an electric reagent (the negative electron) which acts at the

(') M. POURBAIX. Sur I'interpretation thermodynamique des courbes de polarisation (Rapport technique RT.1 of CEBELCOR.
1952). The utility of thermedynamic Interpretation of Polarization Curves- J. Electrochem. Soc. 101, 217 221¢ (1954).
(%) See the work of Commission No. 6 of CITCE, Batteries and Accumulators, presided over by J. P. Brenet.
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interface between a metal (or another phase with metallic conduction) and a solution of electrolytes.
This fact has a fundamental consequence from the expefimental point of view : the affinity of the reaction
can be measured in magnitude and sign by an electrode potential, or rather by the difference E-—E,, be-
tween the clectrode potential E of the metallic surface and the equilibrium potential E, of the reaction; if
these two potentials are equal, the affinity is zero and the state of thermodynamic equilibrium of the re-
action is obtained; if the electrode potential is above the equilibrium potential, the affinity is positive and
the reaction can take place only in the oxidation direction; if the electrode potential is below the equi-
librium porential, the affinity is negative and the reaction can take place only in the reduction direction.
If we denote the speed of the electrochemical reaction by the magnitude i of the eleciric current which
corresponds to it by Faraday’s Law, considering this reaction current to be positive in tihe case of
oxidation and negative in the case of reduction, the relations above between the sign of the difference
in potentials E~-E, (which we can define to be the overpotential of the reaction on the electrode studied)
and the direction of the reaction can be expressed by the inequality

LB — 1) z';o‘]
according to which the reaction current i is always either zero, or of the same sign as the overpotential
E—E,.(?

é)on)sequently, if we wish to know in which direction a certain electrochemical reaction of known
equilibrium potential will proceed on a metallic surface in contact with an aqueous solution, it is suffici-
ent to measure the electrode potential of this surface and compare the value of this electrode potential
with the value of the equilibrium potential of this reaction. This is true, not only in the particular
case in which a single reaction is possible, but also in the general case in which several reactions can
occur. If we know the potential-pH equilibrium diagrams for such a set of reactions, we can pick out
the point on these diagrams which represents the conditions of potential and pH of the interface
studied ; all those reactions whose equilibrium potentials are below the potential of this point can take
place only in the oxidation direction; all those reactions whose equilibrium potentials are above the
potential of this point can take place only in the reduction direction.

If, for example, we consider a surface of iron and ferric oxide Fe;O; immersed in an aerated
aqueous solution of pH = 4 containing 10~ * g-at Fe/l (6-0 mg/l), and if this iron surface has an electrode
potential of —o0-20 V, the electrochemical equilibrium diagram for iron (Fig. 4 of section 12.1, Chapter
1V) leads to the following conclusions: the iron tends to corrode according to the reaction Fe— Fe* ™ +
2¢” (23) without evolution of hydrogen, but with reduction of oxygen according to the reaction
O, + 4H™ + 4e~ - 2H,0 (b) and with reduction of ferric oxide according to the reaction Fe,O;
+ 6H™ + 2¢” — 2Fe** + 3H,0 (28).(%)

If, for this same pH and potential the solution contains hydrogen peroxide, the latter will tend to
be reduced to water according to the reaction H,0, + 2H* + 2¢7 — 2H,0 (2) (see Section 1.2,
Chapter 1V); if the solution contains cupric ions, a cement of copper can be formed by the reduction
Cu** + 2¢” — Cu (15) (see section 14.1, Chapter 1V); if it contains a chromate, a deposit of Cr,0,
capable of passivating the metal can be formed by the reduction 2CrO,~~ + 10H* + 6¢™ — Cr,0; +
5H,O (54) (see section 10.1, Chapter 1V).

It must be understood that the electrode potentials and pH considered here are the characteristics
of a metal/solution interface, and not of some other part of the metal or solution. In the very frequent

(*) A detailed account of this is outside the scope of the present Treatise; see principally M. Poursaix, Thesis, Delft, 1945
(loc. cit), and Vue d’ensemble sur le comportement électrochimique des métaux (2° partie) (Recueils de Mémoites RM. 5 of
CEBELCOR, 1953).

The relation (E — Eg)i > o results from the adaptation to electrochemical reactions of De Donder’s relation Av > o which
connects the direction of a chemical reaction {fixed by the sign of its speed v) with the sign of its affinity A.

(%) The numbers in brackets are those under which these reactions have been classified in Chapter IV in section 12.1 for iron,
section 1.2 for hydrogen peroxide, section 14.1 for copper, and section 10.1 for chromium.
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case in which the metal or solution is the site of electric currents or chemical changes, it is necessary
to make sure that the -chemical composition assumed for the solution (and consequently its pH) is
that of the fraction of the solution in direct contact with the metal, since this composition can differ
greatly from the mean composition of the solution ; careful note must also be taken that the electrode
potential of the metal is measured in such a way as to avoid any effects of ohmic fall or diffusion poten-
tial; for this purpose, it is best to use Haber and Luggin’s capillary siphon method or Piontelli’s method.

Finally, we cannot insist too much on the fact that the equilibrium diagrams discussed here can
only, by themselves, solve a very limited number of problems, as Piontelli has made very clear in the
final part of his preface. They are only tools at the disposal of the electrochemist and they must always
be used in conjunction with other means of investigation. Among these means, a particularly important
place is held by studies of electrochemical kinetics, which are based on the experimental determination
of potential-current curves (for example by intensiostatic or potentiostatic methods) and which enable
us to establish the laws connecting the speed i of an electrochemical reaction and its affinity E—E.(%)
A bright future can be predicted for groups of investigators who are competent at the same time in
thermodynamics, kinetics, and physics and physical chemistry of metals.

(%) See loc. cit. (*).
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1. INTRODUCTION

The electrochemical diagram of an element summarizes in an extremely condensed form the most
salient features of its solution chemistry. To cover such a vast domain necessarily requires a certain
complexity of the diagrams, the basic features of which may thus escape a first examination.

It is perhaps not superfluous, therefore, before considering some concrete examples, to remind the
reader of certain concepts introduced in the preceding articles, but at the same time relating them
more directly to chemical considerations.

2. REDOX COUPLES

Solution reactions, in particular those of inorganic chemistry, very often involve a transfer of
electrons e~ from a reducing agent R, to an oxidizing agent O,. The possibility of the reverse process
under different conditions implies that R, is converted into a conjugate oxidizing agent O, while O,
is converted into a conjugate reducing agent R,. Thus the action of chlorine on ferrous salts can be
represented by the scheme:

R, 0, 0: R,
1
Fer++ -Cl, & Fes++ Cl-
2 A A

| -1 P e
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In general, if the stoichiometric coefficients are chosen so that the reaction involves only one
electron (for the sake of convenience), the free enthalpy of a so-called redox reaction:

(1) a Ry +0:0: 2 0,0+ asR,

is given by the expression

_ LSO (Ra)™ oy L (01)n(Ry)m
(2) AG = AG®+ RT Log R)= (00 =AG®+ 2.3RT log Ry (o

R denotes the gas constant ; T, the absolute temperature ; Log, a natural logarithmic; log, a decimal
logarithm; the symbols in brackets denote the fugacities or activities of the corresponding constituents,
i.e. to a first approximation, the pressure for all gaseous substances, the molality (number of moles per
kilogram of solvent) for all dissolved substances; the mole fraction for each liquid or solid solvent;
in particular, the activity is unity for a pure condensed substance, and almost unity for the water in an
aqueous solution when sufficiently dilute. The first term AG?® represents the standard free enthalpy of
reaction, i.e. the free enthalpy of reaction, AG, when all the fugacities and activities involved are unity.

By choosing a reference couple under specific conditions at the temperature considered, generally
the couple H, |H™ , it is possible to decompose (1) into two half-reactions :

(1 atm.) |(act. 1)
aRi+H+ = 5,0,+ iug,
(act. 1) (1 atm.) .
and
%}],+ 5.0y == H*+ asRy,
1t atm.) (aet. 1)

whose free enthalpies are respectively

b
AG,= AG!+RT Loggg’))a ,
1 1

and
(02)%

—_— 9 — o .
— 86, =—AG¢ — RT Lotz

At the temperature considered (usually 25°C) and at a given pressure (usually I atm.), reaction
(1) is thermodynamically possible only if

AG =AG,—AG:< 0o ie. AG; < AG..

Now, the half-reaction corresponding to a redox couple i can theoretically be brought about
reversibly by means of the electrochemical cell

Pt, H, ,

{1 atm.;

H+
(act. 1)

aq.

Oi’ Rz‘
Pt .

aq.

of which the recersible potential difference (electric potential of the first pole less that of the second
when there is a perfect potentiometric compensation) is
AG; AG! 2.3RT ()b Ef + 2.3RT o (0;)hi

(3) E= =+ I°g(|§i):z; = —F 108 e

E? = AG?/F may be termed the standard potential associated with the couple i; F represents one
Faraday in the system of units employed. The M.K.S. system implies that E; and E? should be expressed
in volts; R in joulesmol™'deg™"; F in coulombs.equivalent~'. At 25°C, 2-:3RT/F is therefore equal
to 0:0591 V, as seen in Chapter II. '
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Tables such as those of W. M. Latimer(') list numerical values of E? for x couples, enabling us
to predict the thermodynamic possibility of 2x(x — 1) redox reactions under the most varied conditions:
the reducing agent R, of a couple 1 reacts with the oxidizing agent O, of a couple 2 when El < E,.

It should be noted that in tables of this kind the half-reactions are written:

€] By = DiOj+ ne—,

(as is done systematically in this Atlas), instead of

() R+ H+ =2 6,0;+ = H,.

(act.]) (1 atm.)

With regard to calculating the free enthalpy, and on account of the standard potential given in (3), the
result is the same, it being understood that the state of the electrons considered is their aqueous dis-
solution equilibrium (producing an unknown electron concentration) in the reference couple. Let us
suppose first of all that n = 1: the free enthalpy of the reaction

(6) T g+ HY oL
et 1) 2 (1 am,

is zero. Now reaction (5), whose free enthalpy is given by formula (3), is the sum of reactions (4) and (6).
Since their free enthalpies are also additive, it follows that (4) and (5) have the same free enthalpy.
When n # 1, one can divide both sides of equation (4) by n to replace (3) by the more general equation

b;

, oo 23RT.(O)" _ ., 2.3RT (O
(3" C,_E,+—F—-Iog—-—§—bl+ F log(Rl)ai.
(R)"
3. COEXISTENCE POTENTIALS
In the initial absence of O, and R,, AG = — oo from (2). This means that a_redox reaction can

always begin, but the question is to know how far it can continue. One may consider it to be practically
significant when more than so per cent of the reducing agent R, put into the system cah disappear.
Thus it is useful to consider for each couple i a coexistence potential i for equal parts of R; and O;.
We will provisionally denote this potential by E{°*. Let «,, §; be the atomicities of the element involved
in its respective forms R;, O; (e.g. «; = 1 for C17; B; = 2 for Cl,) and let C; be the overall concentration
of the system (which may consist of one or several phases) in gram-atoms of this element per kilogram
of water present: C; remains constant throughout any reaction which produces only a small amount
of additional water, e.g. when the reagent employed is solid or gaseous or when it is in a very con-
centrated solution. Let us denote by x; the fraction of the active element of couple i present in the oxidized
state O;. There are three principal cases to be considered.
3.1. O; and R; are two constituents dissolved in the aqueous phase. One then has

B:(01) = Gyt 2 (Ry) = (1— 1) Co.

Substituting in (3") we obtain

. ) o i
. 20 0.0391 3 0.0391(by—a . 0.0591 0.0591
Ei=E] + 9 log-p—;-_-o-—s-)fl—'—[llog(q -—,q—b,logzl— n9 a;log(1— zy),
3
t

(Y) Oxidation Potentials, 2nd ed., Prentice-Hall, New York, 1952.
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E;, which varies in the same sense as x; is thus a real measure of the fraction oxidized. In order to
obtain the coexistence potential E{°%’, one merely puts x; = o-5. Hence

0.05911 L(2a)  0.0591(bi—a;
no T (28)k

) logC,. B

(0.5 __ 300
(7 ES N =E +

3.2. O; is a pure substance at I atm. pressure (gas, solid or liquid); R; is a dissolved constituent
of the aqueous phase. One then has
(01)=l; ai(R1)=u—x1)Cf.
Hence

0.0391

- .0 0.0391 s
E;=E!+ o—nigllog afti — —-730— a;logC;— a;log(1 — ux3),

E; again varies in the same sense as x; and thus remains a measure of the fraction oxidized. Putting
X; = 0'5 we obtain

0.0)391

2001 log(2a;)4i— — log C;.

®) B = Ef +
3.3. O, is a dissolved constituent of the aqueous phase; R; is a pure substance at I atm. pressure.
One then has
B:(0y) = 7, (45 (R;) =1.
Hence
0 0.0541

]‘:,‘ = l"(' -—"— Iﬂg:j‘,'l —~+

0.0391 “
2:299! 3, log €+

0.0591
" bi log.‘l‘,',

Once again E; varies in the same sense as x; and is thus still a measure of the fraction oxidized. Putting
X; = 0°§ we obtain

bilogC; ().

0.0391 0.0391
9% log (2 )i+ 222

(9) Ef %= Ef —

Suppose, therefore, that we add an oxidizing agent O, to a couple 1 which can act as an effective
reducing agent R, ; x, increases, and E, correspondingly, but the coexistence potential E{®> can be
exceeded, i.e. the reaction can be considered to be practically significant (x; > 0-5) when O, is intro-
duced in the stoichiometric proportion, only if E®* > E{*'3. This is due to the fact that in the final
equilibrium state, AG = o, i.e. E, = E,. Now x; > 0-5 implies that E, > E{”'®, but also implies that
x, < 05, ie. E; < EY®. Hence

0 = E;— E, > E{0-5 — EQ-9),
1 1 2

Since the order of addition of reagents to the system does not influence the equilibrium state
obtained, the same relation E{°>) < E{"% is evidently appropriate for predicting a significant reaction
when one adds a reducing agent R, to a medium containing a certain oxidizing agent O,.

4. MIXED COUPLES

In most cases a complication arises: when the active element does not exist as a simple substance
in one or the other of its two forms R;, O; (as in the couples Fe?* |Fe3* and C1~|Cl,), the couple under
consideration does not involve only an ability to transfer electrons, but can involve simultaneously
the release or capture of other particles. The most important case is when the only elements linked to
the active element are those of the aqueous solvent, i.e. hydrogen and oxygen. Thus, the action of
potassium permanganate on ferrous salts in acid solution can be interpreted as a transfer of electrons

(%) Between a;, f;, a;. b,, there exists the relation xa; = f,b;, but to introduce this into the preceding formulae would simplify
them only in certain special cases.
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on to manganese, accompanied by a capture of protons by the oxygen combined with it, while the
reverse reaction can be interpreted as a transfer of electrons on to iron, accompanied by a release of
protons by the solvent, which supplies the oxygen then necessary for the stability of the manganese

atom deprived of electrons
R, 0. 0, R,
3Fe?+ 4 Mn Oy +8H+ = J5Fed++ Mn2++ 4H,O.

I  so-

In most cases, therefore, we shall be considering half-reactions which can be represented by

(10) aiRi-l-qH-_»O = b;0;+ mH+* 4+ ne— (3)

of which the free enthalpy is
(0% (H+)m

AG;= AG] +2.3RT log Rya
)%

the activity of the water being practically unity. The reversible potential which can be associated with
the couple i is here

AG, _AG!  2.3RTmlog(H+) . 2.3RT, _(Oph
nF — nF nF + F 08 (R

Introducing the symbol pH = —log(H*):

= b
0.0591m b 0.0591, ' (O1)

(3" E;= E?— 4 (R[)ai’

In fact, (3") differs from (3') only in the term E; = E? — 0-0591m/n pH. linear in pH, which replaces
the constant term E{. The prediction of redox reactions must therefore take into account the pH of
the medium. In general it varies throughout such reactions, unless the medium is suitably buffered.
Let us suppose that this condition is fulfilled: formulae (7), (8) and (9), which are expressions for the
coexistence potentials of R; and O;, remain valid, provided that E? is replaced by E'. For the principal
cases considered in 3.1, 3.2 and 3.3, we have the following coexistence potentials:

4.1. O, and R; in the aqueous phase:

0.0391 (2a;)%  0.0591

o 0.0391m
S (23)k n

lo
n

pH.

(7!) ESO.5)= [E:) + (b‘._ai) logci] —_

4.2. O; a pure substance at 1 atm. pressure; R; in the aqueous phase:

0.0391 0.0591 o0.0591m

n

pH.

(8') E§0.5)= [Eto+ a,-logC,] —

log(2%;)% —

4.3. O; in the aqueous phase; R; a pure substance at 1 atm. pressure:

0.0591
n

o.0391/m
n

pH.

, . 0.0591
(@) B9 = [ — 229 bog (2800 +

b 1ogc,-] -

For each pH, the calculation of E{*"®) and E¥"> by means of these formulae will once again enable
us to predict the possibility (when E®>' < EY') of a practically significant reaction between a reducing
agent R, and an oxidizing agent O,.

(*)m and q are positive or zero in most cases: sometimes they are negative, however, as in the case for the couple NiO,H ™|
Ni;O,, for which the half-reaction is: 3NiO,H™ + H* = Ni;O, + 2H,O + 2¢7, where ¢ = —2;m = —1 (see IV. 12).
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5. GRAPHICAL REPRESENTATION

Instead of carrying out a fresh calculation for each application, it is more convenient to make a
graphical representation, once and for all, of the E{°"%) values for each couple (R;, O,). They depend on
two variables, C; and pH, and one can therefore plot a family of iso-C; straight lines using E and pH
as co-ordinates.

In general there will be several such families of lines corresponding to a given element, since its
chemical properties generally involve the existence of various redox couples in which it takes part.
For example, chlorine is the active element of the various couples:

Cl-{Cl,. Cl,|ClO-. ClO-[ClO3. ClO3|ClO5. ClO3!ClO7.

The collection of families of iso-C; lines for a given element, in terms of (E, pH) co-ordinates,
counstitutes the electrochemical equilibrium diagram for this element.

For a certain value of C,, each (R;, O,) line of such a diagram separates the plane into two regions:.
below it one has x; < 05, i.e. the reduced form R; predominates; above it one has x; > 05, i.e. the
oxidized form predominates. Thus E; has a meaning at each point of the plane; the. straight lines
E = A — BpH represent the particular values E{®®, which one need no longer denote differently.

In order to predict the possibility of a reaction between an oxidizing agent O, and a reducing agent
R,, one can superimpose the corresponding two diagrams: after selecting the appropriate iso-C; lines,
it follows that, depending on whether the line (R,, O,) lies above or below the line (R,, O,) on the pH
vertical considered, R, can be oxidized, or is practically unoxidized. In the second case, it is the reverse
reaction, i.e. the reaction between the oxidizing agent O, and the reducing agent R,, which becomes
possible. The case of two lines intersecting at a point P (Fig. 1) is by no means exceptional: it reveals
the marked influence of pH on the direction of certain reactions. For example, the coexistence potential

(02.R2) domain
E N [o]]

\
domai AN
1
R'1 N
! \

0, reaction onR f 0yreaction onr,
i

i

0 pH
FI1G. 1.

corresponding to the reference couple H,|H (E? = o) at 1atm. pressure, is E; = —0-0591 pH. The
coexistence potential corresponding to the couple MoO,(solid){Mo** is E, = 0'311 — 02364 pH
—00591 log(Mo**), where (Mo3~) represents C, 2. Let us suppose that C, = 02, i.e. (Mo>") = o-1.
Then E, = 0°311 — 0-2364 pH. In an acid solution, will hydrogen at a pressure of 1 atm. reduce MoO,
to dissolved Mo3** ? The condition necessary for this is

— 0.0 pll = 0370 — o236 pli,

i.e. the reduction is possible at pH’s below

Pl = ——— =y,
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whilst at higher pH’s, Mo** can on the other hand decompose water with the evolution of hydrogen
and the precipitation of McO,. These conclusions are apparent, without the necessity for calculation,
on looking at the electrochemical diagram for molybdenum (IV. 10).

We call attention here to the particular importance of two couples which are involved in any
aqueous system, due to the presence of the solvent : the couple H,|H™, of which the coexistence potential
is E, = —00591 pH, and the couple H,0|0,, of which the coexistence potential is E, = 1-230 —
0-0591 pH. The straight lines (a) and (b) representing these couples are indicated in broken lines on all
the diagrams in the Atlas.

6. DISPROPORTIONATION

A redox amphoter is a state X of an element which is at the same time the reducing agent R, of a
certain couple R |O, and the oxidizing agent O, of another couple R,|O,. Thus, the Fe?* ion is an
amphoter, being the reducing agent of the couple Fe?*|Fe** and the oxidizing agent of the couple
Fe|Fe?*. To a given amphoter therefore correspond (at a fixed concentration) two coexistence lines:
E, = A, — B, pH: E, = A, — B, pH. Now, in order for the amphoter to be stable, it must not be
able to react with itself according to the equation

aX +qHo 0 + 62X+ mo H+ = 8,04+ m H++ by R+ ¢ H, 0.
R, 0, 0, R,

It is thus necessary that
E(10'5)>E(20'5) or Ag—B, ‘)}I>A2—Bipﬂ :

the line representing its reducing function must lie above the line representing its oxidizing function.
The three predominance domains involved are situated in the right-hand part of Fig. 2.

E

FIiG. 2.

Three cases may arise:

6.1. The line E, lies below the line E, over the whole range of pH considered. The amphoter is
then stable over the whole of this range. For example, the aqueous solvent is an amphoter since it is
involved in the two couples H,0|O, (couple 1) and H,|H* (couple 2), represented by the two lines
(b) and (a) mentioned above: these two lines are parallel and the first lies above the second, which
explains the great stability of water at all pH’s.

6.2. The line E, lies above the line E, over the whole range of pH considered. The amphoter
(if it is known experimentally) is then always metastable. This is the case, for example, for the oxygen-
containing compounds of sulphur, apart from those corresponding to sulphuric acid (HSO;, SO3")
and dipersulphuric acid (S,03 ), as will be seen in IV. 19. The less oxygenated compounds owe their
isolation solely to the manifestly slow rate at which they disproportionate, which is probably a con-
sequence of the activation energies necessary for breaking the covalent bonds. Thus, complete meta-
stability is cncountered only exceptionally amongst metal compounds. since electrovalent bonds
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predominate in these compounds. Each of them can be denoted on an electrochemical equilibrium
diagram, but such a possibility of existence is incompatible with reality for many non-metal compounds.
This difficulty can be avoided by disregarding certain very stable states (such as sulphates in the case
of sulphur), for the purpose of certain narrowly defined practical applications, but this means that the
number of diagrams corresponding to a given non-metal must be increased, as has been done for
chlorine (IV. 20); these diagrams then correspond to different degrees of stability.

6.3. The line E, cuts the line E, in a point P. In this case, which is shown in Fig. 2, the state X is
stable only in the region of pH situated to that side of P on which E, lies above E,. In the opposite
region X must disappear by disproportionation. The extension E’, E; of the lines E,. E; into this region
do not therefore appear to have any meaning: the only couple to be considered in this region is R, |O;,
spanning in a way the metastable amphoter X. A new coexistence line E,, starting from P, separates
the domains O, and R, which have become contiguous. Reasoning step by step in this way, one under-
stands why the predominance domains of most amphoters (but not those of the extreme states, i.e. those
which are richest or poorest in electrons) appear on the diagrams as closed domains. Their limits in a
horizontal direction are often due to the disappearance of a state simply on account of a variation
in pH, without there being oxidation or reduction of the active element. The acid function of certain
hydrogen-containing compounds involves an equilibrium between the protons released and the rest
of the molecule. Thus for dissolved hypochlorous acid: HCIO = CIO~ + H™*. If, at a given tempera-
ture, k is the equilibrium constant for such a dissociation, and pk = —logk, one has
(C10-)

I)H =pL+log(H—Cl—()—5~

Now the above definition of coexistence requires a vertical boundary, of abscissa pH = pk.
“separating the domains HCIO (on the left) and ClO~ (on the right). In this example, pk = 7-49 at 25°C.
The generalization of this idea to other schemes of proton release in the absence of redox reactions, e.g.

Cr, 03+ H,0 zx 2CrO%}~+ 2H+
creates no difficulties.

The existence of triple points P not involving a vertical boundary, as in Fig. 2, implies however
the possibility of the reversible disproportionation of an amphoter X on change of pH of the medium.
For all pH’s at which X is stable, the point representing the equilibrium of its disproportionation into
0O, and R, lies in fact inside its predominance domain; it remains there if one changes the pH in the
sense which brings it nearer to the abscissa of P. The trajectory of the equilibrium point always lies
between the lines PE, and PE, and finishes up at the triple point. If one continued to change the pH
in the same sense, X would cease to be stable and would be converted into O, + R, ; the active element
would divide itself between these states in proportions of the same order; the trajectory would then
continue in the immediate neighbourhood of PE;, the boundary between the domains R,|O,. By
way of an example, we shall discuss a diagram showing metastable states of sulphur. This diagram,
which has been previously published(*), is not incorporated among the plates of the Atlas, but is repro-
duced on a small scale in Fig. 3. It disregards the existence of thionates, which would exclude certain
predominance domains, and sulphates, which would allow only the domains of sulphur and hydrogen
sulphide and its ions to subsist beside their own domains (see IV. 19). In order not to make the repre-
sentation too complicated, only one overall concentration, corresponding to 1 g-at of sulphur per
kilogram of solvent, has been considered. The hydrogen sulphide is then in the gaseous state at 1 atm.
pressure. Ten domains are then apparent, i.e. those for: dissolved H,SO,;, HSO3, SO3~, HS,0;,
S,037, Ses S37, H,S,,,, HS™, §?7. The boundaries of the domains are numbered; each one cor-
responds to a half-reaction which can easily be identified ; the triple points can conveniently be referred
to by the numbers of the three lines which meet at them. Several reversible disproportionations, which
do in fact characterize the experimental chemistry of sulphur, can be interpreted by this diagram:

(*) G. VALENSI, C.R. CITCE. 2, 1950. p. 51, Tamburini, Milan, 1951.
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(a) Action of acids on thiosulphate solutions. The representative point traverses in a north-west
direction the interior of the S,03~ domain (15-16-17-24-22-20-19) and crosses line (15), the
S,037 |HS,05 boundary, where first of all the reaction

$,03~+ H+ > HS,05.
takes place. '
It then crosses, in the same direction, the HS,O; domain (13-14-15-18), going as far as the
vertex (12-13-18), where the well-known disproportionation:
HS,07 + H+ = S+ H,S0;
takes place.

FIG. 3.

(b) . Disproportionation of sulphur in alkaline solution. The representative point traverses in a
south-east direction the interior of the S ., domain (12-18-19-21-6) finishing up at the vertex (19-20-21)
where the following disproportionation occurs:

1285+ 3H, 0 32 8,03 4282~ 6H~+,

Taking into account the alkalinity then acquired by the medium, whose pH reaches about 10,
this can be represented as

128 +60H— > S,02~+ 28"+ 3H.0.

One can interpret in this way the industrial manufacture of polysulphides destined for agricultural
uses : they are always mixed with thiosulphates. To increase the rate of reaction, one is however com-
pelled to work at a temperature considerably greater than 25°C.

(¢) Disproportionation of polysulphides by alkalization. The polysulphidation index of such solutions,
which is 5 at the equilibrium, in the presence of an excess of solid sulphur, decreases when the final
alkalinity increases. i.e. when one increases the initial proportion of alkali with respect to the sulphur
used. Now, the polysulphides of index y intermediate between 5 and 1 are amphoters and can therefore
disproportionate according to the equation 28]~ = 827, + SIZ,. The coexistence potentials of the
various couples involved are very close and it would thus be somewhat arbitrary to define a separate
domain for each of the intermediate polysulphides. If, starting from the pentasulphide, i.c. from the
domain (21-20 25), onc continues to increase the pH, one arrives finally at the vertex (20-25-7), where
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the ultimate disproportionation of the polysulphide sulphur takes place, giving S,03~ + HS™, thus
producing the minimum index y = 1. In actual fact, all the indices intermediate between § and 1 can
be obtained by increasing the initial proportion of alkali with respect to sulphur, providing that one
works at a sufficiently high temperature.

(d) Disproportionation of polysulphides by acidification. Under conditions in which the rate is
sufficiently great, i.e. at a fairly high temperature, the disproportionations (c) and (b) are reversed if
one re-acidifies the solutions obtained. This is due to the fact that in the mixtures of polysulphides
and thiosulphate corresponding to such solutions, the representative point lies on line (20) and moves
along it up to the vertex (19-21-20) on addition of acid; one can then move into the sulphur region,
by means of the reaction of S,0%~ with S, the reverse of the disproportionation (b) considered above.

This is no longer true if one starts with a polysulphide solution free from thiosulphate, which can
be prepared as indicated below: its representative point then lies inside the domain (21-20-25); it
moves towards the vertex (7-21-25) on acidification. At this vertex there occurs the disproportionation
S2~ + H* = HS™ + 4S; line (7) is then followed as far as the vertex (6-7—4), which lies on the vertical
line corresponding to the acid couple H,S|HS ™ ; hydrogen sulphide is then produced according to the

equathl’l HS—+ H+ W ll_) S.

It is in fact well known that the acidification of polysulphide solutions, even at ordinary tempera-
tures, liberates hydrogen sulphide, with the deposition of sulphur. The two successive reactions involved -
have moreover been separated experimentally(®).

Nevertheless, at ordinary temperatures, the disproportionation of sulphur by alkalinization is a
slow reaction, as is the reverse reaction, i.e. the action of acids on disproportionated solutions. Under
these conditions, a different diagram for the metastable states of sulphur, neglecting all oxygen-con-
taining sulphur compounds(®) would give a better description of certain phenomena which can be
observed only at room temperature. On such an auxiliary diagram, the polysulphide domain is
naturally considerably enlarged. The representative point for alkaline solutions of disproportionated
sulphur no longer lies on a boundary and, at room temperature, acidification of such solutions has the
same effect as if one were dealing with polysulphide solutions free from thiosulphate. Nevertheless, the
thiosulphate present would no longer be inert at low pH’s and would show its presence by the dis-
proportionation (a), which produces additional sulphur + SO, below a pH of about 2.

7. AMPHOTERIZATION

One may call the reverse reaction of a disproportionation an amphoterization. Returning to Fig. 2,
one may imagine that, at a pH compatible with the stability of X, one causes the oxidizing agent O,
to react with the reducing agent R,: the reaction is possible, since the line PE, then lies above the line
PE, ; it will give rise to the amphoter X. Hence one can derive a rule that when two states lie on either
side of a given domain, they can react together to produce the state proper to this domain; this is an
amphoterization. Let us return now to Fig. 3 for some examples of this:

(a) Action of hydrogen sulphide on sulphurous acid. The H,SO; and H,S domains, (12-13-10)
and (6-4), lie on either side of the S,,, domain, (18-19-21-6). One can therefore have the reaction
SO,+2HaS < 35S+ 2H,0.

which does in fact constitute the second phase of the process for extracting sulphur from Lacq gases.
At room temperature it is complicated by the formation of thionic compounds, which we have neglected
in plotting the metastable diagram in Fig. 3.

(b) Dissolution of sulphur in sulphite solutions. The domains of the dissolved ions HSO;. SO3~
and that of S, lie on either side of the S,0%~ domain. Sulphur can therefore react with sulphite

(%) G. VALENSI, C.R. Acad. Sc., 221, 1945. p. 352.
(®) G. VALENsL, C.R. CITCE, 2. 1950, p. 51, Tamburini. Milan. 1951.
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solutions according to the equation
S +S03- = S,03-.
This is indeed one of the methods used for preparing alkali metal thiosulphates.

(c) Dissolution of sulphur in sulphide solutions. On.account of the small second dissociation constant
of hydrogen sulphide, an alkali metal sulphide dissolved in aqueous solution is converted largely into
hydrosulphide according to the equation

S=+H, 0 = HS—+ OH-.

Now the S,,, and HS~ domains lie on either side of the S~ domain (21-20-25); sulphur can
therefore react with a solution of sulphide (HS™ + OH™) according to the equation

4S +1IS—+ OH- = S!-+H,O0.

This is a method for preparing polysulphide solutions free from thiosulphate, and it can be used
even at room temperature. At this temperature it is not interfered with by the disproportionation of
sulphur to give polysulphide + thiosulphate, which is still very slow, as we have already seen.

