INFORMATION TO USERS

This manuscript has been reproduced from the miéroﬂlm master. UMI films
the text directly from the original or co.py submitted. Thus, some thesis and
dissertation copies are in typewriter face, while others may be from any type of
computer printer.

The quality of this reproduction is dependent upon the q‘uality of the
copy submitted. Broken or indistinct print, colored or poor quality illustrations
and photographs, print bleedthrough, substandard margins, and improper
alignment can adversely affect reproduction.

In the unlikely event that the author did not send UMI a complete manuscript
and there are missing pages, these will be noted. Also, if unauthorized
copyright material had to be removed, a note will indicate the deletion.

Oversize materials (e.g., maps, drawings, charts) are reproduced by
sectioning the original, beginning at the upper left-hand comer and continuing
from left to right in equal sections with small overlaps.

ProQuest Information and Learning
300 North Zeeb Road, Ann Arbor, Ml 48106-1346 USA
800-521-0600






EFFECTS OF HIGH PRESSURE
- ON ELECTROCHEMICAL PROCESSES

by

John Carleton Currie

A thesis submitted to the School of Graduate Studies in
partial fulfillment of the requirements for the degree of

Ph.D. in Chemistry

UNIVERSITY OF OTTAWA
OTTAWA, CANADA, 1977

ow
SCIENTIAE
[#]

I

el
aN
4y ';‘.'»\"’

Ottawa, Canada, 1977

— e

I

rrr sanss -




UMI Number: DC52523

INFORMATION TO USERS

The quality of this reproduction is dependent upon the quality of the copy
submitted. Broken or indistinct print, colored or poor quality illustrations and
photographs, print bleed-through, substandard margins, and improper
alignment can adversely affect reproduction.

In the unlikely event that the author did not send a complete manuscript
and there are miséing pages, these will be noted. Also, if unauthorized
copyright material had to be removed, a note will indicate the deletion.

®

UMI

UMI Microform DC52523
Copyright 2007 by ProQuest LLC
All rights reserved. This microform edition is protected against
unauthorized copying under Title 17, United States Code.

ProQuest LLC
789 East Eisenhower Parkway
P.O. Box 1346
Ann Arbor, Ml 48106-1346

g



PREFACE

The efficient generation of electrical and thermal energy has become
an important scientific, as well as a political, issue in recent years. The
development and use of new types of energy sources for supplying large
fractions of the population with thé necessary energy requirements 1is
expected to occur in the future. However, electrical power sources such
as fuel cells, high temperature and seawater-activated batteries have already
been used in specialized applications during the past decade.

The development of the seawater-activated battety for use in deep
marine environments has led to interest in the pressure-dependent behaviour
of this and other types of electrochemical power sources. The evaluation
of the electrochemical behaviour of the Pb, PbC]2 electrode (the cathode in
theMglseawaterleC]2 battery) as a function of pressure served as a starting
point for the high pressure electrochemical studies described in this thesis.
Naturally, this led to the evaluation of the behaviour of reversible
electrodes for possible use as reference electrodes at elevated pressures.
Since volume changes occurring in electrochemical processes can be easily
determined from the pressure coefficient of EMF (reversible processes) and
of electrochemical rates (activation controlled processes), investigations

on several electrode processes of more fundamental interest were initiated.

One of the problems of current interest in fundamental electrochemistry

is the mechanism of electron transfer to or from ions and the nature of
the associated "solvent reorganisation" which constitute the activation
process in such reactions. The study of effects of pressure on such
processes provides new information on the activation process through _
evaluation of the volume change associated with it. This volume change

should have different values depending on the mechanism of activation
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assumed. The study of the effect of pressure on the Fe(CN)63- + e —
Fe(CN)64' reaction enables useful new information to be obtained on electron
transfer in a redox couple, especially on the nature of reorganization of
the solvent during the activation process.

Another topic of current interest is the nature of the states of
electrochemically deposited atoms in monolayers at electrodes, e.g. H and OH
at Pt. A study of the influence of pressure on these processes at Pt
and Au enabled the volume changes associated with OH deposition at Pt and
Au, and H deposition at Pt to be evaluated.

Most of the work described in this thesis is in course of publication,

as indicated in the following list of papers:

1) Significance of Effects of High Pressure on the Kinetics of Electrode
Processes: Part I: Applications to Transition States in Hydrogen
Evolution Reaction Mechanisms, B.E. Conway and J.C. Currie, J. Electro-
chem Soc., submitted for publication.

2) Significance of Effects of High Pressure: Part II: The Nature of
Solvent Reorganization in the Activation Process of an Electrochemical
Redox Reaction, B.E. Conway and J.C. Currie, J. Electrochem. Soc.,
submitted for publication.

3) Significance of Effects of High Pressure: Part III: Reference
Electrodes for High Pressure Studies and their Pressure Coefficients
of EMF, B.E. Conway and J.C. Currie, J. Electrochem. Soc., submitted
for publication.

4) Temperature and Pressure Effects on Surface Processes at Noble Metal
Electrodes: Part II: Volume of Adsorbed H and Oxygen Species at.Pt
and Au; B.E. Conway and J.C. Currie, J. Chem. Soc., Faraday Trans.I,

submitted for publication.
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"ABSTRACT

The significance of effects of pressure on the kinetics and
equilibria. of chemical processes in the condensed phase has been

known since the time of van't Hoff. The use of pressure as an extra

variable has become an integral part of kinetic and related studies on

reactions over the past 25 years.. However, interest in the
behaviour of electrochemical processes as a function of pressure is
of more recent origin( <10 years): consequently, experimental data
are relatively scarce. This thesis describes the pressure dependent
behaviour of a variety of electrochemical reactions of fundamental
and practical interest.

The pressure coefficient of EMF of several electrochemical cells
comprised of two reversible electrodes is evaluated in order to
determine their suitability for use as reference electrodes at
elevated pressures. The electrochemical cells examined are:

Pt,H2|0.5 M HZSO4|Pd-H,Pd

Pt,H2|].O M HC1|Pd-H,Pd and

Pd,Pd-H|HC1|AgC1,Aq.
The pressure coefficient of EMF of each electrode cell is converted
to the partial molar volume change for the corresponding overall cell

reaction. The partial molar volumes of Pd-H,H in Pd and of H. itself

2
in solution are also evaluated. The reproducibility of the measured
pressure coefficients indicates that the Ag,AgCl and Pd-H,H+
reference electrodes are the most suitable of those evaluated for

use at elevated pressures.
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The effects of high hydraulic pressures on the kinetics of
electrode reactions are complex because of (a) the variation of
reference electrode potentials with pressure so that only an
apparent volume of activation can be directly measured experimentally
and (b) dependence of coverage by adsorbed %ntermediates, such as H,
with pressure. Methods for dealing with these problems are treated
and the significance of measured apparent volumes of activation for
the hydrogen evolution reaction is discussed in terms of the nature
of the transition state for proton transfer and neutralization. The
negative true volumes of activation found for the cathodic H2
evolution reaction under some conditions are attributed to increasing
electrostriction of the proton in the HQOZ complex as the transition
state is formed.

New informatfon on the nature of the solvent reorganization
process involved in formation of the transition state in an
electrochemical redox reaction [the Fe(CN)g' /Fe(CN)g_ couple] is
given by studies of the kinetics of this process at high pressures
in aqueous solutions at Au. The apparent activation volume is
evaluated together with the true volumes of activation for the
forward and reverse directions of the redox reaction. By means
of calculations of the electrostriction associated with the long-
range dielectric polarization in comparison with that associated
with ion-solvent interaction in the primary hydration shell, it is
shown that the activation process must be mainly (75%) due to short-
range solvent reorganization in the primary shell. This is contrary

to what has often been assumed in the interpretation of the energy

b e e
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of activation of fonic redox reactions. The experiments also allow

some deduction to be made about the "symmetry" of the transition states

in electrochemical reactiors in comparison with that in the
corresponding homogeneous reactions,in so far as solvent

reorganization is concerned.

The multiple states of electrosorbed H and oxygen species at Pt,
which arise befow monolayer coverage, are of current interest in
electrochemical surface science. Experiments on the effects of high
hydraulic pressure on H chemisorption and surface oxide formation
at Pt electrodes are described. “Clean" electrochemical surface
studies can be performed in a shrinkable teflon vessel, under o0il,
up to several thousand bars. The results of these experiments enable
the equilibrium volume changes for electrodeposition of H and
surface oxidation of Pt to be evaluated, allowing for the effect of
pressure on the potential of the reversible reference electrode used.
The volume of electrodeposited H is found to be ca. 5 cmsmo]']
value substantially larger than that for sorption of H into (o + B8)

Pd-H but similar to that of H covalently bound in aliphatic

hydrocarbon methylene groups.

The pressure effects on surface oxidation arise from (a) the
volume change in the surface oxidation reaction itself and (b) the
volume change in anion specific adsorption which controls, in part,
the potential for onset of surface oxidation of Pt and Au electrodes.
Semi-quantitative interpretations of the observed behaviour are

offered.

at Pt, a

y v

o L3Sy
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The electrochemical behaviour of the formation and reduction of
surface active films such as PbC]2 and PbSO4 which are formed, in part,
by a dissolution-precipitation mechanism followed by film growth and

passivation are expected to be dependent on pressure.

The formation and reduction of PbC12 is examined by cyclic
voltammetry at 1, 1102 and 2204 bars; the corresponding anodic and
cathodic chargés, QA and QC’ indicate that pressure reduces the
amount of charge required to passivate the Pb surface. This
behaviour is related to the presence of solution-soluble Pb
complex ions, PbC]ﬁ'n, the partial molar volumes of which are large
enough to reduce the solubility of PbC]Zat e1evated pressures.

This behaviour is confirmed by the decrease of the dependence of

the ratio QA/QC on the cathodic sweep rate at elevated pressures.

Further examination of the electrochemical behaviour of PbC]2 at
ambient pressure indicates that more than one type of surface species
is present in the passivating film under certain conditions.

Rotating disc electrode(RDE) and holding experiments present a
complicated picture of the composition of the passivating film. It
is postulated that the surface species are either two types of PbC'l2

of differing crystal size or a basic Pb salt, in addition to PbC]Z.

The effect of pressure on the solubility of PbC]2 in H20 is
examined by conductivity measurements and discussed in terms of the
existence of the ion-pair, PbC1+. The pressure coefficient of the
molal dissociation constant of PbC]+ and of the solubility product
of PbC]2 are evaluated; the results are related to the partial molar
volume change for the respective chemical processes. The partial

molar volume of PbC]+ is also evaluated.
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The electrochemical behaviour of the Pb,PbSO4 electrode at

elevated pressures is examined and compared to that of the Pb,PbC]2

electrode. The increase in the amount of charge required to passivate
the electrode surface as the pressure is elevated is related to the
large increase in the solubility of PbSO4 and to the ability of PbSO4

to form highly: supersaturated solutions.




CHAPTER 1

INTRODUCTION

General Introduction

The rates of chemical reactions are a function of concentration,
temperature and pressure. The majority of experimental studies has
utilized reactjon orders and quasi-thermodynamic activation data to
characterize the kinetic behaviour of chemical systems of interest. While
experiments at high pressures have been known for over 150 years, little
work on pressure as a variable in the study of chemical processes in the
condensed phase was published until the 1950's. However, the pioneering

! led to a basic understanding of the effect of high

work of Bridgman
pressure on the physical properties of matter in addition to improving

the state of high pressure technology. The recent generation of interest
in pressure as an extra variable in chemical kinetic studies was stimu-
lated by the Discussion of the Faraday Societ_y2 in 1956 and the publica-
tion of Hamann's book "“Physico-Chemical Effects of Pressure"3 (1957). The
availability of high pressure equipment at a modest price has expanded

the number of research laboratories utilizing pressure as a variable from
a handful in 1950 to several hundred at the present time.

The effect of pressure on chemical rate constants3’4

5

was originally

formulated by van't Hoff in 1901. Evans and Polanyi®, in 1935, developed

this treatment in terms of the "absolute rate theory". The variation of
the rate constant with pressure was related to the volume of activation

AV*. The significance of avt has been discussed by Evans and Polanyi

4,7,8

and by Perrin® (1938) and, more recently, by Laidler 9

and by Whalley
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in relation to the entropy of activation, asT,

Research on effects of high pressure on e]ecfrode processes is
one of the newest aspects of high pressure chemistry. Interest in this
approach has grown since the pioneering work of Hi]]s]0’11’]2’13’]4
and co-workers at mercury electrodes in the 1960's, to include studies
at solid electrodes (Heus]er]5 et al., Va]ev'iote]6 et al., Conway]7)
and theoretical treatments of AV:F in electrode processes (Barnartt18,

19, Krishta]iklg, and Parsonslg).

Hi]]slg, Conway

The variation of the electrochemical rate constant (usually
expressed in terms of the exchange of current densi ty io,) with pressure
s related to the volume of activation in a manner similar to that for
chemical reactions in the condensed phase. Pressure effects arise in
electrode reactions because there is (a) a finite volume change in the
activation process in the kinetics (irreversible process) of the reaction,
e.g., the electron transfer step and (b) in any quasi-equilibrium step
preceding the rate-determining step. The effect of pressure on the
electrode potential of a reversible process is a consequence of the finite
equilibrium volume change in the overall reaction.

Application of high pressure to electrochemical systems can provide
valuable information hitherto unattainable by other physical methods.

Examples of particular interest are as follows:

20,21,22,23

(i) Electron Transfer Reactions: Recent theories of electron

transfer in electrochemical fonic redox reactions have treated the process
in terms of either (a) Tong range fluctuation of Born solvent polarization
(polaron model) about the ion, or, (b) short range readjustment of ion-
solvent interactions in the primary or inner-coordination sphere about
the jon. Both these activation effects have been termed "solvent reorgan-

ization" and the reorganization energy is a large contribution to the
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total activation energy, A corresponding volume change ‘term must arise,
but will be different in models (a) and (b). Hence, the nature of solvent
reorganization in the activation process for redox reactions may be
elucidated by determining the volume of activation for a simple redox

Process at an inert electrode interface.

