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Abstract

The polarisation behaviour of silver in 1 mol kq.l KCH solution
over the temperature range 295-478 K was studied using cyclic voltammetry,
potentiostatic, galvanostatic and a.c. impedance techniques.

Thermodynamic data for the silver/water system at temperatures up
to 573 K is presented in the form of potential-pH diagrams which assict
in the interpretation of results at elevated temperatures.

The éyclic voltammograms and galvanostatic charging curves
indicate the principal changes to be the appearance of additional peaks
and arrests, respectively, as the temperature is increased, followed by
their disappearance at higher temperatures. The data obtained from
cyclic voltammetry and also potentiostatic polarisation are analysed
in terms of previously-derived relations for limiting rate control,
in particular that due to diffusion.

The impedance data are examined using equivalent circuit models
from which it is shown that surface roughness of the electrodes has a
significant effect on the reaction kinetics over the temperature range
studied. It is proposed that substantial changes in the electrochenmistry
of silver at 478 K are associated with extensive surface roughness
evident from electron micrographs. The impedance data also indicates
that a change in the kinetics of growth of the Ag20 multilayer takes
place at elevated temperatures with the rate of nucleation of A920
growth centres becoming more important in relation to the rate of

solid-state diffusion.
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CHAPTER 1 INTRODUCTION

1.1 THE SIGNIFICANCE OF POLARISATION STUDIES IN AQUEQUS SYSTEMS
AT ELEVATED TEMPERATURES

1.1.1 General Behaviour of Metals

The behaviour of metals in such an environment has attracted
considerable interest over recent years (128). Alloys containing copper,
nickel and iron as the major components are used industrially at elevated
temperatures, often up te 573 K under which conditions most of these alloys
are thermodynamically unstable.

The behaviour of various alloys and steels at temperatures greater
than 373 K is of practical interest in electrical energy-producing
industries since several types of nuclear and fossil-fueled power stations
employ dilute hydroxide solutions as heat transport media. The nature
of the electrolyte is a dominant factor in determining the behaviour of
metals under such conditions. A pH of 7-9 at 473 K (neutral point = 5.7)
in the case of nickel for example, corresponds to a minimum in the
solubility of nickel oxides at this temperature (44).

The products formed by corrosion reactions can accumulate, thereby
reducing the effectiveness of heat transfer processes and in the case of
water-cooled nuclear reactors, they may cause a build-up of radiocactivity.
In practice, the use of alloys is clearly restricted by the reactions taking
place at the surface, and their continued exposure to high temperature
environments depends on the extent to which the rate of corrosion can be
suppressed. This is normally achieved by maintaiAing conditions such that
the metal or alloy spontanecusly passivates. Hence, the effects of
temperature on the formation of oxides or hydroxides are very important
in these circumstances.

While some alloys, especially of the copper-nickel-iron type,
have low corrosion rates, scale formation does occur particularly in the
presence of oxygen (20,31,105). Studies of the structure and composition
of these scales (105,143,199) in relation to properties such as temperature,
PH, oxygen or hydrogen concentrations, give useful information which enables

oxide formation to be minimised in practical systems. Often, however, the




electrochemical factors involved are not shown by such studies. Since
the potential difference across the metal/solution interface strongly
influences the kinetic and thermodynamic behaviour of corroding systems,
the control and measurement of this parameter is very important.
Electrochemical studies have been undertaken for particular metals
such as copper (127), nickel (44,134,157) and iron (18,133,158) but the
amount of research at temperatures above 373 K is small compared with
that at room temperature. In this work, the behaviour of silver is
investigated using electrochemical techniques since they possess the
advantage of either controlling the potential and thereby determining
specific reactions to be examined,or controlling the rate of charge
.transferred across the metal/solution interface and hence the rate of

the electrochemical reaction.

1.1.2 The Use of Silver

Considerable effort has been devoted to examining the anodic
behaviour of silver at room temperature, stimulated largely by applications
of the Ag|Ag,0 electrode in batteries of high energy-to-mass ratio. The
silver oxides possess high positive equilibrium potentials (see Table 5.2)

- -1
and relatively high electrical conductivities (RAg,0, 10 6 Sm ;

Ag,0,, 7 S o (120)). Both factors offer significant advantages
in lightweight alkaline storage batteries which are capable of producing
high discharge rates.

Industrial and academic interest has grown also in applications
of controlled electrosynthesis (195). Silver in the Ag(I) state has
been used (54) for the oxidation of organic compounds, and higher valency
states appear to be the cause of the catalytic effect of silver in
persulphate oxidation (11).

The electrochemical formation and reduction of silver oxides have
aroused interest as a result of the use of these substances as cathode
materials in battery systems (61), and also because the various stages of
surface oxidation of silver are well separated (34,177,182) which is not
common amongst other metals, in particulax Pt (178) and Pd (43). Numerous
theories (for example 79, 88, 177, 182) have been advanced to explain

various features of the oxidation and reduction kinetics of silver.




1.2 PAST WORK
1.2.1 Room Temperature

The oxidation of silver in 1 mol dm - KOH was first studied by
Luther and Pokorney (126) using a galvanostatic technique, and Dirkse
and De Vrxies (64) using a potential-sweep technique. Since this initial
work, there have been extensive investigations of the polarisation
behaviour of silver which are well reviewed (96,98,104). The following
is a brief, essentially bibliographical summary of work included in and
subsequent to these reviews in relation to the electrochemical reactions
of silver. A critical discussion of past work is presented in later

chapters as required.

Formation of Ag,0. This will be considered in two stages:

(i) Formation of a monolayer. At potentials negative to the
Ag20|Ag potential*, that is, prior to the formation of solid
phase Ag,0 at the electrode, Giles, Harrison and Thirsk (88)
showed from a faradaic impedance study of single crystal
electrodes that dissolution of silver occurs as the Ag(on)z-
ion. The rate of this reaction is fast enough to maintain
an equilibrium concentration at the electrode surface
(exchange current density, io > 1A cm-2) so that the overall
process is controlled by the rate of diffusion of AgO into
the bulk solution as demonstrated by potentiodynamic and
potentiostatic measurements (182). At -8 mV (AgZOIAg),

a monolayer of Ag,0 forms (87,88) which is the result of a
dissolution-precipitation mechanism as indicated by a chromo-
ellipsometric study (118). It was shown from a rotating
ring-disc electrode study (141) that silver dissolution
produces a super-saturated solution of AgO— at the electrode
surface which is followed by precipitation of a layer

of Agzo.

* 0.342 v, SHE (95).




(ii) Formation of a multilaver. At more anodic potentials, the
single layer of Ag 0 thickens producing an Agzo multilayer
which was found from electron optical and electron and X-ray
diffraction measurements (24) to consist of a dense primary
layer formed initially, covered by a much thicker porous
layer. Kabanov et al (111,121,189) using impedance techniques
concluded that the multilayer formation involved the transport
of silver ions through the dense primary layer to form the
porous layer of AgZO. Subsequent studies involving
potentiodynamic (182) and potentiostatic (79) methods
demonstrated clearly that the rate of growth of the A920

multilayer is controlled by solid state diffusion.

Formation of Ag0,. Fleischmann et al (24,80) showed that oxidation

of Ag20 to Ag202 involves the progressive nucleation of Agzo2
centres, initially at Agzo/electrolyte interface. The formation
of A9202 proceeds by three-dimensional growth on these centres,more of

which are subsequently nucleated in the Ag,0 layer.

Reduction of Agzgz. Miller (141) found in his rotating ring-disc electrode

study that on reduction of Ag202, the surface is almost immediately
covered with Agzo. The results showed a supersaturation of the

solution indicating a mechanism of dissolution-precipitation.

Reduction of Agzg. Electron micrographs (24) indicate that the reduction
of Agzo occurs by the progressive nucleation and growth of silver
on two dimensional centres in the oxide layer. Subsequent
potentiostatic measurements (79) were shown.to be consistent with
the electrochemical reaction at the surface of the centres as the

rate determining step.

- 1.2.2 Elevated Temperatures

Little work has been done at elevated temperatures. The exchange
current density and the charge transfer coefficient for Ag,0 formation

have been obtained up to 333 K from galvanostatic measurements (34), while




the cyclic voltammogram and potentiostatic curve for silver at 333 K
have been presented (42) for comparative purposes in a study of oxide

formation on a nickel electrode,

1.3 PROPOSED RESEARCH

1.3.1 The Choice of Silver

The electrochemical behaviour of silver has been well studied and is
well understood at 298 K and this forms a useful basis for an extension
to elevated temperatures. In particular, silver is chosen since it

has been shown at rocm temperature that

(i) the different stages of surface oxidation are quite distinct
(ii) it exhibits an active-to-passive transition which is typical

of many corrosion-resistant industrial alloys.

The aim of this research then is to examine the temperature
dependence of oxidation and reduction processes on silver, particularly
anodic metal dissolution and the growth of oxide phases on the electrode

il

surface. The study was performed using 1 mol kg— KOH solution over the

temperature range 295-478 K,

1.3.2 Techniques

Four electrochemical techniques were employed. Cyclic voltammetry
which is one of several methods enabling transient phenomena at electrcdes
to be examined,was used initially. This technique provides firstly, an
indication of charge-transfer reactions which silver will undergo over
a range of potentials at a given temperature and the chosen hydroxide
concentration, and secondly, information on the kinetics of these processes
particularly with regard to mass transport. Following cyclic voltammetry,
application of a potentiostatic technigue allows further information to
be obtained where possible, with regard to the kinetics of oxide nucleation
and growth, and permits the detection of active-to-passive transitions.

A galvanostatic charging technique was also used which in this study was
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intended to provide, specifically, further information on charge transfer
processes over the renge of temperatures.

The above techniques involve changes in current and potential with
time. However, the use of the frequency domain enables the variation in
impedance, with frequency, to be studied. The wide continuous frequency
range which is available means that surface processes having substantially
different relaxation times may be examined. The time-domain techniques
then, were supplemented with an a.c. impedance method in which the
frequency dispersion of the electrode impedance under potentiostatic
conditions was investigated. 1In principle, the impedance method provides
immediate experimental evidence of the state of the electrode surface, the
concentration of dissolving species, double-layer capacity and the
presence of an oxide film. The distinct form of the cyclic voltammogram
of silver at room temperature suggests that it would be suitable to use
in the application of an impedance technique at elevated temperatures.
Consequently, a secondary purpose of this research was to demonstrate the
usefulness of this technique in yielding information on the kinetics of
film formation which is comparable, if not more detailed than that obtained
jointly from cyclic voltammetry and potentiostatic polarisation.

While it is desirable in some experiments to control the hydro-
dynamic conditions in order to examine mass transfer processes, the
extension of such studies to elevated temperatures presents significant
technical problems. These problems may be overcome but this is achieved
by the use of often complicated systems. In view of this fact, it was
decided to apply the above techniques independent of hydrodynamic
control. Consequently, experiments involving rotating disc or other
controlled sclution-stirring methods were not introduced into the
present work.

The electrochemical techniques were complemented by studies of
the electrode surface, after polarisation, using X-ray diffraction and
electron microscopy.

In order to define better the electrochemistry of the oxidation
products in alkaline solutions at elevated temperatﬁres and thereby assist
in the interpretation of experimental results, the effect of temperature
on the equilibrium behaviour of the silver/water system was determined
over the temperature range 298-573 K. The following chapter is devoted

to a thermodynamic study cf this system in a high temperature environment.




CHAPTER 2 THERMODYNAMICS OF' THE SILVER/VWATER SYSTEM

2.1 INTRODUCTION

The validity of the predicted thermodynamic behaviour of a
metal in an aqueous high temperature environmeut depends on the
accuracy with which free energy data for its reactions at a particular
temperature are known. Potential-pH diagrams which present thermo-
dynamic data for metal-water-oxide systems are generally used to
represent corrosion equilibria. However, previously published
potential-pH diagrams for the silver-water system (60,159) have
been restricted to 296 K due to a lack of thermodynamic data at
other temperatures.

Electrochemical determinations of free energy changes for
reactions in aqueous systems at elevated temperatures have had
little success, mainly because most reference electrodes no longer
act reversibly above 423 K (109). An alternative approach is to
evaluate free energies of formation for species at elevated
temperatures using a knowledge of the free energies of formation
and the entropies of these substances at 298 K (147,148),with
empirical expressions for the variation of heat capacity with
temperature (112,196). The equilibrium relationships between a
metal and its oxidation products obtained from the free ensrgy
calculations, may then be summarised in potential-pH diagrams

over the appropriate temperature range.

2.2 THEORY

2.2.1 Calculation of Free Energy Changes of Reactions from

Isothermal Free Energies of Formation

The conventional method of evaluating the free energy change
for a reaction at a temperature T (equation 2.1) involves determining
the free energy of formation of each compound, AfG$ in that rgaction

at the appropriate temperature:



¢ (2.1)

& & .
AGT = I v A_G LR\)RAf I

PPET

Vp and vy are the stoichiometric coefficients for the products and
reactants respectively.

The standard Gibbs free energy of a substance at temperature T,
G;,can be expressed in terms of the standard entropy and standard free
energy at Tl’ the reference temperature (defined to be 298 K),and the
heat capacity of the system over the temperature interval Tl to T
(equation 2.2).

e

C
& e ey Ah P T e
= - T-298) = T ar + c_4ar (2.2
G, =G S,08° ) J'298 ™ 298 Sp (2.2)

By definition, the standard free energy of formation of a compound
is equal to the change in the standard free energy for the hypothetical
reaction in which the compound is formed from the component elements in
their standard states at the temperature of interest. The standard free
energy of formation at temperature T2 can then be written as

o

AC
S < © P f T
- - (7 -7 L£P gp
BeGp = AgGo o = (T-298)AcST IZ% b
T
P Afcg ar (2.3)

It should be noted that if a phase transition occurs in the range

298-T K, a term allowing for the changes in entropy and enthalpy must be
included. Also, the appropriate heat capacity for the temperature

range following the transition should be used.

' The free energy change for a particular reaction may then be
calculated by substitution of values of Afdg into equation 2.1.

The use of isobaric data to evaluate Aég'for reactions in aqueous
solutions over a range of temperatures is not strictly valid since the
changing vapour pressure of the solvent in a closed system causes a
pressure change. The chemical equilibrium is affected by the pressure

in three ways:

(i) The activity of water will change and this introduces an

additional free energy change given by

AG = flp vap (2.4)



s

10

where P is the vapour precssure of waler at temperature T.

(ii) Changes of the partial molal volumes of the substances involved

in the reaction cause a free energy change described by
P
AG; = fl AV, ap (2.5)

(iii) The pressure change will also affect the activity coefficients

of dissolved species by

o
dlny _ Ve~VE
3P 2

RT (2.6)

wherevb is the partial molal volume of some component B at a

given concentration.

Cobble (36) has shown that although these effects are significant, they
can be ignored up to 573 K since the magnitude of the errors introduced
are within the limited accuracy of the data used in deriving the

correspondence principle for ionic species (see section 2.2.3).

2.2.2 An Alternative Method to Evaluate Free Energy Changes of

Reactions

In order to reduce the number of calculations required to
evaluate the free energy change of a reaction, MacDonald et al (135)

suggested that the equation

o

c
1 & - g - o n - T P a T 9-d'I‘ 2:7)
Gp' = AgGogg = 8,04 (T-298) - T fzga e 8 & fzga c, (

o
be used to evaluate quantities, 'é2', from which values of AGT may

T r
be obtained directly through
e _ e 1S (2.8)
AGT ZPvP GT ERVR GT




11

"‘e- LR = o= g e .
The use of the symbol, bT’ in this context is however, ambiguous

in the sense that it, by definition, refers to the free enerqgy of a
species obtained by integrating the fundamental differential equation 2.9

from 298 to T K, and not free energy changes as indicated by Macdonald.

dG = VdP - Sd4T (2.9)

Consequently, it is proposed here to represent the free energy changes
so specified by Macdonald, by the notation,Ag98 £ c%, which replaces

g ’
Ge'formerly used for these quantities.

! It should be emphasised that the free energy changes proposed
by Macdonald are not conventional free energies of formation, Afd?,
that is, for an isothermal reaction of the component elements to form
the product but represent free energies of formation of the compound
at temperature T from its components at 298 K.

Equation 2.7 is now written

T o 5 o T e T o
= - - - + T .
Bog ¢ & = BgGogg = 854 (T-298) T‘&ga 1§-dT ‘&98 ¢ d (2.10)

Substitution of Afdzéa from equation 2.10 intec equation 2.3 demonstrates
e

that the free energy changes used by Macdonald are related to AfGT by

A G = AT & -z vc® (elements) (2.11)

£ 208,f ¢ 7 *rVRCp

* This notation was chosen so as to have the same form as that commonly used
for the change in a thermodynamic function which accompanies a change of
phase of a pure substance, namely Agx. In the present case, the notation
indicates that the change of free energy is over the temperature interval,
298-T K and since the free energy change is associated with the formation of

a compound from its elements, the operator is modified by the subscript, f.
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The free energy change for the reaction is then given by

e _ T o . T o
BGp = Epvp Bygg € ~ IV b)og, £C (2.12)

In summary, by the conventional definition, the free energy

of formation of a substance MX is given by

Aglp = CRMX) - [GR () + 61 (X)] (2.13)

However, Macdonald proposed using 'Gg(MX)', now represented as
T

Boog, £

reaction involving MX. The advantage of Macdonald's technique is that

de(MX), directly to evaluate the overall free energy change for a

it is a computational aid since it is not necessary to calculate values
of Afdg for every compound at each temperature. It has therefore been
adopted for the following thermodynamic calculations.

a T &
2243
2 Evaluation of A298,fG
For non-dissolved substances, accurate heat capacity

functions of the form
c§'= A+ BT + CT 2 (2.14)

are available, and AT can be calculated directly from equation 2.10.

208,£C
Heat capacity data for ionic (dissolved) species are generally
not available and consequently, free energy changes for each species must
be estimated. The calculations are approached more easily by considering
the integral containing the temperature-dependent ;: functions in texms

of entropy. If the following approximation is used (135):

+ e e ¥ -Tl o o ( )
A 51 Mg " 2.15

[ ¢ar - cp (T-T4) Tn (/7)) (S = Sp )

T, 1 1

where Sz'and SZ are absolute entropies of the ion at temperatures T
and Tl,respectively, then equation 2.10 may be transformed

into equation 2.16 for an ion with an error generally
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less than one percent (132).

AL @ =

o T-298 o &
298, £© ) (

o _ 5 __T-298 _
(Ts 98 Sy08) * Tn(r/208) Sp " Speg)  (2.16)

s
£820g ~ T

The absolute entropies of ions at elevated temperatures can be
estimated using the correspondence principle of Criss and Cobble (45).
They obtained an equation (2.17) relating the entropies of an ion at
elevated temperatures to the corresponding entropy at 298 X:

s =a+0bs® (2.17)
T T1
where a and b are constants which are unique for a given temperature
and class of ion. These constants were found to vary
approximately linearly with temperature over the range 373-473 K. 1In
many cases, further evidence allows the entropy parameters above 473 K
to be estimated by extrapolation from the lower temperature range.
A reference state which was chosen by Criss and Cobble for cach

temperature such that only two terms were required to relate the

1 11

respective entropies, corresponds to an ionic entropy of -20.9 J K~ mol
for H+ at 298 K. This falls within the range of values (-8.8 to

-26.4 7 K1 mo1™Y) suggested by others (92,119) for the "absolute"

ionic entropy of H+. Consequently, for consistency the values of ionic
entropy associated with the correspondence principle are assumed to

be on the absolute scale. Entropies of ions, based on the

conventional scale where the entropy of the hydrogen ion at 298 K

is defined as zero, may be converted to the absolute scale using

equation 2.18 (45):

© ©
_ - 20. (2.18)
S(absolute) S(conventional) e R

where z is the ionic charge.

2.2.4 Evaluation of Reduction Potentials

An electrochemical reaction occurring in aqueous solution can be

represented in half-cell form
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ap + xH+ + ne = bB + CHZO (2.19)
where A and B may be a solid or an ionic species. The half-cell

reduction potential, E for this reaction is given by

JT’

© RT b c a b3
ET = ET + =% 1n [(aB .aHZO )/(aA “a )] (2.20)

where a represents the activity of the particular species at the
temperature T. By definition, -log agt+ = pH, and AG = -nFE, and if ay o
is assigned unity, equation 2.20 can be written to permit substitution”
©
of A
GT

-AGS
T  2.303RT ) 2.303 XRT
ET Bl [blog ag~ alog aA] - pH (2.21)

In the present case, reduction potentials are referred to the standard

hydrogen electrode (SHE, PH = 1 atm) at the temperature of interest and
2

therefore,AG? is the standard free energy change for the whole cell

reaction 2.22.

sh 4+ Genya + gﬁz = bB + cH,0 (2.22)

If reaction 2.19 does not involve electron transfer, n=0. In this case,
equation 2.21 is expressed in the form, nFET = —AGT, which then yields
equation 2.23 from which the effect of temperature and pH on solubility

- and hydrolysis reactions may be predicted.

pos
L% ] (2.23)
PH = - ;-[§T§6§§5-+ blog ag- alog an .

In the general case where n #0, the activity of a soluble species can
be obtained from the free energy change for the whole cell reaction 2.22

in which the solid B dissolves to give the soluble species A. Hence

AG;’ (x-n) n
3 = - - Sk : (2.24)
log a, 2.303bRT T b PH T 3p 109 Py

2
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2.2.5 Potential-pH (Pourbaix) Diagrams

A full description of the general nature of potential-pH diagrams,
in association with a discussion of the diagrams for a number of specific
cases, is provided by Pourbaix (159). Essentially, the value of these
diagrams lies in the fact that they may be used tc indicate the thermo-
dynamic limits of the stability of a metal in relation to its ions and to
reaction products such as hydroxides and oxides as a function of solution
pH and of the electrode potential. 1In effect, they display the equilibrium
potentials of the electrochemical reactions and the relationship of these

reactions to each other.

2.3 TEST CALCULATIONS
2.3.1 Electrode Potential

Macdonald has tested his method of evaluating free energy changes
at elevated temperatures by calculating the standard electrode potentials
of silver-silver halide cells over the range 298-573 K (132). These cells
are particularly suitable for several reasons. They have been shown to
be reversible at elevated temperatures, accurate standard electrode
potentials are available in the literature (115,122,184), and no correction
of the experimental electrode potentials for liquid juncticn potentials
is required. The calculated and experimental standard free energy changes
were shown (132) to agree to within *1 kJ l'nol“-l at all temperatures where

comparison was possible.

2.3.2 Solubility

This method of free energy calculation was further tested by

determining the solubilities of AgCl and AgBr as a function of temperature
T

298 fGe calculated for Ag+,and the corresponding data (132)
14

using values of A

for AgX and X .
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AgX = Ag + X (2.25)
At equilibrium
AG;'= -RT 1n [a(Ag+)a(x’)] (2.26)
The solubility of AgX (mol kg—l), 8g = m(Ag+) = m(xX)
.*. log §_ = —AG‘;/(4.606RT) - log v, (2.27)

where Y, is the mean ionic activity coefficient of the ions, Ag+
- T o

and X . AGg is obtained from the individual values of A298 fG :
r

T
298, f

T

e .
298,fG (AgX) (2.28)

86 = Bgg (CagH + 87 (x4
It is important to note that for the silver halide species, as has

been pointed out previousiy (45), it is difficult to account
quantitatively for the hydrolysis of Ag+ at these temperatures

under the experimental conditions.

The calculated and experimental (70) values of the solubilities
of AgCl and AgBr are plotted in Figure 2.1.

For AgCl, the differences between experimental and calculated
values of log So are less than 0.02 over the temperature range, except
at 523 K, which is equivalent to a discrepancy of less than 1% in the
values of AG? for the two sets of data at these temperatures. At 573 K,
for example, the difference in log So corresponds to a difference of
0.02 kJ between the two values of AG?.

The differences between the two sets of data for AgBr are
considerably larger. Such differences at 473 K and above might have
been expected since at these temperatures, it is necessary to use
extrapolated Criss and Cobble parameters. Values of AGg for reaction
2.25 have an uncertainty of 8 kJ at 573 K which is eguivalent to an

uncertainty of 0.36 in log So'
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!
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N

Figure 21 Solubility of AgX
(X=8r,Cl)

2.4 THERMODYNAMIC DATA FOR THE SILVER/WATER SYSTEM

2.4.1 Introduction

The equilibrium behaviour of silver under hydrothermal conditions is
presented in the form of potential-pH diagrams over the temperature range
298-573 K. All thermodynamic calculations were performed by computer
(Burroughs 6700). The program used is listed in appendix 1. It should be
noted that the approximate quantity obtained for ionic species in equation
2.15 is an average value of the partial molar quantity (45) over the range
298-T K, and these averages are not the same over the temperature interval
if the latter becomes too great (45). Values of Cg nevertheless, were
calculated over the above temperature range using equation 2.15. The sizes

of the temperature intervals were justified by the uncertainties in the
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available data for the ionic species and the Ffact that only above 473 K,

might discrepancies in the average values require consideration (45) .

The program is also capable of calculating the half-cell reduction

potential of a reaction and the solubilities of metals and metal oxides

as a function of temperature and pH. A full calculation of the reduction

potential of a selected half-cell reaction is given (appendix 2) in order

to demonstrate the use of the required thermodynamic data.

The range of silver species available for which thermodynamic data

at elevated temperatures could be determined, is restricted mainly due to

a lack of initial data. However, it is possible to represent all essential

experimental equilibria with regard to the present work. From this point

of view, various electro-active silver species will be discussed in the

following two sections.

2.4.2

(i)

(ii)

(iii)

(iv)

(v)

Oxides of Silver

Agzo. The existence of this oxide as an anodic oxidation product
is well established (24,193).

Ag O_.
9272

with alkaline solutions. The crystal structure is found to exhibit

This oxide is relatively stable when dry and when in contact

two distinct Ag-O distances (93,168) and in addition magnetic
susceétibility measurements (155) show that Agzo2 is diamagnetic.
Hence this oxide, often represented as AgO, is considered to exist
as Ag(I)Ag(III)O2 and in this work will be described by the formula,
Agzoz.—lThe relatively high electrical conductivity of Ag202
(7s m (110,120)) could also be accounted for by such a mixed
oxidation state structure.

Ag203. This higher oxide of silver has been shown to exist when
stabilised by oxyanions (138), although there is good evidence

for its anodic formation at lower temperatures (182).

Ag304. This oxide is relatively unstable existing only in the
presence of oxyanions (136) also, and will not be considered further,
Ag40. There is conflicting evidence for such a suboxide (75,193)

and it is now generally agreed that the evidence is better
interpreted in terms of chemisorbed oxygen (153). This species

also will not be considered further.

No data was available for the heat capacity of Ag,0,, and the

only data for the heat capacity of Agzo as a function of temperature

2

referred to the gaseous state (112). However, the heat capacity of an

inorganic compound, if it is a coordination lattice, may be estimated
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by summing the heat capacities of all atoms in the molecule (117).
Since the heat capacities of both Ag and Bg,0 as a function of temperature
(112) are known, the heat capacity of an oxygen atom bound in an Ag20

crystal lattice can be obtained. Hence,using the expressions for C€ as

a function of temperature (in J k1 mol-l),
CS(Ag,0): 46.57 + 64.77x10"° (2.29) '
2xc:(Ag)= 42.60 + 17.08x107° T + 3.02x10° T 2 (2. 30)
o O -3 5 =2
. .CP(O): 3.97 + 47.69%10 T - 3.,02%10° T (2.31)

Assuming this value of qslo) remains approximately the same in the
higher valence silver oxide lattices, then it may be used to obtain
expressions for the heat capacities of Ag202 and Ag203 (equations 2.32
and 2.33).

o - -
Cp(AgZOZ): 50.54 + 112.46%10 % T - 3.O2XI05 T 4 (2.32)
CSYA9203): 54.51 + 160.15x10 ~ T - 6.04><105 T_2 (2.33)

- ; - -1 =1w
qp(Agzoz) at 298 K is quoted in the NBS tables (148) as 87.9 J X ~ mol

. m::Jl.-1 obtained from the above expression which
. ; < ; © . v <
implies an uncertainty in the value of Cp(AgZOZ) of at least 7.2 J K = mol 1.

compared with 80.7 J K

Similar calculations for Cu,0 and CuO using appropriate data (117)

2 1

give Cg(o,solid),respectively,as 20.42 and 20.25 J K
17.07 J K"lmol—1 from equation 2.31. The fact that the values for Cu,0 and CuO

m.ol.-1 compared with

are similar tends to support the assumption of constancy in QSTO) values
in different oxides of the same metal. The difference between the values

of d:(o) obtained from Cu,0 and Ag,0 is significant but corresponding values

2
from other metal oxides (NiO and Fe0O) lie between the range from the
copper oxides to Ag,0. Hence,the value of Cglo,solid) from Ag,0 is

regarded as a satisfactory estimate from which tc obtain expressions

for the heat capacities of Ag,0, and Ag203'

2

- -1
* Converted from the value in cal K : mol ..
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2.4.3 Ionic Species of Silvex

Three ionic species were considered for the silver/water system:

(i) Ag+. It is recognised (108,159) that this ion exists under acid
conditions.
(ii) Ag(OH)z-. The existence of this anion in alkaline solutions, in
equilibrium with both Agzo and Agzoz, is well established (3,66,78).
(iidi) Ag(OH)3 . This species has been proposed (67) but MacMillan (136),
by measurement of the magnetic properties of solutions resulting

from Ag20 dissolution, showed that no silver(II) species was

2
present.

(iv) Ag(OH)4_. The formation of a relatively soluble Ag(III) species by
high current density (70 mA cmfz) anodisation of a silver sheet
has been reported (38). The ion was identified (38) as Ag(OH)4-.
However, from ring-disc electrode experiments (141), it was
concluded that there is no appreciable solubility of an Ag(III)
species from a strongly oxidised silver disc. The experimental

discrepancy would appear to be still unresolved.

Pourbaix (159) considered three other species, Ago+, Ag++ and
AgOH, for the potential-pH diagram of Ag at 298 K. There is a lack of
thermodynamic data for the two ions but it appears from his diagram that
Ag++ is likely to exist only in solutions of low pH*, and AgO+ at highly
anodic potentials. Hence, neither species is regarded as important for
the present work in view of past studies of silver in alkaline solutions
(see section 1.2). The third species, AgOH, was proposed to explain
an anomalous observation in potentiodynamic experiments (see section 5.2.2)
but its existence as a definite compound is doubtful and, therefore, it
was not considered.

AgO- and AgO " are considered in these forms rather than Ag(OH)z_

and Ag(OH)4— respeciively, since firstly, the entropy equation (2.36)

of Connick and Powell (39) applies only to oxyanions, xon'z (see comments
below on the use of this equation, particularly in regard to hydroxy-
complexes) and secondly, difficulty arises in defining the class of ion
with regard to the assignment of Criss and Cobble coefficients. Free
energy changes for reactions involving AgO or Agoz— are not altered by

using these forms.

Afdgég for Ag0  (~23.1 kJ mol-l) was determined from the value

* Pleskov (155), in fact, has shown that divalent silver ions are

unstable in alkaline solutions.
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= -1 . .
for Ag(OH)2 (-260.2 kJ nol (148)) by considering equation 2.34.

(Ag(OH) Ty - {H 0) (2.34)

(Ag0") = AG B50g

85650 %308

This value for Ago_ may be compared with that obtained by Pourbaix
-1 . ¢ oy

(-22.97 kJ mol ~) from the dissociation constant of the species AgCH,

(Ka = 7.9xlO-13 (108)) for the reaction

- +
AgOH = AgO + H (2.35)

Although the existence of Agoz— is doubtful, thermodynamic data
at elevated temperatures were calculated (but are not included in the
potential-pH diagrams) using the value of?AG;ég for Ag(OH) " estimated
by MacMillan (136). This estimate was based on a value of AfG298 for
Ag(OH)3- and the corresponding value for Ag(OH)2 , and should therefore
be regarded as tentative. Nevertheless, it was used to obtain
Afdgés(Agoz_) from an equation analogous to 2.34.