8. RATES OF REACTIONS WHICH ARE THERMODYNAMICALLY POSSIBLE

The preceding paragraphs show how much care is required in making use of the thermodynamic
predictions embodied in the electrochemical equilibrium diagrams. For this reason they should be
considered as a means of interpreting known experimental facts rather than discovering new ones.
Thermodynamics cannot give information about the rates—which are often almost zero—of reactions
which are compatible with the state of a given medium. If this were not the case, many substances,
such as sulphites, thiosulphates, etc. would have remained unknown. In practice it is as if a double
barrier were associated with each redox co-existence line, at a certain distance above it (for the reducing
function) and below it (for the oxidizing function). As explained-in IIL 1, such divergences may be
characterized by overpotentials, which depend on catalytic conditions. Their values (anodic or cathodic)
for reactions which can be brought about by electrolysis, vary from case to case. For example the
generally slow couples, whose co-existence potentials are represented by the lines (a) and (b) for water,
are most often protected by overpotentials of the order of a volt. This means that gaseous oxygen does
in fact oxidize only those reducing agents whose coexistence line is more than 1V below line (b).
Returning to Fig. 3, one can see that a stream of oxygen can oxidize a dissolved thiosulphate only with
difficulty to sulphite. On the other hand it can easily oxidize dissolved hydrogen sulphide to sulphur,
and likewise it can easily oxidize an alkali metal hydrosulphide to pentasulphide at pH’s between
8 and 10, or to thiosulphate at pH’s above 10. This explains the well known difference between the
ageing of a solution of ammonium hydrosulphide used for qualitative: analysis, buffered at a pH of
about 9 on account of its nature, and that of a solution of potassium hydrosulphide, whose pH is
nearer 14. In the same way one can interpret another industrial process for the manufacture of thio-
sulphates, which consists of disproportionating the sulphur first of all in an alkaline solution, thus
bringing its representative point on to the boundary (20), then passing a stream of air through the
solution, thus bringing the representative point inside the domain (15-16-17-22-20).

9. CONCLUSION

The few examples discussed above are sufficient to point out the usefulness of electrochemical
diagrams as a means of linking up the respective features of the various compounds of a given element.

The systematic introduction of these diagrams into a text-book of descriptive inorganic chemistry
would, in view of their recourse to logical arguments, help to make it more attractive th: 2 an enumera-
tion of apparently unrelated facts. This would also enable certain chapters to be conden ed, and would
thus compensate to some extent the alarming increase in subject rnatter to be taught.(’)

() G.VALENSI, Bull. Union Physiciens (France), 45, 1950, p. 61.
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Apart from their educational applications, electrochemical diagrams are of use in research, where

, they can enable one to dispense with a good deal of the preliminary calculation connected with

determining the thermodynamic possibility of a new reaction, before tackling an experimental investiga-
tion, which would be completely futile under conditions excluded by the diagrams.

But this is all that one can ask of these electrochemical diagrams. They do not enable one to
predict the kinetics of a phenomenon, although this is the decisive factor for the yield. A certain latitude
must moreover be allowed with regard to the position of the domain boundaries: on the one hand,
the replacement of activities by concentrations is only a rough approximation ; on the other hand, the

accelerating influence of a rise in temperature, which is often taken advantage of in practice, naturally
modifies the boundaries valid at 25°C.
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ANALYTICAL CHEMISTRY

G. CHARLOT

AMONG the reactions employed by analytical chemistry, oxidation-reduction reactions, whether they
be chemical or electrochemical, are the most useful. It is therefore important to the chemist to be able
to predict these reactions and be able to bring them about or prevent them in order to achieve a desired
result.

Among the factors that enable us to influence the properties of the majority of oxidation-reduction
systems, pH is one of the most important, and undoubtedly the easiest to control. The knowledge of
oxidation-reduction potentials, which enable us to predict the reactions for each pH, is also one of the
primary concerns of the analyst. Potential-pH diagrams present these properties in their most useful
form.

By comparing various diagrams it is possible to predict oxidation-reduction reactions; to predict
the possibility of these reactions we should say, because, unlike most other reactions, oxidation-
reduction reactions sometimes have very small reaction rates, and the equilibria can not therefore be
attained. Now, for practical reasons, the analyst uses only fast reactions. In some cases the equilibria
are reached so slowly that prediction of the reactions by means of equilibrium diagrams is of no interest.
In other cases the diagrams are valuable for a first approximation. Finally, in many cases they enable
quantitative predictions to be made. In these cases the diagrams summarize a large number of properties,
and they do it in a manner which is more precise than previous methods.

We can quote some examples which are particularly striking, especially as far as the understanding
and teaching of chemical properties is concerned. For example, the potential-pH diagram for man-
ganese: Mn (I1I), Mn (II-11I), Mn (III), Mn (IV), Mn (VI), Mn (VII). Starting from potential determinatiornis
in alkaline media and the solubility product of manganese (II) hydroxide, the whole of the diagram can
be constructed. This diagram shows, better than calculations or descriptions, the domains of existence
of the various chemical species, the various substances that can be obtained, and the various reactions
that can be predicted for each pH. Making use of this diagram we can not only predict reactions, but
we can also see under what conditions they can be avoided. For instance, by comparing this diagram
with those of the halogens, we see that in a mixture of chloride and bromide, the bromide will be oxidized
by the permanganate at pH = 3; the chloride can then be oxidized at pH = 0. We can predict those
substances which will reduce permanganate to Mn (II) and also the smaller number of substances
which will reduce it to manganese dioxide at pH = o. and the very large number of substances which
will reduce it to Mn (II-III), (III) and (IV) in alkaline media. etc.

The diagram for cerium, for instance. shows us that salts of Ce (IV) are very powerful oxidizing
agents at pH = o, and that salts of Ce (III). on the other hand. are very powerful reducing agents in
slightly acid media.

Reduction by metals. titration of oxidizing or reducing agents using oxidation-reduction indicators.
separations, etc., can be predicted and perfected by means of these diagrams.

68
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These properties are no less important for the electrochemical reactions used in analysis. Electro-
chemical reactions can be dealt with in a manner analogous to chemical oxidation-reduction reactions.
The knowledge of equilibrium potentials as a function of the pH is the basic piece of information in
the case of so-called rapid electrochemical reactions (oxidations and reductions involving certain metals,
the antimony electrode, the hydroquinone electrode, etc.). In other cases kinetic factors must be in-
troduced, but, as in the case of chemical reactions, the knowledge of the equilibrium potential for each
pH is still often a good enough first approximation to preédict or distinguish between a certain number
of possibilities. Electrochemical reactions are, of course, the basis of numerous electrochemical methods
used in analysis: potentiometric, amperometric, coulometric methods, separation by electrolysis, etc.

To conclude: the knowledge of potential-pH equilibrium diagrams provides an important in-
strument for analytical chemistry, which very often involves chemical or electrochemical reactions in
solution.

It seems likely that this systematic method will be used more and more widely in the future.
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SECTION 4

CORROSION

M. POURBAIX

SUMMARY

. Theoretical corrosion, immunity and passivation conditions.
. Resistance of metal to pure water.
. Metals which can be passivated and activated.
. Oxidizing corrosion inhibitors.
. Degree of nobility of metals.
Thermodynamic nobility and immunity.
Practical nobility, immunity and passivation.
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6. Experimental applications.
7. Note on the significance and practical implications of the potential-pH electrochemical equilibrium
diagrams.

1. THEORETICAL CORROSION, IMMUNITY AND PASSIVATION CONDITIONS

LET us assume, as a first approximation, that a metal is corrodible in the presence of an aqueous solution
initially containing none of this metal according as the quantity of this metal which can be dissolved
thermodynamically by the solution is lower or higher than a very small quantity which, for the sake of
argument, we shall set arbitrarily at 1076 g-at.wt./1; this content corresponds to 0:06 mg/l in the case of
iron, copper and zinc; it corresponds to 0-03 mg/l for aluminium and to o-2 mg/! for lead. If this hypo-
thesis is at all correct, the lines on the potential-pH equilibrium diagrams which correspond to a
solubility of 10~ g-at.wt. of metal per litre (i.e. the ~° equi-solubility lines) make a clear distinction
between the domain where corrosion is possible (corrosion domain) and a domain where corrosion is
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impossible (non-corrosion domain). In the non-corrosion domain, two regions (or groups of regions)
can be distinguished : in one of these regions, the solid stable form is the metal itself (domain of immunity,
or cathodic protection), in which case, although presenting a genuine metal surface, the metal is quite
incorrodible because the corrosion reaction is energetically impossible: in the other region (or regions),
the solid stable form is not the metal but an oxide, a hydroxide, a hydride or a salt (passivation domain);
the metal then tends to become coated with this oxide, hydroxide, hydride or salt which can, according
to the circumstances, form on the metal either a non-porous film practically preventing all direct contact
between the metal itself and the solution (in which case protection against corrosion is perfect), or a
porous deposit which only partially prevents contact between the metal and the solution (in which case
the protection is only imperfect). Understood in this way, passivation thus does not necessarily imply the
absence of corrosion. Experience shows that, in the case of non-chlorinated solutions at least, the oxide
films are generally perfect protectors for numerous metals, among which are aluminium, chromium,
iron and tin. )

. In some relatively rare cases, a degradation of the metal may come about through the action, not
of dissolution, but of gasification accompanied by the formation of a volatile hydride or oxide. If, as a
rough guide, we assume that metal corrosion can take place in this way if the partial equilibrium pressure
of the hydride or the oxide is equivalent to at least 10~ atm.,, the lines of the potential-pH equilibrium
diagrams which correspond to a hydride or oxide pressure equivalent to 10~ ¢ atm. will enable us to
establish a domain of corrosion by gasification.

It goes without saying that the concentration (107 ° g-at.wt./l) and pressure (10~ atm.) values
adopted here for the definition of the corrosion thresholds are arbitrary and that, in practice, there are
good reasons for modifying these critical values. With this reservation, however, this theory can be
regarded as exact as far as protection by immunity (or cathodic protection) is concerned.

As for protection by passivation, on the other hand, this theory is rather an over-simplification;
although, thanks to U. R. Evans, the part played by oxides in protection by passivation received formal
sanction in 1927, this role is not proved in all cases of passivation; for example, absorption phenomena
can play a predominant part. On the other hand, there is a great scarcity of sufficiently precise data
concerning the composition and the thermodynamic properties of protective oxide films, and such data
are indispensible for an exact knowledge of their stability conditions. However this may be, in spite
of these imperfections which it is well to take into account, the conclusions provided by the theoretical
“corrosion, immunity and passivation” diagrams frequently coincide appreciably, quantitatively
speaking, with the facts.

For further details, the reader is referred to the exposés which will be made in Chapter IV. We
point particularly to three such cases of agreement concerning respectively the resistance of metals to
pure water, metals which can be activated and passivated and oxidizing inhibitors of corrosion. We
proceed to use these diagrams for the purpose of building up an overall picture of the degree of nobility
of metals and of some non-metallic elements.

2. RESISTANCE OF METALS TO PURE WATER (See Fig. 1)

Generally speaking, the metals showing perfect resistance to pure water at a temperature in the
region of 25°C will be those having an equilibrium diagram on which the perpendicular from pH = 7
crosses only the immunity or passivation domains (outside all corrosion domains) at potentials between
—o0-8 and +0-7 V, which are possible only in the normal conditions of use for construction metals.

With some reservations which will be pointed out later, and apart from the six metals in the
platinum group, the following thirteen metals fall into this category: beryllium, aluminium, gallium,
indium, tin, silver, gold, titanium, zirconium, hafnium, niobium, tantalum and chromium.

As for those of the above-mentioned metals for which a corrosion possibility exists at very low
electrode potentials (tin, titanium), it will be particularly important to avoid all reducing action and
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to see that the surface has a good polish. As for chromium and silver, and also possibly gold and titanium,
metals for which a corrosion possibility exists at high electrode potential, slight dissolution will be
observed in the presence of a highly oxidizing action.
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FIG. 1. Metals resistant to pure water. The hatched regions indicate theoretical corrosion domains.
The non-hatched regions indicate theoretical immunity and passivation domains.
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3. METALS WHICH CAN BE PASSIVATED AND ACTIVATED (See Fig. 2)

Generally speaking, the metals which can be passivated by oxidation and activated by reduction
are those which have a higher oxide less soluble than a lower oxide and will thus present a triangular
corrosion domain; the lower the apex of this triangle in the diagram, the casier it will be 10 passivate the
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F1G. 2. Passive and active metals (as above).

metal by oxidation. This applies to the following metals, in descending order of passivability: titanium,
chromium, tin, iron, manganese, lead, silver, nickel and cobalt.(*)

For the three first metals (titanium, chromium and tin), the passivation domain of which, for an ex-
tensive pH range, is situated partly below the stability domain of water, passivation will be very easy and

(") Nickel and cobalt appear to be more easily passivated than the theoretical diagrams lead us to expect [see Chapter IV,
sections 12.3 (nickel) and 12.2 (cobalt)].
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will occur, more often than not, spontaneously, even in the absence of an oxidizing agent. Iron pas-
sivation will require an oxidizing action which, being weak for pH values between 9 and 13, will have to
be relatively strong for other pH values. Passivation of the five other metals by the formation of an
oxide layer will only be possible by means of a very strong oxidizing action (e.g. an anodization such
as that which serves as the basis for charging lead batteries). It must however, be understood that, in
spite of the difficulty of passivation, silver generally has a good corrosion resistance owing to the size
of its immunity domain, and that, for reasons which have as yet been only insufficiently clarified, nickel
(and perhaps cobalt too) can often be passivated at lower potentials than Fig. 2 leads us to antici-
pate.

Conversely, passivated titanium, chromium and tin can only be activated with relative difficulty:
they generally remain passive after the oxidizing action, which would possibly have brought about pas-
sivation, has ceased. Activation of iron will be difficult for pH values between 9 and 13 and easy for
other pH values. The other five metals (manganese, lead, silver, nickel and cobalt) will be very easily
activated, it being nevertheless understood that whereas activation will always bring about corrosion
of manganese (a by no means noble metal, the immunity domain of which exists only at very low
electrode potentials), activation of the other four metals will only cause corrosion if there subsists a
certain oxidizing action of variable intensity according to the metal (maintaining the electrode potential
of the metal within its corrosion domain).

4. OXIDIZING CORROSION INHIBITORS (See Fig. 3)

The high susceptibility of iron to corrosion is mainly due to the existence, in the left-hand region of
the part of Fig. 2 (No. 4) relating to this metal, of a large triangular domain of corrosion. In the case of
solutions in presence of which the passivating iron oxide acts as an effective protector (which generally
implies the absence of chloride), corrosion can be avoided by the introduction into the solution of an
inhibitor having an oxidizing effect sufficient to enable the electrode potential of all the points on the
surface of the iron to be high in the passivation domain of the metal. Protection will be particularly
effective if, for the potential and pH conditions corresponding to the “corrosion domains” of the iron,
the oxidizing inhibitor can be reduced together with formation of a solid: in becoming deposited on the
“weak points™ of the iron surface, this solid will improve the protective effect of the passivating oxide
film.

This will thus enable us to obtain some data on the possible effectiveness of an oxidizing inhibitor
hy superimposing on the theoretical “corrosion, immunity and passivation” diagram for iron the
potential-pH equilibrium diagram which shows the stability conditions of the solids which can be
formed by reduction of this inhibitor. This has been done with Fig. 3, where consideration has been
taken of o-o1 M solutions of the nine following oxidizing substances: hyperosmates, pertechnetates,
chromates, molybdates, tungstates, vanadates, selenates, arsenates and antimonates. -

A thick line indicates the potentials below which the inhibitor can be reduced ; the shaded sections
represent those parts of the corrosion domains of iron for which the products of the reduction of the
oxidizing agent are not solids. If, as a first approximation, we assume that the reduction reactions of
the oxidizing agent are reversible and that the solids formed in this reduction constitute a protective
coating on the iron, the shaded sections in Fig. 3 show the theoretical conditions of corrosion, the
non-shaded areas representing the theoretical areas of non-corrosion. :

According to the first six diagrams in Fig. 3, the hyperosmates and pertechnetates are extremely
effective inhibitors of iron corrosion, which coincides with Cartledge’s observations(?); it is well known
that the chromates, although less effective, are nevertheless very good inhibitors; the molybdates
and tungstates are effective only to small extent; vanadates are hardly effective at all.

(%) See Chapter 1V, sections 13.4 (osmium) and 11.2 (technetium).
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On the other hand, the last three diagrams of Fig. 3 provide data on the efficacity of selenates,
arsenates and antimonates.(®)
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F1G. 3. Oxidizing corrosion inhibitors. The hatched regions indicate theoretical corrosion domains in the presence of -
001 M solutions of inhibitor.

5. DEGREE OF NOBILITY OF METALS (See Fig. 4)

The Nernst scale of “solution potentials™ allows us to classify the metals in order of “nobility™,
according to the value of the equilibrium potential of their reaction of dissolution in the form of a
simple given ion considered in standard state (1 ion g/l): those metals are considered as noble which
have an equilibrium potentiel higher than that of the standard hydrogen electrode and which,

(%) See primarily the work done in this field by Piontelli and Fagnani. Chapter 1V. section 18.4 (antimony).
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therefore, cannot be corroded with release of hydrogen in a solution with a zero pH value; the non-
noble metals are those for which this condition does not arise and which can thus be corroded with
release of hydrogen.
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As R. Piontelli writes in his preface to this Atlas, this degree of “thermodynamic nobility” can
differ appreciably from the “practical nobility” established experimentally. The divergence between
these two degrees of nobility may be due to the following three facts:
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The metal is dissolved not in the form of a single simple ion (such as Cu™), but in the form of two
simple ions (Cu* and Cu**) or oxygen ions (CuO; 7) or in the form of complex ions [Cu(CN);,
CuCl; ]; this results in a modification of the “solution potential” of the metal.
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- The metal is coated with a passivating film (oxide Fe,O3, hydride UH,, salt FePO,); the dissolution
of the metal can thus be more or less completely braked by the interposition of a more or less
protective film.

The dissolution reaction can be strongly irreversible (in the case of non-“normal” metals in the
Piontelli classification, such as nickel), in which case the dissolution of the metal occurs effectively
only through an appreciable potential-rise, at an electrode potential patently higher than the
thermodynamic equilibrium potential.
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The third cause of this divergence pertains to electrochemical kinetics and will be examined in
paragraph 4.6; the first two causes can be studied on a thermodynamic basis with the aid of the
potential-pH equilibrium diagrams if we adopt as the criteria of nobility, not the Nernst *‘solution
potential”, but the immunity conditions of the metal (in the presence of the total of the ions which this
metal can produce) and the total of the immunity and passivation conditions of the metal respectively.

Thermodynamic nobility and immunity

Figure 4 gives the theoretical ‘“‘corrosion, immunity and passivation” diagrams for forty-three
metals and metalloids, classified in descending order of thermodynamic nobility. The shaded arcas
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Noble metals

1 Gold

2 Iridium

3 Platinum
4 Rhodium

5 Ruthenium
6 Palladium
7 Mercury

8 Silver

9 Osmium
10 Selenium
" Tellurium
12 Polonium
13 Copper

14 Technetium
15 Bismuth

16 Antimony
17 Arsenic

18 Carbon

19 Lead

20 Rhenium
21 Nickel

22 Cobalt
23 Thallium—
24 Cadmium
25 Iron

26 Tin

27  Molybdenum
28  Tungsten
29 Germanium
30 Indium

31  Gallium

32 Zinc

33 J} Niobium
34 {Tontolum
35 Chromium
36 Vanadium
37 Manganese
38 Zirconium
39 Aluminium
40 Hafnium
41  Titanium
42 Beryllium
43 Magnesium

Non-noble metals

A

CHAPTER IIL

SECTION 4

TasLE [

THERMODYNAMIC NOBILITY

Classification of metals and metalloids in order of nobility

(immunity)

PRACTICAL NOBILITY

Rhodium
Niobium
Tantalum
Gold
Iridium
Platinum
Titanium
Palladium
Ruthenium
Osmium
Mercury
Gallium
Zirconium
Silver

Tin

Copper
Hafnium
Beryllium
Aluminium
Indium
Chromium
Selenium
Technetium
Tellurium
Bismuth
Polonium
Tungsten
Iron

Nickel
Cobalt
Antimony
Arsenic
Carbon
Lead
Rhenium
Cadmium
Zinc
Moiybdenum
Germanium
Vanadium
Magnesium
Thallium
Manganese
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represent the corrosion domains and were established by lines descending from right to left in the most
frequent case of corrosion by dissolution, and by lines descending from left to right in the relatively
rare case of corrosion by gasification (e.g. by formation of OsO,, H,Se, H,Te, CO,, CH,, AsH,, SbH;,
BiH;, GeH,, SnH,, PbH,, InH, TIH). The passivation domains are lightly hatchcd, the hatching
descending from left to right in the very frequent case of passivation by formation of oxide or hydroxide
and descending from right to left in the rare case of passivation by hydride formation (Pd,H). The white
areas represent the immunity domains.

‘ [t was considered that a metal is thermodynamically noble or non-noble according as its immunity
domain (i.e. its thermodynamic stability domain) shows or does not show a section in common with the
thermodynamic stability domain of water at a pressure of I atm.; this immunity domain is situated
between two lines ¢ and b traced on the equilibrium diagrams established in Chapter 1V.

It was considered that the nobility of a metal is greater, the larger the surface common both to
its immunity domain and to the stability domain of the water; it was considered that the greater the
surface situated between the immunity domain of a non-noble metal and the stability domain of water,
the more does the non-noble metal fall short of nobility.

Practical nobility, immunity and passivation

Leaving aside, for the time being, the kinetic factors mentioned above, and assuming as a first
approximation that the passivating films considered in Fig. 4 are perfectly protective, we considered
that a metal is practically the more noble the greater the surface common both to the total of the
immunity and passivation domains and to the stability domain of water. In the case of metals where these
surfaces are preceptibly identical, it was accepted that this “‘practical nobility” is greater the more
the immunity and passivation domains extend below and above the stability domain of water, and the
more these domains overlap the section of the diagrams which corresponds to pH values between 4 and
10, which are most frequently met with in practice.

Table I shows, on the bases which have just been expounded, the classification of the forty-three
elements examined on Fig. 4, on the one hand, according to *“‘thermodynamic nobility” and, on the
other, according to “practical nobility”

It must be understood that this table is to be regarded as a draft subject to considerable revision,
notably because the electrochemical equilibrium diagrams on which it is based are themselves approxi-
mations and in some cases will call for drastic alteration (e.g. those for nickel and cobalt), and because
the corrosion and/or passivation reactions represented are sometimes strongly irreversible (e.g. for
carbon).

In its present form, this table brings out the considerable ennobling effect which passivation has
on the ten following metals: niobium, tantalum, titanium, gallium, zirconium, hafnium, beryllium,
aluminium, indium and chromium. According to this table, we must consider the first twenty-three
items in column A as having thermodynamic nobility.

6. EXPERIMENTAL APPLICATIONS

As pointed out in section 1 (Generalities) of Chapter III, the electrochemical equilibrium diagrams
cannot by themselves solve more than a limited number of problems. They are only one of the tools
put at the disposal of the scientist, and they must almost always be employed in conjunction with other
means of investigation, of which particular importance attaches to electrochemical kinetic studies,
based on the judicious experimental definition of potential-current curves (e.g. by means of intensiostatic
or potentiokinetic tests).

Analysis of such potential-current curves, together with the equilibrium diagrams, enables us to
predetermine the theoretically possible and theoretically impossible reactions for each electrode potential
value. If to this thermodynamic analysis, we add chemical, microscopic and other examinations it
will generally be easy to change these theoretical possibilities into experimental certainties and thus,
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for example, to predetermine absolutely the conditions in which a metal alloy corrodes or does not
corrode when in contact with a given aqueous solution.

Further on, the reader will find (Chapter IV, section 12.1) an exposé relating to iron, containing
some examples for the application of an equilibrium diagram in the experimental study of corrosion
and metal protection conditions. It would be useful: if such studies were carried out by electrochemists
and metallurgists simultaneously; if they were used patiently for a systematic investigation of the
effect produced by the composition of solution (pH, oxidizing agents, reducing agents, chlorides,
phosphates. . .) and of the nature of the metal (chemical composition, structural state, heat treatment,
cold working . . .); if they were applied progressively and thoroughly to different metals and their alloys;;
. and if they were extended simultaneously to both the theoretical and the experimental fields to cover
the behaviour of metals and alloys at high temperatures and pressures.

Such an effort would inevitably lead to better utlhzatlon of the existing metals and alloys, to new
protection procedures and new alloys.

7. NOTE ON THE SIGNIFICANCE AND PRACTICAL IMPLICATIONS OF THE POTENTIAL—pH
ELECTROCHEMICAL EQUILIBRIUM DIAGRAMS

In the course of “Study Sessions on the Electrochemical Behaviour and Corrosion of Metals and
Stainless Steels” held in Brussels on 21 and 22 November 1957, C. Carius, C. Edeleanu and M. Pourbaix
met and exchanged views on subjects of common interest. C. Edeleanu drew the attention of M. Pourbaix
and C. Carius to the fact that the exact importance of the “potential-pH equilibrium diagrams™ is
often insufficiently realized in Great Britain and other countries, and that the interpretations made
of them were therefore sometimes erroneous.

On the suggestion of C. Edeleanu, these three scientists drew up the following text, in which they
express their agreement on the significance and implications of these diagrams.()

1. The metals having the greatest economic importance, and particularly iron, zinc and aluminium,
belong, by virtue of their place in the dissolution potential scale, to the category of “non-
noble” metals. The transformation of these metals into ions, forming a salt or oxide, is almost
invariably accompanied by the liberation of energy, so that these metals tend to dissolve when
certain favourable conditions are obtained (presence of humidity, access of atmospheric hydro-
gen).

“Electrochemical equilibrium diagrams™ are useful for obtaining as complete and overall
a view as possible of the interface reactions thermodynamically practicable in a particular given
case. Such diagrams indicate, notably as a function of the solution pH (a measure of the degree
of acidity or alkalinity of that solution) and of the metal’s electrode potential (which measures
the reducing or oxidizing power of the interface), the thermodynamic limits of the stability
of the metal in relation to its ions, to the ions of the water, and to the reaction products of these
ions (hydroxides, oxides, etc.).

These diagrams show the equilibrium potentials of the electrochemical reactions, the
affinity of these reactions and the solubility of the solids for the given experimental conditions.

2. In the absence of any data indicating the contrary, the electrochemical equilibrium diagrams
of the metals apply only to the behaviour of pure metals (pure iron, for example) in the presence
of solutions not containing substances which might form soluble complexes with these metals
(cyanides) or insoluble salts (phosphates). Thus these diagrams do not apply to alloys (alloy
steels).

(*) See the Comptes Rendus de Séances d’Etude sur le comportement électrochimique et la corrosion des métaux et des aciers
inoxydables, Brussels, 21 and 22 November 1957 (Rapport technique RT. 66 of CEBELCOR, May 1958), Appendix, pp. 9-11.
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3. The theoretical ‘“‘corrosion, immunity and passivation” diagrams which are deduced, by means
of certain hypotheses, from these electrochemical equilibrium diagrams are only applicable
in the cases defined under point 2 above, where the equilibrium diagrams are applied.

4. The passivation conditions of metals are defined as those in which the stable form of the metal
in question is an insoluble oxide (or hydroxide or solid salt); if it is formed by direct contact
with the metal, this oxide (or other solid product) ““passivates” the metal to a greater or lesser
extent and affords it a greater or lesser degree of protection against corrosion ; generally speaking,
protection will be complete where the film or deposit with which the metal is coated is absolutely
adherent and non-porous; in all other cases, protection will be generally imperfect. Thus
passivation does not imply passivity, if we define passivity as being the condition in which a
metal does not corrode, although the metallic form is not thermodynamically stable and the
metal thus tends to become transformed into another substance.

This idea of passivity (caused by a passivation) differs from the idea of immunity (due, for
example, to a cathodic protection), which means the condition in which a metal does not corrode
because its metallic form is thermodynamically stable, thus making any transformation of the
metal, and consequently corrosion, impossible.

In the particular case of iron, for example, the oxide formed by passivation is often non-
porous and thus protective in the solutions containing no chloride; it is generally porous and
non-protective in chlorinated solutions.

) The pH value given in the x-axis of the electrochemical equilibrium diagrams is the pH
of that fraction of the solution which is in direct contact with the surface (or with a fraction of
the surface) of the metal under examination. This pH value is thus not necessarily the pH value
of the bulk of the solution: the divergences between the local pH value and the bulk pH value
can be considerable, particularly in cases of localized corrosion. In such cases there is generally
an increase in the local pH value in the zones where reduction takes place (e.g. reduction of
the dissolved oxygen) and a diminution of the local pH value in those zones where a solid
oxide or hydroxide forms (e.g. rust).

5. The electrochemical equilibrium diagrams must be regarded primarily as patterns showing the
reactions which are theoretically possible and impossible for different electrode potentials and
pH conditions. If these diagrams are correctly drawn up, there can be no possibility of errors
or exceptions; just as the fact that arithmetic is a formal and exact science does not prevent
numerous errors in calculation from being made every day, so thermodynamics is exact, but
those people who use thermodynamics may commit errors. The electrochemical equilibrium
diagrams, which are of a thermodynamic character, must therefore be employed with a full
realization of their significance and their conditions of validity. Essentially, these diagrams
express that which is energetically possible or energetically impossible; now, numerous electro-
chemical reactions are irreversible, i.e. do not necessarily come about even when they are
energetically possible. These diagrams, therefore, do not necessarily show what actually occurs;
an absolute and definite reply to this point often requires experimental kinetic studies, consisting,
for example, in the plotting of intensiostatic or potentiokinetic polarization curves.

Electrochemical equilibrium diagrams can serve primarily as a guide in carrying out such
experimental studies and in the interpretation of the results obtained.



SECTION 5

ELECTRODEPOSITION

T. P. HoArR

INFORMATION contained in potential-pH diagrams is useful in several ways for application to problems
involved in electrodeposition. We consider below some representative problems associated with (a)
cathodic processes, (b) anodic processes, (c) the solution.

(a) CATHODIC PROCESSES

The desired cathodic reaction in electrowinning, electrorefining, electroplating and electroforming
is ordinarily metal deposition. Hydrogen deposition, oxygen reduction and oxide or hydroxide deposi-
tion are usually undesirable, although the last of these side reactions has occasional usefulness.

Consider the deposition of nickel from sulphate solution open to the air; Fig. 1 shows the germane
part of the nickel potential-pH diagram. At, say, pH 4'5 and E; = —o0-4 V, evidently oxygen and hydro-
gen ion can be reduced as well as nickelous ion; however, the overpotentials required to reduce oxygen
and hydrogen ion at sensible rates are fortunately considerably higher than that required for nickelous
ion reduction, and this can consequently occur at ca. 96—98 per cent efficiency. Decrease of pH tends
to increase the relative amount of hydrogen ion reduction. Nevertheless, the ‘‘acid” type of Watts
nickel bath operating at ca. pH 2 can give good nickel deposition even though somewhat more hydrogen
is evolved, because the pH of the solution next to the cathode rises, through hydrogen ion reduction,
and under steady-state deposition conditions the relative amount of hydrogen ion reduction is not
unduly large. On the other hand, increase of pH of the bulk solution beyond about 5 causes the catholyte,
under deposition conditions, to contain sufficient nickelous hydroxide, present as positively charged
colloidal particles, to lead to co-deposition of hydroxide with metal: this gives a harder and more
brittle deposit that, although suitable for rather limited purposes, is in general undesirable. Deliberate
cathodic deposition of beryllia and alumina from colloidal solutions has been used for the formation
of protective oxide films; the suitable electrolytes are beryllium and aluminium sulphate solutions
lightly buffered to ca. pH 6 and 4 respectively, so that a small increase of pH caused by hydrogen ion
reduction, coupled with a very small faradaic current to discharge the colloidal particles, gives the
required oxide deposition on the cathode. The very small faradaic current required for hydroxide or
oxide deposition, due to the small charge/mass ratio of the colloidal particles, explains why a high pH
nickel bath may give almost 100 per cent cathode current efficiency and yet yield deposits containing
considerable hydroxide. .

In certain special cases oxide can be formed by faradaic cathodic reduction of a soluble ion: thus
cathodic deposits of cuprous oxide can be made from cupric sulphate solutions buffered at ca. pH 35,
as shown by the portion of the copper diagram given in Fig. 2. The conditions for the further reduction

84
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of such deposits to metal can also be obtained from potential-pH diagrams; such reduction of cuprous
oxide to copper is the basis of a decorative coating with a patterned structure caused by the spread of
the reduction from widely dispersed nuclei.

The conditions for cathodic deposition from alkaline solutions containing metal hydroxy- or
oxy-anions are likewise to be found on the appropriate potential-pH diagrams: tin and zinc deposition
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FI1G. 1. Potential-pH equilibrium diagram for the nickel-water system, at 25°C.

from stannate and zincate solutions are examples (see pp. 478, 409). Furthermore, the potential-pH
conditions for cathodic deposition from baths containing other complexants, such as cyanide ion,
ammonia, and substituted ammonias, can readily be seen on suitable potential-pH diagrams incorpora-
ting the complex-forming reactions. It is usually convenient to calculate such diagrams for one fixed
activity of complexant, just as the simple diagrams are calculated for a fixed activity of water.