(i) Atom Transfer Reactions: In atom transfer reactions such as arise

in electrochemical gas evo]ution]3’]5, e.g., cathodic hydrogen evolution,
metal depositidn etc., a different situation arises as one or more charges
are annihilated (or created in the reverse reaction). The case of the
nature of the transition state of the H2 evolution reaction is of special

interest and will be treated in some detail in Chapfer 4,

(i11) Electro-Active Film Formation: A number of electrode reactions

exist which involve the transient formation of a sparingly soluble phase,

e.g., PbSO424’25’26’27 or PbC1228’29’30 at a Pb anode. This type of

film is believed to be formed in part by a dissolution-precipitation

mechanism. This process is related to the solubility product KS f

p0

PbC]2 or PbSO4. The Ksp will be affected by pressure in a manner determined

by the volume difference between the ions in solution and the solid film.
Conductivity measurements provide a convenient method for evaluating the

effect of pressure on the solubility of electro-active phases whereas

cyclic voltammetry studies are useful in determining the anodic and cathodic

charges required for film formation and reduction as a function of pressure.

(iv) Equilibrium Electrode Reactions: The effect of pressure on reversible

electrode reactions is based on the finite volume change for the overall
equilibrium process. Knowledge of the behaviour of such electrodes at
elevated pressures will determine their suitability as reference electrodes

in high pressure electrochemical studies. In addition, the EMF pressure
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coefficient of an electrochemical cell comprised of two reversible

electrodes can provide a convenient method of determining partial molar

volume data.

1.2 Basis of Effect of High Pressure

(1) Case of Chemical Processes at Equilibrium in the Condensed Phase

The equilibrium condition in a chemical reaction is characterized by
the equilibrium constant K or the corresponding Gibbs free energy, AGO,

which are related by

AG% = -RTInK

However, generally dG = VdP - SdT; therefore, for the case of the derivative

of K with respect to P,

0
(B8 = av (1.2.1)
so that
3lnKy _ AV
(_Eﬁ_gT_ - o (1.2.2)

where AV is the partial molar volume change in the overall reaction. This
quantity, AV, is the difference between the partial molar volumes of

products, Vp and reactants, VR. The pressure coefficient can therefore

be written as

alnKy _ 1
Cpr=-7r (= Vp - IVp) (1.2.3)

(2) Case of Kinetics of Chemical Reactions

While there is no general connection between reaction rates and
states of equilibrium, except for special cases represented by Br¢nsted
type Tinear free energy relations, the rate theory employs the concept
of equilibrium between the reactant molecules and activated comp]exés.

The fundamental relationships describing the influence of elevated




pressure on the kinetics of a chemical reaction were initially
developed in terms of absolute. rate theory by Evans and Po]anyT4’5 in

1935. The rate constant for the general reaction

aA + bB » X - 1L + mM (1.2.4(a))
is ‘
K = K(%) K | (1.2.4(b))

where k¥ is a quasi—equilibrium constant for the formation of X* from the
reactant species. This equilibrium constant is of a special type since

the partition function used to describe the activated complex does not
include the vibrational factor for the decomposition of the complex along
the reaction coordinate. Making the usual assumptidn that the transmission
coefficient « is unity and is independent of pressure and temperature,

the pressure—coeffjcient of the natural logarithm of the rate constant

can be expressed in terms of the free energy of activation by

$ +
3lnky _ ,3InK = _ 1 (3G
( aP )T = ( oP )T T RT ( aP )T (1.2.5)
where
£ +
(__g;n_K)T - . %T_ (1.2.6)
Then
Rlnky avt
P T RT
The quantity AV* is known as the volume of activation?”4 and is

the volume change in passing from the initial state to the activated
state. If the volume of the activated state is smaller than that of
the reactant, the rate of the chemical reaction will be enhanced by
pressure and vice-versa for an opposite volume difference.

. . s 3
AV* is comprised of two main contributions™:




(i) a volume change,AV]*,due to a variation of the local electric

charge and its corresponding fie]d as the activated state is being formed.

This contribution is particularly important in ionic processes where
whole electronic charges are created or destroyed. This volume change
arises because of the solvent reorganization associated with changes of
the attractive forces between the reactant molecules or ions and the
permanent and induced dipoles of the solvent. These effects arise
essentially frdm electrostriction. If the solvent is considered as a
continuous dielectric medium, application of the Born theory predicts
that the formation of a full electronic charge on a small spherical

3 1 for

molecule will result in a volume change of -10 to -20 cm mol~
most solvents. This value represents an upper 1imit, since charges
which are commonly developed in transition states are not usually the

full electron charge.

(ii) the second contribution,aV *,to the overall volume of
activation is due to changes in the intrinsic molecular volumes of the
reactants as the transition state is being formed. This can be due to
changes in interatomic distance, van der Waals radii of reactants and
to geometry as the transition state is formed. It is reasonable to
assume that a unimolecular dissociation involves a positive volume of
activation while, conversely, a bimolecular association is represented
by a volume decrease. The volume change for this class of reactions,
3

in simple cases, is generally of the order of 5-10 cm

For more complex reactions, AVZ* is more difficult to estimate.

mo1"], numerically.




(3) Case of Electrochemical Processes at Equilibrium

Pressure coefficients for electrochemical reactions at equilibrium
arise because of the finite volume change between reactant and product.
The equilibrium system normally consists of two‘reversible electrodes
whose EMF is measured as a function of pressure.

The thermodynamic relations for pressure effects on equilibrium
electrode processes are similar to those for a chemical reaction. As

previously shown,

5TnkK . 3a6° _
RT(QT)T = - ( 3P )T = ~AVY (].2.2)

For an electrode process, the further relation

46° = -zFE® (1.2.7)
is known, so that
w0
. - - 4£--L (zV, - zVp) (1.2.8)

where Vp and VR are the partial molar volumes of products and reactants,

respectively. Thus, for an electrochemical ce11]5’]6, e.g.,
Pt, Hzl HC1| AgCl,Aq,

the pressure coefficient of the cell potential can be expressed as

v
3AE | _Ho
St = - 77V * Vher - % Vagct)

(4) Case of Kinetics of Electrochemical Processes

(i) Analogies between problems arising with temperature and

with pressure variation

The treatment of effects of elevated pressures on electrode

18,19 |

processes can be understood best by first explaining the special




problems that arise in interpretation of effects of temperature changes.
Although heats of activation in electrochemical reactions have often

been measured, their significance is obscured by the complication that
they must be calculated from the measurement of current densities (usually

io) at constant electrode potential referred to a reversible electrode

in the system. However, as the temperature is varied, the real metal-
solution potentia] difference at the reference electrode also varies in

a way which is inaccessible to experimental measurement. In the case
of the reversible hydrogen electrode, its standard potential is always
arbitrarily taken as zero at all temperatures but this does not mean

that it does not have a real finite temperature coefficient. Such a
temperature_coefficient will be that associated with the standard entropy

change,ASo,for the half-cell reaction,

The absolute potential of the reference electrode thus varies with

temperature since

0 o]
3aE™y _ AS
(STrb *F (1.2.10)

for the half-cell. Therefore the heat of activation at constant electrode
potential cannot be experimentally evaluated.

32 was the first to examine the relation between the true

Temkin
and experimentally accessible apparent heats of activation measured at
constant overpotential. More recently, Conway and MacKinnon33 gave a
fuller treatment of the temperature coefficientby including the depend-
ence of the symmetry factor, g, on temperature.

The reaction rate for an electronation process at sufficiently

high fields can be expressed as




= 9 ...gh
To €XP ( RT )

-
i (1.2.11)
io’ the exchange current densify, is defined as

BF 6,y
Rfd (1.2.12)

>
1'0 = zF k Cat exp (-

where %evisthe metal-solution p.d. when the process is at equilibrium.
>

The chemical rate constant, k , can be expressed in terms of the free
energy of activation,AGo*,in the usual way:

->
- o¥
K = kT AG

—h exp(-—RT—-) (].2.13)

Therefore,

> 0

¥ o¥ BF¢
. kT AHC AS rev BFn
i= zF Y exp[— R ] exp [—R ]CA+ exp[— RT exp |~ “pr

(1.2.14)
+
Then, neglecting the linear term in T and supposing that 28° s
independent of T over a reasonable range of T, the natural logarithm
of the above expression can be differentiated with respect to T'], giving,
forn=o0 A
0 0
(a]n1q ) =_AH°* . BF ¢ rev]_ BF¢rev
31/T) 'P,n=0 R RT |3(1/T) R
o i pag® | gTas®
R R R
_ aHoF 8 (.00 0
= -7 * R (AG” + TaS")
- _ sHo* + BAH®
R R
= - %-(AHO - oK)
= - ot (1.2.15)
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where aW®t is an apparent enthalpy of activation thch would be measured
experimentally. It is seen thgt Aw°* is comprised of a term aH* which
is the true enthalpy of activation and g times the enthalpy change AH®
for the overall reaction in the half-cell (eqn. 1.2.9) which cannot be

of can, however, be estimated from aW°" by a non-thermo-

measured. The true AH
dynamic calculation of aH® utilizing a Born-Haber cycle for the jon-

neutralization half-cell reaction. Writing this in a general form34

A:;1n * z€ Aﬂg——* | A'so]n
- AH2A2+ o ~8H (1.2.16)
S L
gives
MO = - AHOS’Az+ + 20, - Iy a7+ - M (1.2.17)
where AHOS,AZ+ is the heat of solvation of the AZ+ ion, %AﬁAZ+ is the

ionization energy of A to AZ+, AH is the heat of sublimation and @e

sub
is the electronic work function of the metal A.

We can now proceed to relate this treatment to evaluation of
pressure effects on electrode processes which, in the Titerature,were

first incorrectly formu]ated]3’]9.

(8) (i1) Formal Treatment of Pressure Effects on Kinetics of

Electrode Processes

The study of electrode processes under the influence of pressure
has been rather Timited. However, several research groups such as those

of Hi11s10-1435 3

, Hamann™ and Heus]er]5 have made important constributions

to this field in recent years.

In the case of non-equilibrium electrode processes, the pressure
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coefficient of the rate arises because of the volume change occurring
in passing from the initial to the transition state of the reaction. As
in the case of chemical reactions, the principal derivative for the
isothermal pressure coefficient is the ('apparént' - see below) volume
of activation. The volume of activation will be determined in part by
solvent properties reflected in the electrostriction changes accompanying
changes of the charged state of jons, or their neutralization in deposition
processes.

The rate of discharge of dissolved ions in a direct electron
transfer step depends on several factors. The first is a trivial factor,
the ohmic resistivity of the electrolyte, whose contribution is kept

negligible by the presence of an excess of inert supporting electrolyte.

However, under these conditions, the reaction rate may be solution diffusion-

Timited depending on the concentration of the reactant. The limiting
diffusion current, iD’ will then depend principally on the concentration

and on the diffusion coefficient of the reactant species. Therefore
a]niD

S
oP )T

= -AVD

RT (

where AVD* is the volume of activation. Then the apparent pressure-
dependence of current-density at a given potential will be determined by
the pressure dependence of the diffusion rate, i.e., the apparent volume
of activation,AVDi will be that of the diffusion process for transport
of the electroactive species.

The case of greatest interest here is, however, when the charge-
transfer process is activation-controlled. Then the pressure coefficient
will be determined by the sign and magnitude of volume of activation of
the charge-transfer process. In evaluating the effect of pressure on the

rate of an activation-controlled electrode process, Conway]9 pointed

o
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out in relation to an erroneous interpretation of pressure effects by
Hi11514 that the same kind of difficulty arises in the interpretation of
the results as that explained in Section 1.2 .4 (i) on the temperature
effects and the derivation of heats of activation.

The rate of an electrochemical process:- such as
+
A"+ M(e) — B (1.2.18)

can be expressed (omitting double-layer effects and assuming A¢ to be

sufficiently Targe that the back-reaction can be neglected) as
:f:

v o= 5%~ Cpt exp (- %%— ) exp (- §%$9) (1.2.19)
or in terms of current density, i, as

> -)':f:

T o kT _ 4G _ BFA¢

1= 2zFv = zF Cy# [ | exp ( RT )] exp ( =7 (1.2.20)

where AE;.=F is the free energy activation at zero electrode potential,a¢

is the metal-solution potential difference and B is the symmetry factor.

The rate expression can be further simplified if one notes that the

terms in the square brackets correspond to the rate constant at zero

¢s then N N
1= 2F Gyt k exp (- BFbe ) (1.2.21)

where A¢ can be replaced by A¢=”+¢rev taking n as an overpotential referred

to a potential rey> the reversible potential of the electrode process

under examination. If the natural Togarithm of equation (1.2.21) is

differentiated with respect to pressure at constant absolute electrode

potential, then N >y

- olnk _ Avt

3lni
S5 = = R (1.2.22)

>
where AVt:F is the true volume of activation. However, the condition of
constancy of the electrode potential is experimentally impossible tb

define in the present case, as the pressure is varied. This is a result
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of the finite pressure dependence of the reversible potential of the
reference electrode, an effect which arises because of the volume change
occurring in the half-cell reference electrode reaction. The pressure
coefficient of the electrochemical reaction rate must, in practice, be

evaluated at constant overpotential or at n'= o which is a practical,

experimentally accessible condition. In kinetic experiments this can

be easily achigved at various pressures by maintaining a constant potential

with respect to a reference electrode which is the reversible form of

the working electrode. However, experiments carried out at constant

n or n=0 do not give the true volume of activationvbut an apparent value

as illustrated in the following manner:

The expression
> - BF¢
i=2FCy  kexp (- %%ﬂ) exp (-

RT
at the equi]ibrium potential, ¢rev’ can be written in terms of the ex-

change current density io as

iy = 2F Cp, ; exp (- E;;rgv)
Then differentiating the natural logarithm of equation (1.2.12) with
respect to pressure, we obtain
a]m.o a]nz- 8F , %%rey
(—p )n=0,; G -/ St (1.2.24)
and noting that R . % W
T e G
then
av ¥

revy (1.2.23)

(1.2.12)
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Therefore the true yolume of activation for the reduction of an ion is
given by

>

+
av,F = av s BV, (1.2.25(b)

where Ava* is the experimentally measured apparent volume of activation
and AVO is the ‘volume change for the equi]fbrium electrode process being
studied. The true volume of activation, A;£*, can thus be determined only
if some estimate can be made of the overall volume change, AVO, in the
electrode reaction. AVO is not'thermodynamica11y measurable. However,
unlike the heat changes in half-cell reactions, discussed earlier, AV0
can be quite accurately estimated for a number of processes by non-thermo- ?
dynamic procedures based on the evaluation of individual partial molar
volumes of the respective reactants and products.