No entropy data for AgO or AgO, were available. However,

2
Connick and Powell (39) proposed that the entropies of oxyanions, Xon’z,
would be controlled by the ionic charge and charge distribution. From an
analysis of experimental data, they obtained an empirical equation 2.36
relating the entropy of an agueous oxyanion to the number of negative
charges, z, per ion and the number of oxygen atoms,no,surrounding the
central ion (excluding those in hydroxyl groups).

s% = 182.0 - 194.6(]z| - 0.28 n) (2.36)

The average discrepancy between experimental and estimated values was

15.5 3 K_l mol‘-1 (39) . These workers observed that each hydroxyl group
makes a negligible contribution to the entropy of ions and it was
suggested that this would possibly be the case for other hydroxy-complex
ions,M(OH)m2+. However, there are few entropy data to substantiate this
suggestion,and the data that were available to Connick and Powell indicated

that such calculated entropy values should be regarded as very_approximate.
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Values of AggelfGG for H' at eicvated temperatures were initially
derived by Macdonald and Rutlexr (132) using the technigue described in
section 2.2.2., These values were combined with the corresponding data for
the hydroxyl ion to calculate the ionisation constant of water at elevated
temperatures. However, discrepancies of up to 5% became apparent when
experimental data (77,161) for KW were compared with the calculated values.
Macdonald and Butler assumed that inaccurate values of the free energy of
the hydrogen ion were responsible for the differences although it was not
possible to determine if these differences were due to the anomalous
behaviour often exhibited by the hydrogen ion in aqueous solution. They
"preferred to use the experimental data for Ky which are now accurate to
within +0.2% (128), and values of A§98 fGG fox the hydroxyl ion obtained
from the correspondence principle to e;aluate the corresponding data for.
H+ (equation 2.37).
T

&ty _ 4T
B0g, g8 ) = Bogg ¢

o T < -
G (Hzo) - A298,fG (OH ) RT1n KW,T (2.37)

2.4.4 Standard States

The values of the thermodynamic properties of the pure substances
given in Table 2.1 are for the substances in their standard states
(indicated by the superscript “® on the thermodynamic symbol.) These
standard states are defined as follows:

For a pure solid or liguid, the standard state is that of the
substance in the condensed phase under a pressure of 1 atmosphere,*

For a gas, the standard state is the hypcthetical ideal gas at
unit fugacity in which state the enthalpy is that of the real gas at
the same temperature and at zero pressure.

The standard state for an ion is sPecified'by stipulating that,
at any temperature and pressure, the activity coefficient of this species
shall tend to unity as infinite dilution is approached. The standard
state thus defined is a hypothetical solution in which the concentration
and activity coefficient of this ion are unity and in which, by virtue
of the above stipulation, there are no interactions between solute particles.

Each value of Afdgg
free energy when one mole of the substance in its standard state is formed,

8 given in Table 2.1 represents the change in

* 1 atmosphere pressure is maintained as the standard state, otherwise
a numerical factor must be introduced into terms involving log F

such as in equation 2.24.
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isothermally, from the elements, each in its appropriate standard
reference state. The standard rveference state at 298 K for each
element has been chosen to be the standard state that is thermodynamically
stable at a pressure of 1 atmosphere.

Each value of 8298 represents the absolute entropy of a substance
in its standard state at 298 X.

The entropy and AfG9 values tabulated for the individual

298

ions are based on the usual conventicn that the values of Afcgge and s®

+
for H are zero.

2.4.5 Uncertainties

The majority of the data for AfG§§8 and S;és are drawn from the
NBS tables (147,148). Values are tabulated in these tables "such that
the overall uncertainty lies between 2 and 20 units of the last figure" (units
of calories) . However, these values are given so that the experimental
data from which they are derived may be recovered with an accuracy equal
to that of the original quantities. Hence,the number of significant
figures does not necessarily represent the absolute accuracy of a
particular value. The values of s® with associated uncertainties for
Ag and Ag+ are taken from recently published CODATA tables (37).
Other specific cases such as Sgés

been mentioned with respect to the uncertainty (section 2.4.3).

for ag0 and Agoz- have already

In the case of heat capacity data, the precision for Ag and A920
is taken as 0.3% and 0.2%,respectively (112). The errors in C: functions
for Ag202 and Agzo3 were estimated from the discrepancy noted (9%) for
Ag202 at 298 K (section 2.4.2). It is assumed a similar error would
arise with A9203 from the same origin, that is, the uncertainty in the
heat capacity for "solid oxygen".

The remaining heat capacity data was taken from bulletins of the

U.S. Bureau cf Mines (112,196).
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Table 2.1 Thermodynamic Data for the Silver/Water System

Substance A ng%/kJ mo1~t 5‘2’98/J K tmo1” cng -

o 0 42.550.21  21.30+8.54x107 T41.51x10°7" 2
Ag,0 -11.21 121.3 46.57+64.77x10 1

29,0, 27.6 117 51411210 >P-3x10°T 2

Ag,0, 121.3 100 55+160%10™ >T-6x1071 2

ag" 77.124 73.38%0.40

AgO -23.1 41.9 *15.5

Agoz- -1.4 96.4 *15.5

H' 0 0

H, 0 130.574 27.28+3.26x107 'T+0.50x10°1 2
o, 0 204,999 29.96+4.18x10 1-1.67x10°T 2
H,0 -237.183 69.92 75.291

2.4.6 Reactions in the Silver/Water System

The following set of reactions is used to derive the potential-pH

diagrams for the silver/water system at elevated temperatures. These

diagrams are based on the corresponding potential-pH equations given

with the appropriate reaction. The values of Ez'are given in Table 2.2.




Reacticn
Number

Reaction

Two soluble species (relative stability

Two solid

One solid

10

11

12

13

14

Ago +2H' = AgT+H.O

1l

Ago, +2H +2e

A902_+4H++2e

g0 +H

2

2

0]

Ag++2H20

pH

E

E
T

Potential-pH Equation

of dissolved substances)

2.
= Eg;'EF—“lOg[a(AgO )/a(AgO )]-2""’3'Ijg
2% SR
g log[a(Ag )/a(AgO2 )]- é;§g£4p

= E

AGE

Lf

= . -
aerr T 0-5loglalago’)/a(agh))

substances (relative stability of Ag and its oxides)

Ag20+2n++2e = 2AgtH

Ag,0 +2H +2e = A92

2

Ag.,,0 +2H +2e

[

2 = Ag,

2O

2

O+H,0

02+H20

E

I

Fp

& 2.3RT
Er - =%
& 2.3RT
ET F
o 2.3RT
2

pH

pH

pH

and one soluble species (solubility of silver and its oxides)

4-
Ag,0+2H = 2ag +H.0

2

2ag0 +2u" = Ag,0+H,0

2Ag02'+2H+ = aAg
+
Ag +e = Ag

Ago_+2H++e

Il

Agoz”+4H++3e

Ag 0 +4H +2e

]

2

2O3+H20

AgHH 0

Ag+2H20

2Ag" +2H

Ag,0,+2e = 2290~

2

o)

PH

pH

&
" - logla(agh) ]
4.6rr  —o9lalig
868 )
T log [a(Ag0 )]
Acg _
ZTE§5'+ log [a(Ag02 )]
Eg 4 £ 3R'Tlog[a(Ag )]
4,6RT
Eg 4 Bs 3RTlog[a(AgO )] - 7 PH
e . 2.3RT -y1_ 9.2RT .
By S log[a(AgO2 )] =35 PH
4. GRT
E; - 2'3RTlog[a(Ag+)] - PH
ES - 2'3RTlog[a(AgO—)]

pH

H
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Reaction ) o .
Number Reaction Potential-pH Equation
+ N - 2.3RT ORT
15 Ag,0,+6H +4e = 2ag +31,0 Ep = Ep ~ 5= log[a(Ag §)e 1B S pH
- o
16 Ag,0_+2H +4e=2Ao FH,O E, =E_ - 2.3RT
9293 5Q +Hy T T S oglatago”) ] - Z3RE b
17  2Ag0. +4H +2e = Ag.0.+2H L0  Ey = g g 2o 3R logla(ago,)]- 4:6RT 4
2 2 T glalago, 7P
Oxygen evolution
+ 13 2.3RT 2.3RT
== = E <4 == LE
18 02+4H +4e 2H20 ET BT ir log P 02 5 pH
Hydrogen evolution
19 2542 = B O - 22 3RTlog P, _ 2.3
2 T o Sk
2 P
Table 2.2 Calculated Values of Eg
Reaction P o o o & o o
No. 208 333 373 B423 T473 523 73
1 pH=12.01 pH=11.09 pH=10.40 pH=9.83 pH=9.58 pH=9.53 pH=9.68
2 1.342 1.32 1.29 1.26 1.22 1.18 1.13
3 2.05 2.05 2.06 2.08 2.12 2.17 2.23
4 1.171 1.154 1.135 1.112 1.090 1.068 1.047
5 1.430 1.42 1.41 1.40 1.38 1.37 1.36
6 . 1715 L1 1.70 1.69 1.68 1.67 1.67
7* pH=12.29 pH=11.90 pH=11.58 pH=11.27 pH=11.05 pH=10.88 pH=10.82
g* pH=11.73 pH=10.28 pH= 9.22 pH= 8.40 pH= 8.12 pH= 8.16 pH= 8.53
Ok pH= 3.9) pH= 2.90 pH= 2.18 pH= 1.64 pH= 1.46 pH= 1.53 pH= 1.81
10 0.799 0.76 0.72 0.67 - 0.62 0.56 0.50
11 2.219 2.23 2.26 2.32 2.41 2.54 2.70
12 1.63 1.62 1.62 1.61 1.62 1.63 1.65
13 1.802 1.81 1.82 l.84 1.86 1.88 1.91
14 0.382 0..35 0.28 0.19 0.06 -0.10 -0.29
15 1.758 1.76 1.76 1.76 1.77 1.78 1.79
16 1.049 1.03 0.99 0.94 0.87 0.79 0.69
17 2.30 2.30 2.30 2,33 2.38 2.45 2.55
18 1.229 1.200 1.167 1,327 1.088 ;.050 1.013
19 0 0 0 0 0 0 0
4 : - =1 t
* pH values for an ion molality = 10 =~ mol kg .
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2.4.7 Uncertainties in Data at Elevated Temperatures

The uncertainty in the value of AGg and hence E? (and solubility)

for a particular reaction (substance) depends on the uncertainties in

AT
298, f

are in turn determined by the uncertainties of the initial data used

¢¥ for the various species involved in the reaction. The latter

for each species,and on the subseguent method used to evaluate the free
energy changes.

At elevated temperatures, the free energies of formation of
species for which precise heat capacity data are available, will also
have a high precision. For species depending on the use of estimated

entropy data, the accuracy of the Ag98 fGe values is reduced compared with
r

&
that of the values of AfGZ98’

the correspondence principle is *2 J K

The accuracy of entropies obtained by the use of

1 -1
mol for simple ions up to

T o -
5 +
298,fC of *1.5 kJ mol

for Ag+ up to 423 K. Since less experimental data was available for

423 K (45). This corresponds to an uncertainty in A i

oxyanions, the accuracy of the correspondence principle is expected to

2
from use of the Connick and Powell equation. For all classes of ions,

o

be less for AgO_ and AgO which also have a large uncertainty in Ag98 fG
’

the correspondence principle becomes less reliable above 473 K.

Values of Eg

of significant figures is dependent on the species appearing in the
T ©
298,f °
in Table 2.1, this number does not necessarily represent the absolute

and solubility are tabulated such that the number

reaction which has the highest uncertainty in A However, as

accuracy of that value. For most reactions, the hydrogen ion is
involved and the error in AT GG(H+) (£l.5 kJ mol-l

298, f
important contribution to the overall uncertainty in AG? for the reaction.

at 473 K) is an

If either Ag,0, or Ag,0, are present, the uncertainties in the

values of" Agge,fGe for these substances due to those in both the heat
capacity and 3258' also determine the overall uncertainty.The error in
Aggslfce for either oxide at 573 K is +3.8 kJ mol"1 ccmpared with

W2 kg m°1—l for Ag and Ag,0 at this temperature. The uncertainty

in E; is further increased by the inclusion of ionic silver species

in the reaction.




2.5 DISCUSSION
2.5.1 Potential-pH Diagrams

Potential~pH diagrams (Figure 2.2) for the silver/water system
at temperatures up to 573 K have been constructed from the thermodynamic
properties of the pure compcnents. These diagrams are valid only when
there are no substances present with which silver can form an insoluble
salt or a soluble complex.

Where there is only one soluble species in a reaction, the
activity of that species is defined to characterise the conditions of
"practical existence" of this species, that is, the conditions of
equilibrium in the presence of appreciable concentrations of that
species. In these diagrams, the lines bounding regions of soluble

3

* - -
species are defined to represent activities of 10 mol kg L except

for Ag0 at 298 K for which a = 10“6 mol kg—l. The solid lines indicate
the coexistence between the silver species while the vertical broken
line distinguishes the regions of relative predominance of the dissolved
species; at low values of pH, Ag+ is the major ion present whereas AgO
is the dominant species in solutions of high pH.

The diagonal broken lines in the diagrams represent the
thermodynamic stability of water. The lower line represents the
equilibrium potentials for the evoluticn of hydrogen (PH = 1 atm) as a
function of pH. Over the temperature range considered, %he lower limit
of stability of water lies well into the domain of thermodynamic stability
of silver metal, while the upper limit of water stability, that is, the
equilibrium between water and oxygen (P02= 1 atm) moves into this
region only at higher temperatures.

In agreement with the diagrams, silver will dissolve in acid
oxidising solutions to give Ag+. In neutral or moderately acidic media,
strong oxidising action on sclutions of Ag+ produces A9202 and Ag,05.

The positions of these oxides above the upper limit of water characterises

them as substances which are expected to be very unstable in the presence

* Although in Table 2.2, a=10"° mol kg—l, for clarity in the diagrams,
the minimum value of a for the appropriate lines was taken as

10..3 mol kc_;n1 with the one exception stated above.
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Figure 2.2 Potential-pH Diagrams for the
Silver /H,O System, 298-573 K
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off water decomposing to release oxygen. For alkaline solutions, AgO-
and the oxide phases that silver can form, successively become the
stable species as the potential becomes more positive. As the
temperature increases, the diagrams show that the region of stability
of AgO  becomes greater, so that it is thermodynamically possible

for higher concentrations of Ag0~ to be present at a given pH.

The diagrams show two other significant changes which occur
as a result of increasing temperature. Firstly, the region of
stability of silver metal effectively decreases but, as mentioned
above, the lower limit for the stability of water still lies in this
domain. Secondly, the equilibrium line for the evolution of oxygen
is lowered relative to the changes in the domains of étability of
the oxide phases so that at 573 K, it appears at more negative
potentials than the AgZO'Ag equilibrium line. At these temperatures
therefore, Ag20 is unstable in the presence of water, and oxygen
will be produced.

The theoretical conditions of corrosion, immunity and passivation
of silver can be deduced from the potential-pH diagrams. Any strong
oxidising action can cause silver to be corroded except at high potentials
where the oxide A9203 is stable. Ag20 and Ag202 are too soluble to
protect silver by passivation. According to Figure 2.2, the corrosion
of silver by an oxidising action should be at a minimum (neither soluble

species predominate) at a pH of 12 at 298 K decreasing to 9.6 at 573 K.

2.5.2 Further Comments on the Thermodynamic Data

The reliability of the correspondence principle at higher
temperatures becomes dubious, as already indicated. Evidence that it
may become less dependable was provided by a comparison of calculated
data with standard partial molar entropies obtained from measurements of the
vapour pressures of sodium chloride solutions at temperatures up to
573 K (124). Differences between experiﬁental data and values calculated
using equation 2.17 have been found (128) and these are ascribed to errors
arising from the extrapolation of the Criss and Cobble coefficients above

473 K (see section 2.2.3).
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An alternative expression (2.38) for estimating the standard free
energy change for reactions in aqueous systems up to 473 K, particularly

when complex ions are involved, has been suggested by Helgeson (100):

T-T
b

e _ e _ =3 _ 8 (4 _ ¥
AGT = AHr Asr(Tr " {1-exp [exp (b+aT) -c + 11 (2.38)

where r designates the reference state (298 K) and 6, w, a, b and c are
temperature-independent constants characteristic of the dielectric
properties of the solvent. This equation is useful for reactions
involving those complex ions which are not easily classified in terms

of the appropriate Criss and Cobble coefficients. Since high temperature
thermodynamic data were available for the soluble silver species
(equation 2.17) which became doubtful only above 473 K, the method of

calculating AG? described in section 2.2 was preferred.

2.5.3 Half-Cell Potentials

Some reference to the measurement of the equilibrium potentials
of silver oxide electrodes is worthwhile in view of the considerable
industrial and scientific interest in them (see section 1.1.2).

Early determinations of %nafor the AgzolAg electrode gave
erratic and unstable values (83,126), possibly caused by adsorbed
and/or absorbed oxygen. Hamer and Craig (95) prepared stable, reproducible
Ag20|Ag electrodes which were superior to those previously constructed.
Their technique was to contain Agzo in a platinum gauze and then partially

reduce the oxide with hydrogen to silver at 333 K. Using the cell
Ag|Ag20|0H'[Hgo|Hg

they obtained an equilibrium potential of 0.342 V (SHE) for the A920|Ag
electrode which is in accordance with the value calculated from free
energy data at 298 K (0.343+.0001 V). A later determination (63) using
the cell

AglAgZOlOH—IHz,Pt

yielded E = 0.338 V (SHE).
298




Dirkse (62) prepared A9202 Agzo electrodes by various methods
and obtained a half-cell potential of 0.599%,001 V which fits the
calculated value for the equilibrium potential (0.602 V, 298 K).

The equilibrium potential for the AgzoS!Agzo2 reaction was
determined by Stehlik (176) to be 1.711 V which compares favourably
with the value calculated in this work for 298 K, namely, 1,715 v,

Such similarity between the calculated and measured E298 values
is not surprising since in many cases, tabulated free energy data are
derived from experimental E2q8 data.

2.5.4 Solubility

Solubility data for Ag and Ag20 are given in Table 2. 3.

2 2
is thermodynamically unstable in contact with alkaline solutions. Since

Data for A9202 are not presented for the reason that solid Ag.0O

its electrode potential is above the potential of the oxygen electrede,
2g,0, decomposes to A920 with evolution of oxygen. As a result of the
decomposition reaction, solutions in contact with A9202 will contain
dissolution products of Ag,0. However, polarographic measurements (2)
have indicated that A9202 is not dissolved in alkaline solutions in
measurable quantities.* In spite of the thermodynamic instability,

Ag202 has a reasonable degree of metastability in contact with alkaline
solutions. This is probably the result of protection of the A9202 by
formation of an Ag20 film which causes the decomposition to be relatively
slow.

The solubilities of Ag and Ag,0 may each be. represented in terms
of two equilibria whose relative importance depends on the pH of the
solution. In acid or neutral conditions, the reactions represented by

Ag + 2H' = 2ag" + H, (2.39)

Ag,0 + 20" = 2ag" 4 H,0 (2.40)

will predominate. Hence the equilibrium constant for each reaction

is expressed by

* While Ago_ is present, higher valent silver species are essentially

absent (less than 10_6 mol dm—z).
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Py is arbitrarily defined as 1 atmosphere and a(H2O) is assigned unity.

It appears reasonable to expect some resemblance between the activity
coefficient curves of two univalent ions which have a similar structure (108)
Using this assumption, the ratio of the activity coefficients may be

regarded as approximately unity except perhaps at very low values of pH.* The
solubilities of Ag and Ag,0 can then both be expressed in terms of the
activities (described in section 2.2) of the soluble species,Ag+,

which is formed by dissolution of the solids. Hence, the solubility Sor in

each case may be expressed in the general form

= I
S, . aB/vB (2.42)

In solutions of sufficient alkalinity, the solubility will

chiefly be a result of the equilibria

2Ag + 20H = 2Ag0 + H, (2.43)
Ag,0 + 20H = 2Ag0 + H,0 (2.44)
=y ]2 =31 =12
where  k =|2{290 )17 | m(AgO ] ¥(AgO0 ) (2.45)
a(oH ) m(OH ) J y (OH )

Biedermann and Sillen (17) found that the ratio of activity coefficients
could be assumed to be 1 with a negligible error compared with the
uncertainty in their experimental results. The activity coefficient
curves of the Ewo univalent ions each containing an oxygen atom might
well be expected to be similar and therefore the solubility in each case
may be expressed again by eguation 2.42.

Calculated solubility data of Ag and Agzo at selected values of the

PH are given below.

* In this region where the ratio might be expected to deviate appreciably
from unity, m(Ag+) is extremely small for reaction 2.39. In the case of
Ag,0, the solubility is extremely large and any change in Y(Ag+) would
be offset to some extent by the effect of pH on Y(H+) at these values.
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Table 2.3 Solubility Data for Ag and Agzo
So(Ag)/mol kgr”1 (from reactions 2.39 and 2.43, PH = 1 atm)
2
pH T/K
= - e -12 - - =
3 1.5x107 Y7 1.4x10°%° g.ex107 5. 3x10 1.4x10" 10 2.0x10"° 2.1x10°°
5 1.5x10° 70 1.4x107Y7 8.8x107%° 5.3x107%* 1.4x107%2 2.0x10° 2.1x10°%°
7 1.5x10°20 1.4x10™%° .80 5.3x107% 1.4x107% 2.0x10713 2. 110~ 12
10 1.5%107%% 1.4x107%% 1.0x10720 1.7x10718 1.1x107%%  2.0x1071° 1.1x20" 44
12 0 9.3x107%% 1.4x10™%° 1.1x107%° 9.5x1071% 18510712 9. 2510~ 13
14 0 9.2x10 2% 1.4x10”%7 1.2x10" 14 T 1.8x10" 7 9. 2x1071%
SO(AgZO)/mol kg--l (from reactions 2.40 and 2.44)
2 2 2
3 9.6x10 3.9x10 1.9x10 92 56 38 33
5 9.6 3.9 1.9 0.92 0.56 0.38 0.33
=3 ~2 =2 =3 =3 ag =3
9.6x10 3.9x10 1.9x10 9.2x10 5.6x10 3.8x10 3.3x10
- - - -5 - - -5
10 9.6x107°  3.9x107°  2.2x107°  2.9x10"°  4.4x10"> 3.8x107° 1.8x10 "
12 1.9x107°  2.7x10™°  3.0x10”% 2.0x107°  3.9x107°  3.4x10"° 1.5%10"°
14 9.4x107°  2.7x10°°  3.0x10"2 0.20 0.39 0.34 0.15

From the values listed in Table 2.3, silver becomes progressively more
soluble at elevated temperatures under acid or alkaline conditions.

The amphoteric behaviour of Ag,0 (reactions 2.40 and 2.44) was
established experimentally by Johnston et al (108) who obtained evidence
for the existence of the equilibrium (2.44) in alkaline solutions. This
was achieved by measurement of the solubility of Ag,0 in pure water and
over a range of concentrations of NaOH, KOH and Ba(OH)2 using potentiometric
titration methods.

On the basis of free energy data, the solubility of Agzo as a

function of pH (Table 2.3) at a particular temperature is predicted to:

(a) fall off in solutions of low alkalinity, with increasing pH,
(b) go through a minimum and then

(¢) increase in solutions of higher hydroxide concentration.

The experimental data, obtained at 298 K, is consistent with this behaviour, and

exhibits a minimum at a pH of 12.2. The solubility was found to increase
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from the minimum in a linear fashion up to a pH of 14.
Biedermann and Sillen (17) recalculated the data of Johnston et al

using a more exact method than previously used. For the reaction
WAg,0 + HH,0 + oH = Ag(OH)Z— (2.46)
they determined

log K
log K

-3.72£0.03 at 298 K where

log[a(Ag(OH)z_).a(OH—).a(Hzo)—%

] (2.47)

il

From vapour pressure measurements (167), %log a(HZO) was found to be
-0.0075 at pH=14, which gives m(Ag(OH)Z-) as 1.87x10 7 mol kg-l. This
value is in accordance with the calculated value of the molality* of
AgO at 298 K. If this value for the activity of Ag0 is substituted
into the potential equation for reaction 11 (the dissolution of Ag to

give Ag0 ) the potential E has a value of 0.343 V. This potential

defines the situation in wiiih Agzo can precipitate out from a saturated
solution** of Ag0 formed by the dissolution of Ag.

With an increase in temperature, two different effects on the
solubility of A920 are predicted to occur depending on the pH. At a
PH less than 7, the solubility becomes less with a rise in temperature.
At higher values of pH, the solubility as a function of temperature
exhibits a maximum at about 473 K. The solubility minimum mentioned
above, is exhibited at elevated temperatures also. However, the pH

corresponding to the minimum moves to a lower value with increasing

temperature, the transition occurring around 333 K.

* The molality of AgO0 is twice the solubility of Agzo since the latter
dissolves to form two molecules of AgO .
**precipitation of Ag,0, in fact, occurs from a super-saturated solution

of AgO™ (see section 1.2.1).
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CHAPTER 3 ELECTROCHEMICAL CELL AND MATERTALS

3.1 INTRODUCTION
3.1.1 Requirements

In order to perform electrochemical polarisation studies in
aqueous solutions at elevated temperatures, iwo problems must be
overcome:

(i) corrosion of the internal sections of the autoclave by the
high temperature solutions may result in contemination of the
electrolyte and eventually the electrode surface. The choice
of materials within the cell depends on the pH of the electrolyvte,
but the temperaturec and pressures employed in the system must
also be taken into account.

(ii) a suitable reference electrode arrangement is required which
will give a half-cell potential that is thermodynamically

meaningful.

These factors are discussed in detail in relation to the overall design
of the cell in the following sections but in order to demonstrate the
requirements for the reference electrode, the choice of such

electrodes for use within the autoclave is first examined.

3.1.2 Internal Reference Electrodes

The use of internal reference electrodes which are
maintained at the same temperaturec and pH as the working electrode
is restricted firstly due to the frequent lack of thermodynamic
reversibility and reproducibility at temperatures in excess of 423 K
(29,123), and secendly, to the properties of the solution, in particular
the pH.

Several electrodes have been examined for use in high
temperature alkaline solutions. These are shown below with their

approximate temperature limits.
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Reference Electrcde pH range Temperature Limit/K
Hg|Hgo alkaline 423
Ag|A9202 alkaline 433
(a+B) Pd]H acid and alkaline 52 3%

Discrepancies between calculated (128) and experimental (29) values

for the e.m.f. of the cell
H,-Pt |NaoH |Hgo|Hg

at temperatures greater than 423 K have been demonstrated (128) which
raises doubts as to the thermodynamic behaviour of the HgIHgO electrode
at such temperatures.

In the case of the Ag Ag202 electrode (292), the A9202
decomposes spontanecusly to silver above 433 K and hence is
unsatisfactory under these conditions.

Dobson et al (68) have found that the (u+B)Pd|H electrode
behaves as a useful reference in NaOH, and HCl, solutions at elevated
temperatures. The major obstacle to its use is an increasing rate of
desorption of hydrogen frem the palladium with temperature, resulting
in a reduced lifetime. Nevertheless, this electrode appears to offer
promise as an internal reference.

Since, in most cases, these reference electrodes operate
over limited temperature ranges above 373 K, it was preferred to use
an external reference electrode, maintained at room temperature, for
this work which involved temperatures up to 473 X. Although such
an arrangement must incorporate a suitable pressure/temperature junction
(see section 3.5), temperature itself does not becohe a limiting factor

in the choice of a reference electrode.

* Subiject to further work,
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3.2 ELECTROCHEMICAL CELL

3.2.1 Cell Design

An autoclave arrangement is required to provide a high
strength vessel to withstand the pressures involved at elevated
temperatures (1.6 MPa at 473 K (113)). The high temperature
electrochemical cell used in this study (Figure 3.1) is similar
to that used by Macdonald (133,134). However, it was found in
initial work with such a cell that the sealing around the
electrode mountings was not reliable and often resulted in
solution creep, particularly around the working electrode.

This problem became more severe on continued use at elevated
temperatures and was no doubt caused by distortion of the teflon*

as a result of the temperaturcs and pressures involved. Consequently,
modifications to the original cell were made, these mainly involving
redesign of the electrode fittings to prevent solution creep

(section 3.2.3).

The autoclave itself is constructed of 316 stainless
steel. Alumina, used previously (44) as an autoclave liner
in the case of acidic solutions, is unsatisfactory for alkaline
solutions due to contamination of the latter by aluminate ions.
Instead, the autoclave in this work is fitted with a teflon liner.

The autoclave head was secured to the body by six equally-
spaced hexagonal cap-head bolts. To ensure complete sealing, the
head was fitted with a teflon "O" ring which was compressed on to a
flanged section of the body as the bolts were tightened. The head
was provided with six openings in which "Conax" fittings (Figure 3.1)
were used to seal the electrode systems, gas inlet and outlet, and
thermocouple, when necessary.

The gas inlet and outlet were stainless steel capillary tubes
which protruded a short distance into the cell, with the inlet
being extended into the solution by a teflon tube to allow thorough
percolation by the gas. All other metal parts within the cell
except the electrodes were protected by teflon covers to prevent

possible contamination of the solution.

*Teflon - PTFE (polytetrafluorcethylene).
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reference electrode
Pyrex bulb-— external reservoir
reference electrode

bridge (see figure 3.2)
steel rods v———

cooling water
inlet and outlet

teflon sheath

teflon capillary

—teflon-lined
audtoclave

working electrode-fi

cylindrical counter

teflon end-cap
electrode

compression nut
piston—_ = /Zj— ’
R
teflon cylinder\__/_ A SFi___cooling jacket
vd ;/ A
_J; inii4—asbestos plug
cooling water” & y [ —<

stainiess steel

S

// agutoclave head
&:H:;j) teflon capillary

Luggin probe E l%

\

Figure 32 High-temperature reference
electrode bridge
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3.2.2 Temperature Control

The autoclave was heated by a non-inductively wound a.c.
furnace coupled teo an automatic Ether 'Mini' control unit. The
controller was calibrated against the internal temperature of the
autoclave using a chromel-alumel thermccouple, this being removed
during experimentation with the alkaline scluticns so as to avoid
possible attack of the thermocouple.

The head of the autcclave which was exposed above the furnace
was enclosed in "Fiberfrax"*to assist in stabilising the temperature
of the cell. The temperature within the autoclave'remained constant
to *1 K over the time required for an experiment. However, it was
reproducible from one experiment to another only to *#3 K over the
range 295-393 K and to *5 K at higher temperatures.

In order to avoid ground loops and to reduce electrical
noise caused by operation of the furnace and control unit, the
autoclave, furnace and windings were insulated from ground using

an isolating transformer.

3.2.3 Electrodes

The working electrode (WE) was insulated from the autoclave by
a thin teflon tube within a stainless steel support (Figure 3.3).
The electrode was fixed firmly into the teflon cover which was itself
screwed up over the stainless steel tube. A steel connecting
rod through this tube was then fitted into the €lectrode. The
arrangement shown maintained electrical insulation from the
autoclave and was also found to be the most effective means of
preventing creep of solution into the tube containing the connecting
rod. Teflon protective coverings in the cell, particularly on the
electrode mountings, were designed with the intention of minimising
the combined effect of temperature and pressure on them, thereby
avoiding extrusion of the teflon and the inevitable pressure leaks.

In order to maintain a pressure-tight system, it was generally

* A heat insulating material.




2p0JII9|g 4a1uNon 2aYyy s 24nbid

pPOJ JdoAjls—

ik

J40}dDpD JBAJIS —

3

JBA0D co:myl/m\xm
:
/74,

$10}DINSUl UC| S}~

”
POJ 2935 ssajuipys—{ fiF]
Joyspm mctnmlk._&mu

nu””

./1]

77

N\
RN

N N
PN =t
k. —— -

NN\

NS S

e

L

poJ
poJ 2915

J9A0D U033

W\\\ ppay o>oUo§N\H

agni 8215 $59|U|D}S—

SJC3D|NSuUl UC|d1

9po431093 Buisuom eyl €€ 9unbiy

Y

S

TN
19935—




43

necessary to use teflon tape between threaded sections of the metal
and machined teflon parts. The working electrode arrangement was
completed by fitting a teflon cap to the exposed end, insulating it
from the solution, thus providing a symmetrical electric field in
the solution around the electrode.

The counter electrode (CE) had a similar design to the WE
(Figure 3.4) and consisted of a section of silver sheet, fixed into
a slotted rod with screws, also of silver. In order to maintain a
symmetrical field at the working electrode, the sheet was positioned
coaxially around the working electrode. It was usually necessary
to tighten the counter electrode assembly by drawing the electrode
firmly against the teflon cover with the assistance of the nut and

spring washer at the top of the stainless steel tube.

3.2.4 Reference Electrode System

The reference electrode (RE) system (Figure 3.2) used here
is similar to arrangements employed by Cowan and Staehle (44), and
Macdonald (133,134). A junction between the different pressures and
temperatures of the reference and working electrode compartments
is created across an asbestos plug which maintains electrolytic
contact between the autoclave contents and the external reservoir
containing the reference electrode. The compression nut on the
junction is tightened until the rate of flow of soluticn through
the asbestos is reduced to less than one cm3/day.