Metals that form volatile hydrides, such as antimony (see p. 527), are occasionally electrodeposited.
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Formation of the toxic hydride at high cathode polarization is a possible hazard, and the potential-pH
conditions leading to it are easily seen on the appropriate diagram.
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FIG. 2. Potential-pH equilibrium diagram for the copper-water system, at 25°C. [Only solid Cu, Cu,O and CuO are
considered in the figure. Cu{OH), and trivalent copper compounds have not been considered.]

(b) ANODIC PROCESSES

In electrodeposition, it is usually desired to have either (a) an anode of the metal being deposited
that dissolves at near 100 per cent current efficiency or (b) an anode that is totally insoluble and that
acts merely as an inert basis for oxygen evolution. [t is rarely desirable to have an anode that gives a
mixture of these processes, or that operates consecutively in the dissolving and the passive states.

Again considering Fig. 1, we see, for example, that nickel dissolves to nickelous ion at unit activity
at potentials more positive than —0-23 V and at pH less than about 6. At higher pH, solid nickelous
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hydroxide is the initial anodic product, and this is converted to higher oxides at higher anode potentials :
under such conditions, passivation of a nickel anode occurs at once. However, passivation can also
occur below pH 6, indeed, as low as ca. pH o5, because the anodic overpotential required to dissolve
nickel to nickelous ions at the current densities required in electrodeposition process is considerable.
Thus, if the polarization raises the anode potential above the broken-line extension of the Ni/Ni(OH),
line (Fig. 1), solid nickelous hydroxide may be formed at low pH; and since there is good evidence that
its formation from the metal is kinetically easier than the formation of dissolved nickelous ion, its
preferential formation is not surprising, and the tendency of nickel anodes to passivate is easily under-
stood. In practice, this is remedied by the incorporation of a little oxide in the nickel anode and/or of
chloride in the solution; the overpotential required for dissolution is thereby much reduced and the
potential for passivation is not reached.

Soluble anodes operating in alkaline solution, such as tin and zinc, can also passivate at high
current densities, mainly because the supply of complexing hydroxyl ions in the solution next to the
anode becomes insufficient, so that insoluble hydroxides or oxides are formed. In the special case of tin
anodes required to dissolve as stannate rather than stannite, a pseudo-passivation effect of this kind
is advantageous; the anode is first passivated by the formation of stannic oxide at high current density,
and subsequent operation at lower current density enables the stannic oxide to dissolve in the alkaline
solution as stannate while being reformed anodically at the same rate. The potential-pH conditions
for these transformations can be seen in the diagram for tin (p. 478).

Insoluble anodes are required in electrowinning and in some other electrodeposition processes.
Lead is pre-eminently suitable owing to its easy passivation in sulphate solutions through the sparing
solubility of its sulphate, and the fact that lead sulphate is readily converted anodically to the insoluble
lead dioxide, which has good electron-conductivity and which is a good inert basis for hydroxyl-ion
(or other anion) oxidation. Potential-pH conditions for the production and- operation of lead-dioxide-
coated lead anodes are shown in the diagram for the metal (p. 489). Platinum is another excellent inert
anode, often used in practice for anodic oxidation processes, but usually too expensive for anodes
used in electrodeposition. Chromium, on the other hand, while readily passivated like lead and platinum,
enters a transpassive region at higher anode potentials and, as shown in the chromium diagram (p. 263),
dissolves through the oxidation of its passivating chromic oxide film to soluble chromic acid or chro-
mate. The same effect is found to a less extent in most of the “stainless” chromium irons and steels.

The “refractory” metals such as titanium, tantalum, etc., cannot be operated as inert anodes:
although the potential-pH diagrams (pp. 217, 253) indicate the formation of oxide films over very wide
ranges of pH and at very negative potentials, the films have very poor electron conductivity and the
metals will not sustain any anodic reaction other than film thickening by ion transport under high-field
conditions.

Anodic deposition of oxides from solution is occasionally a useful process, as in the electro-
analysis of lead. As well as lead dioxide, cobaltic oxide, manganese dioxide and others can be deposited
anodically by oxidation of soluble lower-valent ions; the suitable conditions of potential and pH can
be readily seen in the relevant diagrams.

(c) THE SOLUTION

Solutions used in electrodeposition need primarily to be stable except during the actual reactions
at the electrodes. In particular, they should normally be operated under such pH conditions that
hydroxide or oxide precipitation is negligible. These conditions, both for acid and alkaline solutions,
are apparent in the relevant potential-pH diagrams. Buffering the solutions to the appropriate pH is
frequently adopted to minimize changes due to adventitious absorption of atmospheric carbon dioxide,
or to accidental contamination from acid pickling solutions or alkaline degreasants. Buffering also
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helps to maintain pH in the actual layer of solution next to the cathode or anode, although, as mentioned
earlier, changes caused by hydrogen ion reduction may there be appreciable.

In some circumstances, alteration of pH or potential or both can be used to advantage in the puri-
fication of a solution used for electrodeposition. The removal of iron during the electrorefining of nickel
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FIG. 3. Potential-pH equilibrium diagram for the iron—water system, at 25°C. (Only solid Fe, Fe;0, and Fe,0; are considered.)

,is an example. Iron dissolves as ferrous ion from the impure nickel anodes into the fairly acid sulphate
solution. The anolyte is freed from iron by raising the pH with lime and/or blowing with air, whereupon
the very sparingly soluble ferric hydroxide is precipitated and can be removed by filtration. As can be
seen in the germane part of the iron diagram (Fig. 3), both the rise of pH, and the presence of oxygen to
effect oxidation and to raise the redox potential, contribute to the desired precipitation.
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GEOLOGY

R. M. GARRELS

THE importance of pH and potential in reactions involving minerals has been recognized by geologists
for several decades, and these two variables have been widely applied in geochemical work. On the
other hand, the use of pH-potential diagrams depicting stability relations among solid phases is of
relatively recent vintage (Blumer [1]; Krumbein and Garrels [2]).

The greatest use to date of pH—potential diagrams has been in the application to earth environments
under surface or near-surface conditions inasmuch as most of the easily available thermochemical
information has been compiled for use at 25°C and 1 atm. total pressure. However, the natural realm
to which such data can be applied with fair accuracy should not be underestimated ; it includes almost
all of the earth that we can observe directly.

One major aspect of earth chemistry to which pH-potential diagrams have been applied profitably
is the weathering process. This includes the zone in which minerals, originally formed under deep-
seated high-temperature, high-pressure reducing conditions, become exposed to the atmosphere as
uplift and erosion continuously wear away the earth’s crust. The processes of rock-weathering and
soil formation are those stemming from the superimposition of the acid oxidizing dilute aqueous
- environment of the earth’s surface upon the alkaline, oxygen-free, more concentrated aqueous sub-
surface environment in which the rocks had been bathed for millions of years without gross alteration.
Consequently there is a direct analogy in these processes to the corrosion of metals, which also are the
products of high temperature and reducing conditions, and become exposed to the varied environments
at the earth’s surface.

A second major area of application of pH—potential diagrams is to the process complementary to
weathering—chemical sedimentation. The waters of the earth span the range of pH from zero to 12
or perhaps a little higher, and that of potential from the breakdown of water into hydrogen to its
equilibration with oxygen of the atmosphere (Fig. 1). The geologist needs to know, for a system of
given composition, the mineral species that should coexist at equilibrium for each kind of environment.
If the extent to which modern mineral assemblages equilibrate with their environments of deposition
is deciphered, then a powerful tool has been developed for inquiry into the nature of environments of
the geologic past by reversing the procedure and deducing the environment from the fossil mineral
assemblage.

89
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SPECIFIC APPLICATIONS TO ROCK-WEATHERING

To date, most of the use of pH—potential diagrams in studying weathering processes has been
devoted to the oxidation of mineral deposits. Attack on the major problem of the weathering of common
rock minerals has been hindered by lack of thermochemical data on the silicates. The major minerals
produced from mines, however, are sulphides, oxides, carbonates, hydroxycarbonates, sulphates, and
hydrosulphates. Sufficient data are available to depict relations among many such mineral species.
The major difficulty is related to the difference in composition between minerals and the pure chemicat
compounds for which thermochemical data are available.
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F1G. 1. Approximate positions of some natural environments as characterized by Eh and pH. (From R. M. GARRELS,
Mineral Equilibria, Harper, New York, 1960, p. 201.)

FiG. 2. Mineral relations in an oxidizing ore body containing primary lead, zinc, and copper sulphide as functions of

pH and potential. The dashed lines show deduced environmental changes with time during oxidation of a given sample

of original ore. (From R. M. GARRELS, Mineral species as functions of pH and oxidation potentials, Geochim. and Cos-
mochim. Acta, S, 153-68 (1953).)

When sulphide ore bodies are weathered, the oxidation products are largely sulphates, oxides, and
carbonates. Figure 2 shows an attempt to express mineral stability relations for an ore body containing
lead, zinc, and copper sulphides as original minerals. Such a diagram can be viewed as a rough cross-
section of such a deposit with the most highly oxidized compounds near the earth’s surface at high
potential, grading downward into the unaltered sulphides where oxygen is excluded in the zone of
water saturation.

The uranium-vanadium deposits of the Colocrado Plateau contain the mineral montroseite (VOOH)
in the subsurface where the ores are protected from atmospheric oxygen. Evans and Garrels [3] have
compared the results of oxidation as observed in nature (Fig. 3a) with those of the vanadium-water—
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oxygen system, essentially as worked out by Deltombe et al. [4] (Fig. 3b). The remarkable correspon-
dence between the calculated relations and those observed for the actual mineral species is apparent.
Note how the sequence of environmental changes can be followed in terms of pH and potential.
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FI1G. 3a. Aqueous equilibria of vanadium, showing the major aspects of relations among solids and important dissolved
species. (From H. T. Evans, Jr. and R. M. GARRELS, Thermodynamic equilibria of vanadium in aqueous systems as
applied to the interpretation of the Colorado Plateau ore deposits, Geochim. and Cosmochim. 15, 131—9 (1958).)

These two examples show the kind of work that is in progress, but the major job is yet to be done
when data for silicates are available and it becomes possible to depict in detail the changes that occur
in the weathering of ordinary rocks.

THE SPECIFIC APPLICATION TO CHEMICAL SEDIMENTATION

If the environment of a natural water changes, as where a stream enters the sea, or a portion of the
sea becomes stagnant, precipitations of minerals usually occurs. The chemical sediments—those
resulting from precipitation from homogeneous solution—have been classified on the basis of the pH
and potential of their environment of formation (Fig. 4).
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Only deposits of iron and manganese have been investigated in detail in so far as pH—potential
diagrams of the important minerals are concerned (cf. Huber [5]; Krauskopf [6]).

A diagram illustrating relations among some major iron minerals is shown in Fig. 5. The use of
diagrams including stability fields of sulphides and carbonates as well as those of oxides is common in
the geologic literature. In many instances, the total dissolved sulphur and total dissolved carbon dioxide
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F1G. 3b. Aqueous equilibrium diagram for vanadium minerals showing stability regions for various minerals, and the
paths followed during weathering. (From H. T. Evans. Jr. and R. M. GARRELS, loc. cit.)

of the natural system can be estimated fairly accurately, so that the relations as depicted reflect nature
without serious distortion. As shown by James [7] each mineral seen on Fig. 5 has a real counterpart
in the Precambrian iron ores of the Lake Superior district of the United States. In some rocks, pyrite
is the chief iron-bearing mineral; in others, siderite; in others. magnetite: and in still others, hematite.
Thus the environments of deposition of these billion-and-a-half-year-old rocks can be read in terms of
pH and potential.
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The future undoubtedly will see the development of diagrams representing stability relations of
minerals involving essentially all the elements in the periodic table.
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FIG. 4. Sedimentary chemical end-member associations in their relations to environmental limitations imposed by °

selected Eh and pH values. Associations in brackets refer to hypersaline solutions. (From W. C. KRUMBEIN and R. M.

GARRELS, Origin and classification of chemical sediments in terms of pH and oxidation potentials, J. Geol 60, 1-33
(1952))

APPLICATION TO HIGH TEMPERATURE—HIGH PRESSURE MINERAL RELATIONS

Because most rocks of the earth sooner or later are subject to high temperature and high pressure
conditions, the stability relations of minerals as functions of temperature and pressure have received
a great deal of attention. Pressure-temperature—-composition diagrams are in widespread use. As more
thermochemical data become available, equilibrium relations among minerals will be portrayed in
terms of as many variables as possible, so that we can gain maximum insight into environments in-
accessible to us because of time or depth. We can look forward to the development of pH—potential
diagrams for elevated temperatures and pressures as well as to three-dimensional diagrams with such
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variables as temperature, pressure, partial pressure of a gas, or activity of a particular dissolved species
as the third axis. It should be clear that the role to be played by Eh—pH diagrams in geology is an
important one, and that essentially every diagram that can be constructed involving any element in
the periodic table will be of interest in this domain.

~Yare,
o.8F ~S [@i/,'fy

E(V) O~

-04

-0.8

F1G. 5. Eh—pH stability fields of hematite, magretite, siderite, and pyrite at 25°C, with carbonate equilibria as in normal
sea water, and total sulphur as in average river or lake water. (Adapted from N. K. HUBER, The environmental control of

iron minerals, Econ. Geol. 53, 134 (1958).)
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CHAPTER IV

ESTABLISHMENT AND INTERPRETATION OF
POTENTIAL-pH EQUILIBRIUM DIAGRAMS*

(*) Except where indicated, the standard free enthalpy values of formation given in this chapter are all taken from the works
of W. M. Latimer (Oxidation Potentials, 2nd ed., Prentice-Hall, New York, 1952; Recent References to Thermodynamic Data,
University of California, 1954).
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WATER (})
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2.3. One dissolved substance and one gaseous substance.

3. Equilibrium diagrams and their interpretation.
3.1. Establishment of the diagrams.
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3.3. Acid and alkaline media. Oxidizing and reducing media; rH and rO.
Absolute neutrality of aqueous solutions.

34. Decomposition of water. Formation of hydrogen, oxygen, ozone and hydrogen
peroxide.
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(*) Extract from the Rapport CEFA/R.2 of the Commission des Etudes Fondamentales et Applications of CEBELCOR:
see also [1], [3] and [4].
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1. SUBSTANCES CONSIDERED AND SUBSTANCES NOT CONSIDERED(?)

Considered Not considered

Liquid substance H,0 -

Dissolved substances  H+ -
OH- -

H- -
H, 0, -
HO3 -
- OH
_ HO.,
H,
0,
Gaseous substances 11,
1[2 -
_ 0,
(.)-_» -
0; -
i, 0 -

u(cal.) Names
— 56 650 Water

0 Hydrogen ion
— 37595 Hydroxide ion
51900 Hydride ion
— 31 470 Hydrogen peroxide

— 13610 Hydrogen peroxide ion
8330 Hydroxyl
3000 Hydrogen peroxyl
13000 Hyperoxide ion
%230 (*) Natural hydrogen
34950 (*) Natural oxygen

INBYR] Atomic hydrogen
0 Natural hydrogen
54 99% Atomic oxygen

0 Natural oxygen
39 060 Ozone
— 3540635 Water

2. REACTIONS AND EQUILIBRIUM FORMULAE (**)

2.1. TWO DISSOLVED SUBSTANCES

2.1.1. Relative stability of H*, OH™, H™, H,0, and HO;

I H,0 = OH— + [+

2, H, 0, = HO7; +~ H-

3. H—= I+ +2e—
4. H- + H,0 = O0l~ +2ll++ 2e-
5. 2Hy,0 = H, 0+ oH++ 20"
6. 2Hy,0 = HOy + 3H++ 2~
7. OH-+ H,0 =H,0,+4 H++420-
8. OH—+ H,0 =HO, 4+ 204 4 2e-

log (OH—) = — 14.00 -+ pHI
C(HOR) o
10"(1{‘_,__0-_)) =—11.63 + I)II
\ . H+)
Sy = — 1 .12 293 o(
L, 1.125 +0.0_9010°(H_)
(OH™)

Ey=—0.711 — 0.0391 pII + 0.0293 log

(1)
Eo= 1.776 — 0.0391 pH + 0.0293 log (11, 0.)
Lo= 2.119 —0.0886 pII + 0.0293 log (HO3)
: ,0,)
) = 362 — 0.0293 .0293 oﬁ-—
Ey 1.362 — 0.0295 pIT + 0.0293 log (o1
Eo=1.706 — 00591 pll + 0.0295 IongE—)
(OI1)

(2) The radicals OH and HO, which are not considered here have been dealt with in a previous study [2]. Monatomic
gaseous hydrogen will be treated only very briefly here. It will be better considered when we study hydrogen (section 2). Mon-
atomic gaseous oxygen will be considered when we study oxygen (section 19.1).

(*) We have calculated values from the solubilities of gaseous H, and O, in water.

(**) In the following general classification we have, with a view to simplification, taken water to be the solvent.
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2.1.2. Limits of the domains of relative predominance of H*, OH™, H™, H,0, and HO;

1. H+ /OH- pH= 7.00

2. H,0,/HO; pH = 11.63

3. H- /H+ Eo=—1.125

¥, H- JOH- Eo=—0.711 —0.0391 pH
5. H+ /H,0, Eo= 1.776 — 0.0886 pH
6. H+ /HO3z E,= 2.119—0.1181 .H
7. OH—-/H,0, E,= 1.362—0.0203 pH
8. OH-/HO3 Eo= 1.706 —0.0591 pH

2.2. TWO GASEOUS SUBSTANCES

2.2.1. Relative stability of H,, H,, O, and O,

N
9. Ho=H, + Ht4 o Eo=  2.106 — 0.0391 pH + 0.0501 log —1*
Py,
P
10. H, +2H,0 =0; +G6H++ 6e— E;= 0.819—0.0391 pH + 0.0098 log 0.
PH,
' P
1", 0: + H0 =0; +2H+42e- E,= 2.076 —0.059 pH +o.0293103;-%
0.
2.2.2. Limits of the domains of relative predominance of H,, O, and O,
9. H, /H, E,= 2.106 —0.0391 pH
10°. H, /O, E,= 0.819—0.0391 pH
1. 0; [0s E;= 2.076 —0.0391 pH
2.3. ONE DISSOLVED SUBSTANCE AND ONE GASEOUS SUBSTANCE(®)
12. H,0 =H,0 logpy, o =—1.303
(3. H,=H+ + e Eo=—2.106 —0.0391 pH — 0.0891 log pyy
14. H,=2H+ +2e~ E,= 0.000 —0.0391 pH—0.0292’)10{;'}7]_12
13, 2H,0 = 0, + fjH++ je— Eo= 1.228 —0.0591 pH + 0.0447log py
16. 3H;0 =03 +6H++6e— Eo=1.501 —0.0591 pH + 0.0098 log p5

3. EQUILIBRIUM DIAGRAMS AND THEIR INTERPRETATION ()

3.1. ESTABLISHMENT OF THE DIAGRAMS

Using formulae (1')—(8’) we have represented in Fig. 1 the domains of relative predominance of
the dissolved substances H™, H*, OH~, H,0, and HO53 ; using formulae (10') and (11') we have
represented in Fig. 2 the domains of relative predominance of the gaseous substances H,, O, and O,
(no domain of predominance exists for H,). Using formulae (14) and (15) we have represented, notably
in Figs. 3, 4 and 5, the domain of stability of water under atmospheric pressure (Fig. 3), the atid, alkaline,

(%) For further details, see loc. cit. [3] and [4].
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oxidizing and reducing media (Fig. 4) and the values of rH and rO for aqueous solutions (Fig. 5).
Finally, using all the formulae (1)—(16) we have represented in Fig. 6 all the oxidation and reduction
reactions of water that are considered in this study.
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3.2. THERMODYNAMIC STABILITY OF WATER

In each of the Figs. 1-6, and notably in Fig. 3, we have drawn two parallel lines of slope —0-0591,
labelled with the letters a and b, which represent respectively the equilibrium conditions of the reduction
of water (or its H* ions) to gaseous hydrogen (reaction 14) and the oxidation of water to gaseous
oxygen (reaction 15), when the partial pressure of hydrogen or oxygen is 1 atm. at 25°C.
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FIG. 5. rH and rO of aqueous solutions.

The equations of these two lines, obtained by equating to zero the term log py, of relation (14)
and the term log po, of relation (15), are respectively:

(a) reaction Hy=2H+ +2¢=: Ey=o0.000—0.0591 pH;
) reaction 2H,0 =0, + jH++ fe—: E,=1.228 —0.0591 pH.

In the portion of Fig. 3 below line (a), the equilibrium hydrogen pressure is above 1 atm., and water
under atmospheric pressure therefore tends to be reduced with the evolution of hydrogen, becoming
alkaline, according to the reaction

al+42¢— = I, (1%) or 2H, O +2e— - I,+20H-.

In the portion of Fig. 3 above line (b), the equilibrium oxygen pressure is above I atm., and water
under atmospheric pressure therefore tends to be oxidized with the evolution of oxygen, becoming
acid, according to the reaction

2,0 > Q.+ 4H+4fe— (138).
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Between the two lines (a) and (b) in Fig. 3, the equilibrium pressures of hydrogen and oxygen
are both below 1 atm.; the region included between these two lines is therefore the domain of thermo-
dynamic stability of water under a pressure of 1 atm. Water will be thermodynamically stable in this
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FIG. 6. Reduction and oxidation equilibria of water, with the formation of H,, H;, O,, O3, H,0, and HO;.
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domain alone; this is true, not only for pure water, but also, to a first approximation,(*) for the water
present in dilute aqueous solutions. Since, by definition, all aqueous solutions contain water, this
domain of stability of water is important for all of them; for this reason we shall reproduce its limits
(a) and (b) in all the potential-pH diagrams that we establish.

3.3. ACID AND ALKALINE MEDIA. OXIDIZING AND REDUCING MEDIA; tH AND rO. ABSOLUTE
NEUTRALITY OF AQUEOUS SOLUTIONS

As is expressed by relation (1) above, water dissociates into H* and OH ™ ions according to the
reaction H,O = H* + OH™ (1) whose equilibrium state, at 25°C, is

((H*).(OH7))=10""*°  or  log(H") + log(OH") = — 1400
or, by putting :
pH = —log(H*), log(OH™)= — 1400 + pH.
It will be recalled that solutions are neutral, acid or alkaline depending on whether we have
pH = 700 or (H")=(OH") (neutral solutions),

pH < 700 or (H*) > (OH") (acid solutions),
pH > 7700 or (H*)<(OH™) (alkaline solutions).

The vertical line pH = 7 drawn in Fig. 4 therefore separates a domain in which there is a pre-
dominance of H* ions over OH ™ ions (acid solutions) from a domain in which there is a predominance
of OH™ ions over H* ions (alkaline solutions).

Another consideration is that water and its constituents can be reduced with the evolution. of
hydrogen, or oxidized with the evolution of oxygen, according to the reactions

2H* + 2¢~ — H, (reduction) and 2H,0 — O, + 4H™ + 4e~ (oxidation).
The equilibrium conditions of these reactions at 25°C are respectively:

E, = 0:000 — 0:0591 pH — 00295 log pyr,,  (14)
Eo = 1228 — 00591 pH + 00147 log po,.  (15)

If, in the same way that we have put
pH =— log (H+)
we put

rH = — log py, and rO = — log po,,

the two equilibrium reactions (14) and (15) can be written respectively

Eo, = 0000 — 00591 pH + 00295rH, (14)
E, = 1228 — 00591 pH — 0-0147r0.  (15)

Now, in the same way that water can dissociate into H* and OH~ ions according to the reaction
H,0 = H* + OH™ and is considered neutral from the acidity/alkalinity point of view if (H*) = (OH "),

(*) More exactly, the lines (a) and (b) are practically valid for solutions in which the free enthalpy of formation of the water
Ku,o is practically equal to the free enthalpy of formation of pure water, that is — 56 690 cal. at 25°C. For most aqueous solutiqns
o is below this value; this causes an increase in the stability of the water which is shown by an enlargement of its domain of
stability in Fig. 1. This increase in stability of water when certain substances are dissolved in it shows itself in an analogous
way as a function of the temperature, by an elevation of the boiling point (connected with a reduction of the vapour pressure)
and by a depression of the freezing-point. Loc. cit. [3], pp. 12 and 13.
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water can decompose into gaseous hydrogen and oxygen according to the reaction 2H,0 = 2H, + O,,
and may be considered neutral from the oxidation/reduction point of view if py, = 2po,, i.e. if

log pu, = log po, + log 2 = log po, + 0-30,
ie. if
rH = rO - 0-30.
If we combine this equation with the equations

E, = 0000 — 00591 pH + 00295 rH,  (14)
E, = 1228 — 00591 pH — 00147 1O,  (15)

we obtain, as the condition for the neutrality of water from the oxidation/reduction point of view
E, = 0-813 — 0-0591 pH or rH = 27-56 or rO = 27-86.

By combining these relations with the relation pH = 7:00 which expresses the neutrality of an
aqueous solution from the acidity/alkalinity point of view, we obtain the following characteristics for
the condition of absolute neutrality of a dilute aqueous solution, at 25°C:

pH =700, rH=2756, rO=2786 E,= +04 V.

However, although the concept of neutrality from the acidity/alkalinity point of view has a great
practical interest, the concept of neutrality from the oxidation/reduction point of view is of principally
academic interest. rH, which is widely used in biological chemistry, is connected with pH and electrode
potential E (calculated in voits with respect to the standard hydrogen electrode) by the following relation,
valid for 25°C:

rH =339E + 2pH - (14")

The neutrality characteristics that we have just defined enable a potential-pH diagram to be
divided into the following four regions, shown in Fig. 4:

top left: oxidizing acid media;
bottom left: reducing acid media;
bottom right : reducing alkaline media;
top right:  oxidizing alkaline media.

3.4. DECOMPOSITION OF WATER. FORMATION OF HYDROGEN, OXYGEN, OZONE AND HYDROGEN PEROXIDE

In the portion of Fig. 6 below line (a), relating to the equilibrium of the reaction H, = 2H* + 2¢~
(14) for a hydrogen pressure of 1 atm., it is thermodynamically possible to reduce water with the evolution
of diatomic gaseous hydrogen at atmospheric pressure. This can be done using an electrolytic cathode
or by the action of sufficiently powerful reducing agents, such as metals with low electrode potentials
(iron, zinc, magnesium, sodium, etc.).

For electrode potentials below those indicated by lines (3') and (4'), negative hydrogen ions H™
can theoretically be formed; at very low potentials, below those indicated by the family of lines (13),
it is theoretically possible for monatomic gaseous hydrogen to be evolved with an appreciable partial
pressure, the equilibrium proportion of H, with respect to H,, calculated from equation (9), remaining
extremely small, however (of the order of 10~ 79).

In the portion of Fig. 6 above line (b), relating to the equilibrium of the reaction 2H,0 = O,
+ 4H™ + 4e” (15) for an oxygen pressure of I atm., it is thermodynamically possible to oxidize water
with the evolution of diatomic gaseous oxygen at atmospheric pressure. This can be done by means of
an electrolytic anode or by the action of sufficiently powerful oxidizing agents (permanganate, fluorine,
etc.).
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For electrode potentials above those indicated by the family of lines (16), it is theoretically possible
for triatomic gaseous oxygen (0zone) to be evolved with an appreciable partial pressure, the equilibrium
proportion of O with respect to O,, calculated from equation (11), remaining very small, however
(of the order of 107! to 107 '4). At potentials above those indicated by the family of lines (5-6), the
evolution of gas may be accompanied by the formation of hydrogen peroxide and its ion HO; .

Let us consider, as an example, the action of fluorine on water. As will be shown in section 20.1,
concerning fluorine, the stable form of fluorine for potentials corresponding to the families of lines
(14), (15) and (5-6) of Fig. 6 are hydrofluoric acid HF and fluoride ion F~, with a possibility of the
formation of gaseous fluorine monoxide F,O at high potentials. Gaseous fluorine tends therefore,
in the presence of water, on the one hand, to turn into fluorine monoxide and hydrofluoric acid according
to the reactions

Fo+2e— -> 2F—
and Fo+H;0 - F.0 4+ 2H++2e—

overall reaction 2F,+H,0 - F,0+2F—+2H+
and, on the other hand, to be reduced according to the reaction
F;+ 2~ - 2F—.
Combining this last reaction with the three oxidations

2H,0 —» 0, +4H++ fe— (13),
3H,0 > O0; +6H++6e— (16)
and

2H,0 - H;0s+2H*++2¢e— (3),
this reduction of fluorine to fluoride gives rise to the following three simultaneous reactions:

2F;+2,0 > 0, <+ 4F—+4H+ (formation of hydrofluoric acid and oxygen),

3F.+3H,0 - 0. +6F-+6H+ (formation of hydrofluoric acid and ozone),

Fy+2H,0 > H,0,+2F—+ 2H+ (formation of hydrofiuoric acid and hydrogen peroxide).

As a result of this, the action of fluorine on water can give rise to the simultaneous formation
of fluorine monoxide, hydrofluoric acid, ozonized oxygen and hydrogen peroxide.

Some other considerations relating to the reduction and oxidation of water will be discussed
later, when we study hydrogen peroxide (section 1.2), hydrogen (section 2) and oxygen (section 19.1).
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1. SUBSTANCES CONSIDERED AND SUBSTANCES NOT CONSIDERED (%)

Considered Not considered #%cal.) Names
Liquid substance H,0 - — 56 690 Water
Dissolved substances H+ - 0 Hydrogen ion
(0] o - — 37393 Hydroxide ion
H, 0. - — 31470 Hydrogen peroxide
HO3 - — 136410 Hydrogen peroxide ion
- OH 8530 Hydroxyl
- ) HO, 3000 Hydrogen peroxyl
- N 13 000 Hyperoxide ion
Gaseous substances 0. - 0 Natural oxygen
- 0; 39 060 Ozone

These free enthalpy values are all due to W. M. Latimer.

2. REACTIONS AND EQUILIBRIUM FORMULAE

2.1. TWO DISSOLVED SUBSTANCES(¥)

2.1.1. Relative stability of water, hydrogen peroxide and the HO; ion

— - -+ o (HO;) = — )
1. HQOZ—HOZ + H v loam— 11.63-%—[)11
2. 2H,0 = H,0,+2H++ 2¢— Ey=1.776 — 0.0391 pH + 0.0293 log (H,0;)
3. 2H,0 = HO3 + 3H++2¢— Eo=2.119 — 0.0886 pH + 0.0293 log (HO3)

2.1.2. Limit of the domains of relative predominance of H,0, and HO;

1. H,0,/HO3 pH = 11.63
2.2. ONE DISSOLVED SUBSTANCE AND ONE GASEOUS SUBSTANCE

Relative stability of oxygen, hydrogen peroxide and the HO3 ion

P
4. H.0.= 0y +2H*+2e- Eo = 0.682 — 0.0591 pH -+ 0.0205 log ryr i
(H,0,)
. p02
5. HO; = 0; + Hv+2e~ Ey=0.338 — 0.0295 pH + 0.0293 log o=
2

3. EQUILIBRIUM DIAGRAM AND ITS INTERPRETATION

3.1. ESTABLISHMENT OF THE DIAGRAM

107

The electrochemical equilibrium diagram 1 was constructed by means of equilibrium formulae
1-5. This diagram comprises two families of lines, relating respectively to certain fixed values of the
concentration of hydrogen peroxide in the forms H,0, and HO; (2 and 3) and to certain fixed values

Po, (4 and 5).

f .
of the ratio (H,0,) + (HO?)

(*) The radicals OH and HO,. which are not considered here. are discussed in a previous study [1].
(*)In the following equations we have, with a view to simplification. taken water to be the solvent.
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3.2. FORMATION OF HYDROGEN PEROXIDE
Oxidizing and reducing properties; decomposition of hydrogen peroxide

It is well known that hydrogen peroxide can be prepared by the low temperature electrolysis
of sulphuric acid solutions using a platinum anode; it is also formed, in small quantities, when certain
metals (zinc, aluminium) corrode in aqueous solution.
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FIG. 1. Potential-pH equilibrium diagram of the system hydrogen peroxide-water, at 25°C.

In the first case, the hydrogen peroxide is formed by the oxidation of water according to the reaction
2H,0 - H,0, + 2H™ + 2¢” (2) at electrode potentials corresponding to the portion of Fig. 1 above
the family of lines (2-3). In the second case, it is formed by the reduction of oxygen dissolved in the
solution, according to the reaction O, + 2H™ + 2¢~ — H,0, (4) at electrode potentials corresponding
to the portion of Fig. 1 below the family of lines (4-5).