As a resq]t of the situation for evaluation of AVo values, and

in contrast to the situation with temperature coefficients, the pressure i

coefficient can generally provide activation (volume) parameters of greater

certainty and significance. For the case of the hydrogen evolution reaction,

the pressure coefficient is given by

e e e

RT (2101 = _ 4y

¥ B
oP * E? Vi

t * BVHZO - By o]

2 3
based on the reaction equation 5

+ =1

where VH s VH 0 and VH ot are the partial molar volumes of the indicated
2 2 3
reagents. The value of the partial molar volume of dissolved hydrogen,

VH » was taken as 25 cm3 mo]“1 (V: ) and the value VHZO - VH3O+ = - VH+ g

2 2 36-38 33
which has been estimated by Zana and Yeager®°™°° as 5.4 cm® mol1™'. Therefore
the true volume of activation can be determined quite precisely. For

the above reaction, based on Hills' results, Krishtalik]? following the

g s
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correction of the error in Hills' treatment pointed out by Conway]g’39 >

3 mo]'].

calculated the true volume of activation as +5.6 cm
In summary, the volume of activation for an electrode process

differs from that of its chemical counterparf by inclusion of some

fraction g of the difference of partial molal volumes of products and

reactants in the overall electrode reaction at equilibrium. The effects

are precisely analogous to those which arise in the evaluation of the
temperature dependence of the rate of an electrochemical reaction.
The final result in the electrochemical case, for the exchange
current as a function of pressure is given by
-
: *
a]n1o av

—0y - __t , gF (3¢PEV)
P 'n,T RT RT ? T

where
vt ¥ ,
Avt = AVa + BA\O

while the pressure effect for the chemical case is represented by

¢
@nky 2V
% T RT

The temperature coefficient of the rate constant of an electro-

chemical reaction is similarly represented(introducing the linear term in T,

i .1.2.
in eqn.1.2 15)by[a]nk

T
31/ 4n,p ~ 7 R (4f

while the relation for the chemical case is

% _ gaH®+ RT)

rolnk g o _ % RT
a(]/T) p R

It may be noted that the enthalpy of activation aH™ can often be

assumed to be almost constant (AC. = 0) over an appreciable range of

p
temperatures. Then the integrated form of the temperature coefficient

can be used to evaluate AHO*:




et
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k ok T
2 AH 1 1 2
In+= = —— (5=-==) + 1In =%
k1 R T1 T2 T]

where k], k2 are values of the rate constant at two particular temperatures,
T1, Ty

AV* on the other hand, is usually pressure dependent so
that the integrated form of the pressure coefficient is only valid over
small intervals of pressure. Therefore

+
iz 2P - P
ks RT

is normally applicable only when P2 - P] < 100 bars. - The volume of
activation should hence be determined by evaluating the slope of the
tangent to the Ink vs. pressure curves at a given pressure. The Timiting
tangent at ambient pressure or P-0 is generally the quantity of interest

in most high pressure studies.

1.3 Brief Review of Experimental Behaviour of Systems at High Pressures

(1) Chemical Systems

The study of reactions in the condensed phase at elevated
pressures has understandably received more attention than any other

aspect of high~pressure work. In particular, a wide variety of organic

reactions4o’7’8’9 has been examined with reference to mechanistic and

synthetic applications. Several important reviews cover this aspect

of high pressure research, the most comprehensive being those of Hamann3

(1957) and 1e Noble 40(1967). The first kinetic study at elevated
pressure was that of the inversion of sucrose (1892). It was expected that
pressure would enhance the rate of inversion in the same manner as does

an increase of temperature. The opposite was found to be the case.
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This unexpected result, along with engineering problems associated with
high pressure experimentation, led to a decline of interesf in this
field until the 1950's.

During the last 25 years, however, a wide range of organic
reactions has been examined at elevated pressures. Tle Noble has
presented an extensive review of this topic with reference to specific
reactions. The volume of activation in some cases can provide unqualified
evidence of the existence of a particular mechanism, e.g., involving
partially charged or ionic intermediates. In addition, if a reaction
proceeds in two parallel paths, increase of pressure may retard one in
favour of the other, e.g., if the volumes of activation for the two
paths are different in sign and magnitude. Such a mechanism will be
clearly evident in the shape of the In k versus P plots which will show
a maximum or a minimum. Hamann has classified some simple organic
reactions into four types (Table 1.3.1) in order to make predictions
of the effects of pressure on the rates of such reactions. The quantities
AV]=F and AVZ* are predicted only in sign. If the reaction requires
the simultaneous formation of one bond and breaking of another, as in
the general case of an SN2 type reaction, then two competing factors are
involved in the volume change, the expansion of one of the bonds and the
contraction of the other. It appears from numerous examples that the
volume change arising from the contraction of the system in the direction
of the bond which is being formed, more than balances the volume change
associated with the expansion of the other bond. The net result is a
negative volume of activation.

In the case where AV]*, the volume change contribution due to

solvent electrostriction, is important, the overall volume change will
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. *
TABLE 1.3.1

THE KINETICS OF CHEMICAL REACTIONS UNDER PRESSURE

The Predicted Effects of Pressure on the Rates of Some Chemical Reactions

in Solution

Reaction Bonds
broken

Bonds
formed

Changes in
number of
ionic charges

avt

av¥

Expected
sign of
AV¥

Unimolecular dissociations
(I)A>L+M 1
(1) A L7 + M 1

increase

Bimolecular associations
(ITI) L+ M > A
(rv) LY + M »a

decrease

“Bimolecular exchanges
(V) A +BC+AB + C
(VI) A +BC>ABY + ¢~
(VII) A" + BC+AB + C~
(VIII) A" + BC > AB™ + C~
(1X) A% + BC™»pBS + "
(X) AZ" + BC+AB™ + ¢~
(XI) A~ +BCT+AB + ¢

(x11) A” + BcZt - pglty ¢

-t ot ) et md md el e

—l—l-—l-—l—l—l—‘-—l

increase

decrease

+ + +

+ o+ 4+

Double decompositions
(XIII) AB + CD~ AC + BD
(XIV) AB + CD ~AC + BV + p~

increase

3
* From Hamann - "Physico-Chemical Effects of Pressure"

P W T e irarrrm et



19

depend markedly on pressure. This is not surprisfng, since the solvent
will be highly compressed at elevated pressures, thus reaucing the electro-
striction contribution to the fota1 volume of activation. In a case such
as this, the volume of activation will tend to become progressively more

positive.

(2) Electrochemical Systems

Much of the relatively small amount of work that has hitherto
been carried out on the influence of high pressure on electrode processes
and on the structure of the double-layer has been provided by Hi]]s]o’]]’13

15 has studied the rates of hydrogen

and co-workers. Also, Heusler
evolution on copper, silver and gold as a function 6f pressure. Supporting
work on the structure of electrolytic solutions has been provided by

Hamann in a larger number of papers and reviews3’4]. The effects of
pressure on ionization equilibria have been studied by Hamann42, Hornél3
and by Fisher44'47, with special reference to ion-pair dissociation.

13 relating

The thermodynamic expressions developed by Hills
the observed pressure coefficient of rates of electrode processes to the
volume of activation were found to be erroneous. The correct relation-

]9, Krishta]iklg and by Parsonslg. A more

ships were developed by Conway
comprehehsive treatment was published by Barnartt18 in terms of a generalized
theory. This approach includes complex, higher-order charge-transfer
mechanisms which were divided into 4 classes.

(i) Electrochemical Equilibrium Processes. As previously

mentioned, the effect on pressure on the equilibrium electromotive force
of two reversible half-cell reactions is directly related to the volume

change for the overall cell reaction. The earliest study of this kind

T A e e et £ e =t e e - e
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was carried out by Hainsworth48 (1924) on the cell

Pt, H, (P bars)| 0.1 N HCT| Hg,C1,,Hg

The cell EMF was found to be increased by 100 mV when the pressure appiied
to the cell by hydrogen was elevated from 1 to 1000 bars.

The variation of the fugacity of hydrogen with pressure was the
main contribution to the EMF change. Therefore, thermodynamic data on
the variation of the solvent structure with pressure were difficult to
obtain in this type of experiment.

In more recent work, the variation of cell EMF with 'hydrostatic'
pressure has been used to test the suitability of certain reference
electrodes for high-pressure electrode kinetic studies. Hills and

13

Kinnibrugh'~ used the cell

Pt, H2(1 bar) | HC1| HgZClz,Hg
in which the electrolyte was pre-saturated with hydrogen at a pressure
of 1 bar. The observed cell EMF was a linear function of pressure

indicating that the partial molar volumes were constant over the pressure
6 1

range of 1 to 1500 bars. The observed slope was 8 x 10°°V bar~' and
this corresponds to a net partial molar volume change of-7.6 cm3mo1_]
for the reaction
1 1
§-H2 + E-ngc12 — Hg + HC]aq (1.3.1)

The pressure coefficient of cell EMF, AE, can be expressed in terms of

partial molar volumes of the reaction components:

(4E (1.3.2)

-1 AT
=) = F Wyert Vyg - 7 H Hg,C1

2 2 2 )
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This leads to a value of + 15 cm3 mol-] for the pértia] molar volume
of hydrogen in 0.1 N HCI. The.partia1 molar volume of hydrogen at
infinite di1ution,VH; »could not be assessed from Hills' work because
the measurements were Timited to only one concentration of HCI.

15
Heusler and Gaiser made a similar study on the cell

Pt, H, (P =1 bar) | HC1 | AgCl, Ag

at three concentrations of HC1 (0.2 M, 0.4 M and 0.8 M HC1) at pressures

up to 2500 bars. The partial molal volume of hydrogen in water, V; » Was

2
determined from the following pressure coefficient:
3AEy _ 1 v _
@7 = = F Wager + 21 = Vg - Vyey)- (1.3.3)

and found to be + 24.5 cm3 mo]"]. This value is in good agreement
with the value of 25.2 cm3 mo]'] obtained by direct measurement
utilizing the dilatometer method. Heusler's results show a non-1inear
variation of EMF with pressure, indicating the partial molar volumes
involved in the reaction are pressure sensitive.

Valeriote and Ga]]u&ehtilized the Ag, AgCl and hydrogen electrodes
to monitor the electrochemical behaviour of sea-water activated battery
anodes under open-circuit conditions at elevated pressures. The reference
electrodes were studied in unbuffered and buffered chloride solutions.

In unbuffered solutions, the small variation of EMF of the Ag, AgCl
electrode with pressure was due largely to chloride {ion activity changes.
The Targe variation of the hydrogen electrode potential was due to
changes of hydrogen fugacity. The partial molar volume of hydrogen was

not evaluated by these authors but from the data provided for 0.1 M HCI

solution, the VH can be estimated as n 18-cm3 mo]‘].
2
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EMF measurements have been applied to the 'study of ionic

49,50

equilibria by Disteche » utilizing a glass electrode’ up to 1000 bars. :

The glass electrode arrangement was initially used to measure the pH

49,50 has also i

of sea water as a function of the ocean depth. Diesteche
shown that ionization constants of weak acids and bases, determined from
the glass electrode measurements, agree quité well with those derived from
high pressure conductivity data. Hamann has used a similar technique to

measure the ionization constant of water up to 1000 bars.

(i) Electrochemical Kinetic Measurements. The original

purpose of Hainsworth's studies on the cell Pt, H2| HC1 | HgoCl,, Hg

was to explain the irreversible overvoltage effects ‘occurring when
hydrogen gas is formed from its 'jons'. Although this study did not
provide any kinetic information on the origin of the hydrogen "over-
voltage"*, it did show quite clearly the effect of dissolved hydrogen on

the activity of hydrogen ions. At 1000 bars, the deviation of the cell

EMF from ideal behaviour was attributed mainly to the variation of hydrogen
fugacity and to a lesser extent, to the decrease in activity of H+ in the
presence of dissolved hydrogen.

The cathodic hydrogen evolution reaction (h.e.r.) has been extensively
studied at a variety of metal/solution interfaces, especially platinum, mercury,
lead and gold in aqueous media. The major contributors to this field, Schuldiner,
Frumkin, Bockris, Parsons and Conway,have postulated two possible mechanisms;

other mechanisms involving H2+ were proposed by Heyrovsky and by Horiuti but

are no longer considered applicable:

* The early work on electrode kinetics treated the phenomena of overvoltage |
at an electrode as an undesirable feature and therefore sought to determine ;
the origin of this effect in order to remedy the 1imitations of such an ’
electrode. This attitude applied in particular to the h.e.r. It is now
clear that the so-called overvoltage established at any electrode inter-
face is a necessary consequence of a net current being passed.
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T 2M(e) + 20T > 2MH + 2H,0

2MH + 2ZM + Hé

or

2. M) + H3o+ > MH + Hy0

MH + H3o+ +M(e) > 2M+ HO + H,

According to Bockris and ReddyS], the mechanism of the h.e.r. on several
metals is known with certainty. On mercury, mechanism (2) occurs with

the proton discharge step being rate-determining. Horiuti has, however
advocated that the slow step in mechanism (2) is the electrochemical
desorption process. In order to characterize further the rate-determining
step for the h.e.r. on mercury, Hi]]s]3 evaluated the volume of activation
for this reaction by determining the current density as a function of

pressure at constant overpotential for the cell

Hg | 0.1 MHCT | 1 MKCT | Hg,C1,,Hg

The pressure coefficient measured at constant overpotential was
erroneously (see p.13) related to the true volume of activation by the

expression

For reasons outlined in section 1.2.4 (ii), the above pressure

coefficient can only give the apparent volume of activation:

(Elﬂig = EX;_ = - l—-(AV ¥ aav )
oP n,T RT RT t 0

The true volume of activation, AVt# can be evaluated if AVO is

known for the overall equilibrium reaction. The volume of activation

Bt b e m i - e o e o aee o
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(Ava*) as determined by Hills was small and negative, viz. -3.4 cm3 mo]'],
and cannot be interpreted in terms of known mechanisms for h.e.r.
Krishta]ik19, however, app]iéd the necessary approximate corrections

to Ava* to give the true volume of activation, Avt* = +5.6 cm3 mo]“l.