The Luggin capillary (see Figure 3.2) consists of a teflon
tube fitting into a threaded section at right angles which is positioned
approximately one millimeter from the electrode surface. The tube
is attached to the threaded stainless steel section (leading to the
water-cooling jacket) which protrudes through the head. The use of
the capillary is clearly required since the reference electrode is
maintained external to the WE compartment but it also serves its
usual purpose of minimising the IR potential drop between the WE

and RE.
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As found by the above workers, vapour bubble formation in
the temperature/pressure bridge occurred occasionally, especially
on the low temperature side, resulting in a loss of potentiostatic
control. This was overcome by inserting asbestos string in the
capillary to act as a wick and by enclosing the asbestos plug in
a water-cooling jacket which also had the advantage of localising
the temperature gradient about the junction.

Jones and Masterton (109) have modified the basic design of
the reference electrode system to include a pressure-balancing arrange-
ment, thereby removing the compressed plug junction and hence the
streaming potential due to the pressure gradient across the plug
(section 3.5.4). However, there are still significant contributions
to the observed potential from thermal diffusion (section 3:8),
so that it is doubtful if the complex arrangement required to
eliminate the streaming potential is warranted, particularly in

view of the relatively low pressures involved in this work.

3.3 EXPERIMENTAL PREPARATION

3.3.1 Influence of Surface Pretreatment of Silver Electrodes

The physical nature of a metal surface can strongly influence
its behaviour, possibly affecting the adsorption of species from
solution and subsequent surface film growth. It is essential, therefore,
if meaningful and reproducible results are to be obtained that the
working electrode should have well-defined, reproducible properties.

The effect of pretreatment on the surface activation of
silver has been examined by Morley (144) using differential capacitance
measurements. The pretreatment can be varied to yield a rough
electrode, an active electrode or a deactivated electrode. The
use of the differential capacitance of silver as an indication of
the degree of activity of the electrode has been substantiated by
a similar study of the effects of electrode pretreatment on the

oxidation of silver (35).
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3.3.2 Electrodes

In several previous studies at room temperature (24,88),
electropolishing techniques have been used in the preparation of
single crystal and polycrystalline silver electrodes. At high
temperatures, roughening of the electrode surface takes place
prior to polarisation probably due to corrosion processes. While
the degree to which this surface roughening takes place before
polarisation depends on the temperature, the extent to which it
occurs is limited, even at the higher temperatures. However,
extensive surface roughening following polarisation is clearly
evident from an electron microscopic examination of the electrode
(see Figure 5.6).

Since the condition of the surface for studies at elevated
temperatures was determined by experiment rather than by pretreatment,
mechanical polishing was considered an adequate method of preparing
the electrodes. Although grinding and pelishing techniques
frequently produce a rough surface on a microscopic scale, it was
found to be possible in this work to obtain a surface which was
-optically smooth, at least macroscopically. Chemical etching using
nitric acid was examined as a means of preparing the electrodes but
the measurements were less reproducible, particularly at high
temperatures, than those obtained using a mechanical polishing
Pretreatment.

The working electrodes used (0.0l m long, 0.005 m diameter,
1.57x10—4 m2 apparent surface area) were machined from spectroscopic
grade silver rod and these were then polished successively with 320,
600 and 800 grit silicon carbide paper as they were rotated in a
lathe. This method was found to produce a finer and more reproducible
finish of the surface than grinding the electrodes manually against
the silicon carbide. The electrodes were then washed in ammonia
followed by double-distilled water, degreased in acetone, washed
with water again and then dried. The working electrode was repolished
after a run at each temperature,

The counter electrode was polished for each run using the

various grades of silicon carbide paper, and then washed in the manner

described for the working electrode.
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3.3.3 Other Materials

The solutions were prepared using "Analar" grade potassium
hydroxide and double distilled water. They were purged in situ with
nitrogen before polarisation experiments began. The cell was then
pressurised with nitrogen at 0.4 MPa which forced solution through
the asbestos plug to provide electrolytic contact between the working
electrode and external reference electrode.

All asbestos which was used in the cell was prepared by
cleaning for thirty minutes in a boiling solution of potassium
hydroxide at the same concentration as that used in the cell,
washed liberally with double-distilled water and dried. It was
assumed that this procedure would remove almost all the impurities
susceptible to decomposition by high temperature alkaline solutions.
Analyses of the autoclave contents (134) by atomic absorption
spectroscopy provided no evidence of contamination of the solution
by decomposition of the asbestos itself under such conditions.
Asbestos string cleaned in the manner described, formed an adequate
plug, particularly after the string had been well-divided, this
apparently resulting in better electrolytic contact between the
solutions at the two temperatures.

Before introducing the electrodes, the autoclave containing
hydroxide solution, was heated initially to remove any surface-
active impurities from the teflon tape which might be in contact
with the solution. This treatment was expected to eliminate the
possibility of slow adsorption of impurities at the electrode
which might cause, for example, a time-dependence of the electrode
impedance.”

After cooling from the higher temperatures, silver oxide
was generally deposited on the teflon but was readily removed

using nitric acid.

* Indeed, it was found that impedance measurements at potentials

corresponding to silver dissolution did not exhibit a time dependence,
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3.4 THE REFERENCE ELECTRODE
3.4.1 Choice of a Reference ilectrode

By using an external reference electrode arrangement, any
such electrode which functions at room temperature and is compatible
with the test solution, can be employed. The use of the saturated
calomel electrode (SCE) as an internal reference is limited by
hydrolysis (123) and by the influence of the chloride ion on the
behaviour of the working electrode (157). However, the calomel
electrode may be vsed in hydroxide solutions at room temperature
although an isothermal liquid junction potential is present
between the saturated potassium chloride solution of the reference
electrode and the alkaline solution. Nevertheless, the majority
of measurements in this work were made with a SCE and all potentials
have been referred to this scale.

Mercury|mercuric oxide reference electrodes, specially
designed and prepared for use within the cell (see section 3.4.3),
were used externally also to provide a reference for the calomel
electrode. If the hydroxide ion concentrations of the Hg[HgO
electrodes and the test solution are the same, then no correction
for an isothermal liquid junction potential is required for such
electrodes in alkaline solutions. While the HnggO electrodes
functioned adequately over short times (several days), over longer
times they were not stable. Hence, despite the disadvantage of a
liquid junction potential, the SCE was preferred since it was

more convenient and reproducible over longer periods.

3.4.2 Isothermal Liquid Junction Potential

The use of the calomel electrode introduces a contribution
as described above, to the observed potential, namely the liguid junction
potential between the KCl and KOH solutions at the same temperature. The
magnitude of this effect was estimated using the Henderson equation (101)

in the form in which only univalent ions are involved (107).
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(Ul—vl)—(ug—vz) U1+V1

. In |[—-=
(Ul+vl)-(uz+vz) U2+V2

RT
ELJ F°

(3.1)

where the U and V terms are Xciui for cations and anions, respectively,
appropriate to solutions indicated by subscripts,and the ionic
mobilities*, ui are taken as positive. In the derivation of the
above equation, non-ideality is ignored and molar concentrations
are used. It is also worth noting that, although the Henderson
equation contains nothing characteristic of the "geometry" of
the junction, it does require continuity of composition and
assumes that ionic mobilities are independent of concentration.

As a first approximation, the liquid junction potential
was initially estimated neglecting the effect of concentration on
ionic conductivity, and using limiting molar conductivities, A9 (174)

for the ionic species at 298 K. Units are S m2 mol-l.

ANt = 7.45x1073
21Ty = 7.55x%107°
2% (ox") = 19.20x10”3

Substitution of these values into equation 3.1 gives a liquid junction
potential of 6.9 mV.

Refinement of the above computation was attempted by using
values of conductivity corresponding to the appropriate concentration.

It is assumed that

Axx) = A (D) + A (3.2)

+ -
(X = Cl, OH) over the range of concentrations and since u(X ) ~ u(cl™)
(107) , then A(K+) and A(C1l™) may be evaluated at a particular
concentration. From molar conductivity data reported in the

literature for KCl (32) and KOH (48), values of A(KCl) and A (KOH)

* u, = Ai/F, where ), is the molar conductivity of the ion which is
i

assumed to be univalent. ‘ '
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at ¢= 1,05 mol dm--3 *may be obtained. The value of A(K+) is
determined from A(KCl) which then enables A(OH“) to be obtained

from A(KOH) (see Table 3.1). The A(OH ) may be compared with the
value of 0.0149 S m2 molnl for this quantity obtained from data for
1.05 mol dm > solutions of NaCl (32) and NaOH (48). A value of A (KC1)
at c = 4.2 mol dm_3, the concentration of a saturated solution of

KC1 (107), is also obtained from which A(K') and A(CL”) at this

concentration are found. These values are shown in Table 3.1.

Table 3.1 Molar Conductivities of KX and X

(X = Cl, OH)
Species c/mol dm_3 Molar Conductivity/S m2 mol-1

KCl 1.05 0.0112+0.03%

K" 1.05 0.0056

KOH 1.05 0.0211+0.2%

OH ™ 1.05 0.0155

KC1 4.2 0.0092+0.05%

K 4.2 0.0046

cL 4.2 0.0046

By use of the Henderson equation, the liquid junction potential is
evaluated as 8.7 mv.

Although the two values of ELJ do not differ greatly, the
second method is considered to be more reliable since the error
involved in assuming limiting molar conductivities at the above
concentrations might be expected to exceed the error due to deviations
from ideality (y, # 1) arising from interactions between univalent

relatively small ions.

3.4.3 Measurement of the Isothermal Liquid Junction Potential

The liquid junction potential was determined experimentally
as the difference between the theoretical e.m.f., neglecting a liquid

junction potential, and the measured e.m.f. of the cell:

* This concentration corresponds to the molality of KOH, 1 mol kg-l,

used in this work.
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KOH | HgO | Hg

Small Hg|HgO electrodes which were to be used for thermal
diffusion measurements, were also used for the Present purpose.
Two such electrodes were made specifically to be placed within the
autoclave. 1Ives (107) recommends that "no very special precautions,
except those needed to secure components of reasonable purity, seem
to be needed in setting up mercury-mercuric oxide electrodes”.
Consequently, a slurry of Hg|HgO was prepared simply by grinding
distilled mercury and 'Analar' mercuric oxide together. The two
electrodes were then prepared and assembled following the design
of commercially available calomel electrodes. On testing the
constructed electrodes, a potential difference of 1.5 mV was found
to exist between them. When measured against a SCE, the potential
differences for the Hg|HgO electrodes were found to be 7 mV and
8.5 mV in excess of the theoretical e.m.f. at 295 K (E = 0.147 V*)
for such a cell. These differences were found to be constant with
time (several days) within 1 mV and are in agreement with the
calculated liquid junction potential, which may therefore be used
as a correction, where necessary, to observed potentials measured

with respect to the SCE.

3.5 EFFECTS DUE TO THE THERMAL LIQUID JUNCTION
3.5.1 Introduction

In addition to the isothermal, isobaric liquid junction potential
described above, the observed potentials contain two irreversible
contributions due to the thermal liquid junction across the asbestos
bridge. Since the working electrode is maintained at a different
temperature and pressure from the reference electrode, both a pressure
gradient and a temperature gradient exist over the junction giving rise,

respectively, to a streaming potential and a thermal diffusion potential.

* E = 0.246 (107) - 0.099 (49) V.
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Since these irreversible effects are present, the external reference
electrode does not provide a direct thermodynamic standard although
the potential of such an electrode appears to have been reproducible
in studies by other workers (44) and was, in fact, found to be so in
this research (see section 3.5.3).

Several methods have been developed to allow for such effects.
Cowan and Staehle (44) used a procedure in which a calculated correction
was applied to the hydrogen redox potential, measured through a solution
bridge, of a floating hydrogen electrode within the cell. The measured
potentials of the working electrode could then be referred to a thermo-
dynamic (standard hydrogen) scale.

Alternatively, the contribution of thermal diffusion to the
measured potential (tpe streaming potential contribution is discussed
in section 3.5.4) may be estimated from available data on this effect
in aqueous solutions. This method was applied to the present system
and the estimated values were then compared with experimental data (see
section 3.5.3).

The reference electrode arrangement under study involves the
measurement of the potential of the WE at a temperature T with respect

to an external SCE, E In order to relate the measured potentials

ext’

to theoretical values, the potential difference, Ee , is assumed to

xt
be a combination of three individual contributions (127) as represented

in Figure 3.5 in which:

Eé is the potential of the WE with respect to the
SHE at the same temperature.
EAT is the potential difference for the thermal
1

cell containing a 1 mol kg — KOH bridge.

For the present analysis, the external SCE is considered to be at 298 K

and its potential relative to the SHE will be taken as 0.244 V (107).
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E

ext I

sce | seE | xom | sEE | wE
(298K) (298K) (T) (T)

-O.244V-” . EAT M“-—E'i‘__l

Figure 3.5 Contributions to the measured potential difference,

-

Eext

3.5.2 Thermal Liquid Junction Potential

The e.m.f. of the thermal cell, E,_, that is, the observed

AT
thermal junction potential, before significant thermal diffusion

occurs, may be formally split into contributions (1)* arising from:

(1) a thermocouple effect due to the temperature difference in the
metallic conductor(s), M. This conductor is not necessarily the
same metal as the electrode. Although this effect has been
corrected for as in the work of Carr and Bonilla (27), it has
a magnitude of the order of 1% of the sum of the two other
contributions (49) and will be considered negligible.

(ii) an electrode temperature effect which is considered in
terms of the thermal temperature coefficient (BE/BT)Th'SHE for
the cell
SHE (298 K) /SHE (T)

De Bethune et al (49) have calculated (JE/9T) to be
— —"_l Th,SHE
0.871+0.02 mvV K from which values of E for the above
Th,SHE

cell have been obtained by assuming that, as in the case of

the thermal diffusion coefficient (see below), (aE/aT)Th SHE
’

is not strongly dependent on temperature. Macdonald (130)

* Isothermal liquid junction potentials due to the SHE in the hydroxide
solution are not taken into account since Figure 3.5 is a hypothetical
representation in that the measurements made in this study do not
actually involve the use of hydrogen reference electrodes. However,

a liquid junction potential does exist experimentally between the

SCE and hydroxide solution which is taken into account (see equation 3.5).
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has since evaluated E
a2 Th ,SHE

298-573 K using free energy data for the reaction (3.3)

over the temperature range

corresponding to the thermal hydrogen cell.
+ +
H (T) + %H2(298 K) = H (298 K) + %HZ(T) (3.3)

At low temperatures, the two sets of data (Table 3.2) agree but
significant differences occur at higher temperatures which are
presumably due to the assumption of temperature independence of
the thermal coefficient over the temperature range shown and the
fact that the previous workers obtained the value of 0.871 mv K—l
from data limited to temperatures less than 373 K. For these
reasons, the values calculated by Macdonald are considered more

reliable and are used to provide the necessary corrections in this

work.
Table 3.2 Values of ETh,SHE
T/K 298 333 373 423 473 523 573
Erh, suE/v
Macdonald 0 0.030 0.058 0.085 0.098 0.100 0.096
De Bethune et al 0 0.030 0.065 0.102 0.152 0.1%26 0.240

(iii) Thermal diffusion: Available data (49) permit an estimate of
this contribution and thereby allow a suitable correction to
the measured potential to be made. Experimental evidence (171)
indicates that the thermal diffusion potential coefficient
(aE/aT)TD for a solution bridge, from the pressure vessel to
the external reference electrode, is not strongly dependent

on temperature. Hence ETD* may be evaluated from equation 3.4.

* This quantity complies with the contribution referred to by Agar (1)
as the "thermal diffusion potential" which in order to provide clarity
will be adhered to in this work. This term replaces that used by
some other workers (49,127), namely, the “thermal junction potential"
which above describes the overall contributicn, that is, the sum of

the three effects.
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-1%
Although (aE/aT)MD is estimated to be 0.5#0.1 mV K § (49) for
A
a strong alkali, this value snould he regarded as only approximate,
particulariy cince it was determined over a very limited range of

temperature, as in the case of the thermal temperature coefficient.

= [(%E . -3 .
Epp = f(ﬁigTD dT ~ 0.5x10" " (T-298) Vv (3.4)

The potential of the WE with respect to the external
reference electrode, Eext’ may be expressed in terms of the
potential, E%, and the contributions to the thermal juncticn potential,
Eppe

+ 0.5x107°(T-298) + E._ - 0.244 V  (3.5)

= ' +
. LJ

E
ext B E'I‘h,SHE

The values of EAT over the temperature range 298-473 K are given in
Table 3.3.

Table 3.3 Contributions to the observed Potential due
to the Thermal Junction

T/K Epp/V Erh, sup’V Epr/V
298 0 0 0

333 0.018%,004 0.030 0.048
373 0.038+.008 0.058 0.096
423 0.063+.013 0.085 0.148
473 0.088%.018 0.098 0.186

The calculated EAT corrections are large and should be
considered as estimates only. For example, an uncertainty of

0.1 mv K-l in (3E/3T)TD will result in an error of *8 mV in Epm
at 373 K. Furthermore, the value used for (BE/BT)TD is a general
estimate for alkalis and does not apply specifically to a 1 mol kg_l

solution of KOH.

* Although no error is quoted, (BE/BT)TD is assumed to have the same

magnitude of uncertainty as that for acids.
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If the SCE is at room temperature which throughout this work
will be taken as 295 2 K, then E m will contain an additional thermal

diffusion potential arising from the SCE(295){SHE(298) junction.

3.5.3 Measurement of the Thermal Diffusion Potential

Owing to the approximate nature of the value assigned to the
thermal diffusion potential coefficient, experiments were performed
to examine the accuracy of the calculated thermal diffusion potentials.
A reference electrode was enclosed within the autoclave and another
positioned externally in the reservoir.

The small HnggO electrodes described in secticn 3.4.3 were
used for these measurements. The potential difference between the
electrode inside and that outside the autoclave was measured at
348 and 388 K, and was found to be reproducible. Measurements at
higher temperatures were not attempted for two reasons. Firstly,
the glass of the reference electrode is more subject to attack by
the alkali and secondly, the Hg|HgO electrode may not be reliable
as a reference electrode at temperatures greater than 423 K (see
section 3.1.2). Despite the possible presence of these factors, on
cooling the cell, the potential difference between the two reference
electrodes was less than 1 mV and furthermore, remained stable within
this range for their normal duration of several days.

The system used may be considered in the following form.

Hglugo | sHE | xkou | sHE | Hgo|Hg
(295 K) (298 K) (T) (T)
t‘* Eext I
Eext is given by eguation 3.6.
E =E_ +E - 0.099 V (Hg|Hgo, 295 K) (3.6)

ext T AT
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It will be noted that since the external Hg!Hgo electrode is at 295 K,
an additional thermal diffusion potential is included in EAT'
ET is the equilibrium potential of the reference electrode (HgIHgO)
at temperature T with respect to the SHE at the same temperature.
Assuming that the thermal temperature coefficient of the HgIHgO
electrode (49) is independent of temperature, Ep, may be obtained

from equation 3.8.

T (OF .
Er = Buglugo, 2908 x * fzga (ﬁ)'rh,ﬂglﬁgodT = By, sue (=7}
-3
= 0.098 - 0.249x10 " (T-298) - B sHE (3.8)
Hence, substituting into equation 3.6 yields
‘3 '
E e = 0-098 - 0.249x10° ~(T-298) + Epp = 0.099 v (Hg| HgO, 295K)
. (3.9)

from which values of ETD may be obtained using experimental

data for Ee The results are summarised in Table 3.4.

xt”®

Table 3.4 Measurement of the Thermal Diffusion Potential
/X Ee:\ct/v ETD/V ETD(est)/v
348 0.0115+.001 0.0229 0.027
388 0.0255+ .001 0.0469 0.047

It appears that there is sufficient agreement between the estimated
(equation 3.4) and experimental values of the thermal diffusion
potential to suggest that the value of 0.5 mV K-'l is a fair estimate
for the temperature coefficient for these temperatures and may be
considered reliable in the correction of the observed potential at

least up to 388 k.




3.5.4 Effect of the Pressure Gradient

When a stream of electrolyte is Fforced through a porous
material, a potential difference is created across it. Hence, the
result of the pressure gradient across the junction is to produce an
electrokinetic phenomenon known as the streaming potential, ES, which

is related to the electrokinetic (zeta) potential, €, by equation 3.10:

- EEP
E, = (3.10)

where the permittivity, € (F m-l), viscosity, n (kg m“l s_l), and
conductivity K (S m—l), apply to the bulk soluticn. A lack of a

value for & applicable to the present experimental conditions prevents
an accurate evaluation of the streaming potential to be made using

the above equation. The cnly data for the electrokinetic potential
which appears to be available for consideration, applies to KOH
solutions in glass capillaries up to concentraticns of 2x10_4 mol dm—3

at which £ = 136.5 mV (142). Using this value and the following data

0.8 MPa
|
0.0890 kg m ~ s (201) *
6.96x1078 ¢ m L (174)*
22.2 S m ¥ (1 mol kg T KOH, (48))

i

A M 3 W
]

in equation 3.10 yields a streaming potential that is less than 5 mV
at 0.8 MPa, the pressure used in experiments which will be described
in the following section. Experimental data (142) show an 11% decrease

= -4 -3
in £ as the concentration is increased from 2x10 5 to 2x10 mol dm ~.

-1
Hence, it is reasonable to assume that the value ong for 1 mol kg KOH
solutions would be small enough to ignore, even though the glass

capillary is replaced by a porous asbestos plug in this work. This

* Obtained from the values of 1 and the dielectric constant, D,
for water at 298 K. D = E/Eo where Eo is the permittivity of a

vacuum,




assumption could be expected to hold for temperatures up to 473 K
since the pressures associated with aqueous systems under such
conditions are less than 2 MPa for which the streaming potential

should still be less than a few millivolts.

3.5.5 Measurement of the Streaming Potential

Attempts were made to establish experimentally the presence cof
a significant streaming potential in the system used in this study.
These experiments were carried out in a similar manner to those
performed to determine the thermal diffusion potential (section 3.5.3).
The specially prepared Hg]HgO electrodes were again positioned with
one in the cell and the other externally in the reservoir.

The first experiment performed was to pressurise the cell
with nitrogen at 0.4 MPa which was the initial pressure applied at
room temperature in the polarisation studies in order to provide
electrolytic contact through the asbestos. No significant change in
potential difference between the two Hg|HgO electrodes was observed.
It was assumed that the potential pressure coefficient, 3E/3P,

(equation 3.11) was negligible

—g% = & (3.11)
which is reasonable since the volume change, AV, for the half-cell
reaction corresponding to a metal|metal oxide]OH- electrode is
expected to be small.

The second experiment was to increase the nitrogen pressure
in steps to 0.8 MPa after obtaining a superimposable cyclic
voltammogram at 0.4 MPa. Finally, a cyclic voltammogram was
recorded using the reference electrode in the cell while passing
a slow stream of nitrogen through the system. No appreciable
shifts in the voltammograms were produced with the pressure increments,
nor were the curves found to have moved relative to that at ambient
pressure.

Hence, it may be assumed that to a first approximation at least,

the streaming potential may be considered applicable.




CHAPTER 4 EXPERIMENTAL TECHNIQUES

4.1 ELECTROCHEMICAL EQUIPMENT
4,1.1 Potentiostat

The four electrochemical techniques involved in this work all
made use of a potentiostat. The general principles of operation and
applications of this instrument to corrosion studies have been
described in detail previously by Von Fraunhofer and Banks (191).
However, since a potentiostat is fundamental to thé application
of these techniques, the method by which it maintains the working
electrode at a controlled potential will be briefly described.

Essentially, the potentiostat control loop compares the
potential difference between the working and reference electrodes
with an arbitrarily-adiustable external potential. If a difference
exists between these two potentials, current is passed through a
negative feedback current containing the counter electrode
(Figure 4.1) in such a way as to reduce the difference to zero,
thereby restoring the working electrode potential to the required
value. In modern potentiostats, these operations are commonly
performed by an operational amplifier, usually of the differential type,
designed to remain stable with large amounts of negative feedback

from output to input.

C

r 2

' <R =
LJ_1

W _.L *

Figure 4.1 Generalized Rasic Potentiostatic Control
Circuit
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Since one of the outputs is frequently the ground reference potential,
it is omitted in the above figure. Provision must be made for inserting
a resistor to measure the current flowing through the cell, and a
signal generator to provide an arbitrarily-adjustable comparison
potential for the control circuit,

A potentiostat having a fast rise-time is necessary for the
transient technigues used in this work. This requirement was fulfilled
by the model chosen, a Chemical Electronics Type 403A potentiostat

for which the rise time is specified as approaching 0.3 us (33).

4.1.2 Auxiliary Equipment

The electrochemical techniques required various auxiliary
instruments:

(1) Function generator. The instrument used to provide a

triangular voltage waveform to the potentiostat for cyclic
voltammetry was a Philips PM 5168 function generator which
has a frequency range of 0.5 mHz to 5 kHz.

(ii) Integrator. This device determines the charge passed over
a defined period of time within a cyclic voltammetry potential
scan. In effect, it measures the area under the current-
potential (time) curves. The instrument used was a Chemical
Electronics integrator.

(iii) X-Y recorder. The model chosen was a Houston 2000 X-Y recorder
which has an input impedance of 1 MQ(106) and has the
facility for the X-input to be converted to a time base so
that the recorder could function also as'a single-input instrument.

(iv) Digital Multimeter. A Hewlett-Packard 3465 A, 4% digit multimeter
which had an input impedance of 1010 2 (102), was calibrated
against a standard cell using a Tinsley potentiometer, and
was in turn used to calibrate the X-Y recorder and signal

generator.
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4.1.3 Additional Equipment for Impedance Measurements

The a.c. impedance technique utilised two other pieces of

equipment:

(1) signal source. The device chosen was a Brookdeal 9471 signal
source which has a freqguency range of 0.001 Hz to 11 MHz
available for the generation of sine or square waves.

(ii) Phase-sensitive detector (P.S.D.). A Princeton Applied Research
(P.A.R.) Model 129 A lock-in amplifier which can function
either as a vector voltmeter or as a phase-sensitive detector
was used. The output of the lock-in amplifier is a d.c.voltage,
proportional to the input signal, which depends on the phase
difference between the signal and reference. The P.A.R. model
generates a reference signal at 90° to the input reference,
enabling simultaneous measurement of the in-phase and quadrature
components of the input signal to be achieved. The frequency
range of this instrument was specified as 0.5 Hz to 10C kHz (160)
but it was found that accurate measurements may be made down to
0.3 Hz. A range of time constants, 1 ms to 100 s is available
for a low pass filter through which the d.c. output signal is
passed. For high frequencies, the time constant used was 0.3 s

which was increased to 1 s at 30 Hz and 10 s at 5 Hz.

4.2 CYCLIC VOLTAMMETRY
4.2.1 Introduction

Cyclic voltammetry provides a means of obtaining an electro-
chemical spectrum of the charge transfer processes that a metal will
undergo for the particular experimental conditions. It is capable
of detecting very small amounts of charge consumed at the interface
so that potential-sweep methods can be applied to the examination
of surface phenomena of electrodes and used to determine quantitative
surface coverages of adsorbed species (89,152,197). This technique
has been employed also to establish the kinetics of electrode

reactions by ccnsidering various diagnostic relationships (149,150,177).
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The technique involves following the current response due
to a linearly~-varying potential difference controlled between the
working electrode and reference electrode. Using this continucus
voltage-sweep method, polarisation curves may be recorded automatically
using an X-Y recorder or oscilloscope. The sweep rate is chosen to

permit the recording of significant maxima oxr minima.

4.2.2 Principles

In order to show that this technique may be used to indicate
the charge transfer processes possible at the surface of an electrode,
the basic electrochemical principles under conditions of a varying
potential imposed on the working electrode will be briefly discussed.

The total current passing consists of three components:

(i) A non-faradaic current due to double-layer charging

(ii) A pseudofaradaic current* associated with the discharge of
ions to form adsorbed intermediates. The surface coverage
changes with potential, thereby giving rise to a pseudo-

capacitance.

(iii) A faradaic current associated with the rate of the overall

electrode reaction.

Assuming that these processes are separable, then the total

current density is given by (40)

i = aE: dE, . n.
tp T Cdl(dt o Cps(dt) + loexp[b] (4.1)

where C.., is the double-layer capacitance, Cps is the pseudocapacitance,

dl
io is the exchange current density, b is the Tafel slope and 7 is the
overpotential.

The double-layer capacity** of a metal electrode in aqueous

; . -2 .
solution is usually less than 1 Fm . For the area of the working

* This term, as indicated by Conway (40), identifies the pseudo-
capacitative origin of such a current and thereby distinguishes it
from other components of the total current.

** Capacity = capacitance per unit area.
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electrode in this work, l.6x10-4 mz, and a typical sweep rate of
40 mv s—l, the charging current contribution should not exceed
6.4 YA, that is, several orders cf magnitude less than the observed
currents which therefore,are considered to arise almost entirely
from charge transfer processes.

Under appropriate conditions, peaks representing current
maxima or minima may be exhibited in a cyclic voltammogram
(section 5.1). The increase in charge due to passage of the current

over the interval t. to t, is given by equation 4.2

1 2
ta
Ao = [ iat (4.2)
t1
Ea
= [ [ i d&E)l/(dar/at) (4.3)
E)

where El and E, are the potentials corresponding to times tl and t2.

2
Since dE/dt is constant, the charge consumed at the electrode during
this time interval is directly proportional to the area under the
current/voltage curve between El and E2. Hence, the peaks observed
in cyclic voltammograms indicate regions of potential in which
charge transfer reactions occur at the electrode surface.

The interpretation of the peaks in terms of the corresponding
reaction, and information deduced regarding the associated mechanisms

are discussed in detail in chapter 5.

4.2.3 Circuit

The potential-scanning arrangement (Figure 4.2) consisted
of the Philips function generator coupled to the potentiostat which
provided potentiodynamic control. On applying the external voltage
sweep, a varying current was produced as the potential of the working
electrode,with respect to the reference electrode,was continuously
adjusted by the potentiostat. The potential difference created across
a fixed resistor due to the current response was applied to one

input of the X-Y recorder, and that between the WE and RE fed to the
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Figure 4.2 Block diagram of circuit
for cyclic voltammetry
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other input. Both input signals to the recorder were followed on
digital voltmeters and in addition, the integrator was linked to the
X-input in order to provide a measure of the voltage drop integrated
with respect to time.

General precautions against electrical noise and ground loops
were taken, including the use of coaxial cable in connections between
instruments, and the isolation from ground of heating apparatus and
all instruments except the potentiostat. Despite these precautions,
a.c.pick-up* was a problem, generally resulting in instability of
the X-Y recorder. Three additicnal precautions were required to
reduce the noise level adequately:

(i) sShielding of the fixed resistor in the potentiostat

circuit.

(ii) Grounding of the coaxial shielding of the leads from

this resistor to the recorder guard.
(iii) A 1.5 nF capacitative shunt across the inputs of the

reference and working electrodes.

4.2.4 Experimental Procedure

The procedure for each run was to sweep the potential initially
in the anodic** direction. The anodic sweep was reversed at oxygen
evolution and the potential swept in the cathodic direction. The
potential sweeping was continued for a number of cycles until a
steady state in which the current-voltage curves showed very little,
if any change, was obtained. Such a state was achieved after four or
five cycles at all temperatures except 478 K (discussed in section
5.2.4). Due to the behaviour exhibited at 478 K, this technique
was extended to include an additional temperature, 458 K. Cyclic
voltammetry was performed over a range of sweep rates from 9 to

40 mv s_l at each temperature.

* The noise was largely 50 Hz ac. mains pick-up on the electrodes but
a significant level of high frequency noise was also present.
**Throughout this work, the following convention will be adopted in regard
to potentials and currents: anodic potentials and currents are positive,
cathodic potentials and currents are negative. Current-potential
profiles will be plotted with anodic potentials as the positive <

abscissa and anodic currents as the positive ordinate.
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4.3 POTENTIOSTATIC POLARISATION
4.3.1 Introduction

A polarisation curve can be obtained in two ways:

(i) galvanostatic charging - the potential/time transient at
constant current is recorded and the resulting steady-state
potential plotted against the appropriate current. Although
it is reasconably easy to cbtain polarisation measurements under
constant current conditions, this approach is not capable of,
for example, defining a current maximum in the current/
potential curve in the case of an active-to-passive transition.
In such cases potentiostatic polarisation is necessary.

(ii) potentiostatic polarisation - the potential of the working
electrode is stepped to a new value which is then held constant
for a given time interval and the current passing through the
cell is followed as it changes with time until it approaches a
near steady-state value. Each steady-state current may be
plotted against the corresponding potential to provide a
polarisation curve from which it is possible to determine the
presence of an active-to-passive transition.

From an analysis of the current/time transient itself, it is
often possible to determine the nucleation and growth characteristics

of films on the electrode surface.