As shown in Figs. 2 and 3, these two families of lines enable us to represent, on the one hand,
domains in which hydrogen peroxide can be formed by the oxidation of water (Fig. 2) or by the reduction



HYDROGEN PEROXIDE 109

of oxygen (Fig. 3), and, on the other hand, domains in which hydrogen peroxide can be reduced to
water (Fig. 2), or oxidized to oxygen (Fig. 3). Below the family of lines (2-3) (Fig. 2) hydrogen peroxide
can act as an oxidizing agent with the formation of water; for instance it oxidizes ferrous ions to ferric
ions according to the reactions

H, 0,4+ 2H+ 4+ 2¢— - 2H.0 (2)
and 2Fe++ —» aFet+++42e—

overall reaction H,0,+2H++ 2Fet+ > 2H,0 4+ 2Fe+++.
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Fi1G. 2. Formation of hydrogen peroxide by the oxidation FIG. 3. Formation of hydrogen peroxide by the reduction
of water. Oxidizing action of hydrogen peroxide. of oxygen. Reducing action of hydrogen peroxide.

Above the family of lines (4-5) (Fig. 3) hydrogen peroxide can act as a reducing agent with the
formation of oxygen; for instance it reduces permanganate to manganous ions according to the

reactions:
5H;0, - 50,+10H++10e" (4)
and 2MnO7+ 16H++106—~ - 2Mn+++8H,0

overall reaction 5H;0+2MnO7+6H+ — 50,4 2Mn+++ 8H,O0.

Hydrogen peroxide thus appears unstable and reducible to water below the family of lines (2-3)
(Fig. 2); it appears unstable and oxidizable to oxygen above the family of lines (4-5) (Fig. 3). If these
two families of lines are plotted on a simple diagram (Fig. 4) it is found that these two domains of
instability have a common area, in which hydrogen peroxide is doubly unstable and can decompose
into water and oxygen according to the reactions

H,0,+2H++2¢e~ > 2H,0 (2)
and 11,0, - Oy+2H*+2e—  (4)
overall reaction 2H.0, - 2H,0 + O,.

In the domain of double instability, and only in this domain, hydrogen peroxide can decompose
chemically into water and oxygen.

Consequently, if a solution of hydrogen peroxide is in contact with a metallic surface whose
electrode potential is situated in this domain of double instability, the hydrogen peroxide can decompose
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spontaneously into water and oxygen according to the reaction 2H,0, — 2H, + O,, and, conversely,
if hydrogen peroxide decomposes spontaneously into water and oxygen on a metallic surface, then
this surface must necessarily exert an electrode potential whose position on the diagram is situated
in the domain of double instability. We have here an example of the electrochemical catalysis of a
chemical reaction.

On the other hand, in the presence of metallic surfaces whose condition is represented by a point
not included in this domain of double instability, the decomposition of hydrogen peroxide into water
and oxygen is impossible: the hydrogen peroxide will either be practically stable; or else it will be
reduced to water (below this domain) or oxidized to oxygen (above this domain).
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FI1G. 4. Decomposition of hydrogen peroxide to  FIG. 5. Corrosion and passivation of iron by hydro-
water and oxygen. gen peroxide. Reduction and decomposition of
hydrogen peroxide by iron.
@ Iron in the presence of a solution of H,0, of 0-3 g/l. (corrosion).
O Iron in the presence of a solution of H,0, of 3-0 g/l. (passivation).

3.3. ACTION OF HYDROGEN PEROXIDE ON IRON

We have verified two of these facts in the particular case of the action of hydrogen peroxide
solutions on iron ([2], [3]): some piano-wires were put into two glass flasks containing respectively
a relatively dilute solution of hydrogen peroxide (0-3 g/l) and a relatively concentrated solution of
hydrogen peroxide (3-0 g/1).

After a few hours the pH of the solution and the electrode potential of the iron were measured,
and the state of the metal surface was noted. The conditions of pH and potential obtained were marked
on Fig. 5, a potential-pH diagram representing, on the one hand, the theoretical conditions of instability
and double instability of hydrogen peroxide solutions, and, on the other hand, the theoretical conditions
of corrosion, immunity and passivation of iron. A

We see in Fig. 5 that, for the relatively dilute solution of hydrogen peroxide, the point representing
the condition of the iron (E = —0-200 V; pH = 5-7) is situated in the domain of corrosion of iron
and in the domain of reduction of hydrogen peroxide ; therefore corrosion of the metal without evolution
of gas takes place according to the reactions:

Fe - Fetr++ae—
and H,Oy+2H++2e—~ - 2H,0

overall reaction Fe +H;0,+2H+ — Fe+r+-42H,0.
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For the relatively concentrated solution of hydrogen peroxide, the point representing the condition
of the iron (E = +0-720 V; pH = 3+4) is in the domain of passivation of iron and in the domain of
double instability of hydrogen peroxide; therefore passivation of the iron occurs without corrosion
(probably by the formation of a protective film of Fe,O3), and evolution of gaseous oxygen is noticed
on the suiface of the metal, resulting from the decomposition of hydrogen peroxide according to the
reaction 2H,0, - 2H,0 + O,. Moreover, it is noticed, after some time, and as a result of this decom-
position which causes a reduction in the concentration of hydrogen peroxide to below the critical
concentration necessary to ensure passivation of the metal, that the electrode potential of the iron
decreases abruptly and takes up a position, as in the previous case, in the domain of corrosion of iron
and in the domain of reduction of hydrogen peroxide. The evolution of oxygen is seen to stop, passiva-
tion ceases and the metal begins to corrode.
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1. SUBSTANCES CONSIDERED AND SUBSTANCE NOT CONSIDERED

Oxidation Considered Not considered 1°(cal.) Names
Number
@
Liquid substance —+1 H,0 - — 56 690 Water
Dissolved substances —1 - - 31900 Hydride ion
o - I, 4230 () Natural hydrogen
—+1 H* - 0 Hydrogen ion
» Ol- - — 37395 Hydroxide ion
Gaseous substances 0 11, - 48 575 Atomic hydrogen
» , - 0 Natural hydrogen

2. REACTIONS AND EQUILIBRIUM FORMULAE

2.1. TWO DISSOLVED SUBSTANCES
2.1.1. Relative stability of the ions H*, OH™ and H™

7 =—+1
1. H,0 =H+ + OH- log(OH—) = — 14.00 + pH
— 1>+ 1
2] —_—— 5 p— D — 49N 0N (HT)
2. H—= H~+ “+ 2 lo=—1.125 + 0.0295 Iog(H_)
o - " w1, (OH)
3. H=+ H,0 = Oll—+ 2lI++ 2e— Fo=—0.7{{ — 0.0591 pH + 0.0295 log G
2.1.2. Limits of the domains of relative predominance of the ions H*, OH™ and H™
. H+/0H~ pH =7.00
2. H—/l+ Eo=—1.125
3. H-/0OL- Ey=—0.711{ —0.0591 pH
2.2. TWO GASEOUS SUBSTANCES
2.2.1. Relative stability of H, and H,
, . cor 1o Hy
4. H, =, +H*+* 4+ e¢— Eo= 2.106 — 0.0391 pIf + 0.0591 log;——
H,
2.2.2. Limit of the domains of relative predominance of H, and H,
v 11, /I, E,= 2,106 —0.0591 pH
2.3. ONE DISSOLVED SUBSTANCE AND ONE GASEOUS SUBSTANCE
Solubility of hydrogen
0>+ 1°
5. ", =1- + e Ey=—2.106 — 0.0391 pll — 0.0591 log pyy
1
6. I, =»1~+ + e Eo= 0,000 —0.0391 pH — 0.0293 logp”.
— I-=>0 ‘
. . N I
7. oll-= 11, -+ 207" Fo=—2.25/ — 00295 log =

(%) Value calculated from the solubility of hydrogen in water at 25°C (1754 cm* | for pu, = laum.).
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3. EQUILIBRIUM DIAGRAM AND ITS INTERPRETATION
3.1. ESTABLISHMENT OF THE DIAGRAM

Using formulae (1)+(7) we have constructed the electrochemical equilibrium diagram Fig. 1.

On it we have represented the conditions of stability of the gases H, and H,, as defined by equations
(5) and (6) and also the domains of relative predominance of the ions H*, OH™ and H™, as defined
by equations (1')}3).
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FIG. 1. Potential-pH equilibrium diagram for the system hydrogen-water, at 25°C.
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3.2. FORMATION AND STABILITY OF DIATOMIC GASEOUS HYDROGEN

Diatomic gaseous hydrogen can theoretically be formed at atmospheric pressure by the reduction
of water at potentials below those indicated in Fig. 1 by line (a), which refers to the equilibrium of
reaction (6) in the particular case when py, = 1 atm. These conditions of potential can be obtained
either electrochemically (using appropriate cathodes), or chemically (using corrodible metals or other
reducing substances).

Hydrogen overpotentials. Exchange currents. As is well known, the degree of irreversibility of the
hydrogen evolution reaction 2H* + 2¢~ — H,, which can be represented by the “overpotential” of
this reaction, varies greatly with the nature and condition of the metal surface (or the surface of another
substance with electronic conduction) on which the reaction occurs.

As an example, some values of “hydrogen overpotentials” are given below. These values were
put forward by Thie! and Hammerschmidt in 1923, for twenty-two elements in the presence of a 1M
solution of H,SO,, at 25°C; the current densities to which these overpotentials correspond were not
indicated by the investigators. The elements are given an ‘‘order number” which classifies them in order
of increasing hydrogen overpotential (Table I).

TaBLE |

Hydrogen overpotentials in the presence of 1 M H,SO,
(after Thiel and Hammerschmidt [4])

1.Pd.......... 0.00000 V DoV 01352V 17, ASeeiniinn.. 0.369 V
2. Poooooaoia, 0.000002 100 NiooooooaaL L 0.1375 18, Bioo.oo.oooal. 0.588
3. Ru. ..l 0.00043 1. W 0.137 19. Ta. oo, 0.:39
A, Osooao 0.00148 12. Mo........... 0.168 20. Pb. ... 0.402
ST (P 0.002535 13, Caennnnn. .. 0.19 Y (TP 0.333
(P 0.00% The Sivoooiin... 0.192 Eo T | O 0.570
oAU 0.0163 15. Shoooooo... 0.233

8. Ng..... 0.097 16, G (..., 0.33%

Shown in Fig. 2 are the values, according to various investigators (Petcherskaia and Stender [1],
Ferguson [2], Knobel [3] and Iofa [13]), of the hydrogen overpotentials n of twenty-three metals
and metalloids, for various current densities, in the presence of a 1 M solution of H,SO,, i.e. the solution
considered by Thiel and Hammerschmidt, at 25°C(*). We have not made a critical examination of the
values given in Fig. 2, which is therefore given without prejudice; however, we point out that Tafel’s
law n = a — b log i, which seems to be valid generally for a given surface state, does not apply to
the values given for Te and Bi, nor to some of the values for Pb; these deviations are probably due to
the formation of hydrides.

For those cases in which the results of these determinations are in approximate agreement with
Tafel's law. we have determined, by linear extrapolation to an overpotential of zero, the logarithm
of the “exchange current™ log i, = «a b. i.e. the reaction current when the electrode potential of the
meta! is equal to the equilibrium potential of the reaction H, = 2H™ + 2¢~. Now the value of the
exchange current can be considered as being an absolute measure of the degree of irreversibility of this
reaction on the given electrode. The table below shows, on the one hand, the values of the exchange
currents deduced from Fig. 2 for nineteen metals (in the presence of 1 M H,SO,). and, on the other
hand. values of exchange currents given by Kortiim and Bockris [3] (in the presence of various solutions
of H,SO, and HCl. o'1 to 1 M). The metals considered have been classified approximately in decreasing

*)In the form of graphite.
*1 The overpotentials given by Iofa for Hg are for a ¢-05 M solution of H.SO, at 20 C.
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order of exchange current, i.e. approximately in increasing order of hydrogen overpotential. In order
to make a comparison between this classification and that of Thiel and Hammerschmidt, we have
put in the “order numbers” given in Table I, for the metals considered by these investigators.

TaBLE II

Logarithms of the exchange currents of the reaction H, = 2H"* + 2¢~

(A/cm?), from Fig. 2 (1t M H,SO,) and after Kortiim and Bockris [5] (various solutions, o:x M to 1 M H,S0,
and HCI; 5 M for W)

Fig. 2 KB Fig. 2 KB
Re —2:9® — 8. Ag =72 —37to —63
Pt (platinized) —34 -3 18. Bi — -7
1. Pd -36 — Sn -73 —
2. Pt —47 —-28 Zn -79 —
Ge —47 — 15. Sb -89 —
7. Au -50 -6 Be — -9
Cd -53 — 19. Ta -91 =
11. W —56 -6 Al -95 —
Fe —-58 —_ Nb — -11
Co -61 — 22. Hg —-126 —112to —-123
12. Mo —-62 — 20. Pb — —127
10. Ni —-63 —54 to —60 Ti — —16
13. Cu —-65 -8

An examination of the order numbers indicated above shows that, with the exception of Ag, this
classification by exchange currents is practically in agreement with the classification of Thiel and
Hammerschmidt by overpotentials. Systematic studies of the exchange currents of the reactlon
H, = 2H* + 2¢7, and also of other electrochemical reactions would be of great value.

It follows from Tables I and II and Fig. 2 that the reduction of water to diatomic gaseous hydrogen
H, takes place practically without overpotential for Re(?), platinized Pt, Pd, Pt, Ru, Os, Ir, Rh. This
reduction takes place with a relatively small overpotential for Ge, Au, Cd, W, Fe; it takes place with
a relatively large overpotential for Co, Mo, Ni, Cu, Bi, Sn, Zn; it takes place with a large overpotential
for Sb, Be, Ta, Al, Nb, Hg, Pb and TL

In paragraphs 3.3, 3.4 and 3.5, we shall discuss some consequences of these important properties.

3.3. HYDROGEN ELECTRODES FOR THE MEASUREMENT OF pH

In the presence of noble metals having an overpotential of practically zero, i.e. the six metals of
the platinum group (Ru, Rh, Pd, Os, Ir, Pt), the equilibrium state of the reaction H, = H* + 2¢~
is easily attained experimentally. If these metals are saturated with hydrogen at atmospheric pressure
in a solution free from oxidizing and reducing agents, they exert an electrode potential equal to the
equilibrium potential of the reaction H, = 2H™ + 2¢™. This potential depends linearly on the pH
according to the equation E, = 0000 — 0-0591 pH (volt), at 25°C, and the value of the pH of the
solution can therefore be deduced from the value of the potential of the hydrogen electrode (in milli-
volts) using the relation pH = —16'92 E. .

Of these metals, those in which hydrogen is very ‘soluble (Ru, Pd, Os) can be used as electrodes
for the measurement of pH without it being necessary to maintain them permanently in a current of
hydrogen; it is sufficient to saturate them with hydrogen before they are put in the solution to be
examined, and possibly resaturate them periodically, for them to give exact results. This is well known
in the case of palladium.

(°) This exchange current value for Re seems subject to caution.
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3.4. REALIZATION OF POWERFUL ELECTROCHEMICAL REDUCTIONS

If we cathodically polarize metals which have a low hydrogen overpotential (for example, metals
of the platinum group) with an increasing current intensity, only a small polarization is necessary for
evolution of hydrogen to occur at the metal surface. The electrode potential of the cathode is maintained
at relatively high values; the reducing power of these cathodes is therefore relatively feeble.

If, on the other hand, we cathodically polarize metals which have a large hydrogen overpotential
(e.g., mercury, zinc or lead) we can obtain a large polarization without evolution of hydrogen occurring.
The electrode potential of the cathode can reach low values at which powerful reductions can take place.
Using such cathodes, it is theoretically possible to bring about all those reductions whose “‘reduction
potential”’ (°) is above the potential at which hydrogen begins to be evolved. It is this property, together
with the liquid state of the metal, that enables mercury to be used in polarography.

This is true, not only for uncorrodible noble metals or slightly corrodible ones (mercury) in which
case these reductions are the only reactions that take place, but also for corrodible non-noble metals
(zinc, aluminium) in which case, depending on whether the potential of the metal is above or below
its corrosion potential, these reductions may or may not take place simultaneously with corrosion
reactions. By judicious regulation of the electrode potential of the metal used as the cathode or as the
chemical reducing agent, and by the possible use of substances capable of forming oxidation-reduction
systems (salts of Ti, V, Cr, Fe, Ce) or of being reduced with the formation of hydrides (As, Sb, etc.)
it is possible to control the nature and yield of the reduction reactions.

Examples of such procedures are well known, for instance in the reduction of nitrobenzene

([7], pp. 184-204; [8], p. 396).
3.5. CORROSION OF METALS WITH THE EVOLUTION OF HYDROGEN
It is well known that chemical metal corrosion reactions with the evolution of hydrogen, such as

Fe +~2H+ = Fe+r++H, Zn+2H+ - Zn++4 I, Pb +2H+ - Pb+++ H,

result from the combination of two electrochemical reactions

Fe - Fetr++2e— /n > Zn+t+42e- Pb - Pb*++4-2e—
2H++2e— > H, 2H++2¢e— —»> H, 2H++ 2~ - H,
Fe +2H+ > Fe+++H, Zn+2H+ —-> Zn++4 H, Pb+2H+ - Pb+++H,

The rate of these corrosion reactions depends, on the one hand, on the affinity of the reaction
(which can be reckoned in volts by the difference between the equilibrium potentials of the two com-
ponent electrochemical reactions), and, on the other hand, on the degree of irreversibility of these
two electrochemical reactions (which, for each of these reactions, can be calculated from a polarization
curve, which gives overpotential values as a function of the reaction current density).

Figure 3 represents schematically such polarization “‘curves” for Fe, Zn and Pb, for the hypo-
thetical case of perfect solutions of pH = 0-0 containing o010 g-at of dissolved metal per litre. Table III
shows the characteristics assumed for the hydrogen evolution reaction 2H* + 2¢~ — H, at the surface
of these three metals(’) and for the dissolution reactions Me - Me** + 2¢~ of these metals(®); this
table also shows the resulting characteristics for the reactions of corrosion of these metals with the

(®) It will be recalled that, on Van Rysselberghe’s recommendation, we denote by the “reduction tension” of a reaction
that electrode potential below which the reaction occurs in the reduction direction with an appreciable rate (e.g. 107% to
10”¢ A/em? [6)]).

(7) The exchange currents and Tafel formulae indicated for these reactions are deduced from Fig. 2

(®) We have evaluated the exchange currents and Tafel formulae indicated for these reactions using experimental results
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evolution of hydrogen, Me + 2H* — Me** + H,. These characteristics, according to Wagner and
Traud [11], are those of the points where the ‘“curves” of cathodic polarization 2H* + 2¢” — H,
meet those of anodic polarization Me - Me** + 2¢~ for a given metal.

Reaction equilibrium Hy=2H*+2 e-

n ge
n in
g -t 0P -2 -1 01,
(volt) 0 T / T
- React ilibrium Pé=Po™%2 o
eaction equilibrium Pb= e
~02 {02
-03 | reaction Fb+2H 1o Pbty ’ s 9 1-03
-o4l eaction Fez2H™ —>/Fe?'+Hp . {-ou
§ -05 Fe —>Fet’s 2e— Reaction equilibrium Fe=Fe*'+2e- {-as
1)
s -06} 4-06
g ol j
,_% -08}Zn—>Zn*% 2e- Reaction equilibrium ZnsZn*%2e~ -08
- 03 = i -0’9
-1L 1=
-1 4-1
\2r 4.2
_],3 L 1 [l 1 1 { X _1'3
-1 -10 -9 -8 -7 -6 -5 -4 -3 -2 -1 0 1

log < (A/em?)

FiG. 3. Corrosion of metals with the evolution of hydrogen (Fe, Zn, Pb) in the presence of a solution of pH = 0
containing 0-01 g-at of dissolved metal per litre.

TasBLE III

Characteristics of the reactions 2H* + 2¢~ —» H,, Me - Me** + 2¢~ and Me + 2H* - Me** + H, relating
to the behaviour of Fe, Zn and Pb in the presence of a solution of pH = o containing o0-o1 g-at of dissolved metal
per litre (from Fig. 3)

Fe Zn Pb
Characteristics of the reaction 2H* + 2¢~ = H,
Equilibrium potential (E, volt) 0-000 0000 0-000
Log exchange current iy (A/cm?) — 585 - 795 - 1035
Tafel formula: value of 7 (volt) —072 - 0123 log i —134 — 0169 log i —074 — 00715 log i
Characteristics of the reaction Me - Me** + 2¢~
Equilibrium potential (E, volt) - 0-500 - 0822 — 0185
Log exchange current i (A/cm?) - 460 — 340 — 340
Tafel formula: value of 5 (volt) 1449 + 0-328log i 1-12 4+ 0340 log i 0-80 + 0-246log i
Characteristics of the reaction Me + 2H* — Me** + H,
Corrosion affinity (V/g-at of metal) 0-500 0-822 0-185
Corrosion potential (E, volt) -0-250 —0-755 —0-185
Corrosion rate: log i (A/cm?) —383 —343 —845
Corrosion rate: (mm/year) 80 166 0-003

obtained by Bonhoeffer [9] concerning the behaviour of iron in 0-5 M H,SO, solution and by Piontelli and Poli [10] concerning
the behaviour of zinc in SO; ~ solution and lead in ClO; solution.

The exchange currents and Tafel formulae values assumed here are given purely as a guide, without committing ourselves.
Systematic research into this subject would be useful.
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Figure 3 and this table show that iron will corrode rapidly in the solution considered, at an electrode
potential (—o-250 V) very appreciably greater than the equilibrium potential of the corrosion reaction
(—o0-500 V). Although the affinity for corrosion with the evolution of hydrogen is very much greater
for zinc (o 822 V/g-at of metal) than for iron (0500 V/g-at of metal) and although the corrosion reaction
for zinc is clearly less irreversible than the corrosion reaction for iron (the values of the exchange
currents assumed here are 10~ 34% A/cm? for zinc and 10~4%° A/cm? for iron), the corrosion rate for
zinc will be only slightly greater than the corrosion rate for iron; this is due to the fact that the hydrogen
overpotential for zinc is very appreciably greater than that for iron ; on account of this large overpotential
the electrode potential of corroding zinc (—o0-755 V) will be only slightly above the equilibrium potential
of the corrosion reaction (—0-822 V).

With regard to lead, Fig. 3 and Table III show that its corrosion will be very small, on account
of the small reaction affinity (0-185 V/g-at of metal) and the large hydrogen overpotential for lead.
Because of this large overpotential, the electrode potential of lead will be practically equal to the
equilibrium potential of the corrosion reaction (—o0-185 V).

3.6. DIFFUSION OF HYDROGEN INTO IRON AND PICKLING EMBRITTLEMENT

When iron corrodes in a solution of sulphuric acid whose pH is in the neighbourhood of 1 to 2,
it exerts an electrode potential of about —o-25V. Figure 1 and formula (6) show that, under these
conditions, the equilibrium pressure of diatomic hydrogen reaches considerable values, of the order
of 104, i.e. 250 000 atm. This pressure can be even more considerable if the iron is used as an electrolytic
cathode in which case the electrode potential is appreciably lower.

This can have the effect of greatly supersaturating the metal with hydrogen, whlch if it is evolved
at grain boundaries or in rifts, or underneath a protective covering (paint or galvanic deposit, for
instance), can cause embrittlement of the metal as pointed out by G. Chaudron), or a lack of adherence
of the covering.

3.7. CONDITIONS FOR THE FORMATION OF MONATOMIC GASEOUS HYDROGEN

Figure 1 shows that monatomic gaseous hydrogen can be formed by the reduction of water and
have an appreciable partial pressure only at very low electrode potentials, in the neighbourhood of
those corresponding to the family of lines (4); for these electrode potentials the equilibrium pressure
of H, is very considerably greater than the equilibrium pressure of H;.

Monatomic gaseous hydrogen H,; can be predominant with respect to diatomic gaseous hydrogen
H, only at very high electrode potentials, above those indicated by line (4'). The equilibrium partial
pressures of these gases are then so small (10~ 7! atm.) that this line (4') loses all practical interest.
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LITHIUM

Solid substances

Dissolved substance

SODIUM

Solid substances

Dissolved substance
POTASSIUM

Solid substances

Dissolved substance

RUBIDIUM
Solid substances

Dissolved substance

CAESIUM
Solid substances

Dissolved substance

LITHIUM, SODIUM, POTASSIUM, RUBIDIUM, CAESIUM 123

Oxidation
Number
()

-1

+1
+1
+2

+1

—1

+1
+1
+2

+1

-1

+1
+1
+2
+3
+4

+1

-1

+1I
+1
+2
+3
+4

+1

—1

+1I
Tl
+2
+3
+4

+1

1. SUBSTANCES CONSIDERED

Considered

LiH
Li
Li;O
LiOH

Li+

NaH
Na
Nago
NaOH
Nazoz

Na+

KH

K,O

KOH
K;0,
K;0;
Kz Ob

K+

RbH
Rb
Rb,0
RbOH
Rb, 0,
Rb, O,

Rb+

CsH
Cs
Cs,0
CsOH
CSg 03
Cs;0;
c32 04

Cs+

#°(cal.)

— 16720

0
—133 900
— 103 900
—135 000

— 70220

— 102 800

— 62389

— 76200
— 89300
— 100 100
— 100 000
— 99600

— 67 460

— 7300

— 69300
— 87100
— 83600
— 92400
— 94600

— 67430

— 78200
— 86100
— 92300

— 67410

Name, colour, crystalline
system

Lithium hydride, grey—white, cub.

Lithium, silvery white, b.c. cub.

Lithium monoxide, white, cub.

Lithium hydroxide, white translucent, quad.
Lithium dioxide, white

Lithium cation, colourless

Sodium hydride, grey-white, cub.
Sodium, silvery white, b.c. cub.
Sodium monoxide, white, cub.
Sodium hydroxide, white, cub.
Sodium peroxide, light yellow, quad.

Sodium cation, colourless

Potassium hydride, white, cub.
Potassium, silvery white, b.c. cub.
Potassium monoxide, light yellow, cub.
Potassium hydroxide, white, orthorh.
Potassium dioxide, white

Potassium trioxide, red

Potassium tetroxide, yellow, quad.

Potassium cation, colourless

Rubidium hydride, white, cub.
Rubidium, silvery white, b.c. cub.
Rubidium monoxide, straw yellow, cub.
Rubidium hydroxide, white, rhomb.
Rubidium dioxide, yellowish white, cub.
Rubidium trioxide, black

Rubidium tetroxide, deep orange, quad.

Rubidium cation, colourless

Caesium hydride, white, cub.
Caesium, pale yellow, b.c. cub.
Caesium monoxide, orange, rhomb.
Caesium hydroxide, white

Caesium dioxide, yellowish white
Caesium trioxide, black

Caesium tetroxide, brown, quad.

Caesium cation, colourless
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2. REACTIONS AND EQUILIBRIUM FORMULAE
Lithium
2.1. TWO SOLID SUBSTANCES
Limit of the domains of relative stability of the solid substances

—1>0
1. LiH =Li +H++ ¢ Eo= 0.726 —0.0391 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of the solid substances

—T=>+1
9. LiH =Li+ + H++ e o=—1.161 — 0.0295 pH + 0.0293 log (Li+)
0—=>—+1
3. Li =L+ + e 2, =— 3.043 + 0.0391 log (Li+)

Sodium
2.1 TWO SOLID SUBSTANCES

Limit of the domains of relative stability of the solid substances

—1->0
1. NaH = Na + H++ e~ E,= 0.390 —0.0591 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of the solid substances

—1>+1
2. NaH = Na+ + H++2¢— Ey=—1.162 — 0.0293 pH + 0.0293 log(Na+)
0> —+1
3. Na = \Na+ + e~ E,=—2.714 + 0.0591 log (Na+)

Potassium
2.1. TWO SOLID SUBSTANCES

Limit of the domains of relative stability of the solid substances

—1>0
1. KH =K +I1l++ ¢ E,= 0.386 —0.0391 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of the solid substances

—1>+1
2. KH =K+ +H++2e Eo=— 1.270 — 0.0293 pH + 0.0293 log (K+)

0—>—+1
3. K =K- + e E, = — 2.924 +0.0391 log (K+)
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Rubidium
2.1. TWO SOLID SUBSTANCES

Limit of the domains of relative stability of the solid substances

—1->0
1. RbH = Rb +~ H++ ¢~ E,= 0.317—0.0591 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of the solid substances

—1>+1

2. RbH = Rb++ H++2¢— E,=— 1.304 — 0.0293 pH + 0.0293 log (Rb+)
0—>+1

3: Rb = Rb+ + e~ Ey=—2.923 —+ 0.0391 log (Rb+)

Caesium
2.1. TWO SOLID SUBSTANCES

Limit of the domains of relative stability of the solid substances

—1>0
1. CsH =Cs +H++ e— Ey= 0.317 —0.0591 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of the solid substances

—I>+1 . :
2. CsH =Cs+ + Ht+ 2 Ey=—1.304 — 0.0293 pH + 0.0293 log (Cs+)
0>+1
3. Cs =0Cst + e~ By=—2.923 + 0.0391 log(Cs+)

Since the oxides, hydroxides and peroxides of the alkali metals are all very soluble in water, we
have not established any formulae relating to their stability conditions in the presence of aqueous
solutions.

3. EQUILIBRIUM DIAGRAMS AND THEIR INTERPRETATION
3.1. ESTABLISHMENT OF THE DIAGRAMS

Using the formulae above, we have constructed Figs. 1-5 which represent the conditions of
thermodynamic equilibrium, at 25°C, of the systems lithium-water, sodium-water, potassium-water,
rubidium-water and caesium-water, considering the simple ion of the metal {e.g. Li*) as a dissolved
substance; no solid oxides or hydroxides can be represented on these diagrams on account of their
great solubilities. We have, however, considered the solid hydrides LiH, NaH, KH, RbH and CsH.

These figures are valid only in the absence of substances capable of forming soluble complexes
or insoluble compounds with the metals. However, according to Charlot [1], these metals form prac-
tically no complexes, and very few insoluble compounds.

They are, nevertheless, soluble in mercury, with which they form amalgams; the presence of
mercury therefore necessitates important modifications to these diagrams which are of conmderable
practical interest; an example, for sodium, is given below.
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3.2. STABILITY AND FORMATION OF THE ALKALI METALS

The alkali metals, as well as the alkaline earth metals, exert extremely low solution potentials.
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Fi1G. 1. Potential-pH equilibrium diagram for the system lithium-water, at 25°C.

As the whole of their domain of stability, in Figs. 1-5, is situated very much below the domain of
stability of water, these metals are extremely unstable in the presence of aqueous solutions of any pH.
The oxides, being very soluble, cannot produce any passivation, and the metals decompose aqueous
solutions very vigorously, with the evolution of hydrogen; in the case of potassium, rubidium and
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caesium this decomposition is so violent that, in the presence of air, the hydrogen ignites spontaneously
and an explosion often occurs.

On account of their great instability, the alkali metals cannot be separated electrolytically from
aqueous solutions of their salts, except when a mercury cathode is used, in which case the metals
dissolve in the mercury to form amalgams.
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F1G. 2. Potential-pH equilibrium diagram for the system sodium-water, at 25"C.

3.3. STABILITY AND FORMATION OF THE HYDRIDES OF THE ALKALI METALS

On examination of Figs. 1—5 we notice at once that the alkali metal hydrides are much less unstable
in the presence of water than are the alkali metals themselves. Although they react vigorously with
water forming hydrogen, the alkali metal hydrides are perfectly stable in the absence of water and
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oxygen. Lithium hydride, which is a compound of two light and very easily oxidizable elements in a
relatively stable form, is an extremely powerful fuel; its enthalpy of combustion to solid Li,O and
gaseous H,O by the reaction 2LiH + O, = Li,O + H,O, is 78 490 cal./mole, which corresponds
to a calorific value of 9 goo ooo cal./kg. :
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FIG. 3. Potential-pH equilibrium diagram for the system potassium-water, at 25°C.

34. STABILITY OF SODIUM AMALGAMS

The alkali metals are partially soluble in mercury with the formation of amalgams. Dissolution
of the metals in mercury is accompanied by a reduction in free enthalpy. As this variation in enthalpy is
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not known with great certainty, we cannot accurately establish the equilibrium conditions relating to
the oxidation of the metals dissolved in mercury to metal ions in aqueous solution.

However, M. Dodero, C. Desportes and R. Mayoud [2] have plotted, on a potential-pH diagram,
a certain number of lines giving the equilibrium potential of sodium in amalgams of various concen-
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FIG. 4. Potential-pH equilibrium diagram for the system rubidium-water, at 25°C.

trations from 0-00001 to 0-74 per cent sodium (this last value corresponds to saturation with sodium).
These lines, which refer to a solution of NaCl containing 1-84 g-ion Na/l (ie. 108 g NaCl/l), were
deduced from the equation

E, = —271 + 00591 log ay,. — 0-0591 log ax,.
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in which ay,+ and ay, represent respectively the activity of Na* ions in the solution and the activity
of Na atoms in the mercury.

By plotting these lines on the equilibrium diagram in Fig. 2, we obtain Fig. 6 [after omitting line
(3) concerning the metastable equilibrium of metallic sodium]. This shows, as a function of the pH,
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FiG. 5. Potential-pH equilibrium diagram for the system caesium-water, at 25 C.

the influence of the presence of mercury on the equilibrium potential of sodium in the presence of an
aqueous solution of NaCl containing 1-84 g-ion Na*/l.