The partial molar volume of the activated complex V¥ can then be evaluated

from the following expression:

vios o anF ey

+5.6 - 5.4 cm> mol” !

3 1

+0.2 cm®” mol”

This unexpectedly small value indicates that the trénsition state volume
is between that of an H atom and a proton. This question will be discussed
further in Chapter 4.

Heusler and Gaiser]5 determined the partial molar volume of the
transition state, V*, for the hydrogen evolution reaction on silver,
gold and copper electrodes at pressures up to 2500 bars. The value of
V* was determined from the experimental apparent volume of activation,

Ava*,uti1izing the relationship

£ ¥ ot
AV,T = AV - AV =V

a - V,+ - sAVo

H

The authors assumed that VH+ was pressure independent and AV0 =

3 3

1/72 v, - V,+ - V_where V, =15 cm mo1°1, Vj*t = -5.2 cm mol-] and
H e H2 H

3 Faraday'1. In acid solutions, in the absence of specific

Ha
Ve =+ 3 cm
adsorption and at pressures above 500 bars, the volume of activation was
independent of pressure, pH value, ionic strength and, surprisingly,

electrode material. In the high pressure region, the apparent volume of
activation for the h.e.r. at Cu, Ag and Au electrodes in perchloric acid

solutions was found to be -12.5 1 cm3 mol']. This value corresponds




25

to a true volume of activation of -8 cm’ mo]"] and a partial molal volume
of the transition state of -13.2 cm® mol™). ‘

The authors considered.the following mechanism as being operative
in all cases considered:

+
H + e =~ Hads

+

H + H +e>H

ads 2

The vo]Ume of the transition state for each step was assumed
to be the same. This assumption was based on the fact that the volume
of activation was independent of electrode material and the rates of each
step were taken as being equal. On the basis that the proton was a common
reactant in both steps, it was assumed by Heusler aﬁd Gaiser that the

transition state is essentially an ‘adsorbed’ proton. Further evidence

for this assumption is founded on the extrapolated estimate of the partial

molar volume of a singly charged, vanishingly small ion being -13.5 cm3 mo]’].

Therefore, the activation process was regarded as involving the transition
from the normal solvated state of the proton H3O+ + 4H20 in the bulk
solution to a partially desolvated proton in the transition state. The

3

volume decrease of 8 cm mol"-I was attributed to reduction of the 'open-

structure' outer hydration shell of the proton, as suggested earlier by

14 in an attempt to interpret Hills' results.

Conway
It is indeed surprising that results obtained by two independent
researchers on the hydrogen evolution reaction lead to a negative volume
of activation for a process which involves a reduction of charge. This
is contrary to the usually discussed mechanisms for steps in the h.e.r.

reaction and the principles involved in interpretation of AV* for

reactions that involve a change of charge.
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While the h.e.r. process has been well cheracteeized in the
past (but not at high pressures), the results are often difficult to
interpret. The problems associated with the interpretation of the
pressure effects on the h.e.r. have made it necessary to examine what
determines the process of activation in the fundamental electron transfer
step itself. This can be accomplished by studying the pressure dependence
of the rates of electron exchange in a simple redox reaction. Hills and
Hsieﬁz(a)’(tgvaiuated the kinetics of the Fe(CN)6-3/Fe(CN)6"4 system
at a platinum electrode as a function of temperature and pressure. The
rate constants were evaluated from a.c. impedance measurements utilizing
the so-called 'Randles Plot'. The measured apparenﬁ volume of activation
at 25°C of +8 cm3 mo]"] was corrected, in this work, by the procedure
discussed earlier, to give a true volume of activation of -4.6 cm'3 mo1']

for the process

-3

Fe(CN)g™ + e —= Fe(oN), ™

6

This small negative value of Avt* is in accord with the supposition
that the mechanics of activation in this electron-transfer reaction is
the reorganization of part of the hydration sheath of the ions. This
result is consistent with the ‘outer-sphere' model for activation in
redox reactions and with the greater electrostriction at Fe(CN)64- than
at Fe(CN)63'.

Solid electrodes, such as platinum, cause severe limitations in
the reliability of the experimental results due to well-known problems
of surface contamination and electrochemical deposition of adsorbed hydrogen
and oxygen. The potential range at Pt for an oxygen or H-free surface

is between +0.40 V and +0.75V versus the normal hydrogen electrode.

However, the redox potential for the Fe(CN)G'P’/Fe(CN)(s'4 which is ca.
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+0.70 V is near enough to the potential region for OH deposition on
platinum to cause severe doubts concerning the reliability of the above
results. These complications are removed if a gold electrode is used*
where the double-Tayer region with no OH or H species adsorbed extends

from +0.05 to +1.35 V in aq. H2504.

(i11) Electro-active Phases. The generation of anodic

fi]n554 plays an important role in many electrochemical processes of
practical 1ntéfest. Also, the formation of a passivating film on a
metal substrate is often used as a means of corrosion protection. The
production of electro-active phases such as Ni(OH)Z; AgCT, Pb02, PbSO4
and PbC]2 are of particular significance in the preparation of battery
electrodes. The oxidation of lead to various deposited Tead species

and their subsequent reduction has received considerable attention in

the past due to the continued and widespread utilization of the lead-acid

battery. More recently, the development of the sea-water activated

55 - - .
battery (Mg_IC] |'AgC1, Ag and Mg | C1 |PbC12,Pb) has extended this

area of research to the Ag, AgCl and Pb, PbC]2 electrodes. The pressure

dependence of the sea-water activated battery performance is also of
interest, since these battery systems in this respect are often used in
deep marine environments. Valeriote and Ga]lug6have recently reported
the effects of pressure on the dissolution of Mg and Al in chloride

solutions.

(iii-a) The Pb,PbCl, Electrode. In contrast to the Pb,PbSO4,

Such a system was employed in the present work.

i
RIS -}:o%eis s |
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electrode, the Pb, PbC]2 systen156 has received relatively Tittle attention

until quite recently. Barrada528'3]

and co-workers have extensively
studied the formation and reduction of PbC]2 over a wide range of HC1
concentrations, utilizing voltammetric, galvanostatic and potentiostatic
transient techniques in conjunction with X-ray diffraction and scanning
electron microscopy measurements. A brief summary of their results
will now be presented.

The ihitia] process in the anodization of the lead substrate

. . . i : 2+
is the almost reversible electrochemical dissolution to Pb ions according

to the reaction

2+
Pb — Pbaq. + 2e

The anodically produced Pb++ jons tend to diffuse away from
the electrode, but when the diffusion-layer becomes supersaturated with
respect to PbC]z, fhe latter will become precipitated as an insoluble
film and grow by a 'dissolution-precipitation' mechanism. However,
before passivation occurs, a second type of film begins to grow on
top of the original basal layer. Scanning Electron Micrographs show
that the basal layer is comprised of a porous structure of small crystal
size while the secondary layer is made of larger macroscopic crystals
formed by progressive nucleation and growth. This Tatter film is
responsible for the passivation of the electrode surface. The presence
of two surface species, (not necessarily the same as described above),
was also indicated by electrochemical measurements at rotating disc
electrodes. The cyclic voltammetry i-V profiles show two types of cathodic
peaks upon reduction of the passivated film. If the voltage is scanned
beyond the passivation potential (passivation occurs at -0.470 V vs

S.C.E.) in the anodic direction, upon sweep reversal, a cathodic peak
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with a shoulder on the anodic side is observed, If the anodic potential
limit is extended further, the §hou1der becomes the main peak, while the
peak of the previous sweep is reduced to a shoulder. It has been postu-
lated that this transformation is the result of a 'reactivation process'
occurring at the electrode surface in the transpassive potential region.
The basal layer undergoes chemical dissolution to a variety of lead

compiexes according to the general reaction

PbCl, + (n-2)C1” ~ Pbc1n2‘"

This allows further electrochemical dissolution of the lead
substrate to occur, resulting in a condition of supefsaturation near
the lead electrode with subsequent nucleation and growth on the outer
region of the electrode surface phase.

The mechanism of the anodic Tlayer growth on Pb as postulated

by Barradas is thus as follows:

2+ -
Pb— Pb 4 + 2e

2+ -
Pbge *+ 2017 —= (PbCl,)

(PbC12)ads — (PbC]2)1att. -basal layer formation

|
|

- 2.
(PbCI,) 4 + (n-2) €17 == (pbe1 {2y g g,

x(PbC1 27" —  (PbCl,) + x(n-2) C17 - formation of

e.s.

critical nuclei for precipitation

(n-2)C1~ -basal Tayer disso]utioné
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——

2-n -
(PbC]z)x + (PbC]n ) e.s. — (PbC]Z)X+] + (n-2)C1” -

crystal growth

x(PbC1

b e.s. ~—

Z-ny (PbC1 %) putk

where 'ads' indicates attachment of some kind to the electrode surface;

'Tatt' . signifies incorporation into a solid lattice;

‘e.s.' implies in solution near the electrode surface;

‘bulk' means beyond the diffusion-layer.

The importance of surface and film dissolution processes in the
growth of the PbC]Z film suggests that the pressure-dependence of the
electrochemical behaviour of this system might provide further information
on the nature of the dissolution processes and their role in the anodic

film forming process

(iii-b) The Pb, PbSO4 Electrode. The lead electrode in

sulfuric acid solutions has been more extensively studied57’58’59 and
many papers have been published, especially with reference to the
behaviour of the lead-acid battery. Wynne-Joneg7 and co-workers have
established that the reversible cell reaction occurring in the discharge
mode of the lead-acid battery is a 'double'-sulphation according to the

reaction scheme

Of particular interest in these earlier studies was the
conversion of PbSO4 to PbOz. This process is thought to involve an

alkalination condition59 in the pores of the PbSO4 which results in

¥
S
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the formation of basic lead salts at potentials anddic to‘the formation

of PbSO4. At high enough anodi; potentials, the lead salts are completely
converted to PbO2 with simultaneous O2 evolution. Fleischmann and Thirsk58
have examined the role of the formation of PbSO4 in the phase change to
Pb02. It is postulated by these authors that. the rate of formation of PbSO4
is controlled in part by the rates of nucleation and growth of the film.

The Tead sulphate deposit grows by ionic transport due to the electric

field across the surface layer. At high anodic potentials, regions

on the lead sulphate electrode act as centres for the nucleation of Pb02.

60-65 e morphology of the deposits

In more recent studies
on lead have been examined by a variety of optical téchniques. The
multiphase nature of the lead deposits as a function of anodic potential
has, for example, been studied by Ruetscwﬁﬁ However, the main interest
in thié work has been with the condition of the surface of lead battery
plates as a function of anodic potential. The excellent S.E.M. pictures
of weininger65 on the formation of PbSO4 are of particular interest as
they show the morphology of PbSO4 deposits under various conditions.

The main point to be made here is that the majority of

electrochemical studies in the past have dealt primarily with the formation

and reduction of PbO2 with minimal attention to the anodic process
2.

involved in the lead-acid battery, i.e., Pb + S0p — PbSO4 + 2e.
A recent series of papers by Archdale and Harrison24-27 were probably

the first in which the fundamental electrochemical processes involved
in such a reaction were examined. Although the results are ambiguous,
due to the variable nature of the electrode surface, several important
conclusions were made. The dissolution reaction of Pb is found to be

a reversible two-electron process. At Tow anodic potentials on an
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electropolished surface, the film grows by a so]utjon—precipitation
reaction. At higher anodic potentials, a solid-state nucleation and
growth process appears to set in. At a mechanically polished surface,
only a solid-state process evidently occurs.

In order to provide a comparative study with the Pb, PbC]2
e]ectrode, the behaviour of lead in sulphate solutions has
been studied in the present work at elevated pressures as well as at
elevated temperaﬁures. Due to the complex nature of the processes
involved in film formation, it is difficult to predict a priori the
behaviour under such extreme conditions. However, it is expected (a)
that at elevated pressures, the rate of Pb dissolution will be enhanced;
(b) the solubility of PbSO4 will be increased and (c) the ionic assoc-

iation equilibria in solution will be altered.

1.4 Conductivity Measurements at High Pressures

Studies of various electrode processes at elevated pressures
often require knowledge of the conductance behaviour of electrolytes
and ion-pair equilibria under corresponding conditions. Since a number
of examples of this kind arise in the work to be reported later in this
thesis, it will be useful to review the treatment of electrolyte conduct-
ivity and ion-pair equilibria at elevated pressures which has already
been given in the literature. Conductance information at high pressures
is required, for example, in studies of solubility of electrochemically
generated phases such as PbC]z, PbSO4, gtc. which will be discussed in
Chapter 5.

The behaviour of electrolyte solutions under extreme conditions66
is of fundamental interest in terms of solvent structure, ionic transport
properties and ionic equilibria. Applications of pressure-induced effects
are of interest in e.g., (a) oceanographic studies of the nature of salt

water as a function of the ocean's depth and (b) behaviour of sea-water
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batteries at large depths.