4.3.2 Circuit

The potentiostatic circuit is shown diagrammatically in
Figure 4.3. The adjustment of the potential of the working electrode
to some selected value by means of the potentiostat is associated
with a current response which is monitored as a potential difference
across a fixed resistor. This signal is fed into the Y input of the
recorder, the X input being switched to the time base. Although the
recorder had a fast response time, the current signal was recorded
also on an oscilloscope to ensure that the observed response was

not a consequence of the finite response time of the recorder. For
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this technique also, all instruments except the potentiostat were
isolated from ground.

" Problems with electrical noise,similar to those encountered
in the work with cyclic voltammetry, again arose. However, these
were overcome by following the procedure employed previously

(section 4.2.3).

4.3.3 Experimental Procedure

Potentiostatic polarisation curves for silver were obtained
by increasing the potential from some initial value in steps of
10 mV up to 300 mv, followed by increments of 20 mV until oxygen
evolution occurred. In most cases, the current changed very little
after two minutes at each potential and the value of the current
at this time was used to represent approximately steady-state

conditions.

4.4 GALVANOSTATIC CHARGING

4.4.1 Introduction

This technique has often been used to determine the charge
transfer characteristics of a reaction at an electrode surface. When
a constant current is applied to the working electrode, its potential
changes with time. Potential arrests occur as charge transfer
processes become possible, with the potential rapidly shifting if
the reactions become inhibited to the extent that they are unable
to proceed sufficiently fast to carry the charge at the required

rate.

4.4.2 Circuit

The apparatus used consisted of a constant current source

capable of a fast response, and potential measuring and recording
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Figure 4.4 Biock diagram of circuit
for the galvanostatic technique
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devices (Figure 4.4). In the present case, the galvanostat which is
essentially a two terminal device capable of centreolling the
predetermined magnitude of the current in an external circuit,was
provided by the potentiostat (isolated from ground) with a resistor
across the inputs for the working and reference electrodes.

The basic operations performed by such a galvanostat are
similar to those performed by a simple potentiostat. The voltage
drop across the ohmic resistor placed in series with the cell
(see Figure 4.4) must be ccmpared with an arbitrarily-adjustable
external potential. Then the instrument must be able to react to
the difference between these two potentials through a negative
feedback circuit containing the cell in such a way as to reduce
the difference to zero. In addition, these operations must be
performed without drawing significant current from the external
circuit. Provided that the resistance of the control resistor and
the reference potential are constant, the magnitude of the current
flowing through the cell will also be constant. This means of
galvanostating is more versatile than previous methods involving a
series combination of a high voltaged.c.cell and a large resistance
(59,139).

In the circuit shown in Figure 4.4, a constant current was
applied between the working and counter electrodes and the potential
response of the WE with respect to the RE followed using the digital
voltmeter and X-Y recorder which is used in the single-input mode.
Since the potentiostat is isolated from ground, the WE is grounded

at the X-Y recorder.

4.4.3 Experimental Procedure

The anodic and cathodic charging curves for silver were

recorded for temperatures up to 478 K. The electrode was polarised

cathodically at a minimum current of 4 mA for 30 seconds. The current

was then reversed to obtain the anodic charging curve. When the potential

reached the point of oxygen evolution, the current was again reversed
and the cathodic sweep recorded. This procedure of current reversal

was repeated three to five times until the curves were superimposable




with respect to potential, although the duration of the potential
arrests still showed very slight increases. The currents used

varied from 4 to 25 mA (2.6-15.9 mA cm-'2 apparent surface area).

4.5 A.C. IMPEDANCE
4,5.1 Introduction

The use of a.c. impedance methods is intended to provide a
detailed knowledge of the behaviour of the electrical double layer,
diffusional processes, adsorption at the electrode surface, and
the kinetics of charge transfer.

The technique involves the determination of the real and
imaginary components of the electrode impedance over a range of
frequencies. From the experimentally-obtained impedance, it is
possible in many cases to evaluate the components of an equivalent
circuit (see section 8.1) for the electrode impedance, thereby

enabling the various kinetic parameters to be determined.

4.5.2 Techniques of Measurement

The impedance components obtained in this work were derived
from phase-sensitive current/voltage measurements. Two procedures

are available to obtain such measurements:

(i) An a.c. signal having a small amplitude, is superimposed on the
electrode potential as it is varied and the components are
obtained as a function of potential at a particular frequency.
This method was used by Tilak et al (182) in their examination
of the electrolytic processes on silver. Potentiodynamic control
of the a.c. signal superimposed on the linear voltage sweep
was achieved by means of a potentiostat. The impedance
components were proportional to the currents obtained from two
phase-sensitive amplifiers operating in phase and at guadrature
respectively, and could be recorded with the potentiodynamic

current/potential profile.
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(ii) The d.c. potential of the electrode is maintained constant and
the a.c. signal superimposed on this bias potential. The
components are then obtained for each frequency as the latter
is varied. This method is employed in the present work using

the arrangement described below.

4.5.3 Circuit

The Brookdeal signal source supplies the a.c. signal which has
an amplitude of 3.2 mV r.m.s. and also feeds a reference signal
(3.2 V r.m.s.) directly to the phase-sensitive detector (Figure 4.5).
The potentiostat maintains a selected d.c. potential at the working
electrode, and simultaneously modulates this potential with the
external a.c. signal fed to the potentiostat from the signal source.
Hence, the potential difference effectively applied between the WE
and RE contains an a.c. component. If the impedance between the WE
and RE includes a reactive component, then the a.c. signal of the
output current will undergo a phase shift relative to the a.c. input
voltage.

The potential drop measured across a shielded non-reactive
resistor in the potentiostat circuit contains both the d.c. and a.c.
components. The d.c. signal is removed by a back-off circuit
(described in the following section), allowing the a.c. component to
be fed to the phase-sensitive detector over the frequency range under
examination (0.3 Hz to 5 kHz). The P.S.D. then compares the two
sinusoidal signals - the reference taken directly from the signal
source and the signal obtained as described above - and provides
simultaneous output signals corresponding to the in-phase (real)
and quadrature (imaginary) components of the input voltage.

A dummy cell consisting of known parallel R-C combinations
was used initially to ensure that the entire system was operating
reliably and that impedance components were obtained accurately from

the P.S.D. in this arrangement.
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4.5.4 Additional Circuitry

It was not possible to remove the d.c. component using only a
capacitor between the resistor and P.5.D. since the a.c. signal extended
down to frequencies of 0.3 Hz. In order to extract the a.c. component
without any d.c. voltage, the active circuit shown in Figure 4.6 was
employed. The two active components used were an operational amplifier
(National LM308D) which in this circuit has a unity gain,and a voltage
follower (National LM310D). The circuit is designed such that a d.c.

voltage negates the incoming d.c. signal (nulled using a digital voltmeter).

Figure 4.6 D.C. Back-off circuit -

To PS.D

The circuit was tested in order to observe if any interference of
the a.c. component occurred. The output from an a.c. signal fed directly to
the active circuit from the signal source was compared with the reference
signal by the lock-in amplifier operatiﬁg as a vector voltmeter. The phase
shift produced by the circuit was generally less than one degree over the
frequency range and consequently could be ignored. At frequencies where a
shift of one degree or more was observed, appropriate compensation to the

phase angle could be made on the lock-in amplifier.
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The overall system was particularly sensitive to electrical noise.
As in the other techniques, most of the noise was 50 Hz pick-up from the
mains but again a significant level of high freguency noise was present.
Two further precautions were taken to reduce the noise:
(1) A floating differential input to the P.S.D. for the potential
drop across the fixed resistor was used.
(ii) Coaxial leads, particularly to the reference electrode, were reguired.
The signal/noise ratio at the P.S.D. was improved by using a sufficient a.c.
input voltage but this had to be balanced against the problem of significantly

altering the steady-state conditions imposed by the d.c. bias potential.

4.5.5 BAnalysis

The voltage signals corresponding to the in-phase and quédrature
current components were simultaneously obtained by nulling the respective
meter on the P.S.D. and noting the offset-potentiometer readings.

The following complex algebraic analysis was performed in order
to convert the in-phase and quadrature voltages into the corresponding
| impedance components. A simplified circuit which indicates only the a.c.

voltages is shown in Figure 4.7.

Figure 4.7 Simplified circuit showing only the a.c. voltages.

The total a.c. voltage drop, VT, across the fixed resistance,

Rc’ consists of a real, VR’ and an imaginary, V,_, component:

X

= 1 = i 4.4
Vip = Vp + 3V, iR, (4.4)

where j = V-1. The impedance of the working electrode and solution

between the WE and RE, Z, is given by equation 4.5.
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va c Rcva c vaa C
2=——="= —" = oo (4.5)
lT VT VRijX

where Va c is the modulating a.c. voltage. Raticnalising the expression

. -

yields

RV. V_-3RV _V
Cc a.c. R C 3.8 X
7 = 20 (4.6)

2 2
VR + Vx

Since the impedance Z has the general form

Z = R-3X (4.7)

then the components can be equated such that

R = cVp (4.8)
X = eV (4.9)
= 2 2
where ¢ = RV, /(V 24V, =), (4.10)

With the large amount of data to be processed, these calculations were

carried out using a programmable calculator (Hewlett-Packard 25).

4.5.6 Experimental Procedure

The WE was potentiostated initially to 0.12 V and an a.c.
signal at 5 kHz superimposed. Readings were then taken at decreasing
frequencies down to 0.5 Hz, and in some instances to 0.3 Hz. Below this
value, noise became a limiting factor although, in the majority of cases, it
was not necessary to progress lower since the shape of the impedance plots
in the complex plane (see Chapter 8) could be adequately inferred over the
frequency range with a lower limit of 0.5 Hz.

Impedance measurements were made on the system over the temperature
range 295-478 K for five potentials in the active and passive regions at
each temperature. 1In addition, the impedance at a potential at which the
higher silver oxide, Agzoz, could be formed, was determined at all temperatures
except 478 K (see section 8.6.3). 1In the passive region, measurements were
commenced when the rate of film growth had reached a near steady-state,
the d.c. steady-state current being followed on the X-Y recorder. Generally,
45 minutes were sufficient for the drift of the impedance components in this
region to have reduced to a negligible level, although this time decreased

with increasing temperature.
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No attempt was made to apply this technique to reduction
processes since the oxide film would not then be in a steady-state

but continuously decreasing in thickness.

4.6 X-RAY DIFFRACTION

In an attempt to verify that the oxidation products on the
electrode at elevated temperatures were the same as those produced
at room temperature, X-ray diffraction was employed. Powder
diffraction peaks were obtained with Cu Ka radiation using a
Philips diffractometer and a Philips proportional'counter.

Following polarisation at 428 K, the electrodes were removed
from the cell immediately the temperature had dropped sufficiently.

Although a dark shading of the electrode surface was
apparent, the thickness of the film had apparently diminished in
the hot alkaline solution to such an extent that it was not possible
to observe any X.R.D. peaks other than those corresponding to silver
metal.

Briggs et al (24) obtained X.R.D. patterns for silver electrodes
under different stages of polarisation. They took the precaution of
using a second working electrode in parallel to the main electrode so
that the sample could be removed whilst still subject to polarisation,
thereby minimising the possibility of self-discharge of the oxide
before examination. However, this method would not have been useful
in the present study since it was still necessary for the autoclave

to cool before the electrodes could be extracted.

4.7 ELECTRON MICROSCOPY

Electrodes were examined with a scanning electron microscope
(Cambridge Stereoscan 600) for surfaée roughening following polarisation
at different temperatures. The two electrodes used were potentiostated
to 0.30 V (SCE) at 295 K and 478 K respectively. In both cases, the

electrodes were removed from the cell, washed in ammonia to remove




any oxide, followed by double-distilled water and then air-dried.
The only preparation necessary for the specimens prior to
examination under the microscope involved adhering the electrodes

to the sample plate using silver paint.




RESULTS
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CHAPTER 5 CYCLIC VOLTAMMETRY

5.1 THEORY
5.1.1 Introduction

The response of a simple, reversible charge transfer reaction
involving soluble reactants and products, to a linearly varying potential
was examined initially by Randles (162), and by Sevcik (170).

Althcugh other types of reaction have since been examined (10, 149,
150) , theoretical treatments of the kinetics of the anodic and cathodic
reactions of silver, in most cases, have not yet been reported. The
summary, therefore, is restricted to analyses which are considered to be

the most appropriate to the present system.

5.1.2 Metal Dissolution

The case in which the anodic dissolution of a metal occurs reversibly
in the presence of an inhibiting step due to an adsorption-redox process,
has been examined by cCasadio (28) for an infinite planar electrode
surface.* He considered a simple metal dissolution reaction which is

generally represented as

M=MT 4 ne : (5 1)

by (i) neglecting the role played by the solvent molecules and the

supporting electrolyte in the system.** This approximation is

.

* Although the electrode involved in this work was cylindrical in shape,
this analysis may still be applied (see appendix 3).
**It will be assumed that
(i) this analysis may be applied to a metal dissolution reaction
having the form
M+ nOH = MO~ + ZH,0 + (n-l)e
(ii) a similar dependence of peak current on sweep rate will hold in
the case where inhibition is the result of a dissolution-

precipitation mechanism (see section 1.2.1).
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valid when the molecular and ionic species are at much larger
concentrations or when they possess a higher diffusion coefficient
than Mn+.

(ii) assuming that the concentration of the reduced species is invariant

and unity.

In the absence of any interferring process, the current density (5.2)

due to reversible anodic dissolution is entirely mass-transfer controlled.

nF ( DnFVJ5

i= RT cn x (3) (5, 2)
where D = diffusion coefficient for Mn+
v = potential scan rate
cm = surface metal, or "active site", concentration
X (j) = adimensional flux for M at x=0
j = adimensional potential-time triangular function.

However, it is assumed that inhibition of the dissolution reaction

due to the redox adsorption process* 5.3 does take place.

M+A =ML+ e (5.3)

A is an adsorbed radical produced by the anodic oxidation of the A species.
In the limiting case where the overall process is under control of
reaction 5.1, the waveform is predicted to have an anodic peak current

density and peak potential given by equations 5.4 and 5.5, respectively.

5

I

nF
B 0.446 nF(RT VD)

nF v 0
‘Cm)oex-’-’“ﬁ’ (E'-E) ] (5.4)

E
p

RT, ' 5.5
l.ll(nF) + E ( )

where E® is the formal potential** for the metal ion system, E' is the
formal potential for reaction 5.3 referred to half-coverage (6 = 0.5)

standaxrd state, and (cm)o is the value of n at 6= .0.

* The theory for a redox-adsorption process under conditions of quasi-
equilibrium was developed for linear potential scan voltammetry by
Srinivasan and Gileadi (175).

** The term, formal potential is used instead of standard potential when the

activity is replaced by any composition variable such as concentration.
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The peak current density and peak potential relations under

control of reaction 5.3 are given by equations 5.6 and 5.7, respectively:

ip = gnFv (5.6)
4RT
EL') = E' (5.7)

where q is the charge required to achieve a full "coverage" of the
electrode surface, that is, complete inhibition of the active sites by
the adsorbed species. While the current density due to reaction 5.1
depends on the square root of v, the pseudocapacitative term, i', is
directly proportional to v. Hence,the scan rate may be used to provide
evidence for the contribution of current from each of the two reactions.
At lower v, the relative contribution of i to the total waveform is
increased while at higher v, the current density, i', is more enhanced
than i.

In the case of the metal dissolution reaction itself, a transition
from reversible to irreversible behaviour at high sweep rates will occur
if the rate of the electron exchange reaction does not occur sufficiently
fast relative to mass transport processes to maintain Nerstian conditions

at the electrode surface.

5.1.3 Film Growth

Film growth has been considered in terms of the electric field

across the oxide for three cases (198). The current arising in each case

is predicted to be a function of sweep rate as shown in the following table.
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Table 5.1 The Current Due to Film Growth
Conditions Current
(i) High field log i = log & + (6FB/2.3 V ).}
s » . . . . =W l’ 12
(ii) Low field, in which ion i= (lZFAB/Vm) v

migration through the
film is rate limiting

(iii) Low field, in which ion is= (GFQE/V )(v/i%)
injection into the film =
is the rate limiting step

(iv) Place exchange i= g5

l+c¢/[k.exp (REa) ]

Vh is the molar volume of the oxide and A, B are film growth parameters.

Film growth has been described also in terms of a model involving
a place exchange mechanism. According to Asakura and Nobe (10), the current
due to formation of an oxide film by such a mechanism is given by the
expression in the above table.
When the rate of film growth is controlled by diffusion in the film,
the functional dependence of peak current and peak potential on sweep rate,

as shown by Delahay (53), has been expressed (10) as

lp = k(crf-:d)ss v (5.8}
o RT

= - e 5.9

Ep Ep nF ln(Cred)ss ( )

where k and Epo are constants. These equations were derived for the case
of iron in which

(i) the concentration of reduced species at the I/II interface*,

(cred)o is related to the anodic potential by
o RT
= - 5.10
E=E nF ln(Cred)o ( )

* The iron oxide layer is assumed to have a duplex structure (10). The
oxide adjacent to the Fe is Fe304(I), while the outer layer (II) is
probably a non-stoichiometric solid solution composed of Fe(II) and Fe(III),
It is assumed also that electron transfer for the Fe(II)/Fe(III) reaction

occurs at the I/II interface.
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(ii) (Cred)ss is the steady state value of cred corresponding to

the anodic potential at t = 0.

Such a dependence for the peak current has been demonstrated for
silver in previous studies at room temperature (182). However, the formation
of silver oxides has been found (177) to be irreversible, and in this work,

Ep is shown to be a function of v.

Analyses (51,150) of irreversible reactions taking place under
diffusion control have indicated that in addition to the dependence of i
on sweep rate, the peak potential should be proportional to ln v. Hence,

where applicable this dependence of Ep on sweep rate will be examined.

5.2 CHARACTERISTICS OF THE CYCLIC VOLTAMMOGRAMS
5.2.1 General Shape

Cyclic voltammograms (-0.54 to 0.62 V SCE) for silver in
1 mol kg_l KOH over the temperature range 295-478 K are shown in Figure 5.1.
These curves were obtained at a sweep rate of 16.8 mV s-l and were found to
be superimposable after 4 to 5 cycles at all temperatures except 478 K
(see section 5.2.4). The general shape of the current potential curve
at 295 K is typical of those obtained by previous workers (177,182)
at a similar temperature. At temperatures up to 458 K, the principal
features of the voltammograms at 295 K are still evident. Three main
peaksf Al, A2 and A3 are observed on sweeping anodically until oxygen
evolution occurs followed by two peaks, C3 and C2, on reversing the sweep.
The current-potential curves at 478 K exhibit several major changes which
will be discussed in section 5.2.4.

A fourth anodic peak has been observed below room temperature at
243 K by Tilak et al (182). As the temperature is raised, the oxygen
evolution current becomes appreciable so that at room temperature this

peak cannot be resolved. Evidence for the existence of this state at room

* These symbols which were used by Tilak et al (182) are chosen for this work
since they indicate clearly the position of the peaks with respect to
the direction of the potential sweep, and consequently, are associated

with the corresponding anodic or cathodic reactions more readily.
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temperature was provided by these workers from impedance measurements.
At all temperatures, cyclic sweeping caused a general increase

in peak heights corresponding to an increase in the charge transferred

at each peak. The minor oxidation peak Al, in particular, was observed

to become more prominent on cycling.

5.2.2 Assignment of Peaks

Previous studies (64,87,177) have established that the reactions
given below correspond to the peaks at room temperature. In section 5.3.2,
these assignments will be shown to be consistent with the thermodynamics

of the reactions over the temperature range studied.

Al: This peak was attributed initially (64,177) to the formation
of AgOH. However, it is now generally accepted that Al
corresponds to the dissolution of Ag as Ago-

Ag + 20H = AgO + HO + e (5.11)

The existence of this ion is supported by chemical stability
studies (3,17). Furthermore, Giles and Harrison (87) found
that an anodic current flows at potentials before the
potential at which A920 could begin to form, and showed

by variation of the sweep rate that this current is faradaic
with a steep potential dependence. These observations were
in agreement with faradaic impedance results (88) which

showed that dissolution of silver occurs as the soluble ion,

AgO .

A2: This peak is generally attributed to the direct formation

of Ag20 by the reaction:

2Ag + 20H - Ag,0 + H,0 + 2e (5.12)

The presence of Ag20 has been confirmed (64) by e.m.f.

measurements,*

* The species formed at the corresponding arrest during constant current

polarisation was identified as Ag,0 by X.R.D. measurements (24).
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A3: It is recognised that this peak corresponds to the formation

of Ag202 (64,179,182) according to the reaction:

Ag,0 + 200 -+ Ag,0, + H,0 + 2e (5.13)

The presence of AgzO , as in the case of Agzo, was

2
confirmed by e.m.f. measurements (64).

C3: Sweep reversal experiments (179) indicate that this peak

corresponds to the reduction of Agzoz.

C2: It is clear, also from sweep reversal experiments (177),

that this peak is associated with the reduction of Ag,0.

The fourth anodic peak which becomes resolvable when the temperature
is lowered to 243 K (see section 5.2.1), is attributed to the formation of
A9203 from Agzoz.

A tail, I, is often observed in the cyclic voltammograms following
Ag,0 reduction. This tail probably arises from effects similar to those
associated with anomalous impedance measurements obtained by previous
workers (182) for this region. Since the oxide itself would normally be
reduced, or not yet formed on the anodic sweép, these anomalous measurements
were attributed to roughness or porosity of the electrode and possible
occlusion of Ag+ ions giving rise to a residual faradaic contribution
in the pores at such potentials.

A small initial current peak also is observed occasionally prior
to the Al region. This peak has been noted in other studies (64,182)

and is associated with carbonate impurities in the solution.

5.2.3 Current/Potential Profile over the range 295-458 K

All five peaks exhibited in the current/potential curve at room
temperature appear at temperatures up to 458 K. However, the relationship
between the shapes of peaks, Al and A2, alters markedly with increasing
temperature. Both peaks become sharper,with Al developing into a well-
defined spike at 388 K. At 428 and 458 K, Al has grown to a height
comparable with that of A2 and in fact, surpasses the latter at higher
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sweep rates. It is worth noting here that this trend is completely
reversed at 478 K. Notwithstanding these increases, A3 remains very
much higher than A2 at all temperatures.

Other more specific changes in the current/potential profile
occur with the rise in temperature, but at higher temperatures these changes
disappear and the shape of the cyclic voltammograms becomes progressively
simpler. Although these changes are quite abrupt in their appearance and
subsequent disappearance over relatively small increases in temperature,
they are quite reproducible over different runs at the same temperature.

The following are the changes observed:

(i) The tail, I, while still evident at 348 K, ceases to be
so at higher temperatures.
(ii) A fourth oxidation peak, A3', observed at 348 X, develops
as a small peak at the base of A3 but it displays a greater
sensitivity to sweep rate than the parent peak. After
several cycles, particularly at high sweep rates, this region
of the current/potential curve exhibits two clearly resolvable
peaks which are of similar height and quite stable with
respect to their position and height. A notable feature of
this change is that Conway et al (42) did not observe a
second peak at 333 K. .
It is assumed in this chapter that the peak at 388 and
428 K is A3. However, it is possible that the peak at these
temperatures is, in fact, A3' but this situation will not affect
comments made in this chapter regarding the peaks, A3 and A3'.
Such a possibility is discussed later (Chapter 9).
(iii) A third cathodic peak designated C4, appears between peaks,
C2 and C3, at 388 K. This peak is smaller than either of
the surrounding peaks but,as in the case of A3', it becomes
more evident at high sweep rates. Although less distinct,
a hump in this region of the current/potential curve at high
sweep rates is also apparent at 348 K. = C4 was nct observed
at 428 X but it may, in fact, have become evident at higher
sweep rates than those used. The reacticns which may be

associated with peaks A3' and C4, are discussed in section 5.6.



87

(iv) A small anodic peak, II, occurs on the cathodic sweep
immediately before C3 as the tcmperature is raised. Although
this anomalous peak is not observed at the lower temperatures,
it becomes quite distinct at 388 and 428 K. However, when the
temperature is increased to 458 K, only a dip in the curve is
evident while at 478 X, II has disappeared completely. In a
room temperature study of thin films of silver, Stonehart and
Portante (179) observed a similar peak which is associated
with the completion of Ag202 formaticn. It would appear that
this completion process can give rise to a peak for bulk silver

electrodes with an increase in temperature.

5.2.4 Current/Potential Profile at 458 and 478 K

It is apparent in Figure 5.1 that the current/potential curve at
458 K possesses a similar form to the curve at 428 K. Hcowever, it also
exhibits characteristics common to the curve at 478 K such as:

(i) A lowering of the overpotential for the oxygen-evolution
reaction so that the current for this reaction occurs
appreciably in the same pctential region as A3, particularly
at 478 K.

(ii) On reversal of the potential sweep from oxygen evolution, a
current 'loop', III, is formed by the intersection of the
anodic-sweep and cathodic-sweep currents.

(iii) Substantial shifts in the peak potential, particularly for
Al, A2 and C2, in the direction of sweep, still occurred after
four cycles - the number required to achieve superimposable
traces at lower temperatures (section 4.2.4). Even after eight
cycles, the peak potential continued to shift although the
change on each cycle was reduced. These shifts were probably
associated with a high degree of roughening of the electrode

surface (see section 5.6.6). To reduce the effect on the

peaks, the cyclic voltammograms were recorded after two
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reproducibility of these measurements over different runs is
discussed further in section 5.3.3.

(iv) Similarly, the height of the peaks continued to increase on
cycling so that it was not possible over eight cycles, at the

least, to obtain stable measurements of the peak current.

All the above features observed at these temperatures were found
to be present over different runs.

The polarisation behaviour of silver at 478 K exhibits further
marked changes in relation to the behaviour over the temperature range
295-458 K. The peak, C3, has virtually disappeared at 478 K while
C2 becomes distinctly asymmetric with the current decreasing sharply
at potentials cathodic to the peak potential. Since C3 was still very
evident at 458 K, the loss of this peak is clearly a relatively sudden
effect taking place within a 20 K change in temperature. This feature is
discussed further in section 5.6.6.

Electrodes which had been used at 478 K and were cleaned and
repolished exhibited similar behaviour at room temperature with regard
to the positions of the peaks. The peak potential for reduction of A920
would initially lie between 20-40 mV more negative than that observed for
a new electrode. On cycling, the peak potential would move to more
cathodic values, but eventually a steady state was reached where Ec2
could have a value from 0 to -0.1 V (SCE, 295 K). The anodic peaks
obtained at room temperature, similarly were shifted to less positive
potentials, generally over a range of 30 mV. Such effects were observed

after using the electrode at 428 and 458 K also, but to a much lesser extent.

5.3 VARIATION OF PEAK POTENTIAL WITH TEMPERATURE
5.3.1 Introduction

In most cases the current peaks, or potential arrests in galvano-
static studies, represent irreversible processes. Although the associated
overpotentials for such reactions are not included in the equilibrium
potentials calculated from thermodynamic data, the possibility of a
particular reaction corresponding to the peak of interest may be indicated

(134) by showing that
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EA > Eq > Eé (5.14)
EA and Eé are the corrected* anodic and cathodic peak potentials for the
conjugate oxidation/reduction peaks, respectively, and ET is the eguilibrium
potential for the process responsible for the peaks with respect to the
SHE at the same temperature. The difference between peak potentials, E'
and the calculated equilibrium potentials is due to the presence of
often significant overpotentials,(Eé-ET), which are positive and negative
for anodic and cathodic processes, respectively.

Inequality 5.14 is usually sufficiently restrictive to identify
the charge processes occurring at the electrode. However, for simple,
symmetrical processes occurring at constant current, the overpotentials

in both directions are equal and the equilibrium potential is given by
= l+l .l'
B %(EA EC) (5.15)

For complex, unsymmetrical reactions, the anodic and cathodic over-

potentials are almost certain to differ but the average value of E! and

Eé ,although not equal to ET ,will lie within the limits defined by
inequality 5.14.

For a dissolution process (127)

y > i 5.16a
diss ET,diss AR ( )
Y. < E ; cathodic 5.16b
Edlss T,diss a ( )
where Eéiss is the corrected potential at which this process with
equilibrium potential, E achieves maximum current. At moderate

T,diss
sweep rates, the soluble species formed have suificient time to diffuse

from the electrode surface. Hence, the conjugate reduction process is

not expected to be significant.

5.3.2 Changes in Peak Potential

Although specific effects of the increase in temperature on the

peak potential as a function of sweep rate will be discussed later (see

* The experimentally observed peak potentials, EP, are corrected for
reference to the SHE at the temperature of interest using equation 3.5.

In this case, rearrangement of the equation yields

E'=E -E _-E__+ 0.246 V
p p AT B
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section 5.4), the general changes in peak potential with temperature will
be briefly examined in this section.

The corrected peak potentials, Eé at a sweep rate of 16.8 mV s-l,
and the equilibrium potentials®for the reactions associated with the cyclic
voltammograms at rocm temperature are given in Table 5.2. While the values
of Eé apply to a specific sweep rate, they do provide a general guide to the
changes in peak potential with temperature cver the range of sweep rates
studied.

Table 5.2 Comparison of Peak Potentials with Equilibrium Potentials
over the range 295-478 K

Potential V (SHE, T)

T/K 295 348 388 428 458 478
Ed) 0.41 0.33 0.28 0.23 0.14 0.03
- 0.22 0.07 =-0.03 =0.15 -0.23 -0.28
E}, 0.60 0.42 0.35 0.26 0.17 0.14
E 0.35 0.27 0.21  0.13  0.07  0.02
AgZOlAg
B, 0.27 0.18  0.14 0.11 =-0.08 =-0.21
B, 0.76 0.74 0.66 0.59 0.53  0.59
EA9202 Ag,0 0.61 0.54 0.48 0.42 0.36  0.31
Eé3 0.56 0.48 0.46 0.42 0.28 -

From the above table, it is clear that both the anodic and

cathodic peaks move to less positive potentials at higher temperatures.

* These data were obtained by interpolation from plots of En against
temperature for which values of ET were calculated from the equations
listed in section 2.4 .6, in most cases for 50 K intervals. The molality,
m(Ag0 ), is arbitrarily set at 107® mo1 kg—l and m(OH ) = 1 mol kg_l- No

activity coefficient corrections were applied but these coefficients would

appear in log terms including pOH and therefore in effect pH, and should not
change Ep too much. The value of pH is adjusted for the change in

temperature using literature data for pKwo (77) .
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It will be noted from Table 5.2 that the peaks in the current/
potential curves in the anodic direction generally exhibit large over-
potentials and consequently, in most cases are clearly irreversible.

The peak potentials and equilibrium potentials are in accordance with

inequalities 5.14 and 5.16a which shows that the reactions assigned at room ‘

temperature (section 5.2.2) are also applicable at elevated temperatures.
5.3.3 Reproducibility

The cyclic voltammograms obtained after four cycles over the
temperature rangs 295-428 K were sufficiently reproducible* over different
runs to allew

(i) measurements of the potential within #15 mvV.

(ii) measurements of the current within *10 ma.

(iii) an examination of the sweep rate dependence of the peak-
current and peak potential.

The reproducibility of these measurements varied within the above
limits depending on the particular peak and the temperature. Cenerally,
the reproducibility was better for the peaks, Al and A2. The lack of
reproducibility is quite large compared with the experimental uncertainty
in the potential and current measurements, *3 mV and +4 mA respectively,
in a particular run.

In addition te the relatively large uncertainty in the values of Ep
and ip at 458 and 478 K, measurements of Ep and ip were reproducible only
to within #60 mV and #40 mA, respectively. These figures apply to cyclic
voltammograms obtained after two cycles where the potential was swept at
only one rate in that run.

The large variation in peak currents over different runs at these
two temperatures meant that these values could be used only for gualitative
purpeses.

The reproducibility at all temperatures is influenced by three
factors which have already been indicated:

(i) The temperature control although constant to *1 K for each

run is reproducible to only #5 K at the higher temperatures,

428-478 X.

* Many 'hard' metals behave differently (129,134). The lack of reproducibility
in such cases is ascribed to difficulty in obtaining reproducible surfaces

by cold-working techniques.
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(ii) Use of a repolished electrode following a run at 478 K.
The behaviour of such electrodes was unpredictable and
generally prevented their further use.

(iii) Polishing by grinding techniques often makes it difficult
to prepare a highly reproducible surface. While the state
of the surface often influences the values of the potential
and particularly the current, it was concluded in section 3.3.2
that the initial surface roughness has little effect in the

present work.

5.4 SWEEP RATE DEPENDENCE
5.4.1 Introduction

Cyclic voltammograms were obtained at a number of sweep rates over
the range 9 to 40 nV s_l at each temperature. The peak currents, and in
many cases the peak potentials, were found to be sensitive tc sweep rate
at all temperatures as has been observed for other metals in alkaline
solutions at elevated temperatures (127,133). The peak currents increase
with sweep rate for all peaks over the temperature range, whereas the
effect of sweep rate on the peak potential varied with the particular peak
and the temperature.