From Fig. 6 it also follows that sodium amalgams are thermodynamically less stable than sodium
hydride NaH, so that sodium hydride can theoretically be formed during the electrolysis of a sodium
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salt solution (e.g. NaCl), concurrently with the dissolution of sodium in the mercury and the formation
of amalgams.
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F1G. 6. Equilibrium potentials of sodium hydride and sodium amalgams (in the presence of solutions containing 108 g
NaCl/l), after M. Dodero, C. Desportes and R. Mayoud [2].
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1. SUBSTANCES CONSIDERED AND SUBSTANCE NOT CONSIDERED

Oxidation Considered Not considered u®(cal.)
Number
@
Solid substances — » - BeH, -
0 Be - 0
“+ 2 Be O hydr. - a. —140 650
» » ‘l)d r. - b. —1393510
» “»  anh. - c. —139 000
» » h_\'dl‘. - d. —-138 810
+ Be++ - — 83200
» Bce O+ - —218 000
» Be, 03~ - —298 000
» BeO;3- - —135 300
2. REACTIONS

2.1. TWO DISSOLVED SUBSTANCES

2.1.1. Relative stability of the dissolved substances

7 =+2
1.

2.

2.1.2. Limits of the domains of relative predominance of the

LZ=+2
.
Q.
A

J .

2".

oQm

=

Jd .

2Bet+ <+ H,0 = Be,O+++ 2H+ log (?i;:.?:;) B
2Be++ +3H,0= Be,O3;~ +6H~+ log ((i}:g.,.o—.:)—_.z =
Be++ +2H,0= BeO3— + 4H+ log (‘(BBL—T*;)) =
¢
__ (Be.037)
» O+ + < 9 = 2 U 4H+ & Be.O+x) —
Be,O+++2H,0 Be,O3;~ + 4H log {Be, 0++)
Be;03- + H.0 =2BeO3;~ +2H+ ‘"3%—%

Name, colour,
crystalline system

Beryllium hydride, white
Beryllium, steel grey, hex.
*“Precipitated”
beryllium hydroxide, white
B-Beryllium hydroxide, white,
orthorh.
Beryllium oxide, white, hex.
a-Beryllium hydroxide, white®®

Beryllium ion, colourless

? , colourless
“Diberyllate” ion, colourless
Beryllate ion, colourless

AND EQUILIBRIUM FORMULAE

=— 6.67 +2pH
=—31.16 + 6 pH
=— f;H .83 + 4 pH
—24.49 + 4 pH

=—32.35+2pH

dissolved substances

Be++  /Be,O++

Be++ /Be, O3~

Be++ /BeO3~

Be,O+ /Bes03~

Be, O3~ /Be O3~

Be++ /Be.03~ and BeOy,
Be++ /Be; O3~ and Be,

Be, 03~ /Be O3~ and Be

!}e &aQ

pPH= 3.34—0.500logC
pH= 3.19—0.167logC
pH= 7.96
pH= 6.12
pH = 16.18 + 0.500 logC

pH= 7.49
= 7.30
= 7.13
= 7.15
E, =—0.935—0.1772 pH

E, =—1.873—0.0591 pH

(%) These values correspond to the following values for the free enthalpy of formation of Be(OH),:

a. precipitated Be(OH),
b. p-Be(OH),
d. a-Be(OH),

—197 340 cal.
— 196200 c2l.
— 195 500 cal.
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2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of beryllium and its oxide and hydroxides

0> 49
6. Be + H.0= BeO +:a2ll++ne- . Ey =—1.820—0.0591 pll
b. =—1.796—0.0591 pH
e =—1.785—0.0591 pHt
A, =—1.781—0.0391 pll

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE(®)
Solubility of beryllium and its oxides and hydroxides

a. In gram-ions per litre

1=+
7. Bet+ + H,O0= BeO -+ »H+ a. log(Bet+) = 0.91 —2pH
b. = 1.75— 2 pH
c. = 1.97 — 2 pH
d. = 2.26—2pH
8. 2BeO + H,0= Be,03;~ +2H+ a. log(Be,037)=—29.35+ 2 pH
b. =—27.67 +2pH
c. =—26.92+2pll
d. =—26.64+2pH
0>+ 2
9. Be = Bet+ “+ 2¢™ Ey, =—1.847 +0.0293log (Bet++)
10. 2 Be +31,0= Be 03~ +6H++ 4e E, =—1.387—0.0886 pH +0.0148log (Be, 03 ~)
11 Be +2H,0= BeO3~ + fjH*+ 20~ Ey =—0.909—0.1182 pH + 0.0293log(Be O3 ™)
b. In gram-atoms of beryllium per litre
L=+2
7. Bet+ /BeO a. logC=  0.91—2pH
b. = 1.75—2pH
c. = 1.97 —2pH
d. = 2.26—2pH
8. Be, U3~ /BeO a. logC =—29.05+ 2 pH
b. =—27.37 +2pH
o =—26.62+2pH
d. =—96.34+2pH
O—=>+2 ’
9. Be+r+  /Be E, =—1.847 +0.0293logC
0. Be. O3~ /Be Eo =—1.391 —0.0886 pH +0.0148logC
. BeO37~ /Be Eo =—0.909—0.1182 pH +0.0293log(.

3. EQUILIBRIUM DIAGRAM AND ITS INTERPRETATION

3.1. ESTABLISHMENT OF THE DIAGRAM

Using equations (1)<11') and (2”), (2") and (5”) we have represented: in Fig. 1 the equilibrium
diagram for the system beryllium-water, at 25°C, taking into account the crystalline hydroxide of variety
B; in Fig. 2 the theoretical conditions of corrosion, immunity and passivation of beryllium in the case

(%) The letters a, b, ¢ and d refer to the oxide and the three types of hydroxide of beryllium quoted in paragraph 1.
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of passivation by a film of 8-Be(OH),; and in Fig. 3 the influence of pH on the solubility of the oxide-
and the three types of hydroxide considered in paragraph I.
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FiG. 1. Potential-pH equilibrium diagram for the system beryllium-water, at 25°C. [Diagram established considering
B-Be(OH), .

These diagrams are valid only in the absence of substances with which beryllium can form soluble
complexes (citric, tartaric, oxalic and fluorine complexes, the complexons, and pyro-, meta- and poly-
phosphoric complexes) or insoluble compounds (oxinate, beryllium ammonium phosphate, etc.) [1].
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3.2. STABILITY AND CORROSION OF BERYLLIUM

As the whole of its domain of stability lies well below that of water, beryllium is theoretically a
very base metal; it is clearly a reducing agent, and very unstable in the presence of water and aqueous
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FiG. 2. Theoretical conditions of corrosion, immunity and passivation of beryllium, at 25°C [in the case of passivation
by the hydroxide f-Be(OH),].
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FIG. 3. Influence of pH on the solubility of BeO and its hydrates, at 25°C (approximate representation).

solutions. In the presence of acid solutions it vigorously decomposes water with the evolution of
hydrogen, dissolving as beryllium ions Be* * ; in the presence of strongly alkaline solutions, it dissolves
once again with the evolution of hydrogen, but this time gives rise to diberyllate ions Be,C5~ and
beryllate ions BeO; ~.
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In the presence of water or non-complexing solutions whose pH is about 4 to 6, beryllium can
theoretically become covered with a layer of oxide or hydroxide.

Figure 2, which is deduced from Fig. 1, represents the theoretical conditions of corrosion, immunity
and passivation of beryllium in the presence of solutions free from complexing substances and insoluble
salts.

In actual fact, the corrosion resistance cf beryllium is determined by the behaviour of the layer of
oxide (or hydroxide) with which it is almost .avariably covered. Water has no action, even when the
red-hot metal is treated with boiling water or steam, which must be due to the protective action of a
layer of oxide (or hydroxide), for a freshly filed oiece of metal maintained for a few hours in boiling
water becomes covered with bubbles of gas, aid \arnishes with increase of weight (Pascal [2]).

Dilute and concentrated solutions of hydrochleric acid and dilute solutions of sulphuric acid attack
beryllium with the evolution of hydrogen; weak organic acids such as acetic, citric and tartaric acids
attack beryllium initially, with the evolution of hydrogen, until a protective layer of Be(OH), is formed
(Pascal [2]).

Beryllium is a very powerful reducing agent, reducing warm concentrated sulphuric acid to SO,,
or even to S or H,S; with nitric acid it gives NO and NH,.

In agreement with Figs. 1 and 2, beryllium is fairly resistant to slightly alkaline solutions, of pH
below about 11; but it does not generally resist the action of very alkaline solutions; a 50 per cent
solution of potassium hydroxide (about 10''!% M) reacts in the cold, but heating is necessary for
evolution of hydrogen to be noticed with a 10 per cent solution (about 10°'® M). Beryllium is clearly
more resistant to alkalis than aluminium. It follows from Fig. 1 that, as is the case with all very base
metals, direct determination of the equilibrium potential of the reaction Be = Be*™* + 2¢~ using an
isolated beryllium electrode dipping into an aqueous solution of its salts is not possible, as the metal
corrodes with the evolution of hydrogen.

The cathodic protection of beryllium is probably impossible, because of the very low protection
potential (about —2 V)*. For the same reason, its electrolytic deposition cannot be brought about in
aqueous solutions; the classical process for the electrolytic separation of beryllium uses igneous
electrolysis (baths of chlorides and fluorides; graphite anodes and nickel cathodes).

3.3. STABILITY OF THE OXIDE AND HYDROXIDES OF BERYLLIUM

Beryllium oxide, or glucine, BeO is a substance whose chemical properties depend to a large extent
on the temperature reached during its preparation. As a general rule it becomes less reactive the longer
it is calcined and the higher the temperature. If it is heated to a high temperature, glucine becomes
practically insoluble in acids and bases (in the same way as Al,O; and MgO).

If an alkali is added to an acid solution of a beryllium salt, a precipitate of gelatinous hydroxide is
obtained, which, after thorough drying, is shown to be amorphous on X-ray examination.

Pascal [2] attributes to it the formula Be(OH),.nH,O, for simplicity, although this formula
probably does not correspond to its constitution, particularly when the precipitate is fresh. On the other
hand, Latimer [3] represents freshly precipitated beryllium hydroxide by the formula Be,O;H.[or
Be, O(OH),].

The gelatinous (amorphous) hydroxide can be dissolved very easily in the common acids. even
when they are dilute.

Its dissolution in caustic alkalis is more difficult to bring about and depends on the alkali concen-
tration ; moreover, the solubility measurements are not reproducible, as the medium favours the con-
version of the amorphous hydroxide into various crystalline varieties. whose solubilities are very
much lower than the solubility of the amorphous compound.

* As far as cathodic protection by putting the metal into a state of immunity is concerned. Recent work has shown that
pitting of passivable metals due to chlorides may sometimes be avoided by a cathodic treatment bringing the metal into a state
of perfect passivation (Cebelcor’s Technical Reports RT. 103 und 120) (1962},
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The amorphous hydroxide is not a stable product; in air or cold water it crystallizes slowly,
passing through a succession of badly defined stages (Pascal [2]). Two crystalline varieties of the chemical
species Be(OH), exist; the so-called a-variety which is always metastable and the f-variety which is
stable.

The conversion of amorphous hydroxide into crystalline a-hydroxide can be speeded up by boiling
an aqueous suspension of amorphous hydroxide; if it is kept in the presence of a concentrated solution
of NaOH and KOH for a sufficiently long time, the a-variety changes completely into the f-variety.

The successive crystalline varieties of beryllium hydroxide formed during this “ageing” are charac-
terized by an increasing stability, with an accompanying variation in all their properties, notably their
solubility in acids, bases and pure water. In Fig. 3 we have drawn a series of curves showing the influence
of pH on the solubility of the oxide and the three hydroxides of beryllium in the four dissolved forms
Be*™*, Be,O**, Be,O3 ~ and BeO; ~; these curves are derived from equations (1), (2'), (4), (5), (7)
and (8') established in paragraph 2. '

According to this figure, the most stable form of the hydroxide should be the amorphous one, but
this is unacceptable in view of its experimentally established instability. The disagreement probably
arises from an inaccuracy in the value of the free enthalpy of formation given by Latimer for the amor-
phous hydroxide [3]. Experimental data relating to the minimum solubility of the oxide and hydroxides
of beryllium are practically non-existent ; the literature gives only a few values, concerning the solubility
of the amorphous hydroxide in pure water; these values lie between 10785 and 10~%!° moles/l
(Pascal [2]), and are therefore very noticeably greater than those given by Fig. 3 (10713 to 10711%);
an investigation into the reason for this disagreement would be valuable.

We point out, however, that the portion of Fig. 3 included between lines (7') and (8') (which re-
present the solubility of the oxide and hydroxides of beryllium) corresponds to unstable solutions,
supersaturated with Be(OH), ; the lines (1') and (4') drawn in this figure correspond therefore to non-
equilibrium states; at the equilibrium no domain of predominance of the ion Be,O* * exists.
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1. SUBSTANCES CONSIDERED AND SUBSTANCES NOT CONSIDERED

Oxidation Considered Not u°(cal.) Name, colour, crystalline
number considered system
2)
Solid substances — - MgH, - Magnesium hydride, grey
0 Mg - 1] Magnesium, silvery white, hex.
“+ 1

Mg, O - Magnesium sub-oxide, grey—black
- a. —142 3580 Magnesium hydroxide, Mg(OH),,
white, rhomb.?)

“+ MgO hydr.

» » anh. - O, —136 130 Magnesium oxide, white, cub.
. + - MgO - Magnesium peroxide
Dissolved 4 9% &n pe
substances + 1 - Mg - Magnesous ion, colourless
+ 2 Mg+ - — 108 990 Magnesic ion, colourless

2. REACTIONS AND EQUILIBRIUM FORMULAE(3)
2.1. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of magnesium and magnesium oxide

-~

O 2
1. Mg +H.0=MgO +2H"+ e a. Ky=—1.862—0.0591 pH
b, =—1.722—0.0391 pll

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of magnesium and magnesium oxide

7=+
2. Mg-=+ 1,0 = MgO + 21~ a. log(Mgr) =16.95 — 2 pH
b. =21.68 —2 pH
O =m0 v
3. Mg = Mg + e Ly =—2.363 + 0.0295 log( Mg+ +

3. EQUILIBRIUM DIAGRAM AND ITS INTERPRETATION

3.1. ESTABLISHMENT OF THE DIAGRAM

Using equations (1)~3) we have constructed Figs. 1 and 2. In Fig. 1 we have represented the
potential-pH equilibrium diagram for the system magnesium-water, at 25°C, and in Fig. 2 the influence
of pH on the solubility of the oxide and hydroxide of magnesium. These diagrams are valid only in the
absence of substances with which magnesium can form soluble complexes (tartrate, metaphosphate,
etc.) or insoluble salts (oxalate. carbonate, phosphate, fluoride, etc.).

(*) This value for uf, corresponds 10 ugyyon), = — 142 380 — 56 690 = — 199 270 cal.
(®) For the reactions involving MgO, the letter a refers to Mg(OH),, whose free enthalpy of formation is —199 270 cal.;
the letter b refers to anhydrous MgO, whose free enthalpy of formation is — 136 130 cal.
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3.2. STABILITY AND CORROSION OF MAGNESIUM

As is shown by Fig. 1, the whole of the domain of stability of magnesium is well below -that of
water; magnesium is therefore a very base metal and a powerful reducing agent. At all pH’s it has a
very great affinity to react with water, which it reduces with the evolution of hydrogen, dissolving
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FI1G. 1. Potential-pH equilibrium diagram for the system magnesium-water, at 25°C.

as Mg™ and Mg™* ions; at pH’s above about 85 and up to 11-5 it can cover itself with more or less
protective oxide or hydroxide which checks the dissolution reaction.

On account of the low value of the equilibrium potential of the reaction Mg = Mg* ™ + 2¢7, it
is impossible to prepare metallic magnesium by the electrolysis of its aqueous solutions: this would
lead to the evolution of hydrogen at the cathode without the formation of magnesium.
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Figure 3, which is deduced from the equilibrium diagram 1, represents the theoretical conditions
of corrosion, passivation and immunity of magnesium. This figure shows that, in the presence of
sufficiently alkaline solutions, magnesium can cover itself with a layer of Mg(OH),, which can protect
the metal from corrosion; it will generally be corroded by acid, neutral and slightly alkaline solutions
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FiG. 2. Characteristics of solutions of MgO and Mg(OH), in pure water.
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F1G. 3. Theoretical domains of corrosion, immunity and passivation of magnesium, at 25°C.

with a speed which decreases as the pH increases. The corrosion resistance of magnesium (and also
that of many of its alloys) is closely connected with the formation of a protective surface film. The
conditions for the formation of this film depend on the nature of the solution and on the nature of
the impurities of the metal (and possibly on the nature of the elements alloyed). But when the pH
of the solution exceeds that which corresponds to the appearance of the hydroxide Mg(OH),, the
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effect of the nature of the solution and the impurities of the metal is obliterated by the predominance
of the formation of a layer of magnesium hydroxide.

3.3. STABILITY OF THE MAGNESIUM OXIDES

Figure 1 shows that the oxidation of magnesium in an alkaline solution can give rise to the forma-
tion of the oxide MgO and the hydroxide Mg(OH),, neither of which possesses any amphoteric
character. Since the free enthalpy of formation of Mg(OH), at 25°C (—142 580 cal./g-mol MgO).is
below the free enthalpy of formation of anhydrous MgO (— 136 130 cal.), Mg(OH), is thermodynamically
more stable than MgO in the presence of water; the oxide can therefore theoretically be hydrated -
according to the reaction MgO + H,O — Mg(OH), whose affinity is 142 580 — 136 130 = +6 450 cal.
The hydration of MgO using a water-bath is, in fact, one of the methods of preparation of the hydroxide
Mg(OH),; this hydration is rapid when light magnesia is used, but is very slow for dense varieties
of magnesia prepared by high temperature calcination, which are hardly attacked by water [2].

In Fig. 2 we have represented the influence of pH on the solubility of MgO and Mg(OH),. It can
be seen from this figure that the “water of magnesia” obtained by saturating pure water with magnesium
hydroxide has the following characteristics, at 25°C:

pH = 1045, logMg**)= — 395, ie. 652 mg Mg(OH),/l,  or 112 French degrees.

This value for the solubility of Mg(OH), is in very good agreement with the experimental values
in Gmelins Handbuch der anorganischen Chemie [3] and the works of A. Seidell ([4], [5]); for some
temperatures around 25°C, log(Mg*™*) lies between — 315 and —3-95. In this respect it would be
as well to point out that the solubility of Mg(OH), in water depends on various factors which are
difficult to control, and which are sufficient to explain the observed differences:

ageing of the precipitate;

method of preparation of the oxide MgO [when the hydroxide Mg(OH), results from the hydration

of the oxide MgO]; '
presence of foreign substances.

In Gjalbaek’s opinion, quoted by A. Seidell [4], magnesium hydroxide can exist in two varieties;
the one which is more readily soluble is denoted “labile””, and the one which is not so readily soluble
is denoted “‘stable”.

The labile form is obtained by precipitation from a solution of a magnesium salt by a base, by
hydration of the oxide MgO, or by the decomposition of water by magnesium. The stable form is
obtained by the ageing of the labile form in the presence of a solution containing magnesium; the
conversion is rapid when the Mg* * concentration is large, it is slow when (Mg* *) is small. We give
below the solubility values, according to Gjalbaek, of the hydroxide Mg(OH), in water at 18°C, for
each of these two forms:

Method Stable form Labile form
Direct determination 10~ 36¢ moles/1 107319 moles/]
Conductivity 107387 moles/l 107334 moles/l
Electrometry 10~3'8% moles/1 107315 moles/1

3.4. STABILITY OF MAGNESIUM PEROXIDE

Magnesium peroxide has not yet been prepared in the pure state. Compounds denoted by the
name ‘“magnesium peroxide” in chemical literature contain very variable percentages of active oxygen ;
they should be considered either as mixtures of MgO and MgO,, or as definite compounds containing
or not containing molecules of water of hydration, or even as magnesium hydroperoxide Mg(OH),.

Magnesium peroxide can be obtained by the action of hydrogen peroxide on magnesium, on the
oxide MgO or on the hydroxide Mg(OH),.
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We have not taken into account the existence of magnesium peroxide in establishing the equili-
brium diagram for lack of thermodynamic data about it, but we have marked it approximately on Fig. 1
as a guide.

3.5. REACTIVE ANODES OF MAGNESIUM

On account of its very electronegative nature, magnesium is a metal which readily lends itself
to use as a reactive anode for the sacrificial protection of iron or other metals.

The coupling of magnesium with a metal more noble than itself generally enables the potential
of this metal to be reduced to a value below the equilibrium potential of its corrosion reaction. The
metal is thus rendered completely immune to corrosion by the surrounding medium.

Eg\gozf?ﬁ8'|0l121ﬁ4 Ozf??|10]|2|f]'2

408

T~~~ _Jos

40

4-0.4

g\\\\ -0,8

-1,2

-1,6

-2

2,4 24

2.8 28

32l -3,2

-36L_1 | | 1 1 | | 1 1-3,6L_1 i 1 1 | 1 1 1 {-3,6

0 2 4 6 8 10 12 14pH 0O 2 4 6 8 10 12 14 pH
(a) (6)

F1G. 4. Theoretical conditions for the cathodic protection of iron by magnesium
(in the case of magnesium in contact with a solution containing o-o1 g-ion Mg/l).
a. Case of protective magnesium hydroxide.

b. Case of non-protective magnesium hydroxide.

The evolution of hydrogen on such anodes is quite important. Because of it, the current yield
rarcly exceeds 30 to 50 per cent of the theoretical yield (a yield of 100 per cent would correspond to the
provision of 2 204 Ah per kilogram of magnesium dissolved).

The current yield of the reactive magnesium anodes can be improved by surrounding them with
a special chemical covering (usually a mixture of gypsum and clay) and by alloying the magnesium
with aluminium, zinc and manganese (the alloy Mg 6 per cent, Al 3 per cent, Zn o-2 per cent, Mn, is
particularly effective in this respect).

The result of all these precautions is to bring the practical current yield of the reactive magnesium-
hased anodes up to about 55-65 per cent of the theoretical yield. In Fig. 4 we have represented the
theoretical conditions for the cathodic protection of iron by means of magnesium, respectively in the
cases of protective magnesium hydroxide (Fig. 4a) and non-protective magnesium hydroxide (Fig. 4b).
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The “backfills” employed industrially for the cathodic protection by magnesium of structures buried
in the ground have the primary object of promoting the formation of non-protective hydroxide; the

conditions of effectiveness of anodes covered in this way are represented by the chequered zone in
Fig. 4.
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Solid substances

Dissolved
substance

STRONTIUM
Solid substances

Dissolved
substance

BARIUM

Solid substances

Dissolved
substance

Oxidation
number
(2)

-—2

-+ 2

+ 4

-+ 2
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Considered

CaH,
Ca

CaO hydr.

» anh.

Ca 02

Ca-’- -+

Sr Hz
Sr

SrO hydr.

» anh.

Sr 02

Sr++

BaH,
Ba

BaO hydr.

»  anh.

BaO; hydr.

» . anh.

Ba++

u°(cal.)

— 33800
0
a. —137640

b, —144 400
— 143 000

—132 180

— 33100
0
a. —131 110

b. —133 800

—139 000
— 133 200

— 31600
0
a. —156 590

b, — 126300
c. —138310

d. —133 800
— 134 000

1. SUBSTANCES CONSIDERED

Name, colour,
crystalline system

Calcium hydride, grey-white, orthorh.

Calcium, silvery white, cub.

Hydrated calcium oxide Ca(OH), or hy-
droxide, white, rhomb.

Anhydrous calcium oxide CaO, white, cub.

Calcium peroxide, white

Divalent calcium ion, colourless

Strontium hydride, grey—white, orthorh.

Strontium, silvery white, cub.

Hydrated strontium oxide Sr(OH), or
hydroxide, white®

Anhydrous strontium oxide SrO, white,
cub.

Strontium peroxide, white

Divalent strontium ion, colourless

Barium hydride, grey—white, orthorh.

Barium, silvery white, cub.

Hydrated barium oxide Ba(OH), . 8H,0 or
hydroxide, white, monocl.¢?

Anhydrous barium oxide BaO, white, cub.

Hydrated barium peroxide BaO,.H,O,
white, quad.’?

Anhydrous barium peroxide BaO,, white

Divalent barium ion, colourless

2. REACTIONS AND EQUILIBRIUM FORMULAE

2.1. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

—2->0

1. caHz
—2 > +2

2. caHz-i‘HzO

=Ca

=Ca0 + jH++ fe—

+ 2H+ 4 2¢—

Calciufn

h.

Eo:‘

0.776 — 0.0391 pH

a. Eg=—0.706 — 0.0591 pH
—0.563 — 0.0591 pH

(?) These values correspond to the following values for the free enthalpies of formation of the hydroxides:

#u0m, = —214 330 cal.
Borom, = —207 800 cal.

EBaon);- sH,0 = — 666 800 cal.
B0, 1,0 = — 195000 cal.
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0>+ 2
3. Ca +H.,0 =Ca0 +2H++ 20— a. Ey=—2.18) — 0.0391 pH
b. =-—1.902 — 0.0391 pH
+ 2>+ 4
5. Ca0O 1,0 =Ca0Oy;+2H++2¢- a. Eo= 1.547 — 0.0591 pH

b,

1.260 — 0.0394 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of the solid substances

L=+2

5. GCatr+ + H,0 =CaO +2H+ a. log(Ca++)=22.91 —2pH

b. =32.63 —2pH

—2>+2

6. CaH, = Ca*++ 4+ oH++ fe— Eo=—1.045 — 0.0293 pH + 0.0148 log (Ca++)
0>+2

7. Ca = Ca++ +2e— E,=—2.866 + 0.0293 log (Ca++)
+ 2>+ 4

8. Cat+ 4 2H,0 = Ca0y+ fH++2¢— E,= 2.224—0.1182 pH — 0.0293 log (Ca++)

Strontium

2.1. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

—2->0
1. SrH, =8r +2H++2e E,= 0.718 — 0.0591 pH
— 2>+
2. SrH; +~H.0 =SrO + jH++ fje— a. Eg=—0.665 —0.0391 pH
b. =—0.477 — 0.0591 pH
0> 2
3. Sr +H.0 =8SrO +o2lH++2e— a. Ey=—2.047 — 0.0391 pH
0. =—1.672 — 0.0591 pH
+ 2>+ 4
4. SrO +H,0 =Sr0O; +2H++2e— a. Eg= 1.492 —0.0391 pH
b. = 1.116—0.0391 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

. Solubility of the solid substances

7=4+2

3. S+ +H0 =8SrOQ + 21! . log(Sr++) =245 —2pll

h. = H.15—2pH

— 2>+

6. SrH, = Srt+ 4 oll++ fe— Ey=— 1.085 — 0.0293 pH + 0.0148 log (Sr++)
0>

7. Sr , = Sr++ + e L, =—2.888 + 0.0293 log (Sr+~+)
+ 2>+ 4

8. Srt+ +oH,0 =8SrQ,; + {H++2¢— Ea= 2.333 — 0,118 pll — 0.0293 log( Si++)
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Barium
2.1. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

—2->0
1. BaH, =Ba +2Hiv+2e- Ey=—0.685 — 0.0591 pH

—2>+2
.2, BaH;+ H, 0O =Ba0O + {H++ je- a. Ey=—0.741 — 0.0591 pH
b. =—0.412 — 0.0391 pH

0O —>—+ 2

3. Ba +H,O0 =BaO +2H"+2¢" a. Ey=—2.166 — 0.0591 pH
' b, =—1.509 —0.0391 pH

+2>+4
4. BaO + 1.0 =Ba0;+2H+"~+ 2¢~ ac. Ly=1.626 —0.0591 pH
be. = 1.047 —0.0391 pH
ad. = 1.619—0.0391 pH
bd. = 1.023—0.0591 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of the solid substances

L =+2
5. Ba++ + H, O =BaO +2H~+ a. log(Ba==) =25.02 — 2pH
h. = 47.24 —2pH
—2>+2
G. BaH, = Bat+ + 2H+"+ fe~ Ey=—1.110 — 0.0293 pH + 0.0148 log (Ba+ +)
O =>4+ 2 ’
7. Ba = Ba+ + +2e~ E,=—2.905 . + 0.0293 log(Ba++)
+2—>+4
8. Ba++ +2H,0 =BaO;+ jH~+2e c. Bh= 2.365 —0.1182 pH — 0.0293 log(Bat+)
d. = 2.419 —0.1182 pH — 0.0293 log(Bat+)

3. EQUILIBRIUM DIAGRAMS AND THEIR INTERPRETATION

Using the above formulae, we have drawn Figs. 1-3, which represent the conditions of thermo-
dynamic equilibrium for the systems calcium-water, strontium-water and barium-water, at 25°C, and
Fig. 4 which shows the influence of pH on the solubility of calcium hydroxide.

These figures are valid only in the absence of substances with which the alkaline earth metals
can form soluble complexes or insoluble salts. According to Charlot [1], the complexes are few in
number and not very stable; they include, however, the trilons or complexons (derivatives of tetra-
acetic ethylene diamine), the polymetaphosphates and the organic hydroxyl compounds (sugars, citric
ions, etc.). Examples of sparingly soluble compounds are the carbonates, oxalates, sulphates, phosphates,
chromates, etc.

3.1. STABILITY OF THE ALKALINE EARTH METALS

The alkaline earth metals exert an extremely low solution potential. As the whole of their domain
of stability in Figs. 1-3 lies well below that of water, these metals are very unstable in the presence
of aqueous solutions of any pH. They are extremely base metals and powerful reducing agents, having
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a large affinity to react with water, which they decompose with the evolution of hydrogen. An examina-
tion of Figs. 1-3 shows that in the presence of aqueous solutions, calcium, strontium and barium are
always unstable with respect to their hydrides CaH,, StH, and BaH,, which are themselves unstable
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FI1G. 1. Potential-pH equilibrium diagram for the system calcium-water, at 25°C.

in the presence of water. The alkaline earth metals, like the alkali metals, do not have any domain of
thermodynamic stability in the presence of water. On account of their very great electronegativity,
the equilibrium potentials of the reactions M = M** + 2¢7, where M represents an alkaline earth
metal, cannot be measured directly; however, using liquid amalgams, it has been possible to carry
out these measurements indirectly.
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For an identical reason, the electrodeposition of the alkaline earth metals cannot be brought
about in aqueous solution; the electrolytic separation of these metals is possible only by the igneous
electrolysis of salts such as CaCl,, for example. It should be noted that the alkaline earth metals can
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FIG. 2. Potential-pH equilibrium diagram for the system strontium-water, at 25°C.

also be obtained by the electrolysis of non-aqueous solutions of certain of their salts (e.g. calcium can
be prepared by the electrolysis of a solution of CaCl, in methanol, ethanol or amyl alcohol, using a

platinum cathode).
The alkaline earth metals are powerful reducing agents, and reduce fuming sulphuric acid to sulphur
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and sulphur dioxide. They reduce concentrated sulphuric acid to sulphur, sulphur dioxide and hydrogen
sulphide. Fuming nitric acid is not attacked in the cold, but when warm it is reduced to nitrogen

dioxide.
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FI1G. 3. Potential-pH equilibrium diagram for the system barium-water, at 25°C.

A sufficiently powerful oxidizing action can convert calcium, strontium and barium into peroxides,
Ca0,, SrO, and BaO,. Such a conversion occurs when the metal is treated in the cold with hydrogen
peroxide (perhydrol) in ethereal solution.
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3.2. STABILITY OF THE OXIDES AND HYDROXIDES OF THE ALKALINE EARTH METALS

In the presence of water, the anhydrous oxides CaO, SrO and BaO are all very unstable with
respect to the corresponding hydroxides Ca(OH),, Sr(OH), and Ba(OH), . 8H,0; they therefore tend

to become hydrated according to the reaction MO + H,O — M(OH),. As is well known, this hydration
reaction takes place rapidly.

In Fig. 4 we have represented the influence of pH on the solubility of calcium hydroxide. The mil
of lime obtained by saturating pure water with Ca(OH), has the following characteristics, at 25°C:

pH = 1240, log(Ca**) = —190, i.e. 933 mg Ca(OH),/1, or 233 French degrees.
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Fi6. 4. Influence of pH on the solubility of calcium hydroxide, at 25°C.

Being very unstable in the presence of solutions of pH = 7, in which they tend to dissolve according
to the reaction M(OH), - M** + 20H", the hydroxides of calcium, strontium and barium are
relatively strong bases.

By oxidation they can be converted into peroxides MO, ; this reaction can be brought about by
the action of hydrogen peroxide or Na,O, on a milk of calcium, strontium or barium hydroxide.