. *
(1) Electrolyte Conductivity

The earliest known conductivity measurements at elevated
pressure were reported in 1827 by Colladon and Sturm.67The conductivities
of NH40H and HNO3 were found to be independent of pressure up to 30 bars.
Moderately high pressures (1-3  kbar) were achieved around 1900 and
Tammannéaas able to study conductivity of a wide variety of salts in
aqueous solutions at pressures up to 3700 bars, but unfortunately,
the conductivity results were recorded in terms of relative resistances.
Work in this field did not flourish until the 1950's ,when a large
number of papers were published by Hamann, Frank, Lafd]er, Quist and
Marshal, and Fisher. Conductivity measurements in non-aqueous media
have been pub]ished_recent]y, but the results are often difficult to
interpret due to the limited knowledge of the physical properties of
such solvents at elevated pressures.

The physical properties of water have, however, been well
characterized at elevated temperatures and pressures. The effect of
pressure on the structure of water at 25°C 7Jeads to increased density,
dielectric constant and refractive index. The viscosity initially
decreases with pressure, exhibiting a sTight minimum at approximately
500 bars, but then increases in the manner of a 'normal', unassociated
1iquid. This minimum is enhanced with decreasing temperature but
virtually disappears if the temperature is above 40°C.

Most organic solvents are much more compressible than water
and consequently, their physical properties are relatively more

affected than water by an increase in pressure. Water exhibits a reiative

*The SI convention uses the terms electrolytic and molar conductivity instead of
the more familiar specific and equivalent conductivity terminology. In this thesis
the original definitions of conductivity are maintained, as otherwise unnecessary
complexities arise.
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compression of 4% for an increase of pressure from 1 to 1000 bars,
while most organic solvents are compressed by 5-8% in this range.

The transport properties of ions are generally characterized
by the Timiting equivalent conductivity A" of the electrolyte or that
of the individual ions, based on A and the transference numbers, t, or
t_. The equivalent conductivity, A, at concentration C, is related to

the Timiting equivalent conductivity A~ by the Kohlrausch equation

1/2

A= A" - sC (1.4.1)

or the more complete equations of Fuoss and Onsager 6&69, where S is
a function of temperature and pressure. The limiting equivalent

conductivity of aqueous KC17O’71

has been measured up to pressures

of 3000 bars by a number of workers with good agreement. AmKC] exhibits
a maximum value at approximately 1000 bars and decreases almost linearly
with pressure beyond 2000 bars until water freezes out at approximately
10 kbars. This type of behaviour is almost universal for strong
electrolytes.

At finite concentrations, interionic forces exist and must be
taken into account in analyzing conductivity data in terms of ion transport
processes. The Debye-Hﬁcke]-OnsagerGg’69 theory describes the effect
of the ionic atmosphere on the mobility of ions as a result of electro-
phoretic and relaxation effects. The electrophoretic effect arises
because of the tendency of momentum to be69 transferred between moving
ions and the so]vent in the ionic atmosphere, thus affecting the motion
of the reference ion in the opposite direction. The relaxation contri-
bution is a result of the finite time required for the jonic atmosphere
to respond to the motion of a given reference ion. Both effects depend on

thesquare-root of ionic strength as expressed in the Debye-HUcke]-Onsager
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relationship:

6 %
- 2.801 x 10" [z42,] q & 41.25( | zs|+ ﬂ
1 2' + | ], kgl I]/2

A= p - s 7 (1.4.2)
(1) (144172 (12 J
= 2”5 ()2
where e is the dielectric constant of the solution,
n 1is the solution viscosity in poise
I is the fonic strength (1/2 5, zf ) in mol 17!
2.2 Ay o+ A
1212, | 1 2 (1.4.3)

0

= -Izﬂ +|22T" |22 ] A? + |z1]A;

The subscripts 1 and 2 represent the cation and anion respectively.
A® is the Timiting equivalent conductivity;
AT and A° are 1imiting mobilities of cation and anion,
and 2
A is the observed equivalent conductivity at jonic strength I.
Since both n and ¢ increase with increasing hydrostatic
pressure, there is a corresponding decrease in the Onsager slopes.
Hamann4] and co-workers confirmed this. interpretation for a number of
electrolytes in water and methanol at pressures up to 3000 bars. At
concentrations greater than 0.01 M, Robinson and Stokes69 utilize the
relationship
® 1/2
(B] A+ Bz) I
1+ aB(1) /2

A= 2T - (1.4.4)
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v, . . . . .
where 'a is an ion-size parameter and B is the parameter in the Debye-

Hldckel expression for activity coefficients;

A Iz]zz | (1)1/2

log f (1.4.5)
: 1+ ap(1)'/?2
6
where A = —14§25%7§—19 mo]"]/zl]/2 k 3/2 (1.4.6)
(eT)
‘ 8 _
B = 50.29]?210 cm ]mo]—1/2]1/2 K]/Z (1.4.7)
(eT)
6
2.801 x 107 | 212,| g
Also B, = (1.4.8)
N ECTE
and
: 41.25(|z]| + lzzl) : )
- 1.4.9
2 n(eT)]/2

This equation was found by Brummer and Gancy 66to be applicable
to a number of salts at moderate concentrations at pressures up to
2000 bars. At high concentrations, the Timiting equivalent conductivity
decreases almost 1inearly with pressure and does not exhibit the usual
maxima associated with Tower electrolyte concentrations. As Hamann4]
explains, this is due to the already viscous nature of the electrolyte
at high concentrations and elevation of pressure causes a further increase

in the viscosity of the solution.

(2) Ion-Association Equilibria

Fanjung 67(1894) was the first to observe the effect of pressure
on the ionization of weak carboxylic acids in aqueous media. The ionization
quotient for acetic acid increased by 12% in the pressure range 1 to'270

bars. The conductivity of weak electrolytes, except at very Tow concen-

trations, increases much more rapidly with pressure than that of strong

————— .
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electrolytes and does not exhibit the maxima typicé] of strong electrolytes.
Since this early work,a wide variety of simple ionization reactions has
been studied by volumetric analysis and high pressure measurements.
This topic has been recently reviewed by Hamann4], who compiled an
extensive list of volume changes for the ionization of weak electrolytes
on a comparative basis. Hamman also recorded. the effects of pressure
on the dissociation of ion-pairs.
For a i:] electrolyte, the Debye-Huckel Timiting law can be

modified to take into account ion-pairing by writing

—Az]zz[(]~¢)C]]/2
log f, =

1.4,
* 1+ aB [(1-4)c]"/2 01.4.10)

where ¢ is the fraction of the total number of ions in the form of ion-

pairs. Therefore (1-4)C is the concentration of free ions. Numerically,
(68,6972 _ 17172

in Bj 's treat
n Bjerrum's treatmen KT

and is the distance at

2129|a2
which the mutual electric potential energy 15122]e” of the two ions
de ;

in a pair is equal to 2kT. For a 1:1 electrolyte at 25°C in water, the
Bjerrum distance a = 3.57 R. Thus, at distances of closest approach
greater than 3.57 |z]zzlg, ion-pairing is not thermodynamically signifi-
cant. Fuoss treated ion-pairs as being in physical contact, thus forming
a neutral dipole, but solvent-separated pairs in which some solvation

shell is maintained are well characterized. Ion-pair formation can be
72-75 of

conveniently measured by conductivity methods. The deviations

the experimental Onsager slope from the theoretical value were often

. attributed to ion;pair formation. It is assumed that the ion-pair, for
symmetrical electrolytes,is non-conducting and that its activity coefficient

§ in dilute solutions is unity. The free ions can be regarded as obeying

Onsager's 1imiting equation and the Debye-Huckel limiting Taw. The degree
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of dissociation, «, is calculated by an iterative method of approximation,
using the Onsager equation, until a constant valye of o is obtained. The

equation used is of the general form

o= A . (1.4.11)

A - S(uC)]/Z

The non-ideal interionic contributions are introduced in the determination
of the activity coefficient. The effect of pressure on the dissociation
of symmetrical ion pairs has been recently studied by Hamann, Pearce and

Strauss42, and by Fisher44’46

Hamann and co-workers studied Tanthanum
ferricyanide in water at pressures up to 2000 bars. They utilized
KohTrausch's law to evaluate the 1imiting equivalent éonductivity of

LaFe(CN)6 at each pressure:

(=]

Ap [LaFe(tN)g] = ap [Laci,] + hy [KFe(CN)g] - a5 [Ke1]

The variation of the molal dissociation constant Km with

Pressure is represented by

(fﬂjﬂﬁﬂ) = A
aP T RT

where AV is the partial molar volume change accompanying the jon-pair
dissociation process.
The results were analyzed in terms of the theories of Bjerrum

and Fuoss. The experimentally obtained volume change aV” = -8.0 cm3 mo1'],

T
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for the ion-pair dissociation agrees quite well with those predicted by
Bjerrum and Fuoss, viz, -6.89 and -8.98 cm3 mo]’], respectively. The
effect of pressure on the dissoéiation of MgSO4 was evaluated by Fisheﬂ4',

using the Kohlrausch equation in the form

Ap [MgSO4] = Ap [K2804] + Ap [MgC]2] - Ap [KC1]

The volume change, AV, for the ion-pair dissociation at 1 bar.

3

was -7.3 cm m01'1. This value is surprisingly similar to that for

LaFe(CN)6. This coincidence was explained by Hamanﬁqin terms of Fuoss's
theory which predicts a dissociation constant Km for ion-pairs by

utilizing the equation
2

z 2,e
172 1
3okt . 4npN63’ (1.4.12)

Km = 3000 exp

where 'a' is the Fuoss contact distance and p is the density of the
solvent. Upon differentiation of Km with respect to pressure and assuming

‘a' to be pressure independent, the relation

?
3(RTInK ) z,z,eN
_ [ m ] - Avco = QSIST'IHQ)] + 172 (36) (1'4.]3)
aP 2 )
T € T ae p o7

is obtained. In water at 25°C and 1 bar, equation (1.4.13) becomes

AV =1.12 + 8.35 2,2,/a (1.4.14)

If 'a' is determined from the expression for Km at 1 bar, the av®”

can be evaluated. The calculated values for MgSO4 and LaFe(CN)6 are

3

~7.4 and ~9.0 cm mo1'1 respectively. It appears that the greater value

of 'a' due to hydration effects for LaFe(CN)6 tends to cancel out the
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2,2
increased effect of ZyZ, in the term 8.35 —%—g-; thus, the aV” values
for these two ion pairs are quite similar.

The determination of dissociation constants of unsymmetrical
electrolytes by conductivity measurements is often a difficult exercise.
This is due to the charged nature of the fon-pair which will, itself, be
involved in long-range interionic coulombic interactions. The limiting
equivalent conductivity will, in general, be difficult to determine by
graphical method§ due to the deviations from the Debye-Huckel—Onsager
relationship. In the case of symmetrical electrolytes, the A” value
can be easily evaluated from Kohlrausch's law. However, in the case of
an unsymmetrical electrolyte, an estimate must be made of the mobility
of the charged ion-pairs. Davies and Righe]iato73, analysed the
conductivity data of Noyes and Falk for a number of uni-bivalent salts
and found that the Debye-HUcke1—Onsager relationship was not strictly
obeyed. This deviation was attributed to ion-association. The salt
of interest here was lead chloride, which forms PbC1+ ion-pairs at

3 mol 17

concentrations as Tow as 10 of PbC]Z. The dissociation constant
for PbC1™ was determined assuming the ion-pair had a limiting equivalent
conductivity of 40 Mhos at 18°C. The value of 40 arises from the fact
that in dibasic acid solutions, the intermediate HA™ has a Timiting
equivalent conductivity of 0.6 that of the acid anion. Thus, A" pbcit =
0.6 Amc1— was assumed. The solution was then considered as a mixture
of a completely dissociated uni-bivalent salt PbC]2 and a completely
dissociated uni-univalent salt [PbC1+][C]'] 74’75’76. The degree of
dissociation « was determined by successive approximations to give the

measured equivalent conductivity A :-

22 St e e e

e .
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27 = 2(]-a)(AC]— + APb2+) + a(AC-l— + APbC]+) (1.4.15)

The existence of the PbC]+ ion-pair was confirmed by observations

of Fromherz and Lih75’76 of ultra-violet absorption bands at 209 and
227 nm, which were attributed to Pb2 and PbCl+, respectively.
The behaviour of unsymmetrical ion-pairs as a function of
- . .47 +
pressure has been reported by Fisher and Davis  for LaSO4 sand by
45 -
Fisher and Fox for NaSO4. The dissociation constant for LaSOZ was

calculated from conductivity data by using a mixture rule in which the

solution is regarded as a mixture of a 1-2 salt (La$04)2504 at equivalent

concentration x and a 3-2 salt La2(304)3 at an equivalent concentration

C-3x. The observed equivalent conductance of the solution is then

A= (x/0n 5 +[(C-30)/c) a, g (1.

This equation was solved for x by successive approximations of x to give
the observed conductivity. The equivalent conductivities A],2 and A2,3
were determined from the Debye—HGcke]—Onsager equation as well as from
an extended form of this equation adapted by Davies, Otter and Prue78
for use at elevated pressures. The Timiting equivalent conductivity

of LaSO4+ was estimated as 23.2. This value was chosen because it

gave dissociation constants which were virtually independent of concen-
tration. The pressure coefficient of the dissociation constant ]ed to

a partial molal volume for‘LaSO4+ at 1 bar. in the range -0.9 to +0.2

e mol~ !,

Fisher and F0>€15 have studied the pressure dependence of
the dissociation constant of the 2-1 ion-pair, NaSO4', utilizing the
method described above. The solution is assumed to consist of a uni-

univalent salt Na+ (NaSO4)— with an equivalent conductance of A2 and
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a uni-bivalent salt Na2504 with an equivalent condﬁctancg Ay The
observed equivalent conductivi?y is expressed as A = 0.53/\2 + (1-8) A1,
where 8 is the degree of association and A is the measured equivalent
conductance. The authors estimated the Timiting equivalent conductivity
of NaSO4' to be 0.5 A~ [5042"]. The volume change for the ion-pair

dissociation was calculated at 1 bar to be 8.25 cm3 mo]'], which gives
3

a partial molar volume of 27.85 cm® mol~! for NasO,".