On the anodic sweep, the peak potential for Al was found to be
independent of sweep rate at all temperatures. By contrast A3, and also
A3', shift to more positive potentials with increasing sweep rate at each
temperature. A2 was intermediate in behaviour exhibiting a transition
from a dependence on sweep rate up to 348 K to a non-dependence at
388 K and above.

On the cathodic sweep, C2, and also C4, shift to more cathodic
potentials with increasing sweep rate. However, C3 exhibits no apparent
dependence on sweep rate except at 388 K. Small shifts which are sweep
rate deperndent may take place for C3, and at higher temperatures for A2,
but these shifts could not be distinguished from the scatter of data.

For this work, the peak potentials in these cases will be considered

independent of sweep rate.
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Figure 52 Dependence of Ep onInv
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5.4.2 Peak Potential as a Function of Sweep Rate

In section 5.1.3, it was proposed to examine the dependence cf E
on ln v for irreversible film formation whén diffusional processes are
present. In those cases where Ep was found to vary with sweep rate the
Ep/ln v relations are plotted in Figure 5.2.

Linear Ep/ln v plots are observed for the following peaks:

(1) A2 at 295 and 348 K. The lower slope of 348 K probably
reflects a tendency of the reaction towards reversibility
as observed at the higher temperatures.

(ii) A3 at all temperatures, although at 388 K, two linear regions
are observed. In this case the lower slope at higher sweep
rates suggests that the associated reaction is becoming more
reversible in character.

(iii) C2 at all temperatures except 388 K.

The non-linear plots for C2, C3 and also C4 at 388 K are probably
associated with the appearance of C4. As this peak becomes more prominent
with increasing sweep rate, the deviation from the initial linear regions
for C3 and C2 becomes greater. This behaviour is discussed further in

section 5.6.4.

5.4.3 Peak Current as a Function of Sweep Rate

The dependence of peak current on sweep rate was investigated to
determine the presence of diffusional processes in the dissolution reaction
and in the formation and reduction of the silver oxides. The general
characteristic of reactions under diffusion control is a linear relation
between the peak current and the square root of the sweep rate.

The ip/v% relations shown in Figure 5.3 exhibit certain features
which are common to all peaks:

(i) Linearity. This behaviour is observed for all plots except that

for A3 at 295 and 348 K, and at low sweep rates, C4 (388 K).
In the case of A3 at 295 K, the plot curves at intermediate
sweep rates. At 348 K, a limiting value of ip for A3 appears
to be attained at higher sweep rates whereas linear relations

are displayed for A3'.



95

Figure 5.3 Dependence of i on vi2
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(ii) Slope. YFor each of the main peaks, the slopes of the lines
increase up to 388 K‘and then beccme less at 428 K. This
behaviour was reproducible over separate runs which is
illustrated by the data shown for two such runs at both
388 and 428 K, the temperatures between which the reversal
of slope occurs. The data at 458 K {(not shown for the
reason stated in section 5.3.3) appears to follow the trend
evident at 428 K. For example, from Figure 5.1, the peak
currents at the sweep rate of 16.8 mv gt (v% = 4.1 mVlj s_H)
are either similar (Al, A2, C3) or are already much less
(A3, C2) than those at 428 K.

(iii) Intercepts. At 295 K, all lines except that for A3 which
exhibits a small ip intercept, extrapolate approximately to
the origin. At 348 and 388 K, a significant, non-zero v
intercept observed at zero ip, increases with the change in
temperature. At 428 X, the lines for A2 and C2 give a non-

zero ip intexrcept at zero v%.

The behaviour of the ip/v% relations at 295 K is in agreement with
that observed in previous work (182) at room temperature for the same range

of sweep rates.

5.5 CHARGE RATIO
5.5.1 Introduction

An examination of the charge transferred at the electrode can
provide evidence of dissolution processes at the surface of the metal and/or
oxide film during the potential sweep.

The change in anodic charge, AQA, over a particular potential range
consists of two components, AQD and AQF, associated with dissolution and

film formation processes, respectively.
= (5.17)
AQA AQD + AQF

At sufficiently low sweep rates, dissolution causes AQA to be

generally greater than the change in cathodic charge, AQCr for the same
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potential range.

AQy A9y,
g l Pt
AQC + AQF (5.18)

22

At high sweep rates, the dissolving species may diffuse into the

solution at an inadequate rate, and AQC tends to become equal to AQA'

5.5.2 Data at 295 K

In this work, the charge ratidﬁ QA/QC ; was determined over
a cycle in which the anodic sweep was reversed at the end of A3. Over
the range of sweep rates used, the anodic charge passed was found to be
approximately equal to the total cathodic charge. This behaviour implies
that virtually all the charge transferred in the anodic sweep is recovered
on the reverse sweep which is consistent with previous work (182) for

sweeps up to potentials beyond the A2 region.

5.5.3 Effect of Temperature

The charge ratio was found to vary only slightly with temperature
over the range 295-388 K; the charge involved in the dissolution of silver
remaining small relative to the total charge passed in the anodic sweep.

At 428 K, QA/QC increased to 1.14*.06 over the range of sweep
rates studied. This value is relatively high in view of the fact that
the charge components, QA and QC’ were obtained over a cycle as described
above. The charge transferred on the anodic sweep is clearly greater than
that recovered on the cathodic sweep indicating significant dissolution

of the metal and/or oxide film.

* From equation 4.3 , AQA may be expressed by

i

E,
10, jEl idE/ (dE/dt)

If Q(El) = 0 AQA = Q(Ez) = Qp-
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Although the results at 458 and 478 K were not sufficiently
reproducible to justify inclusion, values of the charge ratic may be
estimated at these temperatures. At 458 X, QA/QC is similar to that at
428 K. However, a substantial increase in QA/QC is evident at 478 K such
that QA is approximately twice QC. This change is to be expected from
the form of the cyclic voltammogram at this temperature; charge transfer
clearly continues to take place in the A3 region but evidently is recovered
to a negligible extent on the cathodic sweep.

The increased values of the charge ratio for the higher temperatures
might be expected from the substantial increases, with temperature, in the
solubilities of Ag and Ag20 calculated from thermodynamic data (see
section 2.5.4). The temperature dependence of the solubility of Ag,0 in
a 1 mol kg-1 hydroxide solution* is shown in Figure 5.4. The solubility
increases by a factor of ten over the range 295-428 K, and in fact, continues
to show a significant increase up to 478 K.

Although the dissolution of silver is a function of potential, the
thermodynamic calculations (chapter 2) show its solubility increases

considerably with temperature.

-30L

A
()
-

300 360 750 280
TIK

Figure 5.4 Solubility of Ag,0 over the temperature range 298-472 K.

* The solubility data refer to the pH appropriate to each temperature.
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5.6 DISCUSSION
5.6.1 Peak Al

General Behaviour over the range 295-428 K:

In the Al region, dissolution of silver occurs directly from the
metal surface as Ago—. The lack of dependence of peak potential on
sweep rate indicates that this reaction is reversible; the formation of
AgO occurs at a sufficient rate to maintain the equilibrium concentration
of the soluble species at the electrode surface. The linear dependence
of ip on v%, in agreement with previous work at room temperature (182),
shows that the limiting step in the dissolution process is diffusion of
AgO into the bulk solution.

It is not possible to determine either the concentration of
soluble species at the electrode surface or eQen the term (cm)oDB using

equation 5.4

Y

wr nf nk
lp = 0.446 nF(RT VD

,_O
RT)(E E )]

) (e ), exp [(
unless perhaps, gross assumptions are made. In the case of silver,
inhibition is the result of a dissolution-precipitation process in which
the dissolution eventually produces a supersaturated solution of AgO~
causing precipitation of AgZO (see section 1.2.1). Furthermore, it

has already been assumed (section 5.1.2) that this equation may be

applied to a dissolution reaction involving the formation of an oxyanion.

Effect of Temperature:

348 and 388 K. Notwithstanding the above comments regarding

equation 5.4, it is possible to interpret qualitatively changes in the
slopes of the plots if it is assumed that an applicable ip/V% relation

has similar temperature terms. For diffusion-controlled processes generally
(53), under potential-sweep conditions, the slopes of the ip/V% plots are
proportional to the concentration of the diffusing species, c, and to the

square root of its diffusion coefficient. Both ¢ and D (165) increase
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with temperature as shown in Figures 5.4* and 5.5%%, respectively.
It is clear then, that in order to account for the change in slope
over the temperature range 295-388 K, the quantity cD%, and any term
analogous to E'-Eo in equation 5.4 must show a sufficient increase to

compensate for the change in the temperature terms.

300 360 750 280
TIK

Figure 5.5 Dependence of Dy(AgO™)
on temperature

* For the peak current, the concentration of Ago_ is taken as that in
equilibrium with Ag20. In fact, the actual concentration will be

somewhat higher since the Ag2o precipitates from a supersaturated

solution of Ag0 . Nevertheless, the effect of temperature on the AgO~

concentration is still evident from Figure 5.4.

** The data plotted in Figure 5.5 are taken from Table 8.2.
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The non-zero vlj intercept at zero ip at 348 and 388 K might be
interpreted in terms of a minimum sweep rate necessary to achieve the
diffusion conditions associated with the ip/v;s relations shown in
Figure 5.3a. This effect may be explained by a faster rate of redeposition
of silver ions at the electrode surface compared with that at 295 K.
Experimental evidence obtained by Tilak et al (182) at room temperature
indicated that such behaviour was responsible for QA/QC approaching
unity at low sweep rates. Under such circumstances, the tendency for
ions to be transferred from the electrode surface into the bulk solution
is decreased. Hence, the relative influence of diffusion in limiting
the overall rate of the dissolution process is reduced.

At high sweep rates, the higher rate of accumulation overcomes the
effect of redeposition, thereby allowing the diffusion-controlled current

to become significant.

428 X. The lower slope of the ip/v% plot relative to that at
388 K suggests that some change in the diffusion conditions cccurs. At
low sweep rates, the increased solubilities of Ag and Ag,0 (see
section 5.5.3) give rise to a sufficiently high value of the activity
of AgO_ at each potential of the sweep so that redeposition is relatively
ineffective. At high sweep rates, the rate of accumulation becomes
great enough to increase the precipitation of Agzo,so that the more
extensive surface blocking which results, suppresses the dissolution

process.

5.6.2 Peak A2

General behaviour over the range 295-428 K:

The linear ip/vg plots indicate that the rate-determining step
for Ag?O formation is diffusion. This is consistent with previous room

temperature work by Tilak et al (182) who also found that

(i) the charge values for the regions corresponding to solid-
phase formation are much greater than the value for a
monolayer.

(ii) solution-stirring effects on the A2, and A3, peaks are absent.
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These workers concluded that the linear ip/vl5 plots for the formation
of the Ag20 multilayer correspend to diffusion in the solid state.
It was pointed out in the previous section that for diffusional

processes under potential-sweep control

ip o« cD& v%
For anodic films, the diffusion coefficient of the mobile ionic species
(185) has the same temperature dependence as that for soluble ions. Hence,
it seems likely that, as for Al, increased values of D and ¢, in this case
the metal/oxide interfacial concentration of diffusing species, contribute
to the higher peak currents,at low sweep rates, associated with Agzo formation
at elevated temperatures. However, the diffusion conditions within the
multilayer are complicated by the effect that an increasing solubility of

the oxide with temperature, particularly at 428 K, has on the film thickness.

Effect of Temperature:

295 and 348 K. The dependence of Ep on 1ln v, indicating that A920
formation is irreversible, is probably associated at least in part, with
a non-equilibrium distribution of diffusing ions at the metal/oxide

interface for each potential of the sweep.

388 K. The transition from irreversible behaviour at 295 and 348 K
to reversible behaviour at 388, and 428 K, may be explained by
(i) a higher rate of electrochemical oxidation, that is, an
increase in the rate of the Ag+ formation at the metal/oxide
interface which may assist in,
(ii) an enhancement of the rate of nucleation of Ag,0 growth
centres* on the primary oxide layer formed by precipitation

(see section 1.2.1).

The significant non-zero v;2 intercept for A2 at 388 K, also may be
interpreted in terms of a minimum sweep rate necessary to achieve the

diffusion conditions associated with the ip/V;2 plots (Figure 5.3b). At

" A920 grows on these centres to produce a multilayer but the rate-
determining step for this growth is in the primary layer and not at

the expanding interfaces of the centres (79).
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low sweep rates the film formed may not be sufficiently thick for
diffusion to limit the overall rate. Thié condition may be the result
of
(i) a higher solubility of Agzo, coupled with an increased
diffusion coefficient of Ag0 formed by dissolution of the
film
(ii) higher rates of diffusion of Ag+ and/or 02— involved in

film growth.

428 K. The substantial increase in the solubility of Ag,0 would
compete to a very significant extent with a higher rate of film growth
which might be expected with the increase in temperéture. This solubility
effect is probably associated with the ip intercept at zero vk which is
indicative of a process taking place independent of a change in potential

with time.

5.6.3 Peaks A3 and A3'

A3:

The irreversibility indicated by the Ep/ln v plots is no doubt
associated with the difficulty involved in nucleating Ag202 growth
centres which were indicated from previous work (24) at room temperature
to form in the oxidation of A920 (see section 1.2.1). Such nucleation
and growth processes complicate the interpretation of the behaviour of A3.
Nevertheless, the presence of a non-zero peak current at zero sweep

"rate (Figure 5.3c) at 295 K may be considered as évidence,in accordance
with previous work (182), of the nucleation process taking place
independent of potential sweeping.

The interpretation of the behaviour of the iP/v% relations for A3
over a temperature range is complex since changes in both the
rates of nucleation and diffusion may contribute to changes in
the reaction mechanism at elevated temperatures. Nevertheless,
the linear dependence of ip on v% exhibited at 388 K and 428 K implies
the presence of a diffusion-controlled step at these temperatures. This

behaviour is discussed further in Chapter 9.
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able 5. ' f E', with
Table 5.3 Comparison o o3 Wi EAgzoZIAgZO

Potential/V (SHE,T)

T/K 295 348 388 428 458 478
E 0.73 0.74 0.71 0.70 0.65 0.61
Ag 202 Agp 0O
Eé3 0.56 0.48 0.46 0.42 0.28 -
Since E and E!_ satisfy inequality 5.16b over the temperature

Ag20; | Ag,0 c3
range studied, the assignment of the overall process 5.19 to C3 at room

temperature is also applicable at elevated temperatures.

With the exception of 388 K, the C3 process is reversible at each
temperature as indicated by the lack of dependence of Ep on sweep rate.
On the basis of the above mechanism, this reversibility is consistent with
a fast dissolution step which provides an equilibrium concentration of
soluble species at the electrode surface for each potential of the sweep.
The presence of reaction 5.19a suggests that the linear ip/v% relations
shown in Figure 5.3d may be associated with diffusion of Ago- away from
the oxide layer.

The increasing values of ip over the temperature range, 295-388 K
are presumed to be consistent with increases in both the concentration
of Ag0 and the diffusion coefficient of this species.

At 428 K, a greater extent of Ag20 precipitation caused by an
increased rate of accumulation of AgO at high sweep rates may, as in
the case of Al, be responsible for the reduced slope relative to those at
lower temperatures.

While the C3 peak does not exhibit linear Ep/ln v plots at 388 K,
the reaction corresponding to this peak clearly tends towards irreversibility.

However, it is at this temperature that C3 is followed by C4.

C4:

To assist an examination of the effect of temperature on the C3
reaction, it is desirable to determine the nature of the process corresponding
to C4.

The following information concerning C4 was obtained from this work:

(i) Its position in the potential range is less than 0.32 V (SHE,

388 K).
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A3':

At 348 X, A3' appears in a potential recgion close to that for A3
but the nature of the charge transfer process giving rise to A3' is by
no means certain. This peak is unlikely to be associated with the
formation of a soluble species since the magnitude of such a peak would
cause an appreciable difference betwezen QA and QC. Such a difference
was not observed. Alternatively, A3' might correspond to formation of
Ag203 but this is unlikely at this temperature (see section 5.2.1).

A3' may, in fact, be indicative of an increasing participation
by a diffusion~controlled step in the formation of Agzoz, particularly
at high sweep rates; whereas the peak currvent for A3 apparentiy tends
towards a limiting value, the ip/v% relation for A3' remains linear at

high sweep rates. Comparison of E! (0.70 V) and E (0.54 V)

A3’ Ag,0; |2g,0
demonstrates that inequality 5.14 is obeyed which shows that the reaction

proposed for A3' is thermodynamically concistent.

5.6.4 Peaks C3 and C4

C3:

The constant current study, at room temperature, by Miller (see

section 1.2.1) indicated that reduction of Ag202

precipitation mechanism to deposit Agzo. Such a mechanism implies that

occurs by a dissolution-

the A920 is formed as follows:

Ag,0, + 2¢ —3 2Ag0 (5.19a)
- -
2Ag0  + H,0 ——e Agzo + 20H (5.19b)

The peak potentials for C3 and the equilibrium potentials for reaction

5.19a* are given in Table 5.3 for the range 295-478 K.

* m(Ago ) is arbitrarily set at 10_6 mol kg . o given in

E
Bg,0; |Agy

~ AggOzlAgO_
5.1%a using the molality of BAg0 which is in equilibrium with Agzo.

Table 5.2, may be considered as the value of E for reaction
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(ii) An additional anodic peak is not observed.
(iii) The dependence of ip on v¥ is linear.

(iv) E is a function of sweep rate indicating a lack of

c4
reversibility.
The lack of an additional anodic peak,and its position anodic to the
equilibrium potential for A920 reduction (0.21 V) suggests that C4 is
likely to correspond to reduction of Agzoz. Since this peak becomes
significant at higher sweep rates, its appearance could be attributed to
further, and possibly completion of, A9202 reduction. It is assumed that
at these rates of potential sweeping, sufficient A9202 remains unreduced
following C3 to permit additional conversion at a significant rate of
reduction. On this basis, the charge transfer process giving rise to the
C4 peak is the same as that for C3, namely reaction 5.19a. Clearly, since
C4 is cathodic to C3, the peak potential for C4 also will satisfy
inequality 5.16b.

5.6.5 Peak C2

The irreversibility indicated by the Ep/ln v plots is probably
associated, at least in part, with the nucleation of two-dimensional
centres of silver formed in the reduction process (see section 1.2.1).
The ip/v% plots are then prcbably attributable to diffusion of Ag+ ions
in the film to these growth centres.

The nucleation and growth process described above, as with A3,
complicate an explanation of the effect of temperature on the ip/v&
dependence. Nevertheless, the slope of the lines follow the trend
by the other peaks; the increasing slope up to 388 K is consistent

with higher diffusion coefficients while at 428 K, solubility effects

again probably influence the conditions for diffusion.
5.6.6 Behaviour at 458 and 478 K
The behaviour exhibited by the cyclic voltammograms at 458 and

478 K show progressive trends. However, the changes at 478 K were more

pronounced with the virtuval disappearance of the C3 peak and the asymmetric




109 d

form of C2. Two factors may contribute to the loss of C3:
(i) A lowered overpotential for oxygen-evolution which occurs
possibly at the expense of comvlete formation of Agzoz.

(ii) A high solubility of the Agzo which allows dissolution of
the Agzo layer that is considered to protect the Ag202 in
solution (section 2.5.4). Removal of this layer would allow
decomposition of more Ag_O

2 2
region for the reduction of A920 is reached on the cathodic

so that by the time the potential

sweep, only an insignificant amount of A9202 remzins. This
hypothesis assumes that not all the Ag O is oxidised on the
anodic sweep.* Hence, the oxide multilayer is considered

to have the form AgIAgZOIAgzozlAgzo.

A porous silver surface, obtained after potentiostating the
electrode to 0.3 V at 478 K, is evident from the electron micrographs
shown in Figure 5.6. Comparison of the micrographs for 295 and 478 K
illustrates the severe pitting which takes place generally in alkaline
solutions at higher temperatures, particulaxlv 478 K. This surface
roughening is probably caused by the following:

(i) A greatly increased dissolution of the silver.

(ii) A greater transfer of Ag+ into the oxide layer formed, due

to the high solubility of Agzo at this temperature (see

section 5.5.3).

Local concentrations of Ago formed in the pores would exceed
supersaturation of the solution at lower potentials than is possible for
sites on the electrode surface exposed to the bulk solution, thereby
facilitating precipitation of Agzo in the pores. Such a structure
would probably produce a highly porous, thin oxidé which in some way,

may be responsible for the asymmetric form of the C2 peak.

* This is a reasonable assumption since it has been fourd in a potentiostatic

study by Fleischmann et al (80), that in the formation of Agzo at high

2
overpotentials, only a part of the Agzo was oxidised to Agzoz.
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Figure 5.6 Electron Micrographs

(a) 0.3V, 295K Magnification = 1500
(b) 0.3V, 478 K Magnification = 1500
(c) 0.3V, 478K Magnification = 3000
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CHAPTER 6 POTENTICSTATIC POLARISATION

6.1 THEORY

6.1.1 Introduction

Theoretical treatments of electrode reactions under potentiostatic
conditions are simplified as a result of the nature of the perturbation
since, at constant potential, the electrochemical rate constant does not
change with time. ’Although the kinetics of various processes under such
conditions have been analysed, the following summary includes only the
equations derived for those processes which may be examined in the

present work.
6.1.2 Metal Dissolution (12,91,131)

In the simplest case of metal dissolution (reaction 5.1),

n+
M=M + ne
it is assumed that the discharge of ions into solution is completely
reversible. For a planar electrode surface (see appendix 3), the

potential stepped from the equilibrium value produces a current

: b anFn L5
i = ey o 6.1
nFAeD cb[exp( — )y =1]1/7°t (6.1)

. : n+
where Ae is the electrode area and °y is the concentration of M at
t=0. Hence, the current-time transient depends on the size of the
potential step, n, and as in the case of other diffusion-controlled
reactions, it is predicted that the current varies with the inverse of

the square root of time.
6.1.3 Growth of Films

Various models (10,200) have been proposed to describe the growth
of films on electrodes but the following is restricted to those involving
mass transport. If the rate-limiting step in the oxide growth is transport

of ions through the oxide already formed on the electrode, the current
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density is given by (46)

i=F(n) t'12 (6.2)

where F(n) is some function of the overpotential.
The dominant driving force may be a gradient in
(1) electrostatic potential for which
= Ky
F(n) = (53 (6.3)

where k is the ionic conductivity and Q is the volume of oxide formed

per coulomb of electricity.

(ii) ion concentration in which case

_ kT K. % en, 1%
F(n) = ( = 29) [l—exp—(kT)] (6.4)
where k and e are the Boltzmann constant and the charge on the electron,

respectively. 4

6.2 CURRENT-TIME TRANSIENTS
6.2.1 Introduction

The potentiostatic experiments were performed with the aim of
obtaining a steady-state polarisation curve in order to determine the
existence of active-to-passive transitions for silver over a range of
temperatures. At the same time, an examination of various current-time
transients observed in establishing the steady-state currents, provided
kinetic data which can be correlated with the data obtained from the

cyclic voltammetry study for the anodic processes.

6.2.2 Shape of the Transients

-1
Current-time transients for silver in 1 mol kg =~ KOH over the
range 295-478 K are shown in Figure 6.1, With the excepticn of 478 K,
the same two basic shapes which are similar to those found previously

(79,80) at room temperature, are observed at each temperature:
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Figure 61 Current-time transients for Ag oxidation
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(1) Tralling current-time curves as shown in Figures 6.1b and 6.lc are
exhibited over the potential regions corresponding to silver dissolution
and Ag,0 formation. In each case, an immediate fall in the rate of
reaction occurs after the potential is imposed.

In the dissolution region, stepwise increases in the positive
potential yield increasing values of the steady-state current.*
However, at a particular potential which is dependent on the temperature,
the transient initially exhibits a falling current but this is followed
by a maximum in the curve (Figure 6.la) at longer times.

The falling current-time curves observed at potentials corresponding
to Ag20 formation, continue to be exhibited at potentials well above
the A9202 A920 equilibrium potential at the temperature of interest.
Fleischmann et al (79) noted such behaviour at 298 K and found that when
silver electrodes were charged to 0.308 V (AgzolAg)**, powder diffraction
patterns of the deposit on the electrode exhibited only the lines
characteristic of Ag,0. Hence, the nucleation of A9202 must be markedly
inhibited.

Comparison of the curves in Figures 6.1b and 6.lc shows that although
the characteristic shape is observed for the A920 formation region over
the temperature range studied, the magnitude of the current at any

instant is considerably higher at elevated temperatures.

(ii) A low initial current, increasing to a maximum and subsequently
decaying non-linearly to a final low value (Figure 6.1d) is
exhibited for the formation of Ag,0, from Ag,0 at all temperatures
except 478 K (see section 6.2.4). The time taken to reach the maximum
current decreases with increase of overpotential.
At higher potentials, oxygen is evolved and this additional
reaction is reflected in the shape of the transients by an increase

in the value of the final current.

6.2.3 BAnalysis of the Transients

The role of mass transport in the electrode processes was examined

in terms of the functional dependence of current on time. If the rate-

b

determining step is mass transport, the current is proportional to t

* As stated in section 4.3.3, this is taken as the value of the current after
two minutes. Subsequently, the current changes only slowly with time.
**0.308 Vv (A920|Ag) =0.650 V (SHE). For the Ag,0,|Ag,0 electrode (62),

E298 = 0.599 V (SHE).
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for both dissclution* (equation 6.1) and solid-state processes (equation
6.2).

The i/t—k plots, some of which are shown in Figure 6.2, were found
to exhibit the following behaviour:

(i) In the dissolution region, i is linearly dependent on t_%. At
sufficiently low potentials, the linear relations extrapolate
approximately to the origin but when the potential is raised to
a certain value, a peak is observed in the i/t-% plot at long times.

(ii) At potentials corresponding to the formation of Agzo, the current
is proportional to t—% at sufficiently long times.

This behaviour is similar to that observed in previous work (79,182) at

room temperature.

An analysis of the current/time dependence for Ag202 formation was
not performed in the present study due to the difficulty of determining
the kinetics of nucleation in the initial stages. This difficulty arose
from:

(1) The procedure by which the polarisation curve was obtained,
namely, increasing the potential by increments of 10 or 20 mv.

(ii) The increased rate of reaction at elevated temperatures (see

section 6.2.4).

6.2.4 Effect of Temperature on the Transients

Since similar current-time transients are exhibited over the whole
temperature range 295-478 K (Figures 6.1b and 6.1lc), for the regions of
potential in which dissolution and solid-phase formation occur, it may
be assumed that the mechanisms of these processes remain unchanged. This
assumption is consistent with the observation that the i/t-% relations
(Figure 6.2) remain linear at elevated temperatures. However, the fall
in the rate of Ag20 formation following a potential step becomes less
marked as the temperature is increased which is reflected in the
extrapolation of the i/t—% relations to yield relatively large currents

at long times.

* At short enough times that the system is not di.sturbed by natural

convection.
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In the case of the transients corresponding to the formation of
Agzoz, the time taken to reach the maximum decreases with increasing
temperature. Consequently, at elevated temperatures, the current hacd
passed through a maximum and decayed to a low value over the selected
two-minute interval. The situation is further complicated at 428 K in
that it is difficult to distinguish this peak in the transient due to the
additional contribution to the current from the oxygen-evolution reaction.
As might be expected from this trend, such a peak is not observed in the

current-time curve at 478 K.

6.3 STEADY-STATE POLARISATION CURVES
6.3.1 Shape and Interpretation

Plots of log iss (steady-state current) against potential for the
temperature range 295-478 K are shown in Figure 6.3 and can be accounted for
as follows. The initial region of increasing current as the applied
potential is made more positive represents the active state of silver in
which dissolution takes place to form the AgO species. A peak is reached
where further increase in the rate of dissolution ceases and the onset of
passivation occurs. This point is characterised by two coordinates, the
primary passive potential, Epp' and the critical current density, ic.
Moving beyond Epp’ the current decreases rapidly due to the formation of
a passivating film of AgZO on the electrode surface. As the potential
is increased further, there is relatively little change in the current
until oxygen is evolved at higher pctentials which is reflected by

the increased value of the overall current.

6.3.2 Effect of Temperature

All the polarisation curves obtained over the temperature range
studied, exhibit typical active-to-passive transitions at anodic potentials.
However, the effect of temperature was quite evident in these curves:

(1) Over the range 295-388 K, the slope of the curve in the active

region does not change appreciably but at 428 K, it appears
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Figure 6.3 Steady-state polarisation curves
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to decrease. Measurements of the current in this region at
478 X were not reliable and made interpretation of the slope
uncertain. The surface roughening occurring at this temperature
(see section 5.6.6) further complicates a comparison of the slope
with those at lower temperatures.

(ii) The magnitude of the decrease from the critical current density
to the current density in the passive region is substantially
reduced at elevated temperatures, particularly 478 K. Nevertheless,
the fact that the a'-shaped curves are obtained over the temperature
range indicates that passivation of the electrode surface continues
to be effective but with apparently decreasing success at the higher
temperatures.

(iii) The passive potential, Eép, shifts to less positive values with
increasing temperature. Values of the passive potential corrected
using equation 3.5 are shown in Table 6.1 from which it is evident
that the shift in Eép from 428 to 478 K is greater than might be

expected from the tendency at lower temperatures.

Table 6.1 Values of Eép
T/K EI')p/V (SHE,T X)
295 0.50
348 0.37
388 0.28
428 0.23
478 0.10

(iv) The secondary peak disappears at elevated temperatures which may
be accounted for by the shorter time taken to achieve the maximum
in the current-time curves for Ag202 formation.

(v) The oxygen-evolution overpotential is lowered, particularly at

428 and 478 K.

6.3.3 Reproducibility

The reproducibility of the measurements depends on several factors
(see section 5.3.3) including temperature control and surface preparation.

The potentiostatic experiments were performed on the freshly polished
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electrode surface, that is, the potential was not cycled until super-
imposable curves were obtained as in the potential-sweep method. It is
likely then, that the potentiostatic measurements would be more sensitive
to the initial surface than those from cyclic voltammetry. In general, the
pretreatment of the electrode is known (24,79) to have an influence on

the anodic products of silver at constant potential (24). For example,
the orientation and degree of ccverage of Ag20 growth centres is so
dependent, although the current-time transients were shown to be
insensitive to these factors (79). However, the method of preparation
described in section 3.3.2 was considered sufficient since the relative
influence of the pretreatment on the reproducibility is reduced due to
roughening of the surface .

Measurements became less reproducible with increasing temperature.
However, provided that the time allowed to achieve the steady-state was
adequately controlled, the measurements were sufficiently reproducible,
2-5% over the range 295-428 K, to permit an examination of the i/t-lﬁ
relations.

At 478 K, the steady-state currents were not very stable with
respect to time and were less reproducible. Although, the reproducibility
was sufficient to allow the results at this temperature to be analysed
for the presence of diffusional processes, the instability in the steady-
state current gave rise to large uncertainties in the low values of iss

at negative potentials (see Figure 6.3).

6.4 DISCUSSION

6.4.1 Active Region

The linear i/t_lj relations provide evidence that diffusien is the
rate-limiting step in the dissolution of silver. Diffusion of the ions
from the electrode reduces the initial concentratiqn gradient at the
surface and the current decreases, as shown by the shape of the current-
time transients at these potentials.

At more positive potentials, initial formation of Ag,0 begins by
a dissolution~precipitation mechanism (see section 1.2.1) which provides

a sink for Ag0~ ions. The peak observed at long times in the transients
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corresponds to extensive blocking of the surface caused by substantial
precipitation of Agzo.