33 STABILITY OF THE PEROXIDES OF THE ALKALINE EARTH METALS

The domains of stability of the peroxides lie beyond line (b); they are therefore oxidizing sub-
stances, thermodynamically unstable in the presence of aqueous solutions which they tend to decompose
with the evolution of oxygen, being themselves reduced to the divalent state. In actual fact, the dissolu-
tion of the alkaline earth peroxides in water and in acid solutions occurs without the evolution of oxygen,
but with the formation of hydrogen peroxide (Pascal [2]).

3.4. STABILITY OF THE HYDRIDES OF THE ALKALINE EARTH METALS

As is shown by Figs. 1-3, the hydrides of calcium, strontium and barium are thermodynamically
unstable in the presence of water and aqueous solutions, which they decompose with the formation
of hydrogen and the cations Ca™~, Sr™~ and Ba™~
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Theoretically, the hydrides of the alkaline earth metals can be obtained transitorily by the reduction
of solutions containing calcium, strontium or barium at potentials below those shown respectively
by the families of lines (6) and by the lines (2).

We do not know whether such a formation of hydride has been observed; in actual fact the
hydrides in question are obtained only by heating the alkaline earth metals and certain of their com-
pounds in an atmosphere of hydrogen.
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1. SUBSTANCES CONSIDERED

Oxidation Considered pn°(cal.) Name, colour
number
(2)
Solid substances o Ra 0 Radium, shiny white
+2 RaO — 117 300 Radium oxide
Dissolved substance “+2 Ra++ — 134300 Radium ion, colourless

2. REACTIONS AND EQUILIBRIUM FORMULAE

2.1. TWO SOLID SUBSTANCES

Limit of the domains of relative stability of radium and its oxide

0> +2
1. Ra +H:0=RaO +2H++2¢— Eo=—1.319 — 0.0591 pH

2.2. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of radium and its oxide

7=+2
2. Ra+++ H,0 = RaO + 2H+ log(Ra++) = 34.06 — 2pH
0o—>+2 :
3. Ra = Ra++ +2e” Ey=—2.916 + 0.0293 log(Ra++)

3. EQUILIBRIUM DIAGRAM AND ITS INTERPRETATION

3.1. ESTABLISHMENT OF THE DIAGRAM

Using the equilibrium formulae established in paragraph 2, we have drawn in Fig. 1 the potential-
pH equilibrium diagram for the system radium—water, at 25°C. This diagram represents the conditions
of thermodynamic equilibrium of the system radium-water, at 25°C, in the absence of substances
with which radium can form soluble complexes (citric, sulphosalicylic, oxalacetic, fumaric, tartaric,

succinic, pyranic, aspartic complexes [1]), or insoluble compounds (sulphate, carbonate, iodate,
chromate). ,

3.2. STABILITY OF RADIUM

Radium, like the alkali and alkaline earth metals, has a very large negative equilibrium potential.

As the whole of its domain of stability in Fig. 1 lies well below that of water, it is very unstable
in the presence of aqueous solutions of any pH.

Being very soluble, radium oxide RaO cannot cause any passivation, and the metal decomposes

water and aqueous solutions very vigorously with the evolution of hydrogen and the production of
divalent cations Ra™* ™.
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On account of its great electronegativity, radium cannot be separated electrolytically from aqueous
solutions of its salts, except when a mercury cathode is used. Radium then dissolves in the mercury

with the formation of an amalgam.
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FIG. 1. Potential-pH equilibrium diagram for the system radium-water, at 25°C.
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1. SUBSTANCES CONSIDERED AND SUBSTANCES NOT CONSIDERED

Oxidation Considered Not u°(cal.) Name, colour, crystalline
number considered system
@
Solid substances — 1.4 BygHy, - 635,000 (2) Decaborane, colourless, orthorh.
o B cryst. - 0 Boron, brown-black, quad. or
orthorh.
» - B amorph. - Amorphous boron, maroon or black
+0.33 - B;O - Boron sub-oxide
“+1 - B0, - Boron sub-oxide
+ 1.5 - B,0; - Boron sub-oxide
+2 - B,0, - Boron sub-oxide
+2.5 - B,Os - Boron sub-oxide
+3 B, 03 hydr. - a. —290 330 Orthoboric acid H3BO;, white, tricl.
» » anh. - b. —286 430 (?) Boric anhydride, white, cub.
» » llyd | - c. —284310 Metaboric acid HBOZ“)
» »  Vitr. - d. —283 890 (*) Vitreous boric anhydride, white
» - B; O3 hydr. - Pyroboric acid H,B,0,
Liquid substances — 2.2 - BsH,, . - Pentaborane, colourless, (unstable)
—1.8 - BsH, 38 800 Pentaborane, colourless, (stable)
Dissolved
substances +2 - HsB, O, - Hypoboric acid
» - H;B, 07 - Hypoborate
+3 H3;BO; - —230 160 () Orthoboric acid, colourless
» H.BO3; - —217 GO0 Orthoborate, colourless
» BO3 - —169 600 (2) Metaborate, colourless
» HBO3- = —200 290 (*) Orthoborate, colourless
» BO3;-- - —181 480 () Orthoborate, colourless °
» H:B;0; - —633720 (?) (3 Tetraboric acid, colourless
» HB, 07 - —628270 (?) (3) Tetraborate, colourless
) B, O3~ - —616 000 (?) Tetraborate, colourless
» - B,O3~ - Diborate
» - BsO75 - Hexaborate
“+ 4.5 - B, 03 - Diborate
+5 - BO3 - Perborate (or BO; . H,0,)
Gaseous
substances —3 B.H; - 19780 (2) Diborane, colourless
—2.5 - B Hjy, - Tetraborane, colourless
—2.2 - BsH,, - Pentaborane
—1.8 B;H, - 39320 () Pentaborane
—1.67 - BiH)y - Hexaborane
— 1.4 BioH,. - 71000 (2) Decaborane
—1 BH - 112 600 (2) Monoborane
+2 BO - — 19520 (2) Boron oxide

() Values of the National Bureau of Standards (July 1956).

(3) Values determined by us [1].

(*) These values for the oxides correspond to the following values for the acids: -
H,BO,: —230200 cal.; HBO,: —170 500 cal.
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2. REACTIONS AND EQUILIBRIUM FORMULAE

2.1. TWO DISSOLVED SUBSTANCES

2.1.1. Relative stability of the dissolved substances

7=+3

1. H,BO, = H,BO; + Ii+ |0g2:;:—ggf)) —— 9.9/+ pH
9. H.BO3 = HBO;-+ H+ 1()3((11'{:’861)) =— 1270+ pH
3. HBO;- = BO;-- + H- |()g(ig§% 13304
A 4H,BO, = H.B.0; + 5H:0 logggz—ggj—;g —— 2.55

5. HyB,O; = HBO7 + H+ log%=_ 4.00+ I
6.  4HyBO, = HB,O7 + H++ 5H,0 log%%ﬁ;TOj))‘ —— 6.56+ plI
7. HB, 07 = B;O7- + H+ IO*“'((_}];‘B_?Z)—_;)) =— 9.00+ pH
8.  4H;BO; = B.05~ + 2H++ 5H,0 Iogz(::TO(—;:)); = 15.55 + 2 pli
9. B.O37- + 5H.O0= 4H,BO7 4+ 2H+ l"g((}_:;%gli)}f =—21.31 +2pH
10. B,O;- + 5H,0= {HBO;~ + GH+ |.,g(.(flu_'f’_(07§;); =—72.41 + G plI

2.1.2. Limits of the domains of relative pi'edominance of the dissolved substances

7 =+13
1. I;BO; /H.BO3 pll= 9.21
2. 1.BO; /HBO3- pl = 12.70
3. 11BO3- /BO; -~ pH = 13.80
A. H,BO, /H:B:O; 0= 0.95— logC
. H,B, 0 /HB, 07 pH = 4.00
6. H,BO, /HB,O7 pH = 6.84—31ogC
7. HB‘O? /Bg07_ l)l‘l = 9.00
8. ]l';BO;; /BLOF— Ql)H = 15.85—-3'0‘50
0. B:07- /H.BOj; 2 pll = 21.01 + 3 logC
0. B.Os~ /HBO3- 2pH =23.94+ log(

2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

—1.4—>0

11. BiOHM = IOB +lx/} l'l-r‘f‘l ’lc'— E0= —0.901—().()59] I)II
—1.{>+13

12. ByoHy +30H:0=10H;BO;+ il +{fe™ Fo=—0.657—0.0591 pll
0->+3

13. 2B + 3H,0= By0; + GH++ G~ b, By=—0.841—0.0391 pH

14. B + 30,0= H;BO3;+ 3H++ 3¢~ a. Ey=—0.869—0.0591 pll
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2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

2.4. ONE SOLID SUBSTANCE AND ONE GASEOUS SUBSTANCE

a. In gram-molecules and gram-ions per litre

lOg (IL; BO;{) =— 0.03
log(HB,O7) =— 6.66+ pH
Eo=—0.656—0.0591 pH+0.0013 log (H,BO4)
Eo=—0.532—0.0723 pH+0.0013 log (H,BO3)
Ey=—0.362—0.0860 pH+0.0013 log (HBO3~)
Ey=—0.176—0.0994 pH+0.0013 log (BO3~-)
Eo= —0.642—0.0623 pH~+0.0033 log (HB,07)
Eo=—0.610—0.0637 pH+0.0035 log (B, O7-)

Eo= —0.869—0.0391 pH-+0.0197 log (H;BOy)
Ey=—0.687—0.0788 pH+0.0197 log (H.BO3)
Eo= —0.437—0.0983 pH+0.0197 log (HBO3 -)
Eo=—0.165—0.1182 pH+0.0197 log (BO3 ")
Fy=—0.836—0.0640 pH+0.0049 log (HB; O7)
Ey=—0.792—0.0689 pH+0.0049 log (B, 07~

b. In gram-atoms of boron per litre

7=+3
15. H;BO, = H3;BO,;
16. /|H38°3 = HB/.O? + H++ HH.O0
—1.4>+3
17. ByoHy +30H,;0=10H;B0O; +44H++4fe—
18. BiOHlb +3OH20= 10‘12 BO_; +3‘ H"'-l-i:{ e
19. BioHy, +30,0=10HBO3;~ +64H++44e—
20. BiyoHy, +3011,0 =10B037~ +74H++44e—
21. 2810"1‘ +35Il20= ")HB‘O; +$)3I!++88€_
2. ZB“JH‘A +3’)l‘30= 5]};0;_ +(_)8H""+88e"
o—>+3
23. B + 3H,0= H;BO; + 3H++ 3e—,
2%. B + 3H,0= H:BO7 + {H++ 3e—
23. B + 3H,0= HBO;~ + 5H*+~+ 3e~
26. B + 3H.0= BO;~~ + 6H++ 3e—
7. 4B + 7H,0= HB,07 +13H++12¢—
28. 4B + 7H:0= B,07- +14H++12¢~
/=<3
13'. H; BO,;/H;BO,
16'. H; BO,/HB, 07
—I1.4—>+3
'17'. Bio Hib /l{:;BO:;
18'. BiOHik /Hg BO_;
19'. B10 Hu‘ /HBO';'_
20'. BiOHM /BOT{--
21, Bio H14 /I{Bl. 0_7'
22'. BlOHib /Bg O?-
o>+ 3
23", B /H;BO;
2. B /H:BO3
A B /HBO3-
Q. B /BO3——
QT B /HB, 07
28'. B /B.037-

logC=—0.03
logCC=—6.06 + pH

Ey=—0.656—0.0391 pH+0.0013 logC
Ey=—0.532—0.0723 pH+0.0013 logC
Ey=—0.362—0.0860 pH+0.0013 logC
Eo=—0.176—0.0994 pH+0.0013 log C
Ey= —0.644—0.0623 pH-+0.0033 log C
Ey=—0.612—0.0637 pH+0.00335 logC

Eo= —0.869—0.0391 pH+0.0197 logC
Eo=—0.687—0.0788 pH+0.0197 logC
Ey=—0.437—0.0985 pH~+0.0197 log .
Ey=—0.165—0.1182 pH+0.0197 logC
Ey=—0.839—0.0640 pH+0.0049 logC
Ey=—0.795—0.0689 pH+0.0049 logC

Limits of the domains of relative stability of the solid and gaseous substances

—3-»o0

29, B.H,;
—3—><+3

30. Bqu', -+ 6“30-‘:
—1.8—>o0

31. B; H, =
—1.8—>+3

32. B;H, —+15H,0=

6

= 2B

+ 6H++ 6e—
2H3BO3+12H++12¢~
5B

+ gH+—+ ge~

5H; BOg+2{H++2fe

Eo=—0.143—0.0391 pH—0.0098 logpp 1
Eo=—0.306—0.039] pH—0.0049 logpp 5
Ey=—0.189—0.0591 pH—0.0066 logpp 1

Eo=—0.614—0.0591 pH—0.0025 logp 1
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—1.4->0

33. B Hy, =10B +14H++14e Ey=—0.220—0.0391 pH—0.0042 long“H“
—1.4>+3

34. BioIly +30H,0 =10 H; BOg+44H+ +44 o~ Eo=—0.662—0.0391 pH—0.0013 logpg 4 .
—10 :

35. BH = B + Ho+ Ey=—4.883—0.0591 pH—0.0391 log ppp 1,
—1>+3

36. BH + 3H.0= H;BO3+ fH~+ fe— Eo=—1.873—0.0391 pH—0.0148 logppy
0>+ 2

37. B + H.0= BO + aH++ 26— E,= 0.806—0.0391 pH+0.0293 logppo
+2>+3

8.  BO + 2H,0= H;BO;+ H++ e Eo=—4.219—0.0391 pH—0.0591 logpp )

2.5. ONE DISSOLVED SUBSTANCE AND ONE GASEOUS SUBSTANCE
Solubility of the gaseous substances

a. In gram-molecules and gram-ions of boron per litre

—3->+3
39. B,H; + 6H.0= 2H;BO; +12H++12¢— Ey= —0.306—0.0391 pll-+-0,0049log(ﬂ“B——O")2
P, H,
40 B.H, + 6H,0= 2H,BO3 + 12— = ; (H.BO3)*
. 2 H g :0= 2H,BO7 +i14H++12¢ Eo= —0,415—0.0689 pH~+0.0049 log ~——3%
PB,H,
M B.H 6H,0 = 2HBO3- +r1gem = 7 jog (HBO37)
. 2H; + 6H.0= 2HBO3~ +16H++12¢ Eo= —0.289—0,0788 pH+0,0049 log ——2—~
Pg,H,
42. B,H; + 6H,O= 2BO3~~ +18H++12¢~ Eo=—0.154—0.08861)]!-4—0.0049]0g-(—Bu
- Pp,H,
43 2B, H, H.O = - . — - (HB;07)
3. 2Hy, + 7H,O= HB,07 +25H++24¢ Eo=—0.490--0.0616 pH+-0.0023 log ~———-
PR, H,
A4, 2BH; + 7H.0= B;07> +26l+-+24¢e— E..=—~O.-£67—0.0(i’»0pl-l-ﬁ-().!‘)()ﬂi’»log(B:—?’—2

PR, 1,

As a simplification, we have not considered the similar reactions involving gaseous hydrides other
than B,Hg (e.g. BH, BsH, and B, H,,).

b. For a boron concentration of 1 g-at/l

—3->+3
39. B, H; [H3BO; Eo=—0.306—0.0391 pH—0.0049 longz H.
. B.H; [H;BO3 Ey= —0.415—0,0689 pH—0.0049 long: H,
M. B.H; /HBO3- E,= —0.289—0.0788 pH—0.0049 lozpg. H,
49, B:H, [BO3;-- Ey=—0.134—0,0886 pH—0,0049 Iongz H,
49 B:H, /HB,O7 Ey=—0.490—0.0616 pH—0.0023 long2 H,
A B.H, /B,03- Ey=—0.467—0.0640 pH—0.0023 Iong2 H,

3. POTENTIAL-pH EQUILIBRIUM DIAGRAMS AND THEIR INTERPRETATION
3.1. ESTABLISHMENT OF THE DIAGRAMS

Using all the equations established above, we have represented in Fig. 1 the influence of pH on
the solubility of orthoboric acid, and in Figs. 2 and 3 the general conditions of electrochemical equili-
brium of the system boron-water, on the one hand, for solutions containing 1 g-at B/l (Fig. 2), and,
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on the other hand, for solutions containing respectively 10~ 2, 10~ * and 10~° g-at B/l (Fig. 3). In Fig. 4,
we have represented the equilibrium conditions for solutions containing 1 g-at B/, as already considered
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FIG. 2. Potential-pH equilibrium diagram for the system boron-water, at 25°C, for solutions
containing 1 g-at B/l (10-8 g/1).
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in Fig. 2, but without taking into account the solid hydride B,,H,,, which brings in a domain of
metastability of boron.

These equilibrium diagrams are valid only for solutions free from substances with which boron
or its compounds can form soluble complexes or sparingly soluble salts. For instance, fluorine forms
the quite stable complex ions BF; and BF;OH™ and also the gaseous substance BF ;. Boron forms
numerous complexes with molybdates, tungstates, vanadates, phosphates and arsenates, and with all
the organic hydroxyl compounds. Borates of metals other than the alkali metals are all sparingly soluble
in water [2].
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FIG. 3. Potential-pH equilibrium diagram for the system boron-water, at 25°C, for solutions
of concentration 10”2, 10~ %, 10”° g-at B/I.

3.2. STABILITY OF BORON

According to Fig. 4, boron is an element which is a very powerful réducing agent, one of the most
powerful reducing agents among the metalloids; it tends to decompose water with the evolution of
hydrogen and gaseous boron hydride, and with the formation of boric acid or borates.
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A comparison of Figs. 2 and 4 shows that boron in contact with aqueous solutions is always
unstable with respect to the solid hydride B,,H,,, and therefore tends theoretically to cover itself
with this hydride; boron has no domain of thermodynamic stability.

In actual fact, this great reactivity at ordinary temperatures is noticed experimentally only for the
amorphous variety of boron: in sunlight, amorphous boron reacts slowly with water forming boric
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FI1G. 4. Potential-pH equilibrium diagram for the system boron-water, at 25°C, not considering
the solid hybride B;,H, ., and for solutions containing 1 g-at B/l (10-8 g/1).

acid; it is oxidized rapidly by solutions of caustic soda, nitric acid, hydrogen peroxide, permanganate,
gold chloride and silver nitrate; it easily reduces chloric acid to chlorous acid, and iodic acid to iodine;
it also reduces hydrocyanic acid, cynanogen, hydrogen sulphide and ammonia.

Crystalline boron is chemically much more resistant than would be predicted from the equilibrium
diagrams: it is not attacked by hydrochloric acid, even when boiling, nor by hydrofluoric acid, nor by
concentrated alkali solutions; it is oxidized only slowly by solutions of hydrogen peroxide and
ammonium persulphate.
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It has not been possible to obtain boron by the electrolysis of aqueous solutions; it has been
prepared by the chemical or electrolytic reduction of boric anhydride or salts of boron at high tempera-

tures ([3], [4)).

3.3. FORMATION AND STABILITY OF THE BORON HYDRIDES

According to the equilibrium formulae given in paragraph 2, some of which are represented
graphically in Figs. 2—4, several hydrides of boron, solid and gaseous, can theoretically be obtained,
together with hydrogen, by the reduction of aqueous solutions of boric acid or borates. We do not
know whether these facts have been confirmed; however, by the action of B,Mg; on a 4M solution
of HCI at 60°, the gaseous hydrides B,H¢, B,H,,, BsHy, BsH,,, B¢H;, and B, H,, are obtained,
mixed with hydrogen; the quantity of boron thus obtained in the form of hydrides is about 3 per cent
of the initial boron ([5]-[7]).

As the equilibrium diagrams show, the boron hydrides are unstable in the presence of water,
which they tend to decompose with the formation of hydrogen and boric acid (or borate). They are
rapidly oxidized to boric acid by solutions containing oxygen or other oxidizing agents (permanganate,
silver nitrate, nickel or copper salts). The reducing power decreases in the order B,H, o, B,Hg, BsHo,
B,oH,; solid B,,H,, is unaffected by boiling water.

3.4. STABILITY OF BORIC ACID AND THE BORATES. CONSTITUTION OF BORIC SOLUTIONS

Boric anhydride, B,0;, is very hygroscopic and adds on water molecules at ordinary temperatures
forming successively metaboric acid HBO, and orthoboric acid H;BO;; consequently it does not
appear on the equilibrium diagrams.

From Fig. 1, the solubility of orthoboric acid H;BO,, which is 0-933 g-mol/l, at 25°C (57:7 g/1,
principally in the form of undissociated H;BO;) for pH’s below 5, increases when the pH increases,
with the formation of tetraboric ions HB,O7. In relatively dilute solutions, containing less than
o-oI g-at B/], the boron exists essentially in the form of orthoboric acid H;BO; or orthoborates H,BOj,
HBO; ~ and BO3 ~ 7; for greater concentrations, there is polymerization with the formation of tetra-
boric acid H,B,O, (a small proportion) or tetraborates HB,0O; and B,O7 ~.

The portion of Fig. 1 lying above the solubility line for HyBO; corresponds to unstable solutions,
supersaturated with H;BO;; the sections of lines (4') and (5') drawn in this figure therefore correspond
to non-equilibrium states; at the equilibrium, no domain of predominance exists for H,B,0-.

From Fig. 1, when boric acid is dissolved in pure water, apart from undissociated H;BO; a small
proportion of HB,O7 should be formed according to the reaction 4H;BO; - HB,O7 + sH,O0+ H",
i.e. with the formation of H* and HB,O7 ions in equal quantities.

The H;BO; and HB,O7 concentrations of solutions obtained by the dissolution of boric acid
H3BO; in pure water are connected with the pH (or the H* ion concentration) by the following
equations:

(HB,O7) = (H*)— 10"7%°  and  4log(H,BO,) = log(HB,0;7) + 654 — pH  (6)

These two equations enable us to represent, as indicated by one of the lines in Fig. 1, the pH’s
of boric acid solutions of different concentrations; the pH of the solution obtained by saturating pure
water with boric acid will be given by the abscissa value of the intersection of this line with the heavy
line which relates to saturation with HyPOj; this pH is 33.

~ In the same way, the concentrations of B,O; ~ and HB,O7 ions in solutions obtained by dis-
solving borax (Na,B,0,) in pure water, are connected with the pH and the OH™ ion concentration
of these solutions by the following equations:

(HB,O;)= (OH")— 10"7°° and  log(B,O; ") = log(HB,07) — 900 + pH  (7)
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These two equations enable us to represent the pH’s of borax solutions of different concentrations,
as shown by one of the lines in Fig. 1; the solubility of borax in pure water being about 31 g/l, i.e.
about 06 (or 10~ 2'22) g-at B/], the pH of water saturated with borax will be given, according to these
equations, by the abscissa of the point on this line whose ordinate is —o0-22. We thus find the pH to
be 11°1. : )

Given below for comparison is a table giving the experimental pH’s and those calculated from the

lines in Fig. 1, for solutions of boric acid and borax respectively o-1 normal in dissolved borax, and
saturated:

Boric acid . Bﬁrax
exp.  calc. exp.  calc:
Solutions containing o'1 g-at B/1 52 52 92?7 107
Saturated solutions 47 33 9-5 111

With the exception of that for one of the boric acid solutions, the calculated values do not agree -
very satisfactorily with the experimental values. These differences may be due to the fact that these
solutions are not perfect, to errors in the values assumed here for the standard free enthalpies of forma-
tion, or to the existence of dissolved boron compounds not considered here.

The solutions considered in Fig. 1 can be obtained not only by dissolving orthoboric acid H;BO;,
but also by dissolving other less hydrated acids in which boron has a valency of + 3 (metaboric acid
HBO, and pyroboric acid H,B,05), and also by dissolving boric anhydride B,O; and tetraborates,
such as borax Na,B,0- . 10H,0.

Borate solutions can contain boron in forms other than those which have been considered here,
for instance diboric ions B,O; ~ and hexaboric ions BgO1,™ (see Carpeni [8], Gode and Kechan [9],
and Kechan [10]); moreover, taking into account the fact that we have assumed, as a first approxima-
tion, that the concentrations are equal to the activities, the analysis given above is obviously grossly
approximate.

Concerning the electrochemical behaviour of boric solutions, Figs. 2—4 lead to the conclusion
that it is energetically possible for the electrolysis of these solutions to result in the cathodic formation
of boron hydrides; we do not know whether such a formation has been verified experimentally; at
the anode, perborate BO; can be formed, which is probably an addition compound BO; . H,O, of
metaborate BO; and hydrogen peroxide.
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work was published by Delahay et al. [2]. The same method was used by Patrie [3] to study the formation of layers of oxide
on aluminium in nitric acid solutions; Groot and Peekema [4] have also established a corrosion diagram for aluminium for a
concentration of 3 x 10~ g-ion Al/L.
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1. SUBSTANCES CONSIDERED AND SUBSTANCES NOT CONSIDERED

Oxidation  Considered Not ﬁ" (cal.) Name, colour, crystalline
number considered system
@
Solid substances 0 Al - 0 Aluminium, tin-white, f.c. cub.

+3 Al Og hydr. «. —38%3530 ()  Trihydrated aluminium oxide
(hydrargillite) Al,O,.3H,0, white
monocl.¥
» » » - b. —382400 ()  Trihydrated aluminium oxide
(bayerite) Al,O, . 3H,0, white,
monocl.®
» » » - . —378310 Monohydrated aluminium oxide
(b6hmite) Al,O; . H,Oy, white,
rhomb.
» » anh. - . —376770 Anhydrous aluminium oxide (corun-
dum) Al,O;a, white, rhomb.
. —=373730 Aluminium hydroxide AI(OH),, white,
amorphous®

» » h )'d.l‘-

i
Q

Dissolved
substances 1 - Al+ . - Aluminous ion, colourless

3 Al+++ - — 3000 Aluminic ion, colourless

» - AIOQOH+--? - ?

» - Al1O+? ?

» AlOs; - —200710 (*) Aluminate ion, colourless

+ 4

2. REACTIONS AND EQUILIBRIUM FORMULAE
2.1. TWO DISSOLVED SUBSTANCES
2.1.1. Relative stability of A1*** and AlO;
7=+3

) AlO3
I. Ali++4+a2H, 0= AlO; + jHA log (AlU3)

A+

=—90.30 + 4 pH

2.1.2. Limit of the domains of relative predominance of Al*** and AlO;

1. Al+-++/A103 pH=5.07

2.2. TWO SOLID SUBSTANCES
Limits of the domains of relative stability of aluminium and its oxides

0o->+3
2. Al +3H,0 = Al,O; +6H++ 6e— a. B,
l b.

—1.330 — 0.0391 pH
—1.335 — 0.0391 pH
—1.505 — 0.0391 pH
—1.494 — 0.0391 pH
—1.471 — 0.0391 pli

([ (|

d.

e.

(%) We have calculated the standard free enthalpy of formation of hydrargillite [1] starting from the solubility product of
hydrargillite 107 4-® calculated by Fricke and Jucaitis [5]: that of bayerite starting from its solubility product 10~ 13-82 deter-
mined by Fricke and Meyring [6]. The standard free enthalpy of formation of the AlO; ion was calculated from the solubility
product of bshmite (AlO; XH*) = 10732, given by Fricke and Meyring [6].

(3) These values of u° for the oxides correspond to the following values for the hydrated oxides and hydroxide:

Al,0;.3H,0 hydrargillite: — 554 600 cal. Al,0;.H,0 bohmite: —435000 cal
Al,0;.3H,0 bayerite: —552 470 cal. Al(OH); hydroxide: —271 900 cal.
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2.3. ONE SOLID SUBSTANCE AND ONE DISSOLVED SUBSTANCE

Solubility of aluminium and its oxides

1=+3
3. 2 Al+++ 4+ 3H,0 = Al Oy + 6H+ a. log (Al+++) = 3.70 — 3 pH
b. = 6.48 — 3 pH
c. = 7.98 —3pH
d. = 8.35 — 3 pH
e. = 9,66 — 3 pH
+ Al,O; + H,0 =2A107 +2H~+ «. log (Al103) =—14,60+ pH
0. =—13.82+ pH
¢ =—12.32+ pH
d. =—11.76 + pH
e. =—10.64 + pH
o>+ 3
5. Al = Al+++ +3e— E,= 1.663 + 0.0197 log (Al+++)
6. Al +2H, 0= X107 +4H++3e— E,= 1.262—0.0788 pH + 0.0197 log (A103)

3. EQUILIBRIUM DIAGRAM AND ITS INTERPRETATION

3.1. ESTABLISHMENT OF THE DIAGRAM

Using formulae (1)-(6) given in paragraph 2, we have drawn in Fig. 1 a potential-pH equilibrium
diagram for the system aluminium-water at 25°C considering as the form of Al,O, the most stable
of the forms quoted in paragraph 1, i.e. hydrargillite.

In establishing the diagram we have not taken into account the cations A(OH)** and Al(OH);
(or AlIO*) which seem to relate only to chloride complexes.

The equilibrium diagram in Fig. 1 is valid only in the absence of substances with which aluminium
can form soluble complexes or insoluble salts. According to Charlot [7] the principal aluminium
complexes are those formed with the anions of organic compounds (acetic, citric, tartaric, oxalic ions,
etc.) and also the fluorine complexes. As sparingly soluble salts, the phosphate and oxinate may be
mentioned. Calcium aluminate is also sparingly soluble.

3.2. STABILITY AND CORROSION OF ALUMINIUM

Figures 2a and 2b represent the theoretical conditions of corrosion, immunity and passivation of
aluminium at 25°C, in the absence of substances with which aluminium forms soluble complexes or
insoluble salts. Figure 2a, deduced from Fig. 1, refers to passivation by the formation of a layer of
hydrargillite Al,O;.3H,0. Figure 2b refers to passivation by the formation of a layer of béhmite
Al,0,. H,0, which is usually the practical case, notably when the metal becomes covered with a
layer of anodic oxide (see paragraph 3.3).

From Figs. 1 and 2 aluminium is seen to be a very base metal, as the whole of its domain of stability
lies below that of water. In the presence of sufficiently acid solutions, it decomposes water with the
evolution of hydrogen, dissolving as trivalent A1*** jons; under certain conditions which are little
known at present this dissolution occurs with the formation of monovalent Al* ions. In the presence
of sufficiently alkaline solutions aluminium decomposes water with the evolution of hydrogen, dis-
solving as aluminate ions AlO; .

In non-complexing solutions of pH roughly between 4 and 9, aluminium tends to become covered
with a film of oxide; the nature of the film is generally complex (see paragraph 3.3).
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In practice, the corrosion behaviour of aluminium is determined essentially by the behaviour of the
oxide film with which it is almost always covered towards the corroding media to be considered. Cases
of bad resistance to corrosion are often connected with a change in this oxide film, notably in its degree
of hydration and porosity.
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FIG. 1. Potential-pH equilibrium diagram for the system aluminium-water, at 25°C.

Chatalov [8] has studied the corrosion rate of aluminium as a function of the pH in various
buffer solutions; his results are reproduced in Figs. 3a and 3b.

The equilibrium potential of the reaction Al - Al*** + 3¢~ (5) is practically impossible to
measure directly, on account of the great tendency for hydrogen to be evolved at such low potentials;
the measurements are also complicated by the great tendency of aluminium to cover itself with a layer
of non-conducting oxide. Heyrovsky [9] used a liquid aluminium amalgam, enabling him to practically
eliminate the secondary reaction H, —» 2H* + 2¢~.
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As stated above (pp. 15 and 137), pitting of passivable metals (including aluminium) due to chlorides
may sometimes be avoided by a cathodic treatment which brings the metal into a state of perfect
passivation, by improving the quality of the protective oxide film. But cathodic protection of aluminium
by bringing the metal into a state of immunity (without protective oxide) is practically impossible on
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(b) Passivation by a film of béhmite Al,0;.H,O.

F1G. 2. Theoretical conditions of corrosion, immunity and passivation of aluminium, at 25°C.

account of the very low equilibrium potential of the metal. For the same reason it is practically impos-
sible to electrodeposit aluminium from aqueous solutions, although, under very special conditions,
aluminium has been deposited electrochemically. The classical process for the electrolytic separation
of the metal remains that of igneous electrolysis.
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3.3. STABILITY OF ALUMINIUM OXIDE AND ITS HYDRATES. ANODIC OXIDATION OF ALUMINIUM

Aluminium oxide, or alumina, Al,O; occurs in various forms: the ordinary variety is corundum
or a-alumina, crystallizing in the rhombohedral system; the other varieties are f-alumina (hexagonal
crystals), y-alumina (cubic crystals) and §-alumina (rhombohedral crystals). The physical and chemical
properties of alumina depend to a large extent on the temperature reached during its preparation;
thus, when heated to a high temperature, alumina loses its property of being a hygroscopic substance
and at the same time becomes practically insoluble in acids and bases.