4
The method of Fisher has been applied in this work to the
conductivity data of PbC]2 solutions at pressures up to 2200 bars. The

results and method are discussed in detail in Chapter 5.

L usianin
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CHAPTER 2

EXPERIMENTAL

Introduction

The apparatus necessary for generating moderately high pressure
(e.g. < 3000 bars) is available commercially. This equipment can be
modified in a simple manner to meet the special experimental requirements
of research in electrode processes. For this purpose, the head of the
high pressure vessel must be machined to accept a second head, which
contains the required electrical connections. The electrochemical cells
must be able to respond to changes in volume associated with pressure changes,

without breakage and ingress of the pressurizing fluid.

2.1 High Pressure Apparatus

The system consists of a high pressure bomb rated to 10,000
bars ™ (High Pressure Equipment Co., Inc.). Into the head of the bomb was
fitted a second, smaller head which accomodates 5 pairs of electrical
connections. In order to prevent trace leakage of the pressurizing
fluid around the wires at elevated pressures, a teflon sleeve containing
freshly prepared epoxy resin is placed around each pair of electrical
leads on the high pressure side of the head. The bomb is then pressurized
up to 2500 bars thus forcing the epoxy into any open spaces around the
wires. This technique was found to prevent pressure leaks at the weakest

spot in the bomb. The pressurizing fluid was di-octyl-sebacate (B.A.S.F.).

* The derived unit of pressure in the SI convention is the N m'2 (or Pa

for Pascal); 1 bar = 105 N mr2. In the present work, the more familiar unit, the
bar, will be employed as most other comparative data are expressed in this unit.




FIGURE 2.1.1

44

Photograph of the high pressure apparatus.
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The bomb is pressurized by means of a hand pump subp]ied by Pressure
Products Industries and thermostated by a large water bath at
24.96°C + 0.029C. The bath consists of a refrigerator coil thermally
opposed by a heater,controlled by a thermo-regulator. The bath is

provided with two powerful stirrers. The pressure is monitored by an

8-inch Heise Bourdon gauge, previously calibrated against a pressure~balance

apparatus. Calibrations were made at the N.R.C. high-pressure laboratory.
The ﬁigh pressure apparatus is assembled and enclosed in a

specially constructed armoured trolley which provides mobility as well

as isolation in the case of an inadvertent pressure release. A general

view of the apparatus is shown in Figure 2.1.1. A séhematic diagram of

the apparatus is shown in Figure 2.1.2.

2.2 Electrochemical Cells for Use at High Pressures

The electrochemical cells are designed to meet the require-
ments of the individual high pressure experiment. After several designs
of high pressure cells proved to be inadequate, the following type was
found to be satisfactory. The cell consists of two pyrex end-pieces
joined by 2x heat-shrinkable teflon tubing. The top of the cell contains
the electrodes varying in number from 2 to 4, depending on the type of
system under examination. Al171 the electrode leads are made of platinum
wire, which is hammered flat and sealed into the pyrex glass tops of
the cells. This type of metal-glass seal was found to withstand repeated
elevation of pressure to 2500 bars without development of any leaks or
cracks.

The bottom of the cell is a glass cup with a threaded opening
for introducing the electrolyte. A screw cap with a teflon plug inéert

and teflon-covered 0-ring was used to make a high pressure seal. Both
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the top and bottom of the cell had ridges which allowed a positive teflon-
to-glass seal to be made when the two pieces are joined with the shrinkable
teflon tubing. This type of cell can easily tolerate a 30% volume change
without undue strain being generated. ’

The cell utilized for high-pressure EMF measurements consists
of 3 reversible electrodes, two of which are of the same type. This
provides a reliable check on the behaviour of each electrode while in
the high-pressure environment. For example, if the cell is Pt, H2|HC1[
Pd-H, Pd, the potential of the palladium-hydrogen electrode can be
measured, in turn, against the two Pt, H2 electrodes. The potential
between the two Pt,Hzreference electrodes was also méasured periodically.
Thus, three EMF measurements are obtained at each pressure. This type of
cell is illustrated in Figure 2.2.1.

The cell for electrode kinetic studies at elevated pressures
consists of the standard 3-electrode arrangement with the reference electrode,
usually palladium, situated in a Luggin capillary adjacent to the working
electrode. The counter-electrode is a cylinder of platinum gauze having
the standard design used in a.c. impedance measurements. The high pressure
cell for electrode kinetic studies of the redox couple Fe(CN)G-B/Fe(CN)ﬁ—4
is jllustrated in Figure 2.2.2.

An assortment of high pressure conductivity cells, fabricated
from glass or teflon, has been described in the Tliterature. In review
articles, Hamann“and Horne4?1ave critically evaluated the various cell
designs. The cell design adopted in this work is based on the requirement
that the cell constant remains independent of pressure as pressure is

varied 79. This is achieved by using a concentric electrode arrangement,
consisting of a central wire surrounded by a ring. The electrodes were

made from platinized platinum. The main body of the cell is made of a
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FIGURE 2.2.1 High pressure cell for EMF measurements. The cell is fabricated
from heat shrinkatle tubing and glass.The cell cont;ins 3
reversible electrodes of which 2 are of the same kind.
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PYREX ELECTRODE HOLDER

Au WORKING ELECTRODE

Pt /PYREX
ﬁ SEAL 5 o
- : —— Pd/ ) P
Pt GAUZE — Fe(CN)lee(CN)6

" COUNTER ELECTRODE REFERENCE "ELECTRODE

EPOXY SEAL

“~— 2 x SHRINKABLE
TEFLON TUBING

22cm .

EPOXY SEAL
~PYREX

PLASTIC SCREW CAP

TEFLON PLUG

TEFLON COATED O-RING

FIGURE 2.2.2 High pressure cell for kinetic measurements. The cell consists
of a Targe cylindrical counter electrode(Pt gauze), a Pt or Au
working electrode and a Pd—H,H+ or Pd/Fe(CN)g',Fe(CN)g'
reference electrode.
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Pt WIRE
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FIGURE 2.2.3 High pressure cell for conductivity measurements. The cell contains
2 platinized platinum electrodes in a.concentric arrangement.
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FIGURE 2.2.4 Photograph of the conductivity cell for use at
elevated pressures.
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glass top which accommodates the two electrodes and is joined to a glass
cap by about 3" of 2x heat-shrinkable teflon tubing. The cell constants
were found to be independent of pressure up to 2200 bars. This cell is
illustrated in Figures2.2.3 and 2.2.4. |

The study of the electrochemical behaviour of lead electrodes
at high pressures presents a problem in the design of the cell. This
arises because lead cannot directly be sealed into glass in the same
manner as platinum wire. This drawback was overcome by utilizing a
cell-top machined from teflon into which three electrode holders could
be screwed. This cell was a major improvement over the previously described
3-electrode cells, since the electrodes could be easi]y interchanged without
the manufacture of a new glass cell-top each time. The cell-top was
provided with a Pt-gauze counter-electrode, a Pd, Pd-H or Ag, AgCl reference
electrode and the lead working electrode. The cell-top is illustrated
in Fig. 2.2.5. The remainder of the cell was assembled in the same manner

as in the cases of the cells previously described.

2.3. Electrode Preparation

1. Reference Electrodes

Difficulties arise in the choice of reference electrodes for
use in high-pressure electrochemistry. Gas electrodes such as the Pt,H2
system have been studied by Hainsworth and co-workerggThe results of
their work indicates that a large change in cell EMF arises as a function
of pressure which is principally due to the increase of fugacity of the
H2 gas.

However, a Pt, H2 electrode exerting its own 1 atm. 1nitja1

pressure of H2 has been shown by a number of workers to be a suitable

reference electrode for high-pressure studies. The Pt, H, (1 bar),

P
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— Teflon cell
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teflon tubing
; —Glass cap

outer glass
capillary

2mm glass tube
[b]

Pt wire
Lead

‘\‘\\\\\\\\\\\\\\\\\
)

FIGURE 2.2.5 a) High pressure cell [top) for evaluating the electrochemical
behaviour of Pb in C1~ and sog‘ solutions.

b) Preparation of the Pb electrode for use in the high pressure
cell. After the Pb has solidified, the outer glass capillary
tube is carefully broken to expose the Pb electrode.
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Ag, AgCl and Pd, Pd-H reversible electrodes were chosen as being the

most suitable for electrochemical studies at high pressures in the

present work.

2.3.1. (i) The Pt, H2 Electrode

The hydrogen electrode was prepared by cleaning the Pt wire
(in the high pressure cell-cap) in warm aqua-regia solution, followed
by thorough washihg in pyro-distilled water. The high-pressure cell was
filled with a platinizing solution containing 3 g of platinum chloride
in 100 cm3 of pyro-distilled water. A second platinum electrode was
placed in the cell and was connected through a D.C, power supply to
the electrode to be platinized. The current was adjuéted to approximately
5 mA cm'2, so that there was only a slight evolution of gas (H2 and C12);
the direction of the current was reversed every minute and the plating
was allowed to proceed until a moderately thick coating of greyish-black
platinum was obtained. The electrode was then repeatedly washed with

tap water, followed by several washing in pyro-distilled water.

2.3.1.(j4)ThePd, Pd-H Electrode

A palladium electrode was built into the high pressure cell
by welding a piece of palladium wire to a platinum wire. The platinum
was then sealed into the high pressure cell cap. The electrode was
cleaned thoroughly with concentrated sulfuric acid and washed with pyro-
distilled water. The Pd, Pd-H electrode was prepared by constant current
cathodic electrolysis in 0.5 M H2504. The electrode was oxidized for
1 minute, followed by a 90 second reduction both at a current density of

2

200 mA cm “. This cycling procedure was continued for approximately 10

minutes with termination of the electrolysis in the cathodic direction.
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The electrode was then washed with pyro-distilled H20. This electrode

was activated in this manner at the beginning of each experiment.

2.3.1.(3i1) The Ag, AgCl Electrode

The silver, silver chloride reference electrode was prepared
from a piece of silver wire. The silver was welded to a platinum wire
which was then sealed into the high-pressure cell. The electrode was
cleaned with concéntrated sulfuric acid, followed by repeated washings
with pyro-distilled water. Anodic deposition of AgCt on the silver
wire was carried out by electrolysis froma 1 M ag. HC1 solution at a

2

current density of 1.0 mA cm © for 30 minutes.

2.3.2 Working Electrodes

(i) Lead Electrodes

This type of electrode was prepared from a spectroscopically-
pure rod of lead in the following manner. A small portion of lead was
cut from the metal rod and placed in a porcelain crucible which was set
up in such a way as to allow a large flame of purified hydrogen gas to
be directed onto the top of the metal in the crucible.. The crucible was
also heated from the bottom by means of a bunsen burner until the metal

became molten. The metal remained in the crucible with a brilliant

clear Tliquid surface, 1ike that of mercury, due to the hydrogen flame which

served to exclude oxygen and prevent oxidation of the Pb surface. The
molten lead was then drawn up into a capillary tube which contained a
platinum wire sealed into a smaller diameter capillary.

The molten lead immediately solidifies upon contact with the
inner glass tube. The outer tube was carefully broken to provide a |

cylindrical lead rod of variable length. The electrode was fitted into

. KEEEme

O I,
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a Teflon insert plug and secured in the teflon/glass high pressure cell
cap described earlier and shown in Figure 2.2.5 (a). The details of the

Pb electrode assembly are shown in Figure 2.2.5 (b).

2.3.2.(i1) Lead Electrode for Rotating Electrode Measurements

In some experiments designed to measure the oxidation/
reduction charge balance in the formation and reduction of PbC]2 and
PbSO4,where some dissolution of PbC]2 or PbSO4 can occur, it was necessary
to establish the extent of loss of Pb ions by means of experiments at
a rapidly rotating electrode. For these experiments, the Pb electrode
was prepared in a H2 flame, as described above, by dfawing molten Pb up
into a capillary tube. The liquid Pb solidified upon contact with the
Pt wire lead. The end of the capillary was then cut with a diamond saw
and mechanically polished with 3M tungsten carbide followed by diamond
grit paper. The electrode was then thoroughly washed with double-distilled

H20. The area exposed was approximately 0.01 cm2.

2.3.2.(ii1) Gold Electrodes

The gold electrode was built into the high pressure cell by
first sealing a length of gold wire to a platinum bead which had previously
been sealed into the pyrex cell-cap. The electrode was cleaned in aqua-

regia for 1 minute, followed by thorough washing with pyro-distilled water.

2.3.2.(iv) Pt-Gauze Counter Electrode

This type of electrode is made of platinum gauze and is in
the form of a large cylinder. The cylinder was of the same diameter as
the inside of the high pressure cell so that the counter electrode was

securely located. The complete high pressure cell for electrode kinetic
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studies is illustrated in Figure 2.2.2.

2.3.3. Solutions”
Pyro-distilled water was used for all solutions and for the
re-crystallization of the salts used. The quality of this water has been
discussed elsewhere by Conway and co—workers?0 The use of this type of

water is desirable for most surface-electrochemical work (see Section

2.3.3. (vi).

(1) Sulfuric Acid Solutions

H2504 solutions were utilized in several phases of this work,
including equilibrium EMF measurements of the Pt, H2| 0.5M H2504|Pd—H, Pd
cell and studies on the electrochemical behaviour of lead and platinum in 0.5M
H2504. The acid solutions were made up volumetrically from BDH Aristar
H2504 (a very high purity grade) and pyro-distlled water. The electrochemical
purity of these solutions was found to be excellent as indicated by the i-V

behaviour of the platinum electrode in a cyclic voltammetry experiment.