From equation 6.1, it will be seen that the slopes of i/t—%
plots are proportional to the concentration of the diffusing species*

Cyr and to the square root of the diffusion coefficient. It is not

possible to evaluate ¢, ©Or coD¥ over the temperature range studied,
since o, the charge-transfer coefficient for the dissolution reaction,
is usually a function of temperature (40). However, both c, and D are
temperature dependent (see section 5.6.1) and must increase sufficiently
to compensate for the change in the temperature term if the slope is
to increase with temperature for a particular potential. Since an
interpretation of such behaviour is likely to be complicated by the
effect of temperature on the precipitation of Agzo, it is useful to
consider first, changes in the polarisation curves at elevated temperatures.
The decreased slope of the polarisation curve at 428 K relative
to that at the lower temperatures might be explained as follows. As the
potential is increased anodically, the AgO accumuiates so that the
precipitation of Ag2o causes a greater extent of surface blocking. This
increased surface blocking is opposed by the high solubility of the oxide
which therefore gives rise to a more gradual approach to the active-to-
passive transition than observed at lower temperatures.
Such behaviour should give rise to a situation similar to that
at room temperature where precipitation of Ag20 provides a sink for AgO .
This hypothesis is supported by the appreciable intercepts which develop
on the current axis in the i/t-% plots as the temperature is increased.
It is assumed that precipitation does not occur at a sufficiently fast
rate to provide complete blocking of the surface over the time interval
under investigation. Nevertheless, the more extensive precipitation
accounts for the lowering in the passive potential at elevated temperatures.
It is desirable to isolate the contribution of dissolution from
that of precipitation. This would allow changes in the slope of the
i/t-% plots with temperature to be related to changes in co and D.
It is proposed that a hypothetical line in these plots taken from
currents measured at short times, to the origin, corresponds approximately
to unblocked dissolution. It is evident in Figure 6.4 that the slopes

of such lines increase with temperature which is consistent with higher
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Figure 6.4 Separation of dissolution from
precipitation contribution to the
i/t-V2 dependence

6.4.2 Passive Region

The linear i/t";I dependence is consistent with mass transport
as the rate-determining step which is in agreement with the results of
Fleischmann et al (79). These workers concluded that diffusion through
the solution is not relevant since the slope of such plots at room
temperature were at least two orders of magnitude higher than would

arise from the solubility of Agzo. This conclusion is supported by
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the absence of solution-stirring effects in this region as noted by
Tilak et al (see section 5.6.2), thereby indicating that the above
dependence is associated with film thickening by transport of ions
through the oxide.

The oxide film formed at constant potential becomes less
protective with increasing temperature as shown by the temperature
dependence of the passive current in Figure 6.3. It is apparent,
particularly at 428 and 478 K, that the currents in the passive region
approach the magnitude of the peak dissolution current. In this region
of potential, the increased solubility of the Agzo multilayer (see
section 5.5.3) would give rise to a large dissolution component in the
overall current. The decreasing effectiveness of the oxide layer as
a passivating agent, presumably due to the increase in the solubility
of Agzo, is evident from the i/t—% plots themselves by the magnitude

of the intercepts on the current axis at higher temperatures.

6.4.3 Agzo A9202 Phase Change

The effect of temperature on the current-time transients for
thé-formation of Ag202 is analogous to the effect of overpotential. In
both cases, the time taken to reach the maximum current decreases. The
rise in temperature presumably facilitates the overall process of
nucleation and three-dimensional growth of Ag202 centres (see section
1.2.1). Consequently, impingement of the growth centres on each other,
thereby reducing the area for the interfaces to expand, may occur at

shorter times.
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CHAPTER 7 GALVANOSTATIC CHARGING

7.1 INTRODUCTION

The galvanostatic charging method involves an analysis of overpotential~
time transients as a function of the applied current which may be expressed

as

- N
i = Cdl(dt) 4 i (7.1)

where iF is the faradaic component of the current and Cdl is the double-
layer capacitance. However, the analytical solution is normally difficult

because rate constants of the form
k =k, exp (aE) (7.2)

will be time-dependent under galvanostatic conditions. The problem is
further complicated by the potential and hence time-dependence of the
double layer capacitance. Consequently, the galvanostatic charging
technique has not been widely used for the quantitative analysis of the
kinetics of surface processes. Nevertheless, as in studies of other
metals (133,134),this method enables a qualitative examination of

passivation and film growth processes of silver to be made.

7.2 SHAPE OF POTENTIAL-TIME CURVES
7.2.1 General Features

The galvanostatic charging curves for silver in 1 mol kg-l KOH
solution over the temperature range 295-478 K are shown in Figure 7.1.
These curves were obtained at a current of 9 mA (5.7 mA Cm“2 apparent
surface area) and were found to be superimposable after 3 to 5 cycles
at all temperatures except 478 K (see section 7.3.3). The form of the
curve at 295 K is typical of those observed in past studies of silver
at a similar temperature, with the potentials of the arrest generally in

good agreement with previously measured values (103).
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Figure 71 Galvanostatic charging curves
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The initial rapid change in potential in the positive direction
due principally to charging of the double layer, is followed by two regions
of relatively constant potential, E and E__ with a rapid transition between

A2 A3

them. The duration of the arrest, E, . is very much longer than the initial

arrest,E_, and is immediately preceded by a peak (discussed in section 7.3.2).

2
Subsequeﬁtly, inhibition of the process corresponding to EA3 causes the
potential to shift to a value at which oxygen evolution will consume
charge at the required rate. If the current is then reversed, the potential
moves rapidly to the first of two arrests on the cathodic sweep, Ec3
followed by a shift to the second, longer arrest E which occurs at a

Cc2

practically steady potential and,similarly to E is accompanied by a

small initial peak (discussed in section 7.3.2)1.‘3 Termination of the
reaction associated with ECZ causes a rapid change in potential to the
hydrogen evolution region.
The characteristics of the potential variation with time were
found to be dependent on current density over the range 2.6-15.9 mA cm C:
(i) The time interval of the arrests decrease with increasing

current density. In particular, is reduced from a

Faz
distinct arrest at low current densities to an inflexion in
the potential/time curve at high current densities.

(ii) The potentials of the anodic and cathodic arrests move to more
positive and negative values, respectively, with increasing

current density.

7.2.2 Effect of Temperature

Changes in the potential/time curves with increasing temperature
are notable by their appearance over the range 295-388 K and subsequent
disappearance at higher temperatures so that the shape of the curves
becomes simplified. The following are the changes observed at elevated
temperatures:

348 K: (i) A distinct inflexion designatedbE appears prior to

Al
EA2 and probably represents an enhancement of an
initial process which can proceed for a longer time
at the higher temperature before inhibition takes

place. 1In addition, the potential minimum at Eps



(ii)

(iii)

388 K: (i)

428 K:

(1)

(ii)

478 K:

(1)
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evident at 295 K is not so apparent at elevated

temperatures. ‘

A series of arrests appear after E These consist

A3’
of one main arrest and ceveral secondary ones.

EC3 is preceded by a large peak whereas the peak

accompanying E is reduced.

c2

The region following the initial arrest”, EA3 is

reduced to a small peak.

The peak preceding EC3 disappears but a brief arrest
now occurs in this region of potential.

. This feature

c4 Cc3
is, in fact, present at 348 K but only for low current

An inflexion, E appears after L

densities.

Although no further arrests appear, the effect of
temperature is apparent:

The potential-time curve exhibits a relatively slow
rate of shift of pqtential between EA2 and EA3
compared with the lower temperatures.

The brief arrest and inflexion before and after Ec3 X
respectively, which appeared at 388 K on the cathodic

sweep, now disappear.

As was the case in the previous techniques, appreciable
changes in the polarisation behaviour of silver occur
at this temperature.

The most significant feature is the simple form of

the potential/time curve. Only one anodic and one

* In this chapter, it will be assumed that the initial arrest is EA3 at all

temperatures. However, as the temperature is increased, one of the arrests

in the EA3“ group at 348 K may develop to become the main arrest at 388 and

428 K. A similar possibility was suggested for the peaks,A3 and A3', in the

cyclic voltammograms (section 5.2.3) and this will be discussed further in

section 9.2.4. However, the situation regarding E__ and E will not

A3 A3"

affect the comments made in this chapter.
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cathodic arrest can be distinguished and the
potentials of these arrests are approximately
the samne.

(ii) Particularly emphasised at this temperature is the
slow rate of change, noted at 428 K, following the
initial arrest.

(iii) The potential adjusts to a final steady-state region
which appears to correspond to oxygen evolution since
on reversal of the current, the potential moves
directly to an arrest in the region associated with
ECZ'

(iv) Cycling of the current caused larger shifts in
the arrest potentials than at lower temperatures.
The potential arrests continued to shift after
five cycles - the maximum number required to
achieve superimposable arrests with respect to
potential, at lower temperatures. However, this
effect, as at lower temperatures, was less marked

compared with the cyclic voltammetry.

7.3 ARREST POTENTIALS

7.3.1 Introduction

As discussed in section 5.3.1, the potential at which a transition
is observed experimentally will contain not only an activation overpotential
contribution but very likely also significant contributions due to, for
example, mass transport, film resistance. Nevertheless, the possibility
of a reaction may be demonstrated with respect to inequalities 5.14

and 5.16:
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EA > E_ > B! ‘

y > E . di
diss T,diss aiacle ‘

130 < . t i \
Ediss ET,dJ.ss cRthodic

é are the corrected potentials* for conjugate oxidation/

reduction arrests, respectively, ET is the equilibrium potential for the

where EA and E

corresponding reaction, and Eéiss is the corrected arrest potential for

a dissolution process with equilibrium potential E By this

T,diss’
means, the charge transfer processes occurring at the predetermined rate

(current) can, in many cases, be identified.

7.3.2 Assignment of Arrests

Previous workers (24,25,59) have established the electrode
processes in relation to the galvanostatic oxidation and reduction

curves at room temperature. The two arrests, and EC are

Ea2 2"
attributed to the formation and reduction of Agzo,respectively. It is

generally accepted that the second arrest fcllowing termination of Agzo
formation corresponds to conversion of the Agzo to Agzoz, and that

reduction of the Agzo2 occurs at the arrest ECB' The presence of Agzo

and A9202 at EA2 and EA3 respectively, has been confirmed by X-ray

diffraction measurements (24).

The potential peak preceding E indicates commencement of A9202

formation which takes place by an eleciiocrystallisation process (see
section 1.2.1). The appearance of this peak is consistent with the

relatively large nucleation overpotential exhibited in potentiostatic
polarisation studies for the formation of Agzoz. Similarly, the peak

prior to E is probably associated with the nucleation of Ag centres

c2
(section 1.2.1).

* The observed arrest potentials E(arrest) are corrected using equation 3.5
in the form

' - - - + 0.246 V.
E' (arrest) E (arrest) EAT ELJ 0
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7.3.3 Effect of Temperature
In Table 7.1, the corrected potentials of each main arrest in the
. . -2
potential/time curves shown in Figure 7.1 (current density = 5.7 mA cm

apparent surface area) are given with corresponding equilibrium potentials

for the temperature range studied.

Table 7.1 Comparison of Arrest Potentials with Equilibrium Potentials

Potential V (SHE,T)

/K 295 348 388 428 - 478
Egl = 0.31 0.25 0.19 0.05 2 *
EAgO-lAg 0.22 0.07 -0.03 -0.15 -0.28
EAZ 0.51 0.34 0.28 0.20 0.057?
EAg2O Ag 0.35 0.27 0.21 0.13 0.02
Eéz 0.30 0.25 0.21 0.15 0.06
EA3 0.6° 0.60 0.55 0.50 -

EA9202 Agzo 0.61 0.54 0.48 0.42 0.31

Eé3 0.56 0.49 0.48 0.43 -
From the above table, the following changes are evident with
increasing temperature:

(i) The arrest potentials move to less positive values. It
will be observed in Figure 7.1 that the shift in the arrest
for oxygen-evolution decreases the range of potential over
which the charging behaviour of the electrode can be
studied, particularly at 478 K.

(ii) The potential differences, (E

) and (E ) ,both decrease.

a2 Fe2 a3 Fes

* Since separate arrests corresponding to E,, and E,, could not be

distinguished, the assignment of the arrest potential is uncertain.
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The arrest potentials and equilibrium potentials satisfy
inequalities 5.14 and 5.16 within the limits of experimental uncertainty
(section 7.3.3) and the precision estimated for the corrections due to
the thermal junction potential (section 3.5.2). This consistency shows
that the reactions proposed to account for the galvanostatic behaviour
at room temperature are also applicable at elevated temperatures.

The potentials at which arrests occur in the galvanostatic curves
generally lie in similar regions to the potentials at which peaks occur
in the cyclic voltammograms. The responses of the arrests and peaks
to varying temperature suggest that the two experimental techniques respond
to the same electrochemical processes at the metal surface. In particular,
it was found in the charging studies at 348 K that the change in the EA3
region (see section 7.2.2) is consistent with the change in behaviour
exhibited by the cyclic voltammograms in the potential region corresponding

to the formation of Agzo2 at this temperature.
7.3.4 Reproducibility and Uncertainties

The uncertainty in the arrest potentials in any particular run was
45 mV at temperatures up to 428 K. At 478 K, the potential continued to
shift to some extent on cycling so that thevpotential could only be
estimated to within #20 mV. Such shifts were observed in cyclic voltammetry
and were thought to be associated with roughening of the electrode surface
(section 5.6.6). For this reason, the potential sweep under galvanostatic
conditions was also cycled only twice at this temperature.

As in the previous techniques, the measurements were less
reproducible at higher temperatures. Over the range 295-388 K, the
potential was reproducible to within #10 mV which increased to +15 and
+25 mV at 428 and 478 K, respectively. However, the lack of reproducibility
of the arrest potentials at 478 K after two cycles was noticeably less

than that for the cyclic voltammetry study (see section 5.3.3).
7.4 CHARGE CONSIDERATIONS
At all temperatures, it was observed that the charge consumed

during the arrests increased on cycling which is in accordance with

the behaviour of the peaks in cyclic voltammetry.
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The total charge consumed on anodic polarisation during the
transition from EAl to the termination of EA3 relative to that involved
in reduction is similar at 295 and 348 K but increases substantially at
higher temperatures particularly at 478 K (see Figure 7.2). These
changes are generally consistent with the cyclic voltammetry measurements.
The difference in charge is attributed to greater dissolution of both the
metal and the oxide film at higher temperatures (see section 5.5.1);
the dissolved species diffuse away from the electrode surface and are
therefore largely unavailable for reduction.

It is noticeable that the time of the arrest, EAl and therefore
the charge passed, is greater at elevated temperatures. This is in
contrast to the situation at 295 K when it was not possible to distinguisﬁ
this arrest, implying that relatively little charge was transferred during
the reaction at this temperature. However, in a room temperature study,
Dignam et al (59) were able to show that for particular pretreated
electrodes, the current efficiency for the formation of Agzo films at
low current densities is less than 100% which was attributed to the

simultaneous dissolution of silver.

2.0r

1.6}
@)
G
S 1.4+
1.2+
1.0 ‘:’J 1 ] !
300 360 750 Z80
T/K

Figure 7.2 Dependence of Qa/Qc
on temperature
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7.5 DISCUSSION
7.5.1 General Behaviour at Elevated Temperatures

The dissolution of silver is shown to become appreciable by the
distinct arrest for this process which appears at elevated temperatures.
It is evident that this process can take place for a longer time at
higher temperatures before inhibition due to precipitation of Agzo occurs.
The lack of hindrance in the early stages of silver dissolution is no doubt a
result of an increased rate of diffusion of AgO . and the higher solubility
of Agzo. The charge difference between anodic and cathodic charging
confirms the formation of a soluble species during oxidation. On
inhibition, the potential shifts to more positive values due to the

increasing current density as the surface area for dissolution decreases.

7.5.2 Specific Behaviour at Elevated Temperatures

348 K: The series of arrests in the EA3 region is the most
significant change at this temperature. By comparison with the charging
curves at 295 K, the initial plateau is assumed to correspond to formation

of Ag20 by an electrocrystallisation process (see section Tie3ns 2

The remiining arrests are probably associated with the conversion to
(secondary) A9202 also, but possibly under different kinetic control which
is effective at a different overpotential.

Although it is unlikely that the large peak prior to EC3

corresponds to a large nucleation overpotential because
(i) ag,0, is considered to be a mixed oxide Ag(I)Ag(III)O,
and hence already contains Ag(I) centres,

(ii) at elevated temperatures, the nucleation overpotentials for
the formation of A9202 and the reduction of A9202 are both
lowered,

this possibility should not be entirely discounted. Indeed,this peak may
correspond to reduction of the secondary Ag,0, which might have different
resistive characteristics so that when it is reduced, the primary A9202
layer then becomes available for reduction at the higher potential.

Tilak et al (182) showed that a similar situation exists for the more
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ohmically -resistive Agzo formed in potentiodynamic experiments at room
temperature. Impedance measurements obtained in this region by these workers
indicated a "more nearly stoichiometric, less conducting, surface region in
the A920 film which, when reduced, reveals a material of different capaci-

tative and ohmic properties."

388 K: The charging curve is consistent with the cyclic voltammograms
at this temperature in that the double peak observed in the latter at 348 K

has now disappeared. The small peak, E , remaining at the end of Eag

A3"
is unlikely to represent conversion of Ag202 to Agzo3 since this process

is obscured at room temperature by oxygen evolution and only becomes

resolvable at low temperatures. Presumably'EA3"

formation of the Agzo2 and the brief arrest, EC3"'

to the corresponding reduction reaction.

represents some additional
might then be attributed

The arrest, E following EC3 probably corresponds to the small

c4
peak observed between C3 and C2 in the cyclic voltammograms, and similarly
is associated with the reductive dissolution of Agzoé, not yet reduced at

Eosg ,to Ag0 (section 5.6.4).

428 X: Although the arrest, E is not evident at 428 K, its

wor
disappearance may be explained possiblssby the

(i) smaller amount of charge passed during oxidation at EAB"'

(ii) increased solubility of the oxides which allows the removal

of the additional layer before reduction cah occur to any
extent.

The high sclubility of the oxides probably accounts for the more
gradual transition from Agzo formation to Ag202 formation since an increased
rate of dissolution would cause the limiting film thickness to be achieved
more slowly and hence, the potential adjusts itself accordingly to the

lower rate of inhibition.

478 K: The simple form of the potential/time curve at this
temperature is probably associated with two factors:
(i) The rate of film thickening is reduced to such an extent
that the current can be maintained by Ag,0 formation and
dissoluticn over a now decreased potential range following

the initial arrest. The decreased range is the result of



(ii)

the lowered overpotential for oxygen evolution, thereby
preventing the formation of Agzoz. It would be expected
that any A9202 formed on anodic oxidation would be sub-
sequently reduced causing an inflexion, even if brief,
on the cathodic sweep. However, it is clear that no

such inflexion occurs.
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CHAPTER 8 A.C. IMPEDANCE ’

8.1 INTRODUCTION
8.1.1 Electrode Impedance

The overall reaction at an electrode is generally composed of a
series of partial reactions at least one of which must involve charge ‘
transfer across the electrical double layer. Others may include transport
of reactants or products by diffusion, and crystallisation at the electrode
surface. A chemical reaction, the rate constant of which is, by definition,
independent of potential, may also be involved. Any step in the overall
reaction may be hindered or impeded, and hence exhibit a slow response to
an applied potential. This hindrance gives rise to an overpotential for
a particular rate (current), the magnitude and type of which is governed
by the slowest partial reaction. ‘

A.C. impedance methods, in many cases, permit the determination of
kinetic parameters in electrochemical processes. In order to evaluate
these parameters, it is common to examine them in terms of the components
of a circuit (94) which is equivalent to the impedance of the electrode/
electrolyte system obtained experimentally. Hence,a model of an

equivalent-circuit type must be advanced.

8.1.2 Equivalent Circuits

The overall electrode impedance (94,188) is commonly represented _

by an equivalent circuit of the form shown in Figure 8.1.

Figure 8.1 Generalized Equivalent Circuit for Electrode Impedance
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The impedance of the basic equivalent circuit consists of R o ; the
s

solution resistance,and C ,the double layer capacitance, in parallel

1
with the faradaic impedanie, Zf. It is usual to regard the electrolyte
resistance as ohmic since the frequency dispersion of this impedance is
significant only for frequencies above 1 MHz* - much greater than the
frequencies employed in charge transfer studies in aqueous systems.

The other component, C.. is associated with the electrical double

dl
layer of charge at the electrode/electrolyte interface and appears as
a result of a change in the excess charge of the double layer caused

by a voltage change.

8.2 AN EQUIVALENT CIRCUIT FOR METAL DISSOLUTION
8.2.1 Introduction

Generally, in an impedance analysis an equivalent circuit which has
the same form of impedance locus in the complex plane as that obtained
experimentally, is proposed. Known eqguivalent circuits and the corresponding
loci generated in the complex plane, in many cases, by computer simulation
(4,6), are derived from the theoretical expression for the impedance of an
electrode under particular conditions. Comparison of the experimental
locus with the theoretical shape often (8) enables the impedance data
to be fitted to the equivalent circuit. However, a subsequent analysis
of the frequency-dependent data is required to test whether the proposed

eqguivalent circuit is adequate.
8.2.2 Impedance Components for the Randles Equivalent Circuit
The impedance of an electrode undergoing dissolution is generally

considered to be equivalent (for example, 7) to the simple Randles circuit

shown in Figure 8.2.

* Debye-Falkenhagen Effect (50,76): The increase in conductance of an
electrolytic solution produced by alternating currents of sufficiently
high frequencies over that observed with low frequencies or with

direct current.
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—_ 0
T &

Figure 8.2 Randles Equivalent Circuit

The faradaic impedance for this equivalent circuit is expressed by

1
Zf=(§—§)il+ 1% l%* 1%
o nk (2w) cOD0 cRDR |
-j(-I;R—;) 2 > 1%+ 1;2 (8.1)
nF (2w) CODo CRPR J

RCt is the charge transfer resistance representing the hindrance to the

passage of charge across the electrode/electrolyte interface and is

related to the exchange current density io' by

RT
R ]

ct nFi
o

(8.2)

ZW' the Warburg impedance (194), corresponds to pure diffusion control

and is frequency-dependent according to equation 8.3.

= - 8.3
Z, = ow jow (8.3)

If, at the interface, Cye the concentration of the oxidised species is
much greater than CR' the concentration of the reduced species, then the
Warburg coefficient,o,is given by

g = ——Z-TE?-—,—- (8.4)
n‘F (2D)1co
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The impedance locus for this equivalent circuit (116) has the
form shown in Figure 8.3 and involves the following combination:
(i) a semi-circle at high frequencies arising from charge
transfer. This semi-circle, centred on the real axis,
has a radius Rct/2 and a high freguency intercept Rsc'

(ii) a line of slope 45° at low frequencies due to the Warburg

impedance.,

Figure 8.3 Dependence of X on R upon variation of frequency for a

quasi-reversible reaction.

8.2,3 Analysis by Admittance Components

The concept of interaction between the faradaic and non-faradaic
components of the electrode impedance was developed clearly in work by

Llopis et al (125). The determination of the double layer capacity*, Cal

* " =
Car = Car/® -
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by extrapolation to infinite frequency was shown by these workers to

be unreliable,* and it was found that the Randles circuit did not adeguately

represent their data even if all the parameters of the circuit were
adjustable. This method, therefore,is not used in the present work.

Since the impedarice components of the Randles equivalent circuit
for the electrode itself are in parallel, it is more convenient to
consider the admittancefgnd data obtained in this study are treated by
the method proposed by Sluyters et al (172,183). Such a technique has
the advantage that Cgl may be conveniently obtained as the slope of an
appropriate admittance plot (see section 8.3.4). The solution resistance
is obtained as the high frequency intercept of the impedance spectrum
plotted in the complex plane.T The electrode impedance Z', is determined

as

z' = Z-R__ = R' - X' (8.5)

The real and imaginary components of the admittance are calculated using

the following expressions:

]

A' = R'/(R'Z+ x'7) (8.6)

2 2
B' X'/(R' + X') (8.7)
and the frequency dependence of the components, A' and B', is then
investigated. If the Randles equivalent circuit is adequate to represent

the electrode impedance, then the real component, A", is given by (172)

%
A" = A'/A = w p+l (8.8)
e 0 | p2+2p+2

where Ae is the area of the electrode and p is the irreversibility

coefficient defined by

* This method has the disadvantage that the result depends very much on
the measurements at high frequencies where the error due to the
inaccuracy of RSO is large.

** The admittance is defined as Y = %.

T Alternatively, RSo could be obtained directly from measurements at

other potentials where the electrode impedance is purely capacitative.
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p = Rct/cw—lz (8.9)

If A"/m% is independent of frequency, then it may be assumed that the

system behaves reversibly (p=0) with A"/m25 = 1/20.

The imaginary component,B", is given by (172)

g 1
BY = BI/A = VI P —— +(L)C ‘ (8.10)
O | p%+2pt2 i

Hence, the apparent double layer capacity can be calculated from

Cpp = [B" - 27/ (14p) }/u (8.11)
If Cap is found to be frequency independent but at some potentials differs
from the value of Cal for the supporting electrolyte, it can be inferred
that weak reactant adsorption is present (183). On the other hand, if
A“/w!5 increases with frequency, then it is probable that strong reactant

adsorption is present.

8.3 DETERMINATION OF AN EQUIVALENT CIRCUIT FOR SILVER
DISSOLUTION AT 295 K

8.3.1 Comparison with Data

The impedance components, R and X, at a potential of 0.12 V (SCE)
are plotted in the complex plane in Figure 8.4a.* At 295 K, this potential
lies in the active region of the steady-state polarisation curve
(Figure 6.3). At high frequencies, X tends to zero, the limiting value
of R being equal to Rso' However, no definite semicircle is evident and
the low frequency line has a slope of 54°, The lack of a distinct semi-

circle can be explained if R, is very small (see Figure 8.3) but

t

* The numbers shown at various points are the corresponding frequencies, f,

in Hz.




142
Figure 84Impedance and admittance
data at 042V, 295K
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the angle of 54° is clearly much greater than the expected value of 45°.
Following removal of Rso from the impedance, the real and

imaginary components of the admittance were calculated. If the system

is reversible, A'/m;§ should be independent of frequency* and equal to Ae/20.

It was found that plots of A' vs w% were linear over the frequency range

shown in Figure 8.4a from which it can be inferred that over this range

at least, p=0, and the reaction is therefore reversible. However, at

high frequencies, the slope of the Aym%

plot was observed to increase,
and furthermore, Cap was found to be frequency dependent. Hence, it
must be concluded that the simple Randles circuit does not adequately

represent the electrcde impedance.
8.3.2 Origin of the Observed Behaviour

The frequency dependence of Cap has been observed by previous
workers (88,182) and was attributed to roughness and/or porosity of the
electrode surface. Indeed, high real/apparent area factors, r, have
been determined (182) from double layer capacitance measurements derived
from currents passing in the double layer region in potential sweep studies.
For example, in a 1 N KOH solution, r was found to be 26 assuming a true
double~layer capacity of 40 uF cm—2 for positive surface charge.

Surface roughness is not the only cause of frequency dependence
of electrode impedance. Certain adsorption phenomena (140), even in the
absence of reducible and oxidizable species may cause such effects.

Whereas weak reactant adsorption does not give rise to a frequency

%

dependent Cap' strong reactant adsorption for which also A"/w® increases,
does give rise to a frequency-dependent Cap -

It is more likely that surface roughness is responsible for the
observed behaviour since, in the present work, it is shown that there is

(i) an increase in A'/wLi only at high frequencies

(ii) agreement between the experimental and predicted frequency

dependence for the apparent electrode impedance assuming

surface roughness.

. A'
* It was more convenient to use A' rather than A" (= irﬂ.
e
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€.3.3 Impedance due to Surface Roughness

Hence, the apparent impedance due to surface roughness must be
taken into account in the parallel equivalent circuit. De Levie (55)
has treated the effects of surface roughness on the double layer
capacitance using a model of grooves as a representation of a surface
which had been mechanically polished and is left with a large number of
fine, nearly parallel scratches.
Two simplifying assumptions were made in the theoretical treatment
(i) the grooves have virtually infinite length
(ii) each half-groove may be described as a tapered transmission
line, that is, a transmission line with longitudinal and
transversal impedance, per unit length, which varies with x.
Using this model, he derived the components of the apparent
electrode admittance, and impedance, arising only from the geometry of the
surface, that is, in the absence of charge transfer processes.
The frequency dependence of these components is determined by a

parameter, z, which is given by

5 = Pil(eetERE ) (8.12)

Sin B Tan B

where @ is the angular frequency, g is the double-layer capacitance per
unit true area and 28 is the groove angle. If the only variable is
then for z >>2 (high ) *, the apparent parallel cap:city, Cap’ due to
surface roughness is found to be proportional to w - Experimental
evidence (57) confirms the frequency dependence of Cap predicted by

de Levie. In the same frequency region, it was also predicted that Rap
would vary linearly with w_li (N.B. Giles et al (88) apparently
(incorrectly) quote the dependence as w—z). However, experimentally
Rap is found to be proportional to w_l. It was proposed (88) that Rap
is proportional to w—n where 1 < n < 2 and in fact, log log plots of Rp

and o for 1 N and 7 N KOH solutions were found (182) to be linear with

n between 0.9 and 1.4 depending on the history of the electrode.

* For z << 2 (that is, at lower frequencies), Cap tends to a constant
value. Hence as apparently considered by other workers (88), although
it is not stated, the behaviour of Cap is accounted for by the

frequency dependence for z >> 2.



8.3.4 Preoposed Equivalent Circuit

Giles et al (88) separated out the frequency dependent component |
of the apparent capacity from 31' the true double layer capacity, which
is assumed initially to be potential independent at the potentials of

dissolution, according to

=" 4+ g" -1
Cap Cdl g"w (8.13)
Hence
Y = —— + JuC
a - ap
| el
= by + jg" w (8.14)

where b" and g" are surface roughness coefficients. The capacity components

are considered in parallel since the remainder of the equivalent circuit

P
The treatment proposed by Giles et al is equivalent to the

is parallel to Ca .
circuit shown in Figure 8.5 and this circuit will be used in the present
work to represent the impedance of a silver electrode undergoing

dissolution.

Figure 8.5 Equivalent circuit representing the impedance of

the silver electrcde in the active region.
Za is the apparent impedance due to roughness effects and the

admittance components given by equation 8.8 and 8.10 can be conveniently

extended to allow for such effects. The overall expression for the
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admittance is simplified if R.e can be neglected. This approximation

L2
is justified by:
(i) An estimate of 0.06 § cm2 for Rbt by previous workers (88).
This value corresponds to a very high exchange current
density (greater than 1 A cm-z) for the dissolution process

implying that this reaction is reversible.

(ii) The close agreement of the potential-~dependence of c, (2A;RT)
with 60 nV which has been demonstrated in previous
work (88).
(iii) The constant slope of the A'/Lu;i plot over the frequency
range (see section 8.3.1).
The overall admittance is then given by
Y = (1+j)w!‘/2o + b"® + g% + Juc (8.15)

dl

for which the real and imaginary components of the admittance, A" and

B", respectively, are

A" = 0¥/20 + byD (8.16)
"o % " " ;2
B" = w*/20 + wcdl + g"w (8.17)
There are two limiting cases for A"; at high frequencies, the slope will

be proportional to w' and at lower frequencies, to w%. Such a plot of A"
against w& exhibits a linear region at low frequencies with slope 1/20.
It is evident from equation 8.16 that the effect of surface roughness

is to increase the real component of the diffusion admittance at high

frequencies causing the deviation from Warburg behaviour.

Division of equation 8.17 by m;2 yields
B" 1 L
—_— = — 4 g" + c (8.18)
ET20 T T Ta :

Hence, a plot of B"w-% vs t.uJE will be a line of slope C" .y and

; 1 i
intercept (20 + g").
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8.3.5 Testing of Model

The impedance data at 0.12 V was re-examined in terms of the model
represented by the equivalent circuit shown in Figure 8.5. 1In order to
demonstrate that the proposed equivalent circuit is adequate, the frequency
dependence of A' and B'w—;i is investigated. If the model holds, A' is

still expected to be proporticnal to w—% but Cdl may now be determined

from the slope of a linear B'w—li vs m% plot, while the intercept gives
the roughness coefficient*, g, after subtraction of Ae/20. Plots of the
experimental data (Figures 8.4b and 8.4c) are found to be consistent
with the relations predicted on the basis of the proposed equivalent
circuit model. Hence, use of the equivalent circuit in Figure 8.5 is
justified and the impedance data may be converted into the parameters, O
and Cal, given in Table 8.1. From the value of 0, c the equilibrium
concentration of AgO , may be obtained using equation 8.4 with the
diffusion coefficient** of Ago_, D, = 8><10“6 cm2 s—1 (295 K).

The value of c, at 0.12 V and 295 K, 1.4%0.2x10"% mol dm_3, is in
reasonable agreement with other values at room temperature obtained from
3 2 (88)+) and from

previous impedance measurements (6.3%10 mol dm

solubility data for AgZO++(l.87X10_4 mol dm-3, see section 2.5.4).
The double-layer capacity at 0.12 V and 295 K, 5948 yF cm_2 is consistent
with the value of 27+3 yuF cm—2 obtained by Giles et al (88) from impedance
measurements using electropolished, single-crystal electrodes. The
present value is less than those obtained from overpotential-time
transients (85420 yF cm'-2 (34)) and differential capacitance measurements
(70420 uF cm'-2 (97)). Since the electrodes used by Giles et al were
shown to have very smooth surfaces, the higher values of Cal in these
studies and the present work are probably associated with a greater
degree of surface roughness.

It is worth noting that for the equivalent circuit shown in

Figure 8.5, that is, in a situation where surface roughening is present,

* = G
g g"A,.