When alkali is added to a solution of an aluminium salt, or acid is added to an aluminate, a
precipitate is obtained which is a hydroxide gel, corresponding practically to the composition Al(OH),
and amphoteric in nature.
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(a) log V as a function of pH. (b) log V as a function of pH.

(V, corrosion rate in mg/dm? h).

F1G. 3. Influence of pH on the corrosion rate of aluminium (Chatalov).

This aluminium hydroxide gel is not stable, however; it crystallizes in the course of time to give
first the monohydrate y-Al,0;. H,O or bohmite, crystallizing in the rhombohedral system, then the
trihydrate Al,0;.3H,O or bayerite, crystallizing in the monoclinic system, and, finally another
trihydrate, hydrargillite, crystallizing in the same system. This development of aluminium hydroxide
is known as “ageing”.

The various hydrates formed during the ageing are characterized by an increasing stability and
an accompanying variation in all their properties, in particular their solubility in acids, bases and pure
water. In Fig. 4 we have drawn a series of curves expressing the influence of pH on the solubility of
the various compounds for which we have free enthalpy values; these curves are deduced from the
equilibrium relations established in paragraph 2. In Table I we give for each of these compounds the
logarithm of the acid and alkaline solubility products, the logarithm of the minimum solubility which
occurs at a pH of 5:1, the logarithm of the solubility in pure water, the pH obtained by dissolution in
pure water and finally the crystallographic system.

In Fig. 4 we have drawn, from formulae (3) and (4), a series of curves expressing the influence
of pH on the solubility of the five forms of alumina for which we know the free enthalpies of formation.
We have also reproduced Kolthoff’s experimental data [10] which Latimer considered to refer to the
amorphous hydroxide but are much nearer to those of béhmite. This is probably due to the fact that
Kolthoff gave the precipitated hydroxide time to stabilize itself. Thus when the measurements were
made it is most likely that the substance in question was no longer an A(OH); gel.
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TABLE I Solubility of aluminium oxide and its hydrates

log

log log (solubility pH Crystallo-
[AI***) log (minimum in pure on graphic
Formula (OH")3) [(AIO;)(H*)] solubility) water) dissolution system
(g-at Al/l) (g-at Al/D) in water
Hydrargillite Al,0;.3H,0 —-3630 —14-60 -92 —-78 68 Monocl.
Bayerite AlLO;.3H,0 —3552 —13-82 -85 -72 67 Monocl.
Bohmite y-Al,O5.H,0 —3402 —12:32 -70 —62 61 Tern.
Corundum o-Al, 04 —3345 —-1176 —64 -59 59 Tern.
Amorphous hydroxide Al(OH), —-3234 —-1064 53 -53 53 Amorphous
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FIG. 4. Influence of pH on the solubility of Al,0; and its hydrates, at 25°C.

The alkaline solubility products of béhmite, bayerite and hydrargillite are those given by Fricke
and Meyring [6] and Fricke and Jucams [5]- They have been used to calculate the free enthalpies of
these compounds [1].

The solubility product in acid solution has been calculated by Heyrovsky [11]. In Fig. 4 we
have drawn the section of the straight line corresponding to Heyrovsky’s solubility product 103297
for concentrations below 10”4 M. For higher concentrations we have represented the lower and higher
limits assumed by Heyrovsky for the value of (Al* * *) as a function of pH. We have also marked on
Fig. 4 a point representing a result obtained by Britton [12], concerning freshly precipitated AI(OH)s.

With regard to the minimum solubility of the hydrates, Edwards and Buswell [13] point out that,
when town-water is clarified by means of aluminium compounds, the residual aluminium concentration
in the treated water rarely exceeds 2 mg Al/l, i.e. 10”4 g-at Al/l.

Concerning the solubilities in pure water, Remy and Kuhlmann [14] calculated that of Al,O,
at 20°C, first by conductiometric titration (10 ~*7# g-at Al/l) and then by specific conductivity measure-
ment (10~4%° g-at Al/l). Busch [15] obtained the value 10~*72 g-at Al/l by acidimetric titration of a



ALUMINIUM 175

saturated solution at 29°C. Jander and Ruperti [16] determined analytically the percentage of Al,O,
in a saturated solution of AI(OH), at 12-15°C and found it to be 107 %! g-at Al/L.

All these values agree well enough among themselves, but leave open the question of exactly
which form of oxide or hydroxide they represent ; they are all greater than the solubilities in pure water
calculated from Fig. 4; the greatest one of these for amorphous Al(OH); is 10753 g-at Al/l,
i.e. 0’13 mg Al/l

The anodic behaviour of aluminium is affected by the formation of a passivating layer of oxide
on the surface of the metal. Much use is made of anodically treated aluminium. This treatment covers
the metal with a layer of oxide which gives it desirable properties, such as the absorption of coloured
materials and resistance to chemical reagents and to the passage of electric currents.

The structure of the anodic deposit has been the object of numerous studies. The X-ray identifica-
tion of alumina was carried out by Burgers et al. [17], in 1932. Belwe identified the same substance
by electron diffraction [18].

When the oxide layer is clogged up by boiling water, the y-oxide-is converted into bohmite. It
follows that the layer of oxide is made up of a thin film of anhydrous y-Al,O,, directly in contact with
the metal, while the part in contact with the bath consists of monohydrated alumina [19]. According
to a recent study by Hart [20], the film formed on extra pure aluminium immersed in water not above
60°C develops in three stages : first of all amorphous hydroxide is formed, then orthorhombic y-AlO . OH
and then bayerite Al,O,. 3H,0; the final film will therefore, according to Hart, be made up of three
layers.

As we have said in paragraph 3.2, the corrosion resistance of aluminium is determined essentially
by the behaviour of its layer of oxide. Practically neutral solutions are in general without action, except
in the particular cases when there is danger of pitting, which occurs mainly in the presence of chlorides.
In acid or alkaline solutions, the aluminium will be attacked as soon as the oxide film is eliminated.
This dissolution is slower in acid solutions than in alkaline solutions.

4. BIBLIOGRAPHY

[1] E. DeLToMBE and M. POURBAIX, Comportement électrochimique de I’aluminium. Diagrammes d’équilibres tension -
PH du systéeme Al-H,O a 25°C (Rapport technique RT.42 of CEBELCOR, December 1955).
[2] P. DELAHAY, M. PourBax and P. VAN RYSSELBERGHE, Diagrammes d’équilibres potentiel-pH de quelques
éléments (C. R. 3° réunion du CITCE, Berne, 1951).
[3] J. PATRIE, Contribution d I’étude des phénoménes de passivation de I’aluminium immergé en milieu nitrique (Thése,
Grenoble, 1952). .
[4] C. Groor and R. M. PEekeMA, The Potential-pH Diagram for Aluminium, U.S. Atomic Energy Comm. Publ.
H.W.28556, 1953, 13 pages.
[5] R. Fricke and P. Jucarris, Untersuchungen iiber die Gleichgewichte in den Systemen Al,O;, Na,O . H;0 und
Al,0,, K,0 .H,0, Z. anorg. allgem. Chem. 191, 129-49 (1930).
[6] R. Fricke and K. MEYRING, Zur Alterung junger Aluminium Hydroxydgel, Z. anorg. allgem. Chem. 214, 269-74
(1933).
[7] G?gmnwn L’analyse qualitative et les réactions en solution, 2nd ed., Masson, Paris, 1957.
[8] A.YAa.CHATALOV, Effet du pH sur le comportement électrochimique des métaux et leur résistance a la corrosion,
Dokl. Akad. Naouk S.S.S.R. 86, 775-7 (1952).
[9] J. Heyrovsky, The Electroaffinity of Aluminium. Part II. The aluminium electrode, J. Chem. Soc. 117, 27-36
(1920).
[10] I. M. KoLTHOFF, Die azidimetrische Bestimmung schwerer Metalle in ihren salzen, Z. anorg. allgem. Chem.
112, 172-86 (1920).
[11] J. HeEYrOVsKY, The electroaffinity of aluminium. Part I. The ionisation and hydrolysis of aluminium chloride,
J. Chem. Soc. 117, 11-26 (1920).
[12] H. T. S. BritTON, Electrometric studies of the precipitation of hydroxides. Part II. The precipitation of hydr-
oxides of zinc, chromium, beryllium, aluminium, bivalent tin and zirconium by use of the hydrogen electrode and
their alleged atmospheric nature, J. Chem. Soc., 212041 (1925).
[13] G. P. EDWARDs and A. M. BUSWELL, La relation entre la concentration en ion hydrogéne et les propriétés de
I’aluminium floculé, Illinois State Water Surv. Bull. 22, 47-72 (1925); Z.B., 1927, I, p. 1718.



176 CHAPTER 1V. SECTION 5.2

[14] H. Remy and A. KUHLMANN, Loslichkeitsbestimmungen an schwerldslichen Stoffen. II. Wasserloslichkeit der
Oxyde von Beryllium, Aluminium, Zink, Cadmium, Blei, Kupfer und Silber, Z. anal. Chem. 65, 161-81 (1924-5).

[15] W. BuscH, Ueber die Verwendbarkeit der electrometrischen Titration zur Léslichkeitsbestimmung schwer-
16slicher Oxyde, Z. anorg. allgem. Chem. 161, 161—79 (1927).

[16] G.JANDER and O. RuPERTI, Zur Fillung des Aluminiums als Oxydhydrat mittels Ammoniaks, Z. anorg. allgem.
Chem. 153, 2539 (1926).

[17] W. G. BURGERS, A. CLAASEN and 1. ZerNIKE, Ueber die chemische Natur des Oxydschichten welche sich bei
anodischer Polarisation auf Metallen Aluminium, Zirkon, Titan und Tantal bilden, Z. Phys. 74, 593-603 (1932).

[18] E. BeLwg, Untersuchung von Aluminiumoxyden mittels Elektroneinterferenzen, Z. Phys. 100, 192-6 (1936).

[19] J. PaTREE, Le mécanisme de I'oxydation électrolytique et la formation des couches d’oxyde d’alumine, Rev.
Aluminium, 26, 397-403 (1949); 27, 3-7 (1950).

[20] R. K. HarT, The formation of films on aluminium immersed in water, Trans. Faraday Soc. 53, No. 7, 1020-7
(1957).



SECTIONS 5.3 AND 54

SCANDIUM, YTTRIUM(})

J. VAN MUYLDER

SUMMARY

1. Substances considered.

2. Reactions and equilibrium formulae.
2.1. Two dissolved substances.

2.1.1. Relative stability of the dissolved substances.
2.1.2. Limits of the domains of relative predominance of the dissolved substances.

2.2. Two solid substances.
Limits of the domains of relative stability of the solid substances.

2.3. One dissolved substance and one solid substance.
Solubility of the solid substances.
3. Equilibrium diagrams and their interpretation.
3.1. Establishment of the diagrams.
3.2. Stability of scandium and yttrium.
3.3. Stability of the oxides and hydroxides of scandium and yttrium.

4. Bibliography.

(*) Rapport CEFA/R.9 of the Commission des Etudes Fondamentales et Applications of CEBELCOR.
177



178 CHAPTER IV. SECTIONS 53 AND 54

1. SUBSTANCES CONSIDERED

Oxidation Considered #°(cal.) Name, colour,
number crystalline system
2)
SCANDIUM
Solid substances 0 Sc 0 Scandium, light grey, hex.
+3 Se¢;0; hydr. a. —416930 Scandium hydroxide Sc(OH),, white,
amorphous®
Dissolved » » anh. b. —390000 () Scandium oxide, white, cub.
substances +3 Sc+++ — 143700 Scandic ion, colourless
» Sc OH++ —193 700 (%) Scandyl ion, colourless
YTTRIUM
Solid substances 0 Y 0 Yttrium, grey, hex.
+3 Y;0;  hydr. a. —4i44130 Yttrium hydroxide Y(OH),, light
yellow!®
Dissolved » » anh. b. —402000 () Yttrium oxide, white, cub.
substance +3 Y++-+ —164100 Yttric ion

2. REACTIONS AND EQUILIBRIUM FORMULAE
Scandium (%)
2.1. TWO DISSOLVED SUBSTANCES
2.1.1. Relative stability of the dissolved substances

L=+3

1. Sct++ + HyO = ScOH+++H+ (ScOH*+)

Bor+s) = 4.93 + pH
2.1.2. Limits of the domains of relative predominance of the dissolved substances

1 S¢t+++/ScOH++ pH = 4.93
2.2. TWO SOLID SUBSTANCES
Limits of the domains of relative stability of the solid substances
o=>+3

2. 2S¢ +3H,0=8¢,03 + 6H++6e— a. Eg=—1.784—0,0391 pH

b. =—1.591—0.0591 pH

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

7=+3
3. 2Sct++ +3H:0=S¢;0; + 6H+ a. log(Sct++) =14.87 — 3pH
b. = 24.75 — 3pH
4. 2S8cOH+++ H,0 = S¢,0; + 4H+ a. l0g(ScOH++) = 9.94—2pH
b. =19.82 — 2pH

(%) Values given by Brewer [1].

(®) The value for pg,o, corresponds to pgom, = —293 500 cal. and the value for u$,,, corresponds to u%on), = —307 100 cal.

(*) Concerning the reactions involving Sc, 0, the letter a refers to Sc(OH),, whose free enthalpy of formation is —293 500 cal.;
the letter b refers to anhydrous Sc,0,, whose free enthalpy of formation is —390 000 cal.
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o->+3
5. Sc = Sc+++ +3e— E,=—2.077 +0.0197 log(Sc+++)

6. Sc + H;0=ScOH+++ H++3e— Eo=—1.980—0.0197 pH +0.0197 log(Sc OH++)

Yttrium (%)
2.2. TWO SOLID SUBSTANCES
Limits of the domains of relative stability of the solid substances

o—>+3

2. 2Y +3H,0=Y,03 +6H++ 6e— . Eg=—1.981—0.0391 pH

—1.676—0.0391 pHI

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE
Solubility of the solid substances

1.=+3
3. 2Y+++ +3H,0=Y,0; -+ 6H+ a. log(Y+++) =19.86 — 3pH
b. = 33.32 — 3pH
o0—>+3
3. Y =Y+++ +3e Eo=—2.372 +0.0197 log (Y+++)

3. EQUILIBRIUM DIAGRAMS AND THEIR INTERPRETATION

3.1. ESTABLISHMENT OF THE DIAGRAMS

Using the equilibrium formulae given in paragraph 2, we have drawn Figs. 1—4.

Using all these formulae, we have established, in Fig. 1, an equilibrium diagram for the system
scandium—water, and, in Fig. 2, an equilibrium diagram for the system yttrium—water.

In Figs. 3 and 4 we have represented, using equations (1’), (3) and (4), the influence of pH on the
solubility of scandium oxide and hydroxide, and yttrium oxide and hydroxide, respectively.

These figures are valid only in the absence of substances with which scandium and yttrium can
form soluble complexes or insoluble salts. According to Latimer [2], the oxalates, phosphates and
carbonates of scandium and yttrium are very sparingly soluble, as is the fluoride ScF 3, which is, never-
theless, soluble in NH,F with the formation of the complex ion ScFg =~

3.2. STABILITY OF SCANDIUM AND YTTRIUM

Scandium and yttrium both have a very large negative equilibrium potential. As the whole of
their domain of stability, in Figs. 1 and 2, lies well below that of water, these metals are very unstable
in the presence of aqueous solutions of any pH.

They are extremely base metals and powerful reducing agents, having a great afﬁnlty to react
with water which they decompose with the evolution of hydrogen.

In the presence of acid and neutral solutions, the liberation of hydrogen is accompanied by the
dissolution of scandium and yttrium respectively in the form of Sc*** (scandic) and ScOH**
(“scandyl”) ions, and Y* ** (yttric) ions.

(%) Concerning the reactions involving Y,O;, the letter a refers to Y(OH),, whose free enthalpy of formation is —444 130 cal.;
the letter b refers to anhydrous Y,0;, whose free enthalpy of formation is —402 000 cal.
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In the presence of alkaline solutions, the evolution of hydrogen takes place concurrently with the
formation of scandium hydroxide Sc(OH);, and yttrium hydroxide Y(OH);.

According to Figs. 1 and 2 the covering of scandium and yttrium with a layer of hydroxide takes
place at pH’s respectively above 5 to 8 and 65 to 8-5, depending on the concentration of these elements
in the solution.
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FI1G. 1. Potential-pH equilibrium diagram for the system scandium-water, at 25°C.

3.3. STABILITY OF THE OXIDES AND HYDROXIDES OF SCANDIUM AND YTTRIUM

From Figs. 1 and 2 the hydroxides of scandium and yttrium, which can be obtained by treating
aqueous solutions of the salts of these metals with a base, are substances which are thermodynamically
stable in the presence of alkaline solutions, and unstable in the presence of acid solutions in which they
dissolve as Sc*** and ScOH** ions, and Y*** ions.
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From the free enthalpy of formation values given by Latimer [2] and Brewer [1], which are
reproduced in paragraph 1, the oxides Sc,0O; and Y,0O; are unstable with respect to the corresponding
hydroxides Sc(OH); and Y(OH);. The oxides tend to be converted into the hydroxides by spontaneous
hydration, and consequently the hydroxides alone appear in Figs. 1 and 2, in which only stable equilibria
are considered.

The influence of pH on the solubility of scandium and yttrium hydroxides is represented graphically
in Figs. 3 and 4.
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FIG. 2. Potential-pH equilibrium diagram for the system yttrium-water, at 25°C.

The solutions obtained by saturating pure water respectively with S(OH); and Y(OH); have
the following characteristics, at 25°C, according to Figs. 3 and 4.

Water saturated Water saturated
with Sc(OH), with Y(OH),
pH 81 86
log (M+++) —62 —-59

(M(OH);) mg/1 0-06 014
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FIG. 3. Influence of pH on the solubility of scandium oxide and hydroxide, at 25°C.
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FIG. 4. Influence of pH on the solubility of yttrium oxide and hydroxide, at 25°C.
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CHAPTER IV. SECTION 6

1. SUBSTANCES CONSIDERED AND SUBSTANCES NOT CONSIDERED

Oxidation Considered Not u°(cal.) Name, colour,
number considered crystalline system
Z)
LANTHANUM ¢
Solid substances o La - 0 Lanthanum, white, hex.
or f.c. cub.
+3 La; O3 hydr. - . —456 330 Hydroxide, white, amor-
phous?®
» » anh. - . —426 900 Oxide, white, rhomb. or
Dissolved cub.
substance +3  La+++ - —174 500 Lanthanum ion, colour-
’ less
CERIUM
Solid substances o Ce - 0 Cerium, grey, hex. or
fc. cub.
+3 Ce30; hydr. - —433 190 Cerous hydroxide, grey-
(2)
+4 Ce O, - —219 000 Ceric oxide, light yellow,
cub.
Dissolved +6 - CeO; hydr. - Hydrated peroxide
substances +3 Cet+++ - —171 730 Cerous ion, colourless
+ 4 - Ce++++ - Ceric ion
» Ce(OH)+++ - —188 900 Ceric ion, yellow
»  Ce(OH)}+ - —245 200 Ceric ion, orange
PRASEODYMIUM
Solid substances o Pr - 0 Praseodymium, pale
yellow, hex. or f.c. cub.
+3  PryO; hydr. - . —449330 Hydroxide®®
» »  anh. - . —423100 Sesquioxide, yellow—
green, rhomb. or cub.
. “+4 PrO, - —220 000 Dioxide, black, cub.
Dissolved
substances +3 Pr+++ - —170 300 Praseodymous ion, green
+4 Pr++++ - —104 350 (3)  Praseodymic ion
NEODYMIUM
Solid substances o Nd - 0 Neodymium, light yellow,
hex.
+3  Nd;O; hydr. - . —448330 Hydroxide®
» » anh. - . —420 600 Oxide, light blue, rhomb.
or cub.
Dissolved -+ .ﬁ - Nd 03 ? - Dioxide
substance +~3  Nd+++ - —168 200 Neodymium ion, pur-
plish pink
(2) These values of u° for the oxides correspond to the following values for the hydroxides:
La(OH), —313 200 cal. Sm(OH), —308 700 cal. Ho(OH), —304 100 cal.
Ce(OH), —311630 ,, Eu(OH), —308 600 ,, Er(OH), —-302 800 ,,
Pr(OH), —309700 ,, Gd(OH), —308000 ,, Tm(OH), —302400 ,,
Nd(OH), —309 300 ,, Tb(OH), —307800 ,, Yb(OH), -301700 ,,
Pm(OH), —309000 ,, Dy(OH), —305400 ,, Lu(OH), —301000 ,,

(%) Value calculated considering EJ of the equilibrium Pr* **/Pr**** to be equal to 2-86 V (Latimer).



PROMETHIUM
Solid substances
Dissolved
substance
SAMARIUM
Solid substances

Dissolved
substances

EUROPIUM
Solid substances

Dissolved
substances

GADOLINIUM
Solid substances

Dissolved
substance

Gaseous substance
TERBIUM
Solid substances

Dissolved
substance

DYSPROSIUM

Solid substances

Dissolved
substance

HOLMIUM
Solid substances

Dissolved
substance

Oxidation
number
2)

o
+3

+3

+3

“+2
+3

0
+3
“+4

+3

-+ 3

+3

Considered

Pm

ng 03 hydl‘.

Pm+++

Sm

sz 03 hydl‘.

Sm++
Sm+++

Eu, O3 hydr.

Eu++
Eu+++

Gd

Gnga hydr.

Gd+++

b

sz 03 hydl‘.

Th+++

Dyz 03 hyd!’.

Dy+++

Ho

Ho,0; hydr.

Ho+++

LANTHANIDES

Not
considered

st 03 8l’lh._

Gd; O3 anh.

Gd

ThO,?

a.
b.

b.

u%cal.)

—447 930
—167 600

0

—447 330

—143 940 (*)
—167000

0

—447 130

—156 600
—166 500

. —443 930

—165 800
77 000

— 445 530

—165 400

—440 730
—162 800

0
—438 130

—160 400

185

Name, colour,
crystalline system

Promethium
Hydroxide®

Promethium ion

Samarium, light
rhomb. or hex.

Hydroxide, light yellow®

Oxide, yellowish-white,
cub.

Samarous ion

Samaric ion

grey,

Europium, steel grey, b.c.
cub.
Hydroxide, pale pink

Europous ion
Europic ion, pink

Gadolinium, hex.

Hydroxide, white, amor-
phous®

Oxide, grey, cub.

Gadolinium ion

Gadolinium

Terbium, grey-blue, hex.

Hydroxide, white, cub.®

Peroxide, brown-black
or black

Terbium ion

Dysprosium, hex.
Hydroxide, white, cub.®

Dysprosium ion

Holmium, hex.
Hydroxide!?

Holmium ion, light
yellow

(%) Value calculated supposing EJ of the reaction Sm* */Sm*** to be equal to —1-00 V (Latimer gives E, > 0-9).
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ERBIUM

Solid substances

Dissolved
substance

THULIUM
Solid substances

Dissolved
substances
YTTERBIUM

Solid substances

Dissolved
substances

LUTETIUM
Solid substances

Dissolved
substance

Oxidation
number
(2)

-+ 2
+3

+3

“+2
“+3

+3

+3

Considered

EP3°3

Err++

Tm

Tm;0O; hydr.

Tm+++

Yb

Yb; O3 hydr.

Yb++
Yb+++

Lu

Lu,O; hydr.

Lu+++

hydr.

CHAPTER IV. SECTION 6

Not
considered

Tm+-+?

#%(cal.)

—435 830

—138 860

0
—434730

—187 600

0
—433 330

—129 000
—156 800

0
—431 930

—156 000

2. REACTIONS AND EQUILIBRIUM FORMULAE (°)

2.2. TWO. SOLID SUBSTANCES
Limits of the domains of relative stability of the solid substances

o—>+3
1. 2La

+3H20

2.3. ONE DISSOLVED SUBSTANCE AND

Solubility of the solid substances

o->—+3

2. La
Z=++3

3. 2 La+++

+3H20

Lanthanum

= L.zo:g

+6H++ 6e—

ONE SOLID SUBSTANCE

La+++ +3e—

Laz 03 + 6H+

Name, colour,
crystalline system

Erbium, dark grey, hex.
Hydroxide, light pink,
cub.

Erbium ion, pink®

Thulium, hex.
Hydroxide, light yellow,
cub.®

Thulous ion
Thulic ion, light yellow

Ytterbium, grey, f.c.cub.
Hydroxide, white, cub.?)

Ytterbous ion
Ytterbic ion, colourless

Lutetium, hex.
Hydroxide®®

Lutetium ion

a. Ey=—2.069—0.0391 pH

b.

Eo = —2.522

=—1.836—0.0591 pH

+0,0197 log (La+++)

a. log(La+++) =23.02 — 3pH

b.

=33.81 —3pH

(%) Equilibria involving hydrated oxides or hydroxides, the more thermodynamically stable compounds, are marked with the
letter a; those marked b refer to anhydrous oxides, which are less stable.
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Cerium

2.1. TWO DISSOLVED SUBSTANCES

2.1.1. Relative stability of the dissolved substances

7 =+ 4
. (Ce(OH)3Y) :
1. Ce(OH)" ARt Hzo = Ce(OH)}"" -+ H+ IOgmi{)_:::"—) =—0.29 + pH
+3 44 ol
. . C ++
9. Cer++ 4+ H,y0 = Ce(OHyr++ + H++ e—  Eo= 1.715—0.0591 pH+0.0591 1og(°(—f:#—_-{l))
-
3. Ce+=++ +2H.0 = Ce(OH)i* —+2H++ e Ey= 1.731—0.1182 pH+0.0391 log:%%-}_‘!_):;))
2.1.2. Limits of the domains of relative predominance of the dissolved substances
1, Ce(OH)+++/Ce(OH)}* pH =0.29
2. Ce+++  /Ce(OH)+++ E,= 1.745—0.0391 pH
3. Ce+++  /Ce(OH)}+* Eo= 1.73/—0.1182 pH
2.2. TWO SOLID SUBSTANCES
Limits of the domains of relative stability of the solid substances
0o->+3
4. 2Ce +3H,0 = Ce;0; +6H++ 6e— Eo= 2.046—0.03591 pH
+3->4 :
5. Ce, 04 + H.O0 =2Ce0, +2H++2¢— E,= 1.359—0.0391 pH
2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE
Solubility of the solid substances
0—<+3
6. Ce = Ce+++ + 3e— E,=—2.483 +0.0197 log (Ce+++)
7 =<3
7. 2Ce+++ +3H.0 = Ce;0; +6H+ log (Ce+++) =22.15 — 3pH
+3>+4
8. Ce; 0; -+ H.O+2H+ =2Ce(OH);~ “+ 26— Eo= 0.4224-0.0391 pH+0.0391 log(Ce (OH)$*)
=4
9. - Ce0, +2H+ = Ce(OH)+ log(Ce(OH)3*) = 19.22 — 2pH
Praseodymium
2.1. TWO DISSOLVED SUBSTANCES
2.1.1. Relative stability of the dissolved substances
+3->+4
: v+t
1. Pr++ = Pre+++ + e E= 2860 +0.0891 log {20

2.1.2. Limits of the domains of relative predominance of the dissolved substances

1. C O Prttt/Prtttt E, = 2.860
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2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0->+3

2. 2 Pp +3H~_-() = Prz°3 +~O0H+~+ Ge—
+3>+4

3. Pr, 0, + H,O =2PrO, +2H+4-2¢—

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

o> —+3

4. Pr = Pr+++ +3e—
17=+3

L 2Pr+++ +3H,0 = Pr;O4 +6H+
+3->+4

6. Pr+++ +2H,0 = PrO, +{H++ e
Z=+4

7. Pr++++ 4+2H,0 = PrO, + 4 H+

Neodymium

2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

o>+3
1. 2 Nd +3H.0 = Nd;O0; +6H++ 6e—

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

0>+3

2. Nd = Nd++-+ + 3e—
LZ=+3

3. 2Nd+++ +3H,0 = Nd;O0; +6H+

Promethium
2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances
o—>+3
1. 2Pm +3H20 = PM2°3 +~6H++ 6e—

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances
o—>—+3

2. Pm = Pm+++ + 3e—
Z=+3

3. 2Pm+++  +3H,0 = Pm;O; +6H+

e Q
.

o Q

h.

. Eo=—2.018—0.0391 pU

=—1.829—0.0391 pH

. Ec= 1.431—0.0391 pH

= 0.863—0.0391 pH
E,=—2.462 +0.0197 log (Pr+++)

. log(Pr+++) =22.50 — 3 pH

=32.12 -3 pH
E,= 2.761—0.2364 pH—0.0591 log ( Pr+++)

log (Pr++++) = 46.72 — 4pH

. Ey=—2.013—0.0391 pHi

=—1.811—0.0391 pil

Ey=—2.431 +0.0197 log (Nd+++)

. log(Nd+++) =21.25 — 3pH

= 31.50 — 3pH

E, =—2.008—0.0391 pH

E,=—2.423 +0.0197 log (Pm~++)

log(Pm+++) =21.03 — 3pH
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Samarium

2.1. TWO DISSOLVED SUBSTANCES

2.1.1. Relative stability of the dissolved substances

+2>+3

1. Sm++ = Sm+++ + e

2.1.2. Limits of the domains of relative predominance of the dissolved substances

1. Sm++/Sm+~++
2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0->+3

2. 2Sm +3H,0= Smy0; +GH++ Gem

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

0> —+2

3. Sm = Sm++ +2e—
+2->+3

4. 2Sm++ +3H,0= Smy0; +6H++ 26—
7Z=43

5. 2Sm+++ +3H,0= Sm;0; +6H~+

Europium

2.1. TWO DISSOLVED SUBSTANCES
2.1.1. Relative stability of the dissolved substances
+2>+3

1. Eu++ =Eu+++ -+~ e

189
. N (Sm+++)
r:o =—1.000 +0.0391 log m‘
Ey =—1.000
Eo =—2.004—0.0391 pH
E,=—3.121 +0.0295 log (Sm++)

Eo= 0.230—0.1773 pH—0.0591 log (Sm++)

log(Sm+++) = 20.81 — 3pH

(Eut+++)

Ey=—0.429 W

+0.0391 log

2.1.2. Limits of the domains of relative predominance of the dissolved substances

1. Eu++/Eu+++
2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

o—>—+3

2. 2Eu +~3H,0= Eu,0;, +6H++ Ge—
2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

0—>—+2

3. Eu = Eu++ +2e—
+2->3

4. 2 Eu++ +3H.0= Eu,0; +6H++2e—
7Z=+3

5. 2Eu+++ +3H20= EUQOQ +GH+

E,=—0.429

Eo =—2.002—0.0391 pH

Eo=—3.393 +0.0293 log (Eu*+)
E,= 0.783—0.1773 pH—0.0391 log (Eu++)

log(Eu+++) = 20.52 — 3pH
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Gadolinium
2.2. TWO DISSOLVED SUBSTANCES

Limits of the domains of relative stability of the solid substances

o—>+13

1. 2Gd +3H20= Gdan +6H++ Ge—

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

o>—+3
2. - Gd = Gd+++ “+ 3e—
7=+3
3. 2Gd+++ +3H.0= Gd,0, +GH+
Terbium

2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0> +3

1. 2Th +3H:0= Tb,0, +GH++ Ge—
2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

0->+3

. Th = Tht++ “+ 3e—
L=+3

3. 2Tht++ +3H.0= Tb Oy +6H~+

Dysprosium
2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0o—>+3

1. 2Dy +3H, 0= Dy,0, +6H++ 6e—

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

0o=>+3
2. Dy = Dy+++ + 3e—
Z=+3
3. 2D.\'+++ + 3 H_gO = Dy2'°3 +~G6H~+
Holmium

2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0> +3

1. 2Ho +3H,0= Ho,0, +6H+ Ge—

Eo=—1.994—0.0591 pH

Eo=—2.397 +0.0197 log (Gd+++)

log(Gd+++) = 20.45 — 3pH

Eo =—1.999—0.0391 pH

E, =—2.39/ +0.0197 log (Th+++)

log (Th+++) = 20.30 — 3pH

E,=—1.956—0.0591 pH

E,=—2.353 +0.0197 log (Dy+++)

log(Dy+++) =20.15 — 3pH

E, =—1.937--0.0391 pH
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2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

0->+3

2. Ho = Ho++-+ +3e—
7=+3

3. 2 Hot +-+ +3H,0= HOgOg +6H+

Erbium
2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0->~+3

1. 2Er +3H;0= ErO,; +O6H++ Ge—
2. 3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

o—>+3
2. Er = Ei+++ +3e—
7. =++3
3. 2Ert+-+ +3H30= E'zo:g +6H+
Thulium

2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0o->+3

1. 2Tm +3H,0= Tm,0; +G6H++ 6Gem

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances .

o—>—+3 .
2. Tm - = Tm+++ + 3e—
L=+3
3. 2Tm+++ +3H,0= Tm;0; +6H+
Ytterbium
2.1. TWO DISSOLVED SUBSTANCES
2.1.1. Relative stability of the dissolved substances
+2>+3
1. Yb++ = Yb+++ + e

2.1.2. Limits of the domains of relative predominance of the dissolved substances

1. Ybﬁ—+ /Yb+++
2.2. TWO SOLID SUBSTANCES
Limits of the domains of relative stability of the solid substances

o—>+3

2. 2Yb +3H:0= Yb;0, +6H++ 6e—

191
E,=—2.319 +0.0197 log (Ho+++)
log(Ho+++) = 19.35 — 3pH
Eo = —1.918—0.0391 p I
E, =—2.206 +0.0197 log (Er+++)
log(Er+++) = 19.70 — 3pH
Eo =—1.913—0.0391 pH
E,=—2.278 +0.0197 log (Tm+++)
log (Tm+++) = 18.34 — 3pH
(Yb+++)

Eo=—1.205 +0.0391 log

(Yb*~+)

Eo =—1.205

Eo =—1.902—0.0391 pH
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2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

0->+2
3. Yb = Yb++ + 26— E, =—2.797 +0.0293 log (Yb++)

+2->+3 .
4. 2Yb+ +3H,0= Yb,03  +Gl++ e Eo=—0.114—0.1773 pH—0.039 log (Yb+)
3. 2Yb+t o+ +3H.0= Yb,0; + 61+ log(Yb+++) = 18.47 — 3pH

Lutetium
2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0->—+3
I. 2 Lu +3M1,0= Lu;O, +6H++Ge— E)=—1.892—0.0391 pH

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

o>+3

2, Lu = Lu+++ +3em Ey=—2.955 © +0.0197 log (Lu+++)
1=+3 .. '

3. 2 Lu+++ +3H:0= Lu;O; +6H+ log (Lu+++) = 18.39 - 3pl

3. EQUILIBRIUM DIAGRAMS AND THEIR INTERPRETATION

3.1. ESTABLISHMENT OF THE DIAGRAMS

Using the equilibrium formulae given in paragraph 2, we have drawn Figs. 1-15 which represent
the conditions for thermodynamic equilibrium of the systems lanthanides—water, at 25°C.