2.3.3(ij) HCI Solutions

The interpretation of electrochemical kinetic and other
electrochemical processes at high pressures requires knowledge of the
dependence of reference electrode potentials on pressure as was discussed

in Chapter 1. The pressure dependence of the EMF of the cell

Pd, Pd-H[HC1|Ag, AgCl

* The derived unit of concentration in the SI convention is mol m3; however
in this thesis M refers to concentration in units of mol dmr3.

SAPES)
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was measured in aq. HC1 at concentrations of 0,01, 0.25, 0.50, 0.75 and
1.00 M. Hydrochloric acid solutions were prepared volumetrically from

BDH Aristar grade HC1 and pyro-distilled H20.

2.3.3. (111) K,S0, Solutions

The effect of elevated pressure on the electrode kinetic
behaviour of the redox couple Fe(CN)s':"/Fe(CN)s"4 was studied in 0.5M
KZSO4 + 0.2M H2304. The addition of sulfuric acid to the salt solution
was to maintain a well-defined pH. This was found to be necessary
because of the instability of the working electrode potential due to
local changes in pH at the electrode-solution interface. The KZSO4
was purified by triple recrystallization in pyro—diéti]ied Hy0.  The

0.5M K2504 solution was prepared volumetrically.

2.3.3. (iv) KC1 Solutions

A suitable electrolyte solution was required in the study of
the behaviour of Pb,PbC]2 electrodes which are used in sea-water activated
batteries (see p.27 , Chapter 1). In order to simplify the sea-water
electrolyte system, aq. KC1 solution was used whose behaviour as a
function of pressure has been well characterized in other published work.

The KC1 solutions were prepared volumetrically from 3x re-
crystallized KC1 and pyro-distilled water. The electrochemical behaviour
of lead was studied in 1 M KC1 + 0.01 M HC1. The cell constant for
the conductivity cells was determined using 0.01 m KC1 as a standard

solution.
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2.3.3 (v) PbC12 Solutions

An important result of elevated pressure on Ehe behaviour of
anodic films of PbC]2 or Pbsd4 can be a substantial increase of the
solubility of the anodically formed film. This arises because the
sums of partial molar volumes of Pb2+, C]'.or 5042" jons are,in general,
smaller than the corresponding molar volumes of the solid phases.

The solubility is best measuredin situ by means of conductivity
measurements. .Aqueous lead chloride solutions were studied at several
concentrations from 0.001M up to the saturation concentration of 0.0388M.

The solutions were prepared volumetrically from analytical reagent

grade PbC]2 and pyro-distilled H20.

2.3.3(vi) Pyro-distilled H,0

In recent years, both in North America and in Europg0 , it
has been found to be increasingly difficult to prepare pure water free
from organic, surface-active contaminants by means of distillation, even
from alkaline KMnO4.

The organic contaminants now commonly present in many domestic
and industrial water supplies are steam-volatile and are hence not
removed by distillation. Conway and co-workergx%ave developed a pyro-
distillation technique for further purifying regular Barnstead distilled
water, which meets the criteria required for use in electrochemical
measurements. The principle involved in pyro-distillation is pyrolysis
of organic impurities by passage of the steam through a column of silica
at 750°C in a stream of oxygen. The hot column contains a 90% Pt/Rh
gauze which provides an efficient zone for the catalytic oxidation of

organic impurities. The pyro-distillation unit is shown in Figufe 2.3.1.
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Initially, directly-distilled water from a regular aq. KMnO4
still is placed in the boi}ing pot. The pyro-still was then operated so

as to recycle the water through the catalytic furnace for 48 hours with
purified 02 passing through at about 1 cm3 s-]. The apparatus was provided
with a Soxhlet type overflow syphon which returns 100 cm3 volumes of
condensed pyro-distilled H20 back to the distilling pot every hour. The

distillation was continued for 48 hours before the purified H20 was collected

for use 1in fhe experiment.

The purity of such water for electrochemical measurements has
é been discussed by Conway et a?P'in terms of surface purity and
; H-adsorption behaviour at Pt in solutions prepafed from pyro-distilled
§ H20. The specific conductance of this water at ambient pressure was
too Tow to be measured by the a.c. conductivity bridge utilized in this
work. The conductivity of pyro-distilled water was consistently less

7.,-1 -1

than 107 '@ 'em '3 therefore a solvent correction was not necessary in

§ the conductance experiments.

2.4 Experimental Procedures

; 1. Cell Preparation

A1l electrochemical cells, including those used at ambient and
high pressures, were washed in concentrated sulfuric acid for several
hours, followed by thorough rinsing in doubly-distilled HZO' The cells
were then filled with pyro-distilled H20 and allowed to soak overnight.

The electrochemical cells for high-pressure measurements were placed in
a glove bag which was under a positive pressure of nitrogen. The solutions

were degassed (to remove 02) with pre-purified N, in the glove bag. The
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cells were then filled with the appropriate so]ﬁtion apd allowed to
soak for 30 minutes. The ce]] was then emptied, rinsed a second time
and filled with the solution required for the experiment. The cell was
then sealed with the lower screw cap.

In the case of equilibrium EMF measurements involving a Pt,H2
reference electrode, the electrolyte was presaturated with the H2 gas
at ambient pressure. The cell was then filled with electrolyte and
H2 gas was agéin passed through it for 15 minutes. Several small bubbles
of H2 gas were allowed to remain in the cell after the cell had been
sealed, in order to ensure that the Pt,H2 electrode remained in a well-

defined state at elevated pressures.

2.4.2. High Pressure Measurements

(i) General

After the high pressure cells had been removed from the glove
bag, the electrical leads of the cell were soldered to those on the
interior of the head of the pressure vessel. The electrical connections
were then insulated with heat-shrinkable tubing. The electrical connections
on the high-pressure side were colour coded to match the electrical leads
on the exterior of the head. The electrical leads on the outside of the
bomb were plugged into a control box, which was connected to the appropriate
monitoring apparatus.

(11) Equilibrium EMF Measurements

The effect of pressure on the cell EMF of a number of pairs
of reversible electrodes was examined in order to obtain reference electrode
data for electrodes suitable for use in the high pressure electrode kinetic
measurements. The pressure coefficient (%%E-)T was determined fdr the

following couples:
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Pd,Pd-H vs. Pt,H, (1 bar) in 0.5M aq. H,S0, |
Pd,Pd~H vs. Pt,H2 in 1 M aqg. HCI
Pd,Pd-H vs. Ag,AgCl in 1.0, 0.75, 0.50, 0.25 and 0.01 M aqg. HCI

Pt,H2 vs. Ag,AgCl in 1 M aq. HC1

The reference electrodes were prepared by well~known electro-
chemical methods as discussed in the earlier subsection 2.3 on electrode
preparation. After the cell had been assembled and connected electrically
to the leads in the head of the bomb, it was placed in the high pressure
apparatus. The cell was then allowed to come to thermal equilibrium
before any EMF measurements were made. The EMF measurements were
monitored with a digital voltmeter (Dana Laboratory, Inc. Model 4300).
Elevated pressures were then applied only if the cell EMF at ambient
pressure varied less than 100 ﬁV during the last 1 hour of the 3 hour
equilibration period. If this condition was met, the pressure was slowly
increased in increments of 276 bars, up to a maximum of 2210 bars. The
appreciable heat of compression which is generated was allowed to dissipate
for a period of 2 hours at each pressure before the EMF values were
measured. After the maximum pressure had been reached, the system was
decompressed in steps of 276 bars, and the EMF values were again measured
after the normal equilibration period at each pressure.

The pressure coefficient of EMF,(E%%)T,at 1 bar for each
pair of reference electrodes was determined graphically from plots of

the measured EMF values vs. pressure.

2.4.2 (1i1) Electrode Kinetic Studies at Elevated Pressures

(a) A.C. Impedance Apparatus: The pressure-dependence of

the electrochemical rate constant for the redox couple (Fe(CN)6'3/Fe(CN)6-4)
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at equimolar concentrations was evaluated at a Qo]d electrode in 0.5M
K2504 + 0.2M H2504 so]utions: For the étudy of such fast reactions
which proceed under partially diffusion-controlled conditions, it was
necessary to utilize a fast transient method or a ‘'relaxation technique'
such as the impedance method. Various procedures can be adopted for
the latter measurements, e.g.,

a. use of an a.c.wheatstone bridge

b; use of a phase-~sensitive voltmeter circuit (Randles)

c. use of a phase-sensitive lock-in amplifier system

and

d. use of d.c. polarization at a rotéting disc electrode.

The a.c. impedance technique is convenient for in situ

measurements such as are required in high pressure systems and can be
adapted for use with simultaneous potential sweep (cyclic voltammetry)

81, 82 83 for

experiments. Such a procedure was used by Conway and Tilak
study of the behaviour of silver oxide electrodes. This technique is
é modification of a.c. polarography which provides in-phase and out-of-
phase current read-outs for study of fast electrode processes. The
method gives impedance information continuously over a range of potentials
with the real (ohmic) and imaginary (capacitative) components of the
impedance being simultaneously recorded as a function of 'd.c.' potential
at various a.c. frequencies.

The system used in the present work was built up from a
P.A.R. phase-sensitive amplifier, operating in conjunction with a
potentiodynamic sweep apparatus employing a Servomex (LF151) triangular
function generator. A.c. modulation signals of 10 mV peak—to—peak

amplitude were generated by a Hewlett-Packard oscillator and mixed with

the linear potential sweep signal in an operational amplifier (Tektronix
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0-type). The phase-sensitive amplifier enabled the current components
0° and 90° out-of-phase with the modulating voltage to be separately
recorded; they are equivalent to the reciprocals of the impedance components
of the overall equivalent circuit for the working electrode.

A block diagram of the circuit is shown in Figure 2.4.1.
The method utilizing phase-sensitive curreﬁt detection offers some
considerable advantages over the standard bridge methods (a) with respect
to balancing problems in the presence of a.c. noise and (b) with respect
to the continuous read-out as a function of d.c. potential 1in a potential-
sweep scan. Initial a.c. measurements were made with a bridge but severe
problems with the balancing were found under low-resistance and high-
frequency conditions. The a.c. impedance method with phase-sensitive
detection was found to perform quite satisfactorily in the frequency

range chosen for this work (25 5”1 to 250 s"]).

2.4.2 (i) (b) Evaluation of the Cell Impedance. The electro-

chemical cell for high-pressure a.c. impedance measurements consisted of
a gold working electrode, a cylindrical platinum gauze counter-electrode
and a palladium Fe(CN)6"4/Fe(CN)6'3 reference electrode. The palladium
electrode in the presence of equimolar concentrations of ferro-ferricyanide
readily attains the reversible potential of the redox couple. The cell
was placed in the bomb and allowed to equilibrate for 1 hour before the
first measurements were obtained.

The overall cell impedance was evaluated in terms of the
resistance and capacitance components in the following manner. The
response of the system to d.c. cyclic voltammetry was first recorded

in the form of i-V profiles on a Hewlett-Packard X-Y recorder. The

P
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sweep rate was 20 mV s'1 and the potential range scanned was -0.500 V

to + 0.200 V vs. Pd, Fe(CN)6i4/Fe(CN)6‘3. A small a.c. signal (10 mV)

of fixed frequency was then superimposed on the d.c. signal and the in-phase

component of the a.c. current was recorded as a function of 'd.c.' potential.

This procedure was repeated for the remaining frequencies with all the
i-V profiles being recorded on the same graph paper. The out-of-phase
component was evaluated in the same manner. The above procedure was
repeated in order to evaluate the reproducibility of the system, which
was usually excellent if fresh ferri-ferrocyanide solutions were employed.
The a.c. measurements were then performed at pressure intervals of 550
bars up to a maximum pressure of 2200 bars. The §e11 impedance was also
evaluated at several intermediate pressures during decompression of the
bomb. At each pressure, time for thermal equilibration was allowed as in
the reversible EMF measurements.

It should be noted here that the impedance data was obtained
in the form of a.c. current peaks as the 'd.c.' potential was swept
through the half-wave potential of the redox system. The out-of-phase

component gives the double-layer capacity over the potential range where

no redox reaction occurs,

Comments on A.C. Measurements

In order to check the reliability of the a.c. measurements,
the jmpedance of an R-C circuit of known resistance and capacitance
was measured. This was done by measuring the in-phase (¢ = 00) and out-
of-phase (¢ = 900) impedance components of a paraliel circuit, having
a  known impedance, as a function of frequency, in the range 25 to 800

5'1. For a given value of R = 100Q and C = 5 uF it was found that the

8 e i e e e e + e+
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measured resistive component was a constant value, 99.3 9 in the frequency

1

range 25 to 200 s~ '. The value of the out-of-phase component, C

p’
consistently gave a value higher than the pre-set value of the standard

capacitance. However, Cp exhibited a constant value of 5.22 uF between

100 and 400 s‘1 but at higher and Tower frequencjes the deviation was as
great as 20%. However, when the capacitative impedance and resistance
were of comparable values, the error in R and C were less than 2% at all

1

frequencies Between 25 and 200 s~ '. The out-of-phase and in-phase

components of impedance of the electrode solution interface involved

in the Fe(CN)6"3/Fe(CN)6 4 reaction exhibit similar values of impedance

as indicated by the height of the respective a.c. voltammograms.

2.4.2 (iv) Electrochemical Behaviour of Pb Electrodes as a Function

of Pressure

For studies on the effects of pressure on the processes of
formation and reduction of PbC12 and PbSO4, cyclic voltammetry was used.
The electrochemical formation, growth and reduction of the electroactive
films of PbC12 or PbSO4 can be conveniently followed by this technique,
as well as the evaluation of anodic/cathodic charge balance in the
'charging'/'discharging' cycle.