** The diffusion coefficient obtained at 298 K by Miller (141),
8.6)(10-6 cm2 s—1 was used to determine values of DO over the temperature
range 295-478 K which will be discussed in section 8.7.2.
+ Read from cO/E plots for which the C, values were calculated using
D, = 1%10™3 cm2 s—l.
+4+ The value of C, may be compared with Agzo solubility data since it has been

shown (see section 1.2.l1) that a monclayer of Ag,0 is formed at .090 V (SCE)

and the AgO~ ions should be in equilibrium with Ag,0 at EAg 0|A9(='098 V).
2
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the phase angle, ¢, is not 450 as expected for a Warburg impedance.
From equations 8.16 and 8.)7, at low frequencies where Warburg behaviour

is expected

1" % l’ "

Tan ¢ = a7 = i*‘—‘;;’—*g—)— (8.19)
(w"/20)

= 1 + 209" (€.20)

At 295 K, the roughness coefficient, g", is of the order of 103 uF crn-2 s
and ¢ is of the order of lO2 0 cm2 s_%. Using these values, the phase
angle is found to be typically 50+5° which agrees with the experimental

value of ¢ within the uncertainty stated.

8.4 DETERMINATION OF THE EQUIVALENT CIRCUIT FOR FILM FORMATION
AT 295 K

8.4.1 Proposed Equivalent Circuit

The frequency dispersion of the impedance of the silver electrode
was examined over a range of potentials extending from the region of
dissolution through film formation to regions where phase changes in the
oxide film occur. Hence, it is only to be expected that modifications
to the initial equivalent circuit (Figure 8.5) must be made.

The locus shown in Figure 8.6 for 0.3 V is typical of the changes
which take place as the potential is increased anodically from 0.12 V;
the locus is observed to bend off at lower frequencies and at 0.2 V
particularly, decreases towards low values of X.

This form of locus might be regarded as typical of that derived
(4) for an active-to-passive transition in which the model considered
involves the progressive inhibition of the dissolution reaction
by adsorbed species at the metal surface. This model would be expected
to fit those cases of passivation of metals for which the steady-state
current/voltage curve is bell-shaped. This is in contrast to the shape
of the curve shown in Figure 6.3. Furthermore,the impedance loci for

the film formation region of silver exhibit the following features:
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(i) a high frequency Warburg region similar to that at 0.12 V.
(ii) a linear low-frequency region at higher temperatures.
It will be shown that such behaviour may be interpreted in terms

of a modified Randles circuit as proposed by Armstrong and Edmondson (7).

Essentially, provision is made for the interaction of the a.c. diffusion
layer with the Nernstian layer and if necessary, the inclusion of an
additional Warburg impedance to account for diffusion of species in the
film present on the electrode surface.

The total diffusion impedance (Warburg coefficient,cT) is
considered to consist of diffusion in solution (Warburg coefficient,os)

and diffusion in the film (Warburg coefficient,oF) such that

- “+ 2
Op = Og f(w) Op (8.21)
The function, f(w), allows for interaction between the a.c. diffusion
layer and the Nernst diffusion layer as they become comparable at lower
frequencies and consequently cause a deviation from the normal behaviour

of the Warburg impedance.
£(u) = tanh [6(3u/D )" ] (6.22)

where § is the Nernstian diffusion layer thickness and D, is the diffusion

coefficient of the Ag0 ion. The faradaic impedance is therefore given

by

Zg = R+ (1-3) (0w Ew) + (=) o/’ (8.23)

Two limiting cases may be considered for equation 8.21

(1) when  is large, f(w)> 1, and hence Op = Og + Op

(2) when w is small f(w) + real partonly, op = Op.

This form of analysis was tested by these workers for the active and
passive regions. Using experimentally-obtained values of the components
in the Randles equivalent circuit for the Cd/KOH system and the

theoretical expressions for o, and Zd*, the impedance spectra in the

T

* Z3 is given by the second term in equation 8.23.




complex plane were generated by computer simulation. Comparison of
simulated and experimental spectra showed qualitative agreement, thus
justifying the analysis used.

It will be assumed here that Rct is negligible. The exchange
current density for the formation of Agzo is given as 2.8 mA c:m'-2 (34),
so that RCt = 4.6 Q cmz. This value of R, is small compared with the
real component of the Warburg impedance over most of the frequency range
shown and hence, the assumption is reasonable. The equivalent circuit
used in the dissolution region can then be used as a model, with a

modified ZW’ for the electrode impedance for film formation at these

potentials.

8.4.2 Comparison with Data

If the equivalent circuit proposed by Armstrong and Edmondson is
adequate, a subsequent analysis of the frequency dependence of the components
of the admittance should demcnstrate that two regions of linearity are
present. Two such regions are in fact found to be quite distinct in the
A'/w% plot at 295 K and 0.3 V* (Figure 8.6b) and particularly at 348 and
388 K (see Figure 8.9b). From these plots,oT was determined from the
Warburg slope at high frequencies and O from the Warburg slope at low

frequencies. Hence,where possible, o, can be obtained using o_ = 0, = O,
-

T B
Having found Ogr the equilibrium concentration, A of dissolving silver
species may be calculated from equation 8.4 (see Table 8.1).

Assuming that the Warburg coefficient for diffusion in the film

is given by an equation of the form (7);

_ 22 % (8.24)
op = RE/20°FD.7 Cf

* At 295 K, the duration of the steady-state d.c. current at 0.3 V was
limited. Over different runs, the lowest frequency which could be
attained was 8 Hz before the d.c. current exhibited severe fluctuations.
The most likely explanation for this behaviour which was evident only
at the temperature and this potential, is a cracking of the thick oxide
multilayer. As a result, the low frequency Warburg region is rather

uncertain and hence,this value of o_ is subject to a large error.

F




it is possible to cobtain a value of CFDF} relating to the mobile species
in the film. The difficulty now is that the diffusion coefficient, DF,

is not known and therefore, Co cannot be determined by this method alone.
However, the steady-state current in the film under potentiostatic control

is given by (7),

lss = nF DF AcF/x (8.25)

where x is the film thickness and AcF is the difference in concentration
of the mobile species between the metal-film interface, Cys and the
film-solution interface, Cye If it is assumed firstly that silver ions
and not oxide ions are the mobile ionic species and secondly, that the

following approximation is wvalid:
Ac_ =¢c, = c, % ¢ (8.26)

then the impedance and steady-state terms involving p and DF can be

compared. The thickness, x, was estimated from the constant current
measurements of Dignam et al (59) for the steady-state current at 0.3 V.
The value of x, 3xlO—5 cm, was consistent with the observations of
Briggs et al (24) which indicate "deposits reaching a thickness of
several thousand 1000 A." Substitution of x and iss enabled D_c_, to be

FF

evaluated, and using the value of c_D obtained from the impedance

FF

measurements, cF and DF could be determined. At 0.3 V, the fraction of

sites?*, xF, occupied by mobile species is l.ﬁxlO—5 and Dp is

2.3x10'_12 cm2 s-l. This value of DF is reasonably consistent with that
(4x10_14 cm2 s—l) obtained from the Nernst-Einstein equation (see appendix

4) for which it was assumed that Ag+ are the charge carriers. However, a g =
should be noted that Ag20 is commonly described as an n-type semiconductor
(187) and Agzo films evidently exhibit such behaviour (59) which is difficult

to reconcile with the above consistency.

* Cpr and therefore XF' relate to the mobile Ag+ ions at the AglAgZO

interface.
Fraction of sites = Cp X Vm/2, where Vm is the molar volume of Agzo,
32.7 cm3 mol_l. Vm = molecular weight/density. It is assumed that

(1) the bulk density of Agzo, 7.1 g cm 3

(203) , may be applied to the
oxide film,

(ii) in the estimation of X, at elevated temperatures, the density of
A920 does not change greatly over the range 295-478 K.
Since the coefficient of volume expansion %3 X coefficient of

4

linear expansion (~10 K_lL then for a 200 X interval, the

change in density * 6%,




In order that the diffusion layer thickness for diffusion in
the film should be less than the film thickness, the following inequality
must hold (7):

(DF/2w>;’ <z (8.27)

The lower frequency limit of the range studied, 0.5 Hz (w=3.1 s-l)
would clearly lie in the low frequency Warburg region, that is, where
diffusion in the film is rate controlling. Then for w=3.1 s—l, the above
inequality requires that DF <5.6:~110-9 which is consistent with the value
obtained experimentally. This consistency implies that use of the model
invoked to represent the diffusional processes in the solution and in the

film is justified.

8.5 DETERMINATION OF EQUIVALENT CIRCUIT FOR Ag202
FORMATION AT 295 K

8.5.1 Proposed Equivalent Circuit

The impedance spectrum in the complex plane at 0.5 V (Figure 8.7a)
exhibits a line at low frequencies having a slope very close to 45°.
However, while the plot of A' vs w% (Figure 8.7b) is linear, the
corresponding plot of B'm_% Vs w% (Figure 8.7c) is clearly not so.

This potential lies in the region for formation of Ag202 which has been
shown to occur by an electro-crystallisation process (see section 1.2.1).
This process must be considered as part of the overall faradaic electrode
reaction and therefore corresponds to an additional faradaic impedance

in series with the Warburg impedance associated with Ag20 formation.

A mechanism for the lattice formation of Ag202 proposed by
Fleischmann et al (79), involved slow formation of the lattice by the
reaction of Ag+ ions with adsorbed OH radicals, these radicals being

formed from OH by an electrochemical reaction;

OH = OH + e (8.28)
i ads

slow

agt + OH_ AgO + H' (8.29)

ds

On the basis of this mechanism, it may again be assumed that the
charge transfer resistance may be neglected, since the charge transfer

reaction presumably occurs at a sufficiently fast rate to maintain a
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pre-equilibrium. From an examination of Tafel plots, Clarke et al (34)
had previously estimated io for Ag,0, formation as 0.02 mA cm-z.
However, steady-state measurements of Tafel lines cannot be applied to
this type of electro-crystallisation process and furthermore , it is
likely that for a significant potential range of these plots, further
formation of Ag20 is the main faradaic process.

It is proposed therefore,that the following equivalent circuit
may be used to represent the electrode impedance for rate control by

diffusion and crystallisation:

Figure 8.8 Equivalent circuit representing the impedance of

the silver electrode during formation of Agzoz.

where Zc is the electro-crystallisation impedance. The faradaic

impedance of the series components, Zq and Zc* is given by (84,188)

* The expression for the impedance, Zc, was considered for the case
of crystallisation on a metallic lattice, that is, metal deposition.
It is possible that an analogous expression for electro-crystallisation
on an oxide film would apply and involve a similar frequency dependence.
The results of Takehara et al (180) in fact, appear to indicate this

to be the case.




159

‘ 2 . e &
= (1-j)o/w” + (ek_° - jek W)/~ + w?) (8.30)

whexre € = RT/nzeakc, kc being the rate constant for crystallisation
and ¢, the concentration of adsorbed species. Rate control in the
crystallisation process is assumed to be due to incorporation of the
adsorbed species formed in the charge transfer step, OHads’ into an
oxide structure.

Crystallisation rate control may be present (188) when the values
of Rf and l/wa in the plots versus w-!S do not show a linear relationship
for very high frequencies where the components of the diffusion impedance
become relatively small and assuming roughness effects are absent. Hence,
the case w >> kC will be considered, since it is thén that the presence
of a crystallisation impedance may be indicated and possibly identified.

Equation 8.30 then simplifies to

i : % 2, 2
Zf = (1-j)o/w” + (skc jswkc)/w
g E:kcz o -
= (4 —) - jl—T + —) (8.31)
w% m2 w% w
o? (owPrek 20 -5 (oui=ck_w %)
Yf=21—= 2 2;: 2 c322 (8,32}
f (ow +skc w )2 + (ow +ekcw / )

s ; C . 4 : s
For w=8>kc (high frequencies), only terms containing w are retained in

the denominator. Hence the real component, Af, is given by

Ow9/2 % ekczwe/z
= ; 8.33
Be 2 4 it
20 W

and the overall real component of the admittance of the equivalent

circuit (Figure 8.8)

am o= 2y 2 4 pw” . (8.34)

which can be rewritten
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w &
; EK
A\l l -1
e S B {8.:35)
20w 20 w

Similarly, the imaginary conponent,Bf, is given by
9/2
ow / + skcw4
B, = W (8.36)
20 W

and the overall imaginary component is

w% Ekc 5
"o —— " + "
B 2 + ; > + g"w del (8.37)
o
which can be rewritten
k
B" 1 & & c
— =+ g" + pC + (8.38)
w% 20 dl 202w5
or as
k
Bn 1 - 15 € c
] o) 1 . " . 9
s = Got T =gk Gy 82
20 W

8.5.2 Comparison with Data at 0.5 V

Equations 8.35 and 8.39 exhibit the same form of frequency
dependence as the faradaic series components of the impedance (equation
8.31) in the absence of surface roughness effects. Since the dependence
of A“w—l (for n=1) and Rf, and B"w—l and (wcf)°l on frequency are
similar, it is expected that the admittance components as a function
of w * will exhibit similar behaviour.

The superposition of diffusion and crystallisation reaction rate
control results in characteristic behaviour of the impedance components
which have been represented diagrammatically by Vetter (188). In this
work, the high frequency region of A wnl (= A" Aew-l) vs m_;2 plots is
expected to be influenced by the roughness term wnﬂl. This is indeed
the case (Figure 8.7c) and therefore,a comparison of the form of this

plot with that predicted by Vetter is not likely to be useful.




16l

Notwithstanding the cffect of surface roughness, the curve of the
capacitative component (me)“l, as represented by Vetter, is similar in
shape to the B'oo“l/m_!i plot in Figure 8.7d. The similarity in the curves
provides justification for applying the expression for the crystallisation
impedance to the present case.

b

The real component, A', is linearly dependent on w® (Figure 8.7b),

the slope of the plot being Ae/20. Since it is more desirable to cbtain Cdl
as a slope rather than by extrapolation to high frequencies (see

section 8.2.32), it is determined from plots of B'w_% vs wk (Figure 8.7c¢)
which as might be expected, are linear only at high frequencies. At low
frequencies, the crystallisation component becomes effective and B'm—k
as predicted, is proportional to w-!5 (Figure 8.7f) and hence ekc/2w2
can be determined. The parameters, Cal,o and ekc/2w2 with subsequent
values of ¢_ and ¢ (in this case, c¢ is the surface concentration of

adsorbed OHa species in the equilibrium state) are given in Table 8.1.

ds
These values are discussed in section 8.7.

8.6 EFFECT OF TEMPERATURE
8.6.1 General Changes

The impedance spectrum in the complex plane is modified as the
temperature increases. The two basic changes which take place may be
summarised as:

(i) The appearance, at lower potentials, of a locus in which the

imaginary component decreases at low frequencies.

(ii) The appearance of the low frequency Warburg region, as

& plots, in the complex plane at potentials

shown in the A'/w
in the passive region. These changes in the loci are obviously
dependent on the position of the particular potential in the
active-passive regions of the current/potential (iss/E) curve

at that temperature.




8.6.2. Basis for the Proposed Equivalent Circuit for 0.30 V

The basic equivalent circuits used to represent the electrode
impedance at 295 K are applicable at elevated temperatures. However, at
potentials in the passive region, modifications to the equivalent circuit
as suggested by the form of the plots of the admittance components, in
particular B'm—& against w% (see Figure 8.9d), are necessary. Although
some plots of B'w_%/w% in the passive region are linear at higher
frequencies, generally this is not the case. It is more common for
approximately constant values of B'w.—;j to be exhibited at high frequencies
probably reflecting very low values of the double layer capacity at these
potentials. However, the scatter of data does not permit an estimation
of Célin most cases. Deviations from the predicted behaviour imply that
the equivalent circuit proposed at room temperature is ne longer adequate.

The observed behaviour may be associated with changes in the
kinetics of oxide growth with an increase in temperature. Studies at
 room temperature by Briggs et al (24) showed the three-dimensional growth
of Ag,0 on centres formed on a primary layer of the oxide (see section 1.2.1).
The form of the current-time transients at constant potential indicated
that the rate-determining process did not occur at the expanding interfaces of
the growth centres but rather in the primary layer. However, an increasing
rate of diffusion of species through the film with increasing temperature
might cause the relative rate of formation of the growth centres to become
more significant. Nevertheless, it should be pointed out that diffusion

would probably remain the dominant influence in the overall rate control.

8.6.3 Equivalent Circuit and Data for 0.30 V

It is proposed that the impedance data at elevated temperatures
be analysed in terms of an equivalent circuit which makes provision for
an impedance component associated with the establishment of the 3-D growth
centres. Initially, it is assumed that, as for the formation of Ag,0, at
room temperature, the nucleation impedance may be represented as having
the frequency dependence shown in equation 8.30. Hence, an equivalent
circuit of the form shown in Figure 8.8 is used as the model to represent

the electrode impedance under. these conditions although Z will now refer
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Figure 89 Impedance and admittance
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to the formation of Agzo nuclei.

The frequency dependence of the admittance components was given
earlier in a form similar to that presented by Vetter, that is, at high
frequencies (w >>kc)A"m_1 and B"w—l should vary according to w—2 and w‘l,
respectively. Plots of A"m—l/w-—2 (Figure 8.9c) and Bm_l/wml (Figure 8.9%e)
are found to be linear at high freguencies justifying the application
of the equations for a crystallisation impedance to the present situation
involving formation of oxide growth centres.

A“/m;2 relations are linear over the potential range exhibiting
two such regions very clearly at 0.3 V (Figure &.9b). This is simply due
to the appearance of the low frequency Warburg region associated with
diffusion of ionic species through the oxide layer. According to
equation 8.34, it is expected that A' would be proporticnal to
1/w at low frequencies. In some cases, a temporary increase of A' with
a decrease in frequency is observed (see low frequency region of
Figure 8.9b), but generally such a change is brief and more detailed
examination of the data is not possible.

At low frequencies, plots of B'w-ls vs w—li (Figure 8.9f) also show
two linear regions since the slope is given by ekcAe/Zcz,and equation 8.21
which expresses the total Warburg coefficient as a combination of -

and oF,then applies.

8.6.4 Equivalent Circuit and Data at 0.50 V, 348-428 K

At 0.5 V, it is likely that the Ag20 growth centres will have
overlapped to such an extent that the overall electrode impedance for
oxide formation for this potential at elevated temperatures may still be
consideréd in terms of the equivalent circuit in Figure 8.8, that is,

a Warburg impedance in series with a crystallisation impedance associated
with the conversion of Ag,0 to Ag,0,. Some modification is required,
however, to the equivalent circuit for this potential at elevated
temperatures since examination of the steady-stateIcurrent/potential
curves over the range 348-478 K (Figure 6.3) shows that 0.5 V now lies

in the region at which oxygen evolution can take place at a significant
rate. Accordingly, provision in the equivalent circuit must be made for

components representing the controlling factox in this process.




The evolution of oxygen may be represented by the discharge of

hydroxide ions according to the reaction (64)

200 = %0, + H)0 + 2e (8.40)

Hoare (104) has suggested that the mechanism of oxygen evolution in

alkaline solutions could involve

OH — (OH) .+ e (8.41a)
(ou)adson" = (0) 4 +HO + e (b)
©) jg¢ * a5 = ©2)ags (c)
(02)ads - O2 (4)

although he did not indicate whether such reactions occur on metal oxide
surfaces.
The impedance, Zo’ corresponding to the mechanism proposed by

Hoare, might be represented by a simple equivalent circuit as shown in
Figure 8.10.

Ron Con
ANN |
| |
Zr

Figure 8.10 Egquivalent circuit representing the faradaic

impedance ZO of the silver electrode associated

with oxygen evolution.”

As indicated by the steady-state current/potential curve at 478 K,
0.5 V lies well into the region of oxygen evolution. Since the large
d.c. current due to this process hinders any useful examination of

the faradaic impedance associated with oxide formation, this potential
was not studied at 478 K,
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ROH is the charge transfer resistance asscciated with the discharge of the

OH 1ons, COH

species and Zr is the reaction impedance corresponding to removal of the

is the pseudocapacity due to adsorption of OH (also O and 02)

adsorbed species. Since oxide formation occurs simultaneously, oxygen
evolution is assumed to take place in parallel as indicated in the

following equivalent circuit.

| I
Zg
Rso
— AN N—
Zyw
___\NL__ Zc H
Lo

Figure 8.11 Equivalent circuit representing the
overall impedance of the silver electrode at

0.5 V over the temperature range 348-428 K.

However, inclusion of Zo into the equivalent circuit in Figure 8.11
yields a complicated expression for the overall faradaic admittance.

For simplification, it will be assumed that the initial charge transfer
step 8.4la is sufficiently slow so that it is predominant in determining
the overall rate of oxygen evolution. It is worth noting that conduction
of electrons through the oxide multilayer on silver is possible since
both A920 and Ag202 are n-type semiconductors (59). For the purpose of
this analysis then, the electrode impedance associated with reacticn

8.40 is represented by a simple charge transfer resistance in the
equivalent circuit. Hence,the real component of the admittance is given

by
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2
b ek
Av e O p Syl - (8.42)
O 2¢"w ol
which clearly does not alter the frequency dependence of A". The

expression for the imaginary component as given by equation 8.37 remains
unchanged.

As predicted, plots of B'w‘% vs m;2 are linear at low frequencies
(Figure 8.12c) but it should be noted that, in contrast to the potential
of 0.3 V at these temperatures, only one linear region appears in such

¢

plots. However, two regions are now exhibited by the A'/w® relations
(Figure 8.12b) for the temperature range, thereby demonstrating that
diffusion in the solid state must give rise to a component in the overall

faradaic impedance.

8.7 DISCUSSION
8.7.1 Effect of Potential on the Impedance Parameters

The following changes are observed as the potential becomes more

anodic:

(1) s decreases which is attributable to an inadequacy of the
Randles circuit with Rbt=o since the concentration of AgO
should remain constant at anodic potentials greater than
that corresponding to the formation of bulk Agéb.

(ii) C&l achieves quite low values (0.4 yF cm 2 at 0.3 V and
295 K). This trend is consistent with the potential-
dependence of the double-layer capacity at room temperature
observed by Giles et al, following the formation of a
monolayer of Agzo, particularly at potentials greater than
0.13 vV (SCE).

(iii) © is observed to decrease in the cases where comparison of
data is possible. The low values of ¢ are no doubt

indicative of the extent to which overlap of the growth

centres has taken place.

(iv) X, increases, again where comparison of data is possible.

F
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8.7.2 Effect of Temperature cn the Impedance Parameters

Several temperaturc-dependent quantities, namely T, D and ¢
are contained in o. In order to evaluate Cy and Cp,the associated
diffusion coefficients must be determined at each temperature. D_ (165)
and D (185) are both a function of temperature as expressed by equation
8.43

ED
D = Zoexp(— o ) (8.43)

where ED is the activation energy for diffusion. For aqueous solutions,

Z, ¥ 0.2 (165) and for the Ag0  ion in 1 mol dn > KOH, D has been

2 .~

evaluated as 8.6;{10“6 cm” s (141). Assuming that E_ is independent of

D

temperature, D0 can be evaluated over the range 295-478 K (Table 8.2)

In section 8.4.2, D, was estimated to be 2.3x10_12 cm2 s-l
at 295 K. The most applicable value for the activation energy of
diffusion of Ag+ in Ag20 which appears to be available is for Ag+
in Ag,S and this was found by Okazaki (145) to be 11 kJ P Using
this value, DF for Ag+ may then be determined over the temperature range

studied (Table 8.2).

Table 8.2 Diffusion Coefficients, Do and DF over the
temperature range 295-478 K

T/K 10° Do/cm2 g F 1012 DF/cm2 st

295 0.8 2.3

348 3.6 4.6

388 8.9 6.7
428 18.2 9.3

478 37.9 12.8

The following features are evident in Table 8.1 as the temperature

increases:
(i) At a particular potential, the value of c_  increases except
at potentials where a shift into the passive region occurs

with the temperature change.
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(ii) XF’ in general, increases. The lack of a distinct I in the
A'/w’ plots at 428 K could be attributed to a thickness of
the oxide film such that a higher rate of diffusion at this
temperature reduces the significance of the solid-state
diffusion impedance. Nevertheless, two distinct slopes are
evident in the B'm_;’/w‘-x2 plots and the high slope =2t low
frequencies could be attributed to a small Op-
(iii) The surface density of Ag,0 growth centres appears to
decrease.
(iv) E(Agzoz) passes through a maximum in the region of 348 K
and decreases at 388 and 428 K. This decrease probably
reflects a higher degree of overlap of ngoz nuclei at a
particular potential due to the increase in temperature.
(v) The double-layer capacity is found to increase. Since
Cal is associated with the double-layer of charge at the
electrode/electrolyte interface, the high values of this
parameter for elevated temperatures, at least for the active
region in which the dissolution reaction is highly reversible,
may be attributed firstly to an increase in the accumulation
of ionic species at the electrode surface with temperature,
and secondly, to more extensive roughening of the surface
by dissolution. The second factor is reflected in the

increased values of the surface rcughness coefficient, g
(Table 8.3) which were determined from the plots of B'w-% vs w%
over the temperature range 295-428 K by the method described

in section 8.3.5.

Table 8.3 The surface roughness coefficient, g", over the temperature

range 295-428 K

T/K E/V g"/uF crn-2 s-%
295 0.12 1.3%10°
348 0.132 - 1.9x10°
388 0.12 1.3x10°

2

428 0,12 1.7x10
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8.7.3 Reproducibility

It is evident from the trends exhibited by the impedance parameters,
particularly Cal and co, that since surface roughening becomes more severe
at higher temperatures these parameters will depend strongly on the
reproducibility of the electrode surface. Surface roughness of the
electrode is reflected in an increase in C&l but it also affects the
faradaic component. It was assumed throughout the analysis that the
roughness has no effect on the faradaic component, for example, with
regard to the diffusional area. This assumption is not strictly valid
since the diffusion impedance (admittance) at high frequencies is
lowered (increased) by surface roughness (see section 8.3.4), in other
words diffusion is facilitated by a rough surface. However, as in
previous work (88), these are treated as second-order effects.

The methods used to prepare the electrode surface were considered
adequate (see section 3.3.2) and are justified by a reasonable degree
of reproducibility,particularly in view of the temperature range examined.
The average reproducibility for the values shown in Table 8.1 ranges
from *10-12% at room temperature, to *15% at higher temperatures up to

428 K,and approximately *20% at 478 K.
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CHAPTER 9 DISCUSSION

9.1 INTRODUCTION

The effect of temperature on the oxidation and reduction reactions
corresponding to the peaks and arrests of the cyclic voltammograms and
galvanostatic charging curves, respectively, are interpreted in terms
of the mechanism accepted for each electrode reaction at room temperature.
The data available from each technique over the temperature range 295-478 K
are combined in order to provide a description of the effect cf temperature
on the overall mechanism. Finally, the contributioﬁ of data from each
technique is taken into account and the advantages of the impedance
technique compared with the other electrochemical technigues are

considered in relation to its application at elevated temperatures.

9.2 ELECTRODE REACTIONS OF SILVER AT ELEVATED TEMPERATURES
9.2.1 General Features

These studies show that temperature has a marked effect on the
electrochemical behaviour of silver in potassium hydroxide solution. The
most notable feature with an increase in temperature is the trend towards
more complex forms of the cyclic voltammograms and galvanostatic charging
curves over the range 295-388 K, followed by a change to progressively
simpler forms at higher temperatures.

The principal changes in the polarisation behaviour include:

(i) the appearance of additional charge transfer peaks in cyclic

voltammetry (Figure 5.1) and associated arrests in galvano-
static charging (Figure 7.1),
(ii) a shift in rate control of the growth of the 2g,0 multilayer,

(iii) a marked decrease in the oxygen-evolution overpotential.

Comparison of the charge consumed on the anodic sweep to that on
the cathodic sweep (sections 5.5.3 and 7.4) indicates that solubility
effects appear to have significant implications in the electrochemical

behavicur of silver. Under controlled potential-sweep conditions in cyclic



voltammetry over the temperature range 295-388 K, dissolution of the metal
and the oxide layer are limited in relation to £ilm formation processes,
in terms of the overall charge involved. However, for constant current
charging in which film growth is generally not so extensive, dissolution
processes are shown to become significant at 388 K. In both techniques,
a considerable increase in the charge ratio is observed at 428 K, and a
further marked increase is evident at 478 K. These relatively high values
of the charge ratio indicate that extensive dissolution takes place at
these temperatures.

For the complete potential range between hydrogen evolution and
oxygen evolution, the following reactions were proposed to account for
the polarisation behaviour of silver in 1 mol kg—l KOH over the temperature
range 295-478 K. 1In the following sections, the behaviour of the associated

peaks shown below are discussed in relation to these reactions.

Reaction Peak Arrest
(i) Ag + 20H =+ AgO + HZO + e Al EAl
(ii) 2Ag + 20H Ag20 + H2O + 2e A2 EA2
. ¢ n e .
(iii) Ag,0 + 208 = Ag,0, + H,0 + 2e A3,A3 EA3
(iv) A9202 + 2e =+ 2AgO c3,c4 Ec3
2Ag0  + H,0 = Ag,0 + 20H
(v) Ag,0 + Hzo + 2e > 2Ag + 20H c2 ECZ

9.2.2 Peak Al

General Behaviour:

Potentiostatic polarisation curves for silver at elevated temperatures
(Figure 6.3) exhibit an active region which no doubt is associated with the
formation of the AgO ion as recognised for alkaline solutions at room
temperature. Thermodynamic calculations show that the argentite ion
should become increasingly stable with respect to silver metal for a
given hydroxide concentration as the temperature is increased (see
Figure 2.2). Although it is not valid to interpret rate phenomenon in

terms of equilibrium thermodynamics directly, the increased equilibrium
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concentration of Ag0 at higher temperatures is no doubt a contributing
factor in the dependence of peak current on temperature. Such a tendency
is consistent with the increases in the following parameters with
temperature:
(1) Diffusional currents for Al (Figure 5.3a).
(ii) Steady-state currents in the active region (Figure 6.3).
(iii) Arrests for EAl with time as observed in the galvanostatic
curves (Figure 7.1).

(iv) Values of c, (Table 8.1) obtained from impedance data.

All the techniques indicate clearly the substantial changes which
are observed upon oxidation at 428 K relative to the lower temperatures.
A higher rate of dissolution of the metal probably éontributes to the
increased charge ratio QA/QC and is reflected in the greatly increased
currents in the steady-state curves, and potential-sweep experiments,

particularly at low sweep rates.

Specific behaviour:

Features such as non-zero sweep-rate intercepts in the ip/vﬁ plots
(Figure 5.3a) have been discussed in section 5.6.1l. However, it is
worthwhile to refer briefly to some of the changes in these plots with
temperature in order to make comparisons with the steady-state current/
potential curves. It was proposed that an increased tendency towards re-
deposition at 348 and 388 K lowers the diffusional current of ionic
species from the electrode surface. At 428 K,a higher rate of accumulation
of dissolved species possibly compensates for such a redeposition process
thereby enabling a high diffusional current to be maintained at low sweep
rates. Both the concentration of AgO , Cor at a -particular potential
and the rate of diffusion, which is indicated by the steady-state
polarisation curves in Figure 6.3, also increase with temperature.
However, at high sweep rates, the rate of accumulation of dissolved
species at 428 K apparently predominates, so that a greater extent of
surface blocking by precipitated Ag,0 increases the hindrance to the
dissolution process. This tendency is'opposed by the relatively high
solubility of the oxide which becomes evident in the more gradual

approach to an active-to-passive transition at 428 K.
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Part of the increased current at 428 K may also be due to surface
roughening of the electrode since this factor will cause the currents in
the potential-step technique for example, to be larger than predicted
from the equations for diffusion at short times (57). However, if
diffusion is the current-limiting factor, and also, diffusicn very close
to the electrode is faster than that at some distance from the electrode,
then roughness will have a negligible influence (57) on the steady-state
diffusion current. This current is determined essentially by diffusion
towards and away from the apparent (projected) macroscopic surface of

the electrode (57).
9.2.3 Peak A2

General behaviour:

At elevated temperatures, the A920 oxide layer clearly becomes less
protective as shown by the temperature dependence of the steady-state
currents in the passive regions (Figure 6.3). It is evident that the
increasing solubility of the oxide is effective in causing more charge
to be required for film formation in order to maintain a steady-state
thickness i.e. the current in the passive region contains a large dissolution
component.