These figures are valid only in the absence of substances with which the metals of this group can
form insoluble salts or soluble complexes, with an exception made for tetravalent cerium which exists
in practice only in the form of complexes (C1~, SO; -, NOj3 and ClO;). According to Charlot [1], the
lanthanide complexes are numerous; examples are those formed with tartaric and citric ions; examples
of sparingly soluble compounds are the oxalates and fluorides.

3.2. STABILITY OF THE LANTHANIDES

The lanthanides have extremely large negative equilibrium potentials; their domains of stability
in Figs. 1-15 lie well below that of water. These metals are therefore unstable in the presence of aqueous
solutions of any pH. They are extremely base metals and are powerful reducing agents; they have a
great affinity to react with water which they decompose with the evolution of hydrogen. In the presence
of acid and neutral solutions, the reaction is accompanied by the dissolution of the metals as cations
which are either divalent (Sm* *, Eu**, Yb**), or trivalent (La***,Pr*** Nd***,Pm***,Ce* **,
Gd***, Tb***, Dy***, Ho***, Er***, Tm***, Lu* **); in the presence of alkaline solutions, the
reaction gives rise to the formation of hydroxides of the general formula M(OH),, where M represents
a lanthanide.
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F1Gs. 1-15. Potential-pH equilibrium diagrams for the systems lanthanides-water. at 25°C.
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3.3. STABILITY OF THE HYDROXIDES OF THE LANTHANIDES

According to Figs. 1-1 5,.the lanthanide hydroxides are non-amphoteric compounds, stable in
alkaline solutions and unstable in acid solutions in which they dissolve as the corresponding cations.
They can be obtained by the addition of alkali to acid solutions of their salts.

3.4. STABILITY OF THE PEROXIDES PrO,, NdO, (?), CeO,, TbO, (?)

In alkaline solution, sufficient oxidation can convert Pr, Nd, Ce and Tb into PrO,, NdO, (?),
CeO, and TbO, (?). )

The domains of stability of these compounds lie above line (b), so they may be considered as being
oxidizing agents, thermodynamically unstable in the presence of aqueous solutions which they decom-
pose with the evolution of oxygen, at the same time being reduced themselves to the trivalent state.

4. BIBLIOGRAPHY

[1] G. CHarLoOT, L'analyse qualitative et les réactions en solution, Masson, Paris, 1957.
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(*) Adapted version of the Rapport CEFA/R.11 of the Commission des Etudes Fondamentales et Applications of CEBELCOR.
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1. SUBSTANCES CONSIDERED AND SUBSTANCES NOT CONSIDERED

Oxidation
number
2
ACTINIUM
Solid )
-substances +3
»
Dissolved
substance +3
THORIUM
Solid —4
substances o
+4
»
Dissolved
substances “+4
+ 6
PROTOACTINIUM
Solid —3
substances
)
“+2
+4
-+ 4.5
+5
. »
Dissolved
substances +4
+5
URANIUM
Solid —3
substances
")
+2
-+ 3

Considered Not

Th
ThO,

»

Th++++

UH,

U
uo

Uz 03

considered

Ac
ACQ 03

anh.

» hydr.

Act++

ThH,

anh. -
hydr. -

Th 03

Pa H3

Pa

PaO

Pa 02

Pak °g

Paz 05 anh.

» hydr.

Pa++++ (")

PaO%

hydr. -

hydr.

n°(cal.)

0

—180000 (*)

0

. —278 400
. —265 620

—175 200

—229000 (*)

—17700 ()

0
—123000 ()

—336 330

Name, colour,
crystalline system

Actinium

Actinium sesquioxide

Actinium hydroxide, Ac(OH),,
white

Actinic ion, colourless

Thorium hydride, cub.
Thorium, silvery white, cub.
Thorium dioxide, cub.
Thorium hydroxide, Th(OH),®

Thoric ion
Acid peroxide

Protoactinium hydride, black,
cub.

Protoactinium, grey, quad.

Monoxide, black, cub.

Dioxide, black, cub.

Nonoxide, white, cub.

Protoactinium pentoxide,

white, orthorh.

Protoactinium hydroxide

Protoactinic ion
Protoactinyl ion

Uranium hydride, grey-brown,
cub.

Uranium, light grey, orthorh.

Uranium monoxide, grey,
f.c.cub.

Hypouranous hydroxide,
U(OH),, brown'?

(®) These values of u° for the oxides correspond to the following values for the hydroxides and hydrated oxides:

ceee

—379 000 cal.
—263 200 »
—351600 »
—343 000 »
—398840 »
—268 500 »

Np(OH);.......
NpO,OH.......
NpO,(OH), ....

— 346 600 cal.
—261 800 »
—288300 »
—280200 »
—340000 »
—246700 »

(3) Values calculated from the approximate values of EJ given by Latimer [1].
() Value given by Seaborg and Katz [2], p. 174
(°) Values calculated by us, according to details given in the Rapport technique RT.31 of CEBELCOR.

PuO,(OH), ..... —278 900 cal.
Am(OH),........ —300000 »
Am(OH),........ —347000 »
AmO,OH........ —254 995 »
AmO,(OH),..... —267200 »



Dissolved
substances

NEPTUNIUM
Solid
substances

Oxidation
number
(2)

—+ 4

»

»
+5.33
+6

+ 8

Considered
U°2 anh.
» h)‘df.
U;04
UO;  hydr.
» hydr.
» anh.
U+++
U++++
UOH+++
U0}
Uos+
Np

N P2 03 ]l}'dl".

anh.

Np02

» h)’dl‘.

sz °5 hydl‘.

Np 03 - hydl‘.

CHAPTER IV. SECTION 7

Not
considered

UO,, hyd r.

HUO3 ?
U0o5;-?

NpH;;?

NpO

sz 05- anh.

Npaoa ?

Np O,

hydr.

a

1°(cal.)

. —246,600 (%)

. —238 220

—804000 (¢)

. —286 310

. —985 460 (%)

. —273000 (%)

—124 400

—138 400
—193 500
—237 600
—236 400

—366930 (7)

a. —234000 (¢)

. —233220 (7)

— 466910 (7)

—480 000 (¢)

—231610 (7)

Name, colour,
crystalline system

Uranous oxide, “‘black oxide”,
brown-black, cub. or

orthorh.
Uranous hydroxide, U(OH),,

green?

“Green oxide”, olive green,
orthorh.

Monohydrated uranic oxide,
UQO; . H,0, yellow—orange,
amorphous or orthorh.”®

Dihydrated uranic oxide,

UO;. 2H,0, yellow-green, a
f.c.quad.®; B orthorh.

Uranic oxide, yellow-red,
rhomb.

Dihydrated uranium peroxide
UO, . 2H,0, pale yellow,
amorphous

Hypouranous ion, pink or
purple

Uranous ion, green

Uranous ion, green

Hypouranyl ion

Uranyl ion, yellow with green
fluorescence

Peruranate ion, orange

Peruranate ion, orange

Neptunium hydride, black

Neptunium, silvery, orthorh.

Neptunium monoxide, f.c.cub.

Hyponeptunous hydroxide
Np(OH),*

Neptunium dioxide brown or
apple green, f.c.cub.

Neptunous hydroxide Np(OH),,
light brown to olive green®

Neptunium dioxyhydroxide
NpO,OH, pale green or
grey-blue, amorphous or
Cl’ySt.(z)

Neptunium pentoxide, choco-
late brown, orthorh.

Neptunium dioxydihydroxide
NpO,(OH),®

Dihydrated neptunium peroxide
NpO, . 2H, 0, colourless

(%) Values given by Brewer [3].
(") Values calculated by us from the values of E3 given by Latimer [1].



Dissolved
substances™®’

PLUTONIUM
Solid
substances

Dissolved
substances

AMERICIUM

Solid
substances

Oxidation
number

(2)

+3

-+ 4
+5
=+ 6

-+

+6

+3

+6

~

Considered
Np+++
Np++++
NpOf
NpO3~+
Pu
Pl-|2°3 h'ydl‘
PuO; anh

» hydl‘.
Pu,;O; hydr.
PuO3 hydl‘
Pu+++
Pu+++-+
PuO3
PuOj+
Am
Am;0; hydr.

» anh.
AmO; hydr.

» anh.

Am,;Og hydr.

AmO; hydr.

ACTINIDES

Not
considered

Pu H3
Pu Hz

PuO

Pu; O; anh.

#%cal)

—128 400

"—12% 900

—221 000
—194 500

—390 330

. —234000

. —226 620

—436 710

—222 210

—140 500

—118 200
—204 900

—183 300

0

. —429930

. —402 000

. —233 620

. —231 000

(®)

201

Name, colour,
crystalline system

Hyponeptunous ion, pale
purple

Neptunous ion

Hyponeptuny! ion, blue-green

Neptunyl ion, pale pink to
yellow—green.

Plutonium trihydride, black
Plutonium dihydride
Plutonium

Plutonium monoxide,
f.c.cub.

Plutonium sesquioxide, silver,
b.c.cub. or hex.

Hypoplutonous hydroxide

Pu(OH),, pale blue to dull
blue?

Plutonium dioxide, yellow to
yellow—green or dark brown,
f.c.cub.

Plutonous hydroxide Pu(OH),,
green?

Plutonium dioxyhydroxide,
PuO,OH®?

Plutonium dioxydihydroxide,
PuO,(OH),"?

Hypoplutonous ion, blue (violet
in artificial light)

Plutonous ion, brown

Hypoplutonyl ion, almost
colourless

Plutonyl ion, light brown

black,

Americium hydride, black

Americium, silvery white

Hypoamericious hydroxide
Am(OH),»

Americium sesquioxide, orange-
red, cub.

Americious hydroxide
Am(OH),*»

Americium dioxide, black,
f.c.cub.

—433300 (°) Americium dioxyhydroxide

AmO,0H®?

—210510 (°) Americium dioxydihydroxide

AmO,(OH),®

(*) We have found in chemical literature free enthalpy values for the various dissolved neptunium substances [2], but, for
the sake of homogeneity, we have adopted Latimer’s values alone in drawing the diagram, more especially as there are errors in

the values given.

(8) Values given by Brewer [3].

(°) Values calculated by us from tension values given by Latimer.
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Dissolved
substances

CURIUM

Solid
substances

Dissolved
substance

BERKELIUM
Solid
substance

Dissolved
substances

CALIFORNIUM

Solid
‘substance

Dissolved
substance

Oxidation
number
(2)
+2
+3
+4
+5
+ 6

-+ 3
“+4

-+3

Considered

Am+—++
Am++++
AmO3
AmO%~+

2. REACTIONS AND EQUILIBRIUM FORMULAE

2.2. TWO SOLID SUBSTANCES

CHAPTER 1V.

Not
considered

Am++ (?)

Cm

Cm; 03 hydr.

Cm+++ (1)

Bk

Bk+++

Bk++++ (u)

-

Cf

Cf+++

SECTION 7

u%(cal.)

> —139 746 (1)

—160 500
—110200
—194 500
—156 700

Thorium

Limits of the domain of relative stability of the solid substances

0>+ 4
1. Th +2H,0= ThO, + 4{H+ + fe- a
b.
2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE
Solubility of the solid substances
L=+4
2. Th++++ 4+ 2H,0= ThO,; -+ 4H+ a
b.
o>+4
3. Th = Th++++ + 4e—

0

E,=—1.899

Name, colour,
crystalline system

? ion
Hypoamericious ion
Americious ion
Hypoamericyl ion
Americyl ion

Curium, silvery

Curium hydroxide Cm(OH),

Curic ion

Berkelium

Berkelous ion
Berkelic ion

Californium

Californous ion

. Eo=— 1,789 — 0.0391 pH
—1.650 — 0.0391 pH

. log(Th++++) = 7,47 — 4pH

= 16.85 — 4pH

(1°) Cunningham and Asprey (Report AECD-2 949, 20 July, 1950) give a reduction potential Am***/Am* * more negative

than —o9 V.

(*!) Seaborg and Katz [2] give a redox potential of about 16 V for the couple Bk***/Bk****.

+ 0.0148 fog(Th+++
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Uranium

2.1. TWO DISSOLVED SUBSTANCES

2.1.1. Relative stability of the dissolved substances

L=++14
1.

U++++ 4+ H,0= UOH+++4+ H+

U+++ = U++++ -+ e—

U+++ + H,0= UOH+++4 H+ 4+ e

U++++ 4+ 2H,0= UO} + 4H+ 4+ e

UOH+++4+ H, 0= UO% + 3H+ 4+ e

U++++ 4+ 2H,0= UO}+ + 4H+ + 2

UOH+++4+ H,0 = UO%+ + 3H+ <+ 2e—

U0t = UOi+ + e

203

(UOH+++)

_ (U++++)
Ey=—0.607 -+ 0.0391 log—(-rjm)—
. . UOH +++
Eo = — 0.338 — 0.0591 pH + 0.0594 log(—(IF_T))

(UO%)

Eo= 0.612 —0.2364 pH.+ 0.0391 1ogmﬁ§

E 0.846 — 0.1773 (0%)
o= 846 — 0.1T' pH+0.0591log(—U—W5

Eo=  0.333—0.4182 pH + 0.0208 log ((UOT)

e

0 - : P . g(UOH+++)
(U0%+)
E,= 0.052 + 0.0391 IOg——(UO;‘)

2.1.2. Limits of the domains of relative predominance of the dissolved substances

1.

2.
3.
£,
L
6.
7.
8.

U++++ /UO}{+++

U+++ /U++++
U+++ /UOH+++
U++++ /UO;-
UOH+++/U0%
U++++ /U0-§-+
UOH+++/U0%+
U0  /UO%+

2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

—3—>o0
9.
—3>+2
10.
—3>+3
1.
—3>+4
12.

o0—>—42
13.

o—>—+3
14.

UH,; = U + 3H+ <+ 3e—

UH; =+ H,0= UO  + 5H* + 5e

2UH, +3H,0= U053 +12H+ <+ 126~

UH, +2H,0= UO, + 7H+ + ge—

U + H,.0= UO + 2H+ 4+ 2e—

2U +3H,0= U,0; + 6H+ + 6e

pH=1.16

Eo == 0.607

Eo= — 0.538 — 0.0391 pH
Eo= 0.612—0.2364 pH
Ey= 0.346—0.1773 pH
Eo= 0.333—0.1182pH
Eo= 0.299 —0.0886 pH
E,= 0.032

Eo= 0.236 —0.0391 pH
Eo= — 0.422 — 0.0391 pH

E,= — 0.345 — 0.0391 pH

. Ey=—0.716 — 0.0391 pH

=—0.664— 0.0391 pH

Eo= — 1.438 — 0.0391 pH

E,= — 1.346 — 0.0391 pH



204
o—>—+4

15. V)
+2—>+3

16. 2UO
+3>+4

17. U,0;
“+4—>+5.33

18. 3UQ,
+4—>+6

19. Vo,

+533>+6
20. U;0,

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

CHAPTER IV. SECTION 7

+2H,0= UO,

-+ H20= UgOs
+ H,0=2U0,
+2H'_»O= U3°3

-+ H20 = U°3

-+ H20=3U°3

Solubility of the solid substances

L=+4

21. U++++ 4+ 2H,0= UO,
22. UOH++++ H,0= UO,
Z=+6

23. UO';"" -+ H20= U°3
—3->+3

24. UH; = U+++
o—>—+3

25, U = U+++
+3>+4

26. U+++ +2H,0=U0Q,

+4—>+6

7. Uo, = UO3+
+533>+6

28. UaOa +4H+ =3U04_;+

2.I. TWO DISSOLVED SUBSTANCES

2.1.1. Relative stability of the dissolved substances

+3>+4

1. Np+++ = Np++++
+3—>45

2. Np+++ +2H,0= NpO%

+ 4H+

+ 2H+

-+ 2H+

+ 4H+

-+ 2H+

+ 2H+

-+ 4H+

+ 3H+

+ 2H+

-+ 3H+

+ 2H,0—+

+ 4e—

Neptunium

+ 4{H* + 26—

ac.

ae.
be.
bd.
be.

o

R O™ Q

] ©

. Ep

= —1.444 — 0.0391 pH
=—1.353 — 0.0391 pH
E,=—1.163 — 0.0391 pH
Ey=—1.738 — 0.0391 pH
=—1.375 — 0.0391 pH
E,= 0.333 —0.0391 pH
= 0.260 —0.0391 pH
E,= 0.368 —0.0391 pH
= 0.387 —0.0391 pH
= 0.657 —0.0391 pH
= 0.186 —0.0391 pH
= 0.204 — 0.0391 pH
= 0.475—0.0391 pH
Ec= 0.038—0.0391 pH
= 0.093 —0.0391 pH
= 0.904—0.0391 pH
. log(U++++) = 3.80—4pH
= 9.95—4pH
. log(UOH+++) = 2.63 — 3pH
= 8.78—3pH
. log(UO%™) = 4.97—2pH
=14.74 — 2pH
Ey= —0.772 — 0.0293 pH + 0.0098 log (U+++)
Ep=—1.798 + 0.0197 log(U+++)
. Eg=—0.382 — 0.236% pH — 0.0391 log (LU+~++)
=—0.019 — 0.2364 pH — 0.0391 log (U+++)
. Ec= 0.221 +0.0293 log (LO3*)
= 0.040 +0.0293 log (UO3™)

Ey=—0.403 +0.1182 pH + 0.0886 log (UO3™)

_ " (Np++"‘
E,= 0.132 -+ 0.0391 log——(Np++_
Eo=  0.451 —0.1182 pH + 0.0205 log A\ PO%)
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+4->+D
3. Np+t++4+ +all,O = NpO} + 4H+ 4+ e
+hH->+06
k. NpoOy = NpOi+ + e
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Ey=  0.749 —0.236 pll + 0.0591 log (F(::?%?E_)«»)
. (NpO3*)
E,= 1.149 + 0.0391 log (NpOD)

2.1.2. Limits of the domains of relative predominance of the dissolved substances

) 1. Np*'"""‘ /NP++++
2. Np+++ /NpOf
3. Np+++-+/NpOf
K. NpOft /NpO3+

2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

0—>+3

5. 2Np +3H0= Np;O; + 6H+ + Ge—
+3>+4

6. szOa -+ 1120=?Np°2 + 2H+ <+ 2e—
+ 4>+

7. 2NpO, + H;0= Np,O; + 20+ + 2e—
+5—>+6

8. Np,O; +~ H,0=2Np0O; + 2H+ + 26—

2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

Z=+3

9. 2Np+++ +3H,0= Np;O; + 6H+
Z=+4

10. Np++++ +2H,O0= NpO,; -+ 4H+
L=+5 »

11. ZNPO; -+ H20= szoS + 2H+
Z=+6

12. - NpOf+* + H,O0= NpO; + 2H+
0o—>—+3

13. Np = Np+++ + 3e-
+3>4

14. Np+++ +2H, 0= NpO; + 4H+ + e~
+4—=>+5

13. NpO, = NpO%} + e~
+3—>+6

16. NpOF  + H, 0= NpO3 -+ 2H+ 4+ e~

b.

Eo= 0.132
Eo= 0.451 —0.1482 pH
0.749 — 0.2364 pH
1.149

Ey=

LEy=

Ey=—1.420 — 0.0391 pH

a. Eo=—0.962 — 0.0391 pH

b. =-—0.928—0.0391 pH
a. Eg,=  1.253—0.0391 pH
b = 1.219 —0.0391 pH
Fo= 1.310 —0.0391 pH
log(Np+++) =21.99 —3pH

log(Np*++++)= 3.71 — 4pH

log(NpOf) =11.66— pH
log(NpOt*) =14.37 —2pH
Eo=—1.836 -+ 0.0197 log (Np+—++)
. Ey= 0.337 —0.2364 pH — 0.0391 fog (Np+++)
= 0.371 —0.2364 pH — 0.0391 log (Np*+++)
Eo= 0.364 +0.0391 log (NpO?%)
= 0.530 + 0.0391 log (NpO¥%)
Eo= 1.998 —0.1182 pH — 0.0391 log (NpO%)
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Plutonium
2.1. TWO DISSOLVED SUBSTANCES

2.1.1. Relative stability of the dissolved substances

3
+3>+4 . (Pu++++)
1. Put+++ = Put++++ -+ e~ Eo = 0.9(’7 —+ 0.0591 log m
+3>+6
— ++ 4AH+ —_ o= — (PUO§T)
2. Pu+++ +2H,0= PuO3% + 4H+ + 3e E,= 1.017 —0.0788 pH + 0.0197 logm
+h>+5 ' o0
3. Put+++ +2H,0 = PuOf + 4H+ + e Eo= 1.157 —0.2364 pH + 0.0391 log(—l(,—f;ﬁ)T)
+h>6 (PuO$+)
4. Put++++ +2H20= PuO*,'*’ -+ 4H+ -+ 2e— Eo= 1.042 —0.1182 I)H+0.0295I0g(_|5u+—+?+——+)
+5>+6
-+ +
5. PuOf = PuO}+ + e E,= 0.928 +0.0301 log%%—)
2
2.1.2. Limits of the domains of relative predominance of the dissolved substances '
1. Put+++ [Pu+r+++ Ey= 0.967
. Pu+++ /PuOf+ E,= 1.017 —0.0788 pH
3. Put+++/PuO%} Ey= 1.137 — 0.236% pH
4. Pu++++/PuO%+ E,= 1.042—0.1182pH
', PuO% /PuOf~+ E,= 0.928
2.2. TWO SOLID SUBSTANCES
Limits of the domains of relative stability of the solid substances
o—>—+3
6. 2Pu +3H,0 = Puy;0; + 6H+ + 6e— E)=—1.592 — 0.0391 pH
+3>+4
7. Pu,0; + H,0=2PuO; + 2H+ + 2¢— a. Ey=—0.455 — 0.0391 pH
b. =-—0.135—0.0391 pH
+4>+5
8. 2PuO, + H,0= PuO; + 2H+ + a2e— a. E,= 1.908— 0.0391 pH
b. = 1.588—0.0591 pH
+4—>+6
9. PuO; + H.0= PuO3; + 2H+ =+ 2e— a. Ey= 1.485—0.0391 pH
b. = 1.325—0.0591 pH
+5>+06
10. Pu;Oy + H,0=2PuQO; + 2H+ + 2e— E,= 1.062—0.0391 pH
23 ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE
Solubility of the solid substances
L=+3
11. - 2Pu+++ +3H,0= Pu,0; -+ 6H+ log(Pu+t++) = 22.28—3pH
L=+4
12. Pu++++ +2H;0= PuO, <+ 4H+ a. log(Pu++++) = — 1.78 — 4pH
: 5. = 3.64—4pH
Z=+6
13. PuO;*+ + H,0= PuO; -+ 2H+ log(PuO3*) = 13.{9—2pH
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o—>+3

14, Pu = Put+++ + 3e—
+3>+4

18. Pu+++ +2H,0= PuO; + (H* + e
+4>+6

16. PuO; = PuO3* + 26~

Americium

2.1. TWO DISSOLVED SUBSTANCES
2.1.1. Relative stability of the dissolved substances
+3>+4

1. Am+++ =" Am++++ + e—
+3>+5

2. Am+++ 4+ 2H, 0= AmOf <+ 4H+ + 2~
+3>+6

3. Am+++ 4+ 2H, 0= AmO}* + 4(H+ + 3e—
+4>+5 _

4. Am++++42H,0= AmO} + 4H+ + e
+5>+6

5. AmO? = AmO3+ + e
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—2.031 +0.0197 log (Pu+++)

0.862 — 0.2364 pH — 0.0391 log (Pu+++)
1.182 — 0 2364 pH — 0.0391 log (Pu+++)

1.095 +0.0295 log (PuO3} +)
0.935 -+ 0.0293 log (PuO3+)

(Am++++)

2.181 + 0.0591 logm

1.721 — 0.1182 pH + 0.0293 log((AAmLﬂj

1.694 — 0.0788 pH + 0.0197 log %::—B,g—;
(AmO3)

1.261 — 0.2364 pH + 0.0391 log

Am=+7)

(AmO3*)

1.639 -+ 0.0391 logm
2

2.1.2. Limits of the domains of relative predominance of the dissolved substances

1. Am+++ /Am++++
2. Am+++ /AmO%}
3. Am+++ /AmOt+
4. Am++++/AmO%
L AmO}f /AmO%+

2.2. TWO SOLID SUBSTANCES

Limits of the domains of relative stability of the solid substances

o>+3

6. 2Am +3H, 0= Am;0;,
+3>+4

7. Am=°3 -+ H20=2Am03
+4>+5

8. 2Am°3 +~ H;0= Amzo‘r,
+5>+6

9. Am205 -+ H20=2Am03

<+

-+

6H+

2H+

2H+

2H+

6e—

2~

2e—

2e~

ac.

be.
bd.

[}

Eo=
Eo=
Eo=
Eo=

Eo=

. Eo=

Il

E,

[

i

E,

2.181
1.721 — 0.1182 pH
1.694 — 0.0788 pH
1.261 — 0.2364 pH
1.639

—1.878 — 0.0391 pH
—1.676 — 0.0591 pH

0.420 — 0.0591 pH

0.533 — 0.0391 pH
—0.185 — 0.0391 pH
—0.072 — 0.03591 pH

1.830 — 0.0391 pH
1.418 — 0.0391 pH

1.930 — 0.0391 pH
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2.3. ONE DISSOLVED SUBSTANCE AND ONE SOLID SUBSTANCE

Solubility of the solid substances

L=+3
10. 2Am+++ 4+ 3H,0= Am,0; + G6H+ a. log(Am+++) = 22,43 —3pH
b. = 32.68—-3pH
ZL=+5
1. 2Am0; + H,0= Am,0; —+ 20+ log(AmO%) =— 2.80— pH
L=+6
12. AmO;* + H,O= AmO; + 22U+ log(Am O} +) = 2.26 —2pH
o—>—+3
13. Am = Am+++ + 3e— Ey=—2.320 + 0.0197 log (Am++-
+3>+4
14%. Amt++ 4+o2H, 0= AmO,; + 4+ + ¢~ c. Ey= .746 — 0.236% pH — 0.0391 log (Am~+++
d. = 1.856 —0.236% pH — 0.0591 log (Am+++
+ 3> —+9)
13. 2Am+¥++ +5H,0 = AmyO5 ~+ 10ll+ + jfe— Go= 1.639 — 0. 1477 pH — 0.0293 log (Am++-
+ 5> +06
16. Am, 0 + >+ =2AmO05% + H,0+ 20— Ey= 1.804 + 0.0591 pIl 4+ 0.0591 log (Am OF

3. EQUILIBRIUM DIAGRAMS AND THEIR INTERPRETATION
3.1. ESTABLISHMENT OF THE DIAGRAMS

Using the equilibrium formulae given in paragraph 2, we have drawn Figs. 1—-5 which represent
the conditions of thermodynamic equilibrium of the systems thorium—, uranium-, neptunium—, pluto-
nium- and americium-water, at 25°C.

2 0 2 4 6 8 10 12 14 16
| — T

2 N 1 L 1 1 1} 12
E(V) . 2
16 ThO3.H,0 lis
12F () 41,2
08, @I T~~__ Jos
Th+ T~
"F@-{]]| Tho, 1°
04 T~ {04
o8l T~ Jos
=~
12| He2
-"6 - ““1_"6
-2 42
0-2-4-6
—24‘.- Th -1-214
1 1 1 1 1 1 1
-2 0 2 6 8 10 12 1 pH

FIG. 1. Thorium-water.

F1Gs. 1-5. Potential-pH equilibrium diagrams for the systems actinides-water, at 25°C.
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The diagrams for the systems actinium-, protoactinium-, curium—, berkelium- and californium-
water have not been drawn on account of the lack of thermodynamic data concerning them. We have,
however, given in paragraph 1, purely as a guide, the compounds of these elements which are known at
present. '

In this account we give two potential-pH equilibrium diagrams for the system uranium-water,
at 25°C (Fig. 2). Figure 2a was established by considering as solid substances U, UO, U,0;, UO,,
U;04 and anhydrous UO;, and shows the domains of stability of the metal and the *“‘green oxide”
U;O0g, the principal constituent of pitchblende; Fig. 2b was established considering the following
solid substances: UH;, U, UO, U,0,, UO,, U304, and UO;.2H,0, and is the potential-pH diagram
for the stable equilibria of the system uranium-water.

-2 0 2 4 6 B8 10 12 14 16 2 0 2 4 6 8 10 12 14 16
T | E— T T T T T 1

2L T 1 I T 12 [ T T 2
15 | HUOZ7U0s™? J 16} HUOZ?U0; ™2 | 1,6
1,2 :@\ ‘ 412 41,2
08 - 408 408
0,4 Y| Uranates |04 [ 404

0 I | 10 b e = 40
-04 ; NN 4-04 (21) ' ~< 1-0,4
-08 ) J-0,81L o -4{-08

b N ~
2 SN\ 3-1,2 i TS~o 3-1,2
16 -1 3-1,6

-2 -2 - UH3 4=-2
24 24| 4-2,4
1 [] 1 1 L 1 L 1 1 1 1 1 1 1 1 1
-2 0 2 4 6 8 10 12 1%4pH 2 0 2 4 6 8 10 12 14 pH
a) b)

F1G. 2. Uranium-water.

A detailed study of uranium has been made previously [4] and Sillén [S] has published some redox
diagrams for uranium, neptunium and plutonium.

Figures 1-5 are valid only in the absence of substances with which the metals of this group can
form insoluble salts and soluble complexes.

The sparingly soluble compounds of actinium are the same as those for lanthanum: the hydroxide,
the fluoride, the oxalate, the carbonate, the phosphate and the hydrofluosilicate; the yellow alkaline
uranates are sparingly soluble; the fluoride UF, and the red-brown uranyl ferrocyanide are very
sparingly soluble; AmF; and americium oxalate (the latter in acid solution), the fluorides of curium
and berkelium, and curium hydroxide, are also sparingly soluble salts.

With regard to complex ions we point out the very marked tendency of tetravalent thorium to form
complexes with the following anions: fluoride, iodate, bromate, nitrate, chlorate, and chloride, formate,
acetate and chloroacetates, sulphate and sulphite, carbonate, oxalate, tartrate, malate, citrate, salicylate,
sulphosalicylate. ‘

Protoactinium forms soluble complexes with fluorides, oxalates and tartrates. Tetravalent uranium
U**** and UOH™* ** forms complexes with the acids HCl, H,SO,, H;PO, and (COOH),, and with
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the acetates, while hexavalent uranium UO; * forms complexes with oxalic, citric, malonic, tartaric,
hydrofluoric and carbonic acids. The trivalent ions of the rare earth elements have, in general, only a

10 12 14 16
o 1 I i 2

16
1,2

-202468]0!21416'2?%‘?68
Y- R

o -

PuO,

L 11 1 8 I L1111 128
2 0 2 4 6 8 10 12 % pH -2 0 2 4 6 8 10 12 14 pH

FIG. 3. Neptunium-water. F1G. 4. Plutonium-water.
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