At 428 K, the increased effect of the solubility is evident in the
finite intercept of ip at zero v (Figure 5.3b) which is consistent with
the high steady-state current in the passive region (Figure 6.3) and
the slow transition following the initial arrest associated with Agzo
formation in the galvanostatic curves (Figure 7.1d). Presumably, since
the slow transition in the latter is even more enhanced at 478 K, it is
probable that such tendencies may be present at this temperature also but
any interpretation is complicated by the highly porous nature of the
electrode surface now evidently existing (see the electron-micrographs,
Figure 5.6). Possible consequences of this type of surface on the charge
transfer processes at 478 K, particularly those corresponding to Al and AZ

are discussed in section 5.6.6.

Specific behaviour:
The kinetics of the oxide growth exhibits modifications at elevated

temperatures. The change to reversible behaviour at 388 K (sectiocn 5.4.2)
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is possibly attributable to the Ag+ ions which now exist in equilibrium
concentrations at each potential, transferred into the A920 layer.
Since the concentration of Ag+, Cpr at the metal/oxide interface
at a particular potential is increased as shown in Table 8.1, the
rate of diffusion is likely to be greater. At 348 and 388 K, the
impedance data (section 8.6.3) indicate that a deposition step in
the formation of the growth centres on the primary oxide layer becomes
more significant in controlling the overall rate of oxide growth.
Although the higher rate of solid-state diffusion no doubt enhances the
rate of formation of growth centres, it would also account for the
increasing role played by surface reactions in growth-centre formation.
At 348 and 388 K, it was concluded (section 5.6.2) that a minimum .
sweep rate must be achieved before diffusion controls the rate of film
growth. This behaviour may be explained as follows. At low sweep rates,
the rate of accumulation of Ag+ in the oxide layer at the Ag|Ag20
interface, and hence the rate of diffusion, is insufficient to maintain
the rate of film thickening above the rate of dissolution due to the higher
solubility of Ag,0. As the sweep rate is increased, the rate of
accumulation allows a rate of diffusion which enables the film to thicken.
Eventually the rate of diffusion is determined by the film thickness and
so limits the overall rate of film growth. The admittance plots shown
in Figure 8.9 for these temperatures clearly demonstrate the presence of
diffusional processes both through the film and in solution.
Assuming that the above hypothesis holds, then it is possible that
at 428 K for a particular potential, a higher concentration of Ag+ at
the metal/oxide interface gives rise to an increased rate of film
thickening which is adequate, even at low sweep rates, to permit limiting
control by solid-state diffusion. Nevertheless, the lack of a Op in
the A'/w¥ plots (see section 8.7.2) indicates that the rate of diffusion
through the oxide has increased sufficiently at this temperature to be

exerting a much reduced influence on the reaction rate.
9.2.4 Peaks A3 and A3'

General behaviour:
In discussing the cyclic voltammograms, changes in mechanism with
temperature may be accounted for in terms of the activation energies for

nucleation and diffusion. The polarisation behaviour at 348 K provides
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some insight into the mechanism at higher temperature. Changes which
take place in the A3 region of potential as the temperature is increased
from 295 K to 348 K were common to both the cyclic voltammograme

(Figure 5.1) and galvanostatic charging curves (Figure 7.1).

However, the latter were considerably more complex and correspondingly
more difficult to interpret. Consequently, the following discussion

is centred around the results obtained from the cyclic voltammograms.

It was concluded that the additional peak A3' was most likely
associated with the formation of Ag202 (see section 5.6.3) but under
different kinetic control from the conversion occurring in the A3 region.
The question then remains as to the differences in mechanism which would
permit the formaticn of A<_:;202 to take place at a different potential,

that is, under a clearly separated peak.

Specific behaviour: ‘

The same shape of current-time transient (Figure 6.1d) at constant
potential is observed over the temperature range which implies that the
overall mechanism for A9202 formation remains unchanged. However, the
complex-plane impedance plots at a potential of 0.5 V (Figures 8.7 and 8.12)
do show some changes which is supported by equivalent-circuit analyses of
the data. At 295 K, such an analysis (section 8.5) showed the presence
of a crystallisation process in which deposition of species at appropriate
sites was assumed to be rate-controlling, but at elevated temperatures
(section 8.6), it was evident that in addition to a crystallisation
process, diffusion within the solid also contributed to rate control.

At 295 and 348 K, it appears that a deposition step may be
responsible for rate-limiting control of the reaction corresponding to
A3. However, A3' is observed at 348 K, and it was found in the ip/V%
plots (Figure 5.3c) that the limiting step in the associated reaction is
a mass transport process. Since this peak occurs at lower potentials
than A3, the A3' reaction is apparently more favoured by the increase
in temperature. When the conversion at A3' which takes place under
diffusion control is eventually inhibited, further formation of Ag202
can evidently occur at A3 but the rate of this conversion stage is
limited by a deposition step.

Since A3' appears with the increase in temperature from 295 to 348 K,
it is possible that the peaks observed in this region at higher temperatures

may, in fact, be A3'. This hypothesis is supported by the diffusional
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behaviour exhibited for the obscrved peak at 388 and 428 X (Figure 5.3c).
Further evidence is provided by the trend in the surface density of nuclei,
E, (Table 8.1) with temperature, this parameter passing through a maximum
at 348 K and decreasing at higher temperatures. In other words, the
decrease in density of nuclei with temperature occurs in conjunction with
the increasing significance of diffusion in controlling the rate of the
conversion process. Nevertheless, the admittance data at these temperatures,
shown in Figure 8.12, are still consistent with a crystallisation process
involving a slow deposition step. Hence, it appears that at elevated
temperatures, both diffusion in the oxide and a deposition process are
involved in controlling the formation of Agzoz.

The potential-sweep curves (Figures 5.1f and 7.le) indicated that
the conversion of A920 is not significant at 478 K. Apparently Ag202
may be formed to a small extent as inferred from the cyclic voltammograms
but it is evident from the latter and the galvanostatic charging curves
that no reduction process takes place, implying that any Ag202 formed
is immediately decomposed or dissolved at this temperature. This behaviocur

was discussed in section 5.6.6.
9.2.5 Peaks C3 and C4

The reduction processes were investigated using only two of the
techniques, namely cyclic voltammetry and galvanostatic charging.
Consequently, the information regarding the kinetics of these reactions
is more restricted.

One feature emphasised by the current/potential (Figure 5.1), and
potential/time (Figure 7.1) curves at elevated temperatures is the
apparently incomplete reduction of Agzo at C3 (section 5.6.4}. As the
tempe;ature is increased from 295 K, the (4 peak began to appear at 348 K
and became clearly resclvable at 388 K. In a constant current study at
room temperature, Miller (141) demonstrated the presence of a dissolution-
precipitation mechanism in the reduction of A9202 (see section 5.6.4).

The thickness of the AgZO layer formed in this process increases to some
limiting value at which the reduction is effectively terminated. At
higher temperatures, dissolution of the A92
may enable reduction to be completed, or at least almost so, at C4. It

0 in the region following C32

was concluded in section 5.6.4 that the reduction process at C4 is the

same as that taking place at C3, namely reaction v shown in section 9.2.1.
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Since the dissclution of Agzo at C3 would be expected to be more
extensive at high temperatures, it is likely that some cther factor such
as the formation of a thicker film also contributes to the appearance
of C4. Although some dissolution of such a film occurs, it might be
expected then that a greater extent of incomplete reduction is present
following termination of the reaction in the C3 region. Hence, a thicker
film may assist in C4 becoming more significant with increasing temperature.
The lack of reversibility apparent from the Ep/ln v plots for C3 and C4
at 388 K is then possibly associated with the thicker film at this
temperature. If it is assumed that the oxide multilayer has the form
AglAgZOIAgZO2 (see section 5.6.6) then a thicker layer of the more
ohmically resistive Ag20 could give rise to IR effects. _

The disappearance of the C4 peak at 428 K is probably attributable
to the increased oxide solubility so that:

(i) the Agzo2 layer is decreased sufficiently for complete

reduction to occur at C3.

(ii) the Ag,0 layer formed by precipitation does not limit

continued reduction at C3.

9.2.6 Peak C2

From the cyclic voltammetry data, the i /v% relations for the
reduction of Agzo (Figure 5.3c) are consistent w1th Aiffusion of Ag ions
probably to the two-dimensional centres of silver formed in the oxide
layer by a nucleation and growth mechanism (79). Although current-time
curves (at constant potential) characteristic of such a mechanism are
exhibited in this potential region (79), diffusion is clearly a significant
factor. It was pointed out that a detailed interpretation of these plots
was complicated by the occurrence of the nucleation and growth process
(see section 5.6.5). However, solubility effects are no doubt significant
as for the other electrode reactions. Indeed, the lowered slope of the
ip/vk plot at 428 K is probably associated with a decreased film thickness
available for reduction relative to that formed on the anodic sweep.

The distinct asymmetric shape of this peak at 478 K has been
commented on previously (section 5.6.6) in relation to the extensive

surface roughening found to have occurred at this temperature.
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9.3 EVALUATION OF THE IMPEDANCE TECHNIQUE

It is desirable initially to determine a spectrum of the charge
transfer processes as obtained from cyclic voltammetry. From such a
spectrum, it is possible to select desired potentials at which to
obtain impedance measurements which may be compared with the results from
other techniques. In the dissolution region for example, the information
obtained from impedance measurements was found to be quite consistent
with that indicated by potentiostatic and potential-sweep methods, namely,
evidence was provided for the presence of diffusional processes. However,
the impedance technique clearly demonstrated a number of advantages:

(i) A feature only inferred from the other methods and furthermore
only at 478 K, was the effect of surface roughness of the
silver electrodes. Using the impedance method, it was
possible not only to detect, but also obtain a measure of,
the roughness by estimation of a roughness coefficient g.

(ii) c, is evaluated more readily from this technigue since its
determination relies only on D, whereas a lack of data for
additional parameters hinders the evaluation using the other
techniques.

(iii) The double-layer capacity may be readily obtained, in principle
throughout the regions where charge transfer is taking place,
in contrast to the other techniques in which it is usually
determinable only from currents in the double-layer region of
potential-sweep curves or from the initial section of over-
potential-time transients at constant current. In particular,
the double layer capacity may be measured, in many cases,
throughout the passive region where in the case of silver,
lower values are coincident with the growth of the oxide layer.

(iv) In the passive region, the separate diffusion processes within
the solid and solution are demonstrated simultaneously and in
addition, the presence of nucleation processes may also be
evident. Although potentiostatic studies would normally
indicate nucleation by a current-time curve exhibiting a
maximum (see Figure 6.1d), exceptions occur as in the case
of silver; falling current-time transients continue to be
observed at elevated temperatures, yet the impedance data show
that nucleation (crystallisation) processes become more

prominent.
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Perhaps one of the most significant advantages of the impedance
technique is that it requires an equivalent circuit for an analysis,
Such a circuit is strictly only equivalent, in terms of its properties,
to the system studied. Nevertheless, it is possible to rationalise
the electrode polarisation behaviour, for example with temperature, in
relation to the parameters of the equivalent circuit.

The obvious disadvantage with this technique as used potentiostati-
cally, is that an examination of reduction processes is not possible,
although the cathodic sweep has been investigated by potentiodynamic

impedance methods (182).

9.4 FUTURE RESEARCH

It should be emphasised that the explanations suggested for the
polarisation behaviour observed for silver at elevated temperatures are
often probably not the only ones possible and the interpretation of
this behaviour, in such cases, is provisional depending upon further
information. In particular, the reactions giving rise to the additional
peaks and arrests in the cyclic voltammograms and galvanostatic charging
curves, respectively, require more evidence as to.the nature of the overall
processes. Notwithstanding the difficulties in using rotating-disc
methods at elevated temperatures, such studies may well provide the
necessary data.

Although studies have been conducted on cther metals such as
copper (127), nickel (44,134,157) and iron (18,133,158) in aqueous
solutions at elevated temperatures, various features of their reaction
mechanism remain unclear. These studies have usually employed one or
more of either cyclic voltammetry, galvanostatic or potentiostatic
techniques. The application of the impedance technigue as demonstrated
in this research, indicates that its use can be extended to the
investigation of other metals which exhibit more complex polarisation
behaviour than silver. Such an extension would be particularly
advantageous for those metals and alloys having corrosion problems

that are important because of their industrial significance.
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Appendix 1

Computer (Fortran) Program To Perform

Thermodynamic Calculations

FREE ENERGY OF CHEMICAL SYSTEMS

A wemeeaau ACTIVITY UF SFECIES
ADD ==e=SOLURILLITY FRUM INRLVIDJUAL REACTLOWN
AP o==w=| G 0OF ACTIVITY/SOLUSILITY CALCULA'ED
ARN ====REACTIUN ACTIVITY CALCULATIUN INDIVYATOR
C ====e=COEFFICIENTS LF EOTw ECTI = C(1) + CC2)%LUGLPRODUCT) +
CO3)*LUGCREACTANT) + CC4)xpr
OR OF NHaPH=C(1) + NR*LOGCREAVTANT) = NPxLuUG(PRODUL’
CC wew==(CRISS AND CUBELE ENTROPY PARAMETERS
CP om=w=COEFFICIENTS UF SPECIFIC HEAT EQUALLON
SPeHTe=CPC1Y) + CH(2)xleb=3xl ¢+ LP(3)%]eEoxTrx(=2)
DG ===«==FREE ENLKuY UF REACTION
EL ==w==p | EMFNT OF COMCERRN
FoomeeesPARADAY CUNSTANT (Cal/ZVuLT)
GCITAISIGIBES FREE ENERGY ,
ILM ====NUMGFR UF LINES OF ACTIVITY/SOLUBILLTY UUTPUT REQUIRED TI
CuVER PH RANGLE
IPS ====pPRUDUCT SPECIES CuDL
IR =====REACTIUN [NUEX
IRS ====RFEACTANT SPECIES CUDE
IS ==mewagPFCIES INDEX
15C wesegn| PITLITY COUE
10 ==TuyNIC WITH CP COEFFICIENIS
11 “'CATI[]I\I‘
12 ==S[(MPLE ANION + (OH=
13 ==0XYANION
1d =« ACID OXYANION
20 ==SulLID
30 ==GAS
ISRINS»I) REACTIUN NUMBERS REQUIRED FOR SOLUBILITY ULETERKMINATION
OF SPECIES NS
ISSINS) SPECTES NUMuEHK FOR aHdlCH SOLUBILITY IS TO 8t DETERMINED
IT =e=ea=TEMPERATUKE INDEX
LXDX =e=NUYHEP UF UNITS INCLUDED IN PH RANWE
M sess«=DENUMINATUR OF LOG ufF ACTIVITY CALCULATED FrOM PH LQUATI(
NH e=seeNUMHBER 0OF MULES H+
NHZ2 ====NUMBER UF MULES H?
NH20 ===NUMUBER UF MULES Hz!
NEGATIVE wNuMBEX OF MULELS EFFECTIVELY CHANGES THE
WORMAY, REACTANT=FPRGLULT RULE UF THAT SPECLES IN THE EQTNG
REACTANT + H+ + H2 ==<> PRUDULT + H20
NP ==e<anNUMBER UF SMULES PRUOJUCT
NR emeasean MEFER (OF MULES REACTANT
NRS ====NUMHFR UF RLACTIUND USEU TJ CALCULATE SuLusiLITY OF
NS =wmaaSOLUSTILITY SPLCIES INDEX o SPECIES
NSS ====nNUMdFER UF SPECIES REQUIKING SOLUBILLTY VETEKMINATION
PH ==w===NEG LOG ACTIVITY H+
PH2 =wmeeHdYDRUGEN GAS PHRESSUKE

R mumeaeeIDEAL GAS CUNSTANT (J/G MOLE DEG K? 3
RM =e===<DENOMINATUR OF LOG UF SULUBILITY CALCULATED FROM POTENTIA
EQUATION

§ wmmws=ENTRUPY AT 25 DEG C
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SPEL ===SPICTFS nNAML

SPECCL1)=H+

SPEC(Z2)=H?

SPEC(3)=~H2U

SPEC(4)=~(2

S§ ==meuepb NTROPY 0F SPECIES AT TEMPERATURE

T vemeana TEMPERATURE»(DEG X))

XMIN =ea=MIN[MUM FOR PH AXI[S

{ s====cfFORUULA UNITS UF ELLCTRUNS TRANSFENED IN KREACTTUN

sEeNeoNsoNeoNeoNRaoN oo Nel

LOGICAL aRN(50)
DOUBLE PRECISION TYPEC3)

[

DIMENSIUN CCC4»14)5TSCC30)sCPC3),A030)02TC7)sS5C7)sIRSES0)sNREG

L NHOS0) s NH2CSU) s IPSCS0) s NPCS0) s NHRUCB02 206075500 s
2 CC5054),PHACS)SAACS)»GUT 208 TTC7)21SKCL19520)»

3 ISSC20)NRSCLS)sPH2(S0)sSPLCC30),TY(3)

REAL LXUXe XML

DATA TYPE/'SULUSLE SOLIW GASEUUS '/

DATA T/72984»333e237342423¢247302523005730/3F/230006978R/14986°

DATA TT/'296%5'333"»"373",'423 5 473"'5.523%»%573"/
DO 5 I=1s50

5 ARNCI)=¢FALSE.
READ (5,1000)kL

1000 FORMATCAGL)
READCS» 1001 ILXDAs XMIN
1001 FORMAT(2F10.0)
TLM=INTCC2%LXOX + 1)/5 + (0ev0)
READCS»1002)CCCCCIrsddsd=lsladslz) e
1002 FURMATCLUFS.3)
WRITEC6s2000)

2000 FURMATC'1 ")
2001 FURMATC///77)
WKITECH6,2002) )
2002 FURMATC(2Xx, "SPECIES"»3Xs"TYPE'»5Xs "FREE ENERGY 25C"»4Xp
1 "ENTROPY 25C s 7Xs"CPC 51)'28X»"CPC 522'58Xs"CPL 53)'56Xs
2 "ACTIVITY'/)

C READ DIRECT G VvSe T VALUES
o
1S5=1
70 READCS»1004)SPECCISI»ISCCIS)sCGOIToIS)I»IT=1s7)sACIS)
1004 FORMATCAG»UX2 12, 3X064F1500/3E1560023K0E40240)
IFCISCCIS)WECCO)GU TO JU
WRITECG6,2005)5PECCIS)s TYPECLSCCIS)Z10)02uCL,L18)0ACIS)
2005 FURMATCIXsA0,4XsAl0sF1546260X2E1546)

IS=15+1

GU TO 70
c
C OBTAIN DATA FOR EACH SPECIES
C

10 READCS»1003)SPECCIS)rISCCIS)IrSsGUL2IS)?(CPUL)»1=153),AC018)
1003 FURMAT(AG;QK;IZ'FUGO’bElB-O)
IFCACTS)eFUWOYALIS)=]
IFCISCCIS)I2065220
20 IFCCPCL)eNEsCOQIGU TO Su
C
C CALC FREE ENFRGY FOQr IUNIC SPECIES
C



HRITECEs2003)5PECCTSY s TYRPECLSCOLSIZL0) 2001 1lS)assnlLS)
FURMATCLIY s A AAp ALOS P LD0b0uS X2t 1566)

Du 30 IT=1.7

SSCITI=CCCISCCIS) =10, 1T) + S#CCCISCCOISI=1021T+72

DU 40 IT=2s7

GCITAIS)=GC1518) + S6CLI*TCL) = SSCLTI®TCIT) +

1 (SSCITY = SSCLIIwlTCfT) = TC12)/Z7ALUGCICITIYI/ZTCLY)
15=15+1

GU TO 10

C FREE ENERGY FOR NON=TONIC SPECIES

CP(2)=CP(2)%x]4E=3

CPC3)=CP(3)xlst>

WRITEC6,2004)SPECCIS), TYPECLSCCLISI/L0)2 G108 )0aSs (CP{I)aI=]s
1,a018) ,

FURMATCIX» A624X2A1056F1266)

DU 60 IT=2»7

DT=TCIT)=T7TC1)

GCITA2IS)=GCU1s[S) = S%DT + CPULI*(DT=TCLT)*ALOGCTCITIZTCLY))
1 CPRU2D#DTwwg/2e + CPUI*(24/TCL)=TCITI/ TC1)*w2=1e/TC1T)Y/2
IS=15¢1

GO TO 10

C OUTPUT G VSe T TABLE

2003
30
40
C
C CaL
C
50
2004
60
C
C
65

I5=18=1
WRITEC652001)
WRITECAHE»200060TT

2006 FORMATCL1X, "FREE EWERGY VSe TEMPERATURE/70X»'DEu KELVIN'/13X

2007
o
C REA
C

2008
90

1005

2009

100
110
120
130
140
150
160
170
180
190

1 7C13X=2A3)72
WRITECH6,200/ ) T»SPECC[)»(GCU»I)sd=ls?7)2l=1s135)
FORMATCLIX» 1255XsA62uXs71be6)

D AND WRITE KEACTIUNS

WRITEC6,2091)

WRITE(L:2004)

FORMATCLIXs "HEACTIUONS' /)

IR=1
READCS21005)IKSCIRIsNRCIRIsNHCIR) »NH2CLR) 2 IPSCIRIANPCIRE S
1 NHZ20CIR)»Pr2(IR)
FORMATC(7IS» 304 10.0)
IFCIRSCIRI)«EQeO)GO TO 300
IF(PH?2CIR) e EQe Ve JPH2(IRI=160
WRITE(65,2009) iR

FURMATC/1X2 0203 7)

JPP==]

IFCNKRCIRIIT10,1200100

CALL RITECIPPsNRCIR)SSPLCCIKSCIRY))
IFCNHCIR)IL130,1302120

CALL RITECIPPsNHCIR)sSPECCL))
IFCNHZCIR)IISU» 1508140

CALL RITECIPPsNH2CIR)SPLECC(2))
IFCNPCIRIYLIG0,1705170

CALL RITECIPPs=nPCIR)»SPECCIPSCLIR)Y))
IFONHRUCTIRIILIBO» 1905100

CALL RITECIFP,»=nNH2UCIR)»SPEC(3))
CALL ARRUWCLPP)

IPP==1PP=}

IFCNRCIRDIIZ20022104210
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200 CALL RITECIPP =uRCIRYLSPECCLIRSCIRYD))
210 TFONHCOLIR))Z2202230-,230
220 CALL RITFCIVMP,=23HCIR)SMECCL))
230 IF(NH2CLIR)IZ2U4052508250
240 CALL RITECIPPs=uHZ{TIR)»SPECC2))
250 IFUNPCIR))IZI0227022060
260 CALL RITECIPPs»NPOIR)»SPLC(IPSCIRY))
270 IF(NHZ2UCIRII290s 2900280
280 CALL RITECIPP,NHZ2UCIR)»2PECC3))
290 IR=IK+1
GO TO 90

a0

CALC FREE ENERGY (OF KEACTIUN

300 IR=IR=1
IFCIR eLECs 0) GU TU 650
WRITEC(H,2001)
WRITECO2010)TT
2010 FURMATCLX, "FREE ENERGY UF REACTION VSe TEMPERATURE'/
1 68Xs'0DEG RELVIN"/7Xs 'RLACTLONT»8X2A350013X5A3)7)
DO 320 JR=1s]K
DU 310 1T=1»,7
310 DGUCITHURI=APCUIRI*GCCITLIPSCURIY ¢ NHZO(YIRIXGLU[Tr3) =
1 NRCOCIRIAGCITsIRSCURY) = NHCOJRI*GCITr1) = NHZ2(JURI®G(L1T»2)
320 WRITECO6,2011)JURs(DG(TIsdr)YsI=1,T7)
2011 FDRMAT(]OX}IZ;3K}7E¥6.0)
C
C READ SOLUBILITY INFURMATION
C
DO 325 I=1s520
325 READ(S»10C62END=3262ISSCI)sNRSCI)pCISROYITIATII»II®1oNSCLIY)
1005 FURMATC1615)
326 NSS=]=1
IF(NSSeLE.OXGU TO 328
DO 327 Ll=1»NSS
DO 327 II=1snirSC1)
327 ARNCISR(TII»1))=eTRUE,
3728 DU 640 IT=le7
¢
C CALC PH OR POTENTIAL EQUATIUN CUEFFICIENTS
C
WRITEC6,2000)
KRITEC6,20120ELTTCIT)
2012 FURMATCIX, "POTENTIAL=PH EQUATIUNS FOR REACTIONS OF "»A10,Y A7
1 A3s' DEG K'"//14s *REACTILION'Z)
DO 350 JrH=1s1K
Z=2exNHP(JR)
1F(Z)330,340»330
330 COURM1I==DGCITeURI/(Z%F)
CCURS2I==26303ax*TCITI*NP(JIR)/CL2F)
CCOUR23)=2,303xnxTCIT)aNRCJRI/Z(CLRF)
IFCIRSCUR) = 103363352336
335 COURsuI=nC(JRSs 3
ClURP3I=040
GU TU 337
336 COJR,U)==2 43034+ TCITI®UNHCURIHZ)/CL%F)
337 WRITECOH,2013)UReITCIT)IsCCURIT1IPCEURA2I#SPECCIPSVIRIIACUURSZ),
1 SPECCIRSCJINIISCCIRsG)
2013 FURMATCAX,12,4Xs"EC 3 A3,") ='5E12.92" * 'HEL2452"(LULTI" 210,
L ")) 4 '"HE1269s ' CLUGC Y2 R100")) + '2EL2e¢52 ' (PHI")
GO TO 350
340 CCURpII==NGlITsuRIZ(243U3%«RATCITY)
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WRITECH,2014)dR WHOURIBLE RS L) a NRCIRIGOIPECCIRS(UR)

® s




630
635
640
650

10
1000

20
1001

30
1002

40
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WHITECO»2017)(PHACI) saAld)sd=105)
IF(AA(S) al.t“o 10&;"2“; elird e AA('.)) ‘GE.

CUNTINUE
CUNTINUE
CUNTINUE
WRITEC(6,2000)
Call EXIT

EnD

SUBRUUTINE RITECI.

SIGN="'+"

IFCL JLEs 0XSIGu="
T=IABSCI) + 1}
J=l=1

MNeNAM)

GU TO (10,20,30540s50560)5J

RETURN

RETURN

RETURN

1003 FUORMATC "+ 'sSunrsnls

50
1004

60
1005

RETURN

RETURN

RETURN
END

WRITECGE,1000)S51GNsNpNAM
FORMATC Y« 5 3Xs Al 13 ('onbs') ")

WHLITECOH1001)STaNsNs NAM
FURMATC 42 20XpA12 13, C 5062") ")

WHITECHL1002)STaNsNsNAM
FURMATC '+ 53722 nlsl3,'("5A6s"%) )

WRITECO,1003)STaNsNsNAM

T3,%C'sA65') ")

WRITEC6,1004)STaNsNsNAM
FURMATC '+ s71x0A1, 1350 5065') ')

WRITEC(A,1005)51GNsNsNAM
FURMATC  +'58uXsalsl3s'(sa6s%) ")

SUBROUTINE ARROWCI)

GU TO (20530240550)s1=1
20 WRITEC(g21000)
1000 FURMATC "+ '20Xs"

RETURN

30 WRITEC(6,1001)
1001 FURMATC'+'»37X,"

RETURN

40 WRITECOHs1002)
1002 FURMATC'"+'»54X,"

RETURN

50 WRITEC(6,1003)
1003 FURMATC Y+ ' 57 1xs"

RETURN
END
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Appendix 2

Calculation of a Reduction Potential

Consider the half-cell reaction

- +
Ag0 + 2H + e = Ag + H,0 (x)

2
If the reduction potential is measured with respect to the SHE, the cell

reaction is

28g0” + 28" + H, = 2Ag + 2H,0 (2)

A calculation of 3253 for this reaction will be performed using the

method proposed by Macdonald (see section 2.2.2). The first step is to

evaluate A§98'fGG for each species. The following data is available for Ag:
¢ - 21.30+8.54X107°T + 1.51x10°T 2 J KT mo1”*
SSog = 42.55 3 K1 mo17t
A Cgy = O kI mo1 ™t

4 & . ¢
Since CP is known, equation 3 may be used:

o
¢
T =3 o < i 2] T ©
= - - - — + c” 4ar 3
Brog,£6 = BgBrgg = Sygg (T-298) szge o fzee b (3

Substituting the appropriate values yields

wid 5 =2
473 43 .30+8.54x10 "T+1.51%10°T )
aey G® =0 - 42.55(473-208)-473 [  {21:30¢8.54X10

95,f 298 i i

473 o _
+ [ (21.30+8.54x107 T+1.51x10°T" %) dT

ar

-

1

-8.56 kJ mol
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A heat capacity function for Ago— is not available and Ai

043
298,£¢ *°F
this species must be evaluated from equation 4:
AT e _ A © _ 59ac® T-298 e _ &
298, £° £%208 = (TSp = 2985,9¢) * 117208 G ™ S208! (4]

A value of S§98(Ag0_) has not been reported but it may be determined from

the equation of Connick and Powell:

S-S

1l

182.0-194.6(|2| - 0.28 n ) (5)

For AgO-, the number of oxygen atoms, no=l and the charge, Z= -1 and
therefore S° = 41.9 J K-l mol_l. To use thig value in the Criss and

Cobble equation (7), s® must be converted to the absolute scale.

SG(conventional) - 20.2 2 (6)

62.6 3 K ¥ mo1™t

Se(absolute)

The constants, a and b, in the Criss and Cobble equation

e _ 2
ST = a + b5298 (7)
; -1 -1 2 .
for oxyanions at 473 K are -280.5 J K ~ mol = and 2.020 (dimensionless),
respectively.
Therefore S5, = ~280.5+2.020%62.8

-153.7 3 K L mo1”t

1

7 ’ . -1, . ,
Substitution of this value and Afdggs (= -23.1 kJ mol ) into equation 4

yields
r ]

473 - 298

i el tppacires i ] =
1n(473/298) (r153.24628)

= -13.7 kJ mol ™.
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X + ;
A value of A“73 fG for H has been evaluated previously by Macdonald
8

(see section 2.4.3), while the corresponding values for H, and H,O may

2 2
be determined using equation 3.

A“73G (H)) = 0 + 130.574(473-298)

-3 5, ~2
473 X
- g73 (77 (27.28+3.26X10 T140.50x10717%)
298 T
473
=3 =
+ f (27.28+3.26%X10 “T+0.50 X 10°T 2) 4T

-24.12 kJ mol *

473
-237183 + 69.92(473-298) - 473 [, 15:291 av

473
A T

G (H 0)

473
+ [ (75.291) 4T
298 g

-252.69 kJ mol +

The free energy change for reaction 2 may now be evaluated.

AGT =2 x A*7? c®(ag) + 2 x A*73 ®m.0) - 2 x A*7? _G®(ago)
298, £ 298,f 2 298,f
-2 % ' Pwhy - A*7 O (8)
298,f (H) 298,fF 2)
= -465.8 kJ.
To obtain the reduction potential at 473 K as a function of pH,
equation 9 is considered.

’AGg 2.303RT 2.303 X RT (5)

- = -~ - pH 9

E, == = [blog ap - alog aA] == p

Since a(H20) and a(Ag) are both aséigned as unity, and for reaction 1,
the number of hydrogen ions, x=2 and the charge transferred, n=1l, then

E,,, = 2.41 + 0.094 log[a(Ago )] - 0.188 pH.

473
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Appendix 3

Diffusion from a Cylindrical Surface

The problems of cylindrical diffusion can be treated in terms
of linear diffusion under certain conditions (166). Provided that the

following condition holds

DL 2 30>

where D is the diffusion coefficient, T is the time elapsed since the
beginning of electrolysis and r is the radius of the electrode, the
error in calculating the current in the initial stage of an electrolysis
at constant potential from the equation for linear diffusion is less
than 5%. Taking D = 10"5 cm2 s_l and ¥ = 0.25 cm, the error does not
exceed 5% if T is less than 19 seconds. The time corresponding to

the ascending branch of a peak in cyclic voltammetry is generally

less than 10 s for this work and consequently the treatment for linear
diffusion can be regarded as a good approximation for cylindrical

diffusion.
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Appendix 4

Calculation of DF using the Nernst-Einstein Equation

The diffusion coefficient, D, of an ion may be obtained from

the Nernst-Einstein equation (167,204)

RTA

(1)
zF?

where 2 is the molar conductivity of the ion and z is its charge.
+ :
If Ag ions are assumed to be the charge carriers, then a component

of ionic conductivity corresponding to migration of Ag+ ions may be
: 5 . -6 -1
estimated from the conductivity of Ag,0, 10° s m (120) .

From equation 2

\Y%

Magh) =« x 'm (2)
2

6

: o - = =41 .
where K is the ionic conductivity, 10 Sm , and Vm is the molar

3

volume of Ag,0, 32.7 cm mol_l (see section 8.4.2),

A(Ag+) = 1.64x10"1t g p? mol-l. Using this value of A(Ag+),

DF for Ag+ at 295 K may be calculated from equation 1:

8.314x295x 1. 64x10" L1

lx(9.65x104)2

Gaa e 2 7,
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