In the mechanism of formation of PbC]2 and PbSO4, initial
dissolution of Pb2+ jons, followed by precipitation and growth of the

Pb2+ -salt layer is believed to occur. Pressure effects on the charging

process will therefore involve any changes of solubility of these materials

with pressure. The behaviour of the electrodes during the formation and

reduction of the electroactive phases of the Pb salts may therefore be

expected to depend on pressure.
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2.4.2(iv) (a) cCyclic Voltammetry. Cyclic voltammetry at Pb

electrodes was carried out. using a Wenking potentiostat and a Tacussel
6STP2 function generator. The i-V(t) profiles were recorded on a
Hewlett-Packard X-Y recorder, after conversfon of the current to voltage
by means of a decade resistance box. The compliete electrical circuit

utilized in the cyclic voltammetry experiments is shown in Figure 2.4.2.

(b) Pb,PbC1, Electrodes. The high pressure cell was assembled
under a N2 atmosphere in a glove bag and then placed in the high pressure
vessel at which time the necessary electrical connections were made.

The electrolyte was 1.0 M KC1 + 0.01 M HC1, with a Ag,AgCl reference
electrode.

Cyclic voltammetry i-V profiles for formation and reduction
of PbCl, at Pb electrodes were determined at 1, 1100, and 2204 bars.

The voltage was scanned between -0.350 and -0.970 V at a fixed anodic
sweep rate (11 mVv s"]) but at different cathodic sweep rates, 11, 13,
16, 20, 27, 32, 40, 53 and 80 mV s'] for each successive cycle. At
each pressure, all i-V profiles were recorded on the same graph paper,
as will be illustrated in Figure 5.1.1, Chapter 5.

The results were analyzedin terms of the dependence of
charge balance QA/QC on sweep rate and on hydrostatic pressure- The
current maximum and the potential at the current maximum were evaluated
as a function of sweep rate at each pressure.

The effect of the anodic potential Timit on the charge
recoverable in the following cathodic sweep as a function of pressure
was examined in the following manner: the applied potential was swept

at 16 mv s']

in the anodic direction with sweep reversal occurring at
a potential more negative than that of the anodic peak. For each

successive cycle, the potential 1imit in the anodic sweep was made

P
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progressively less negative in steps of 25-40 my unti] the potential
limit was positive with respect to the passivation peak. A1l i-V
profiles were recorded on the same graph paper as will be i1lustrated

in Figure 5.1.6, Chapter 5. The measurements were repeated in a similar

manner at 2200 bars.

(c) Pb,PbSO4 Electrodes. The effect of pressure on the

electrochemical behaviour of Pb, PbSO4 in 0.5M H2504 was examined by
cyclic voltammetry in a way similar to that described for the Pb, PbC]2
case above. The potential of the lead electrode was referred to that

of the Pd—H,H+ reference electrode.

2.4.2 (y) Pb_Electrode Behaviour at Ambient Pressure

The electrochemical behaviour of PbC1, and PbSO4 was - studied
at ambient pressure in order to provide additional information on the
processes involved in film formation and reduction. If the electro -
chemical behaviour of PbC1, and PbSO4 electrodes is well characterized
at ambient pressure, then the origin of the effect of pressure on these

systems may be easier to evaluate.

2.4.2(v)(a)'hePb,PbC124§ystem .The PbC]2 electrode was studied

by cyclic voltammetry in quiescent solutions and compared to the behaviour

of a rotating lead disc electrode (R DE ). The R D.E experiments
provide information on the contribution of solution-soluble species
to the processes of film formation and reduction. If the PbC]2 film
is sufficiently soluble, the extent of dissolution can be seen Qy

comparison of the charge balance ratio of the respective anodic and

— rrr;::’::;q
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cathodic charges (QA/QC) at a RDE and in quiescent -solutions.

2.4.2 (vi) Conductivity Measurements

The pressure dependent solubility of PbC]2 was determined by
conductivity measurements. The high pressure conductivity cells were
described earlier in this Chapter. The conductivity bridge (Industrial

1

Instruments, Ltd.) was operated at a frequency of 1000 s™' and calibrated

against standard resistances (Leeds and Northrup) at 25.0°C.

(a) Cell Constant The pressure dependence of the

cell constant was determined using a 0.01 m KC1 standard solution.

The conductivity data of Horné3for KC1 solutions at elevated pressures
was used for standardization. The electrolyte was degassed in the glove
bag, the conductivity cell was filled with the 0.01 m KC1 solution,
sealed and then placed in the high pressure vessel. The small size of

the conductivity cells permitted more than one cell to be placed in the

bomb. This allowed conductivity measurements to be carried out in duplicate.!

The conductivity was measured after a 3-hour equilibration
period. The pressure was then applied in steps of 550 bars until the
maximum pressure of 2204 bars was reached. The conductivity was evaluated
at each pressure after the usual 3-hour equilibration period. The same
procedure was followed during decompression. If there was a difference
of greater than 1% between the results obtained on compression or decom-
pression, then the experiment was repeated. Similarly, if the duplicate

cells showed a greater than 1% discrepancy, the run was repeated.

J—
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(b) Conductivity Measurements on PbC]2 Solutions. Aqueous

lead chloride solutions were studied at a variety of concentrations from
0.001 M up to the saturation concentration of 0.0388 M. Each cell was
allowed, as usual, to equilibrate at each pfessure before the conductivity
was measured. The saturated PbC]2 solutions were mechanically agitated

at each pressure by a solenoid device attached to the screwcap of the
cell. The cell was then allowed to equilibrate for a further 12 hours

at controlled temperature before the conductivity was recorded.

N &k
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CHAPTER 3

PRESSURE COEFFICIENTS OF EMF OF REVERSIBLE ELECTRODE REACTIONS

The pressure dependence of the potential of a reversible
electrode reaction has been shown in Chapter 1 to be related to the
volume change occurring in the half-cell reaction. Thus the pressure
coefficient of EMF can be written in terms of the appropriate partial
molar vo]umes*as

(2£)

1
5 = -== (zv_-zv
oP T zF

p ™ EV)

Since single electrode potentials cannot be experimentally
evaluated, the electrochemical cell is comprised of two reversible
electrodes, whosé EMF is measured as a function of pressure. The
evaluation of the behaviour of certain reversible electrodes for possible
use as reference electrodes in high pressure electrode kinetic studies
was performed by measurements on a combination of two different reversible
electrodes (eg. Ag,AgCl and Pt,Hz) in a single high-pressure cell. If
the measured cell EMF is reproducible in the ascending and descending

modes of compression,then the pressure coefficient of EMF should be

correctly given by - %F' (ZVp - ZVR). Therefore, the partial molar
volume of one of the components of the reaction can be evaluated if we
]

have precise knowledge of (EFJT and the partial molar volumes of the
remaining constituents of the cell reaction. If the determination of
this partial molar volume is consistent with the volumes reported in

the Titerature, then it can be assumed that the two reversible electrodes

are functioning in a thermodynamically well defined manner and therefore

1
* The derived unit of molar volume in the SI convention 3is m3 mol however in

this thesis cm3 mol is used to facilitate comparison with existing published
data. .

e R
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can be used as reference electrodes at high pressures.

3.1 The Pt,H,[0.5 M H,S0,|Pd-H, Pd Cell

The EMF data, aE, for this particular cell as a function of

pressure are listed in Table 3.1.1.

TABLE 3.1.1

EMF_DATA FOR THE CELL: Pt,HZJO.S M_H2§Q4 | Pd-H, Pd

P(bars) AE_(compression) (V) __AE (decompression) (V)
1 0.0545 | 0.0531
280 0.0562 0.0557
560 , 0.0582 0.0581
840 0.0604 0.0604
1120 0.0622 0.0621
1400 0.0640 0.0642
1680 0.0659 0.0662
1960 0.0677 0.0680
2240 0.0694 0.0700
2520 0.0711 0.0711

The variation of cell EMF, aE, as a function of pressure is illustrated
in Figure 3.1.1. The reversibility of the pressure effects is good with
some small degree of hysteresis occurring only with regard to the final
readings at low pressure. The slope at 1 bar is 8.6 x 10'6 v bar']._ At
pressures above 800 bars, the AE vs P plot is Tinear with a slope of

6

6.8 x 10°° V bar™!. The hysteresis is probably due to loss of molecular




76

" PdH-pd | Yos%H ws-0 |%H°3d

1192 943 Jo4 adnssaud yo uoizouny e se yu3 4o uotlerdeA ayl °(°c 3Wn9I4 -

0002 006!

(s4pq) d
0004 005 00500 -

— 003800

(A)3V

— 00200




E Nt tntambece |

77

hydrogen during the course of the run by diffusion through the Teflon walls

of the high-pressure cell (see below).

The pressure coefficient of EMF, (%éE?T for the cell reaction

Pd + 1/2 H, = Pd-H (3.1.1)

is related to accompanying volume change by

v
9AEy o ] Ho
@1 = 2 Wpdon = Vpa = 3D (3.1.2)
where Vp, . and VHZanathe S molar volumes of H, and Pd-H. Vpd

is the molar volume of Pd. Therefore,at 1 bar, the volume change for

3 017! and at pressures above 800 bars, the

reaction (3.1.1) is ~8.3 cm
volume change is -6.6 cm3 mo]'1. The increase of the reaction volume

as the pressure is enhanced is due to the pressure dependence of the
partial molar volume of Hy.

Although the . molar volumes of H2 and Pd-H have not
been evaluated, it can be concluded that the Pd-H, H+ electrode provides
a stable reference electrode in 0.5M H2504 at pressures up to 2500
bars. The Pt, H2 electrode is stable to within 1 mV during the course

of the experiment, but the problems associated with a gaseous reference

electrode in a plastic or teflon cé11 are always present.

3.2 The Pt, H2|1M HC1|Pd-H, Pd Cell

The cell EMF data as a function of pressure are listed in
Table 3.2.1 from two separate experiments. The results are also shown
graphically in Figure 3.2.1. The behaviour is, as expected, similar to
that of the cell described in 3.1.1. The slope at 1 bar, (géE—JT, is

8.4 x 10'6 ) bar']; at pressures above 800 bars the pressure coefficient
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is constant at a value of 6.9 x 107V bar™!. The volume-change for the
reaction

Pd + 1/2 H2 f— Pd - H ‘ (3.1.71)
is -8.1 cm® mo1™! and -6.7 cm® mol™! at 1 bar and above 800 bars,
respectively.

The'measured cell EMF at 1 bar of 0.0502 V is in excellent
agreement with the value of 0.0495 V reported by Schuldiner and co»woﬁkerssq.
The value of AE measured after the high-pressure readings, 0.0490 V, is
1 mV less than the initial value at 1 bar. This behaviour is quite similar
to that for 0.5 M H2504 (Section 3.1), and thereforé can be rationalized

in the same manner.

3.3 The Pd, Pd-H[M HC1|AgCl, Ag Cell

The pressure coefficient of EMF for this cell was evaluated
at a series of HC1 concentrations, 0.01, 0.25, 0.50, 0.75 and 1.0 M HC1,
in order to evaluate the behaviour of the Pd-H, H+ and Ag, AgCl1 reference
electrodes as a function of electrolyte concentration. This cell enables
the molar volume of Pd-H to be evaluated at each HC1 concentration from
the appropriate pressure coefficient of EMF and known molar or partial
molar volumes of aq. HC1, AgCl, Ag and Pd.

The experimental EMF data are listed in Table 3.3.1 for each
HC1 concentration and pressure. The EMF data as a function of pressure

are also illustrated in Figure 3.3.1, where AE_ - AE] values are plotted

P
with respect to pressure. The sTopes increase linearly with increasing
pressure for the three highest concentrations over the complete pressure
range. At 0.01 and 0.25 M, the pressure coefficient decreases

(becomes more negative) with 1increasing pressure up to 500 bars;
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EMF_DATA FOR THE CELL: Pt,H,|1 M HC1|Pd-H,Pd
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TABLE 3.2.1

OBTAINED IN TWO RUNS

P(bars) AE (V) AE (V)
1 0.0503 0.0501.
276 0.0512 0.0513
552 0.0525 0.0526
828 0.0550 0.0550
1105 0.0571 0.0571
1376 0.0589 0.0590
1656 0.0607 0.0607
1930 0.0625 0.0625
2210 0.0644 0.0644
2480 0.0663 0.0663
1 0.0492 0.0488




EMF DATA FOR THE CELL:
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TABLE 3.3.1

Pd, Pd-H[M HC1|AgCl, Ag

C C C C C
0.01(M or_mol/| 0.25M 0.50M!| 0.75M 1.0M
dm=3)

P(bars) AE (V) AE (V) | aAE (V)| AE (V) AE (V)
1 0.40084 0.24846 | 0.21301 | 0.19210( 0.17432
276 0.40064 0.24800 | 0.21238{ 0.19142 | 0.17368
552 0.40025 0.24750 | 0.21180| 0.19069 | 0.17296
828 0.39978 0.24696 | 0.21118| 0.19004 | 0.17228
1105 0.39937 0.24641 | 0.21061 | 0.18935| 0.17162
1376 0. 39891 0.24583 | 0.20994 | 0.18868| 0.17089
1656 0.39842 0.24524 | 0.20931} 0.18800} 0.17023
1930 0.39796 0.24468 | 0.20868| 0.18731| 0.16952
2210 0. 39746 0.24412 ) 0.20806 0.18667| 0.16884
1 0.40080 0.24865 ] 0.21314| 0.19208| 0.17449

g e N2 3 o
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TABLE 3.3.2

P =1 bar P> 500 bars
ctHel) | (38E ) (wv bar ) | avy (endno1 )] (g—gE—)T(uv bar™") | ay (cmno1 ™)
M
0.01 -0.50 0.50 | -1.70 1.60
0.25 -1.50 1.50 -2.00 2.00
0.50 -2.20 2.10 -2.20 2.10
0.75 -2.48 2.40 -2.48 2.40
1.00 -2.55 2.46 -2.55 2.46
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at pressures above 500 bars the pressure coefficient of the EMF is independent
of P. The values of (%%JT at P =1 bar and P > 500 bars are listed in

Table 3.3.2. The volume changes at each concentration for the cell

reaction

Pd-H + AgC1 — Pd + Ag + HCI (3.3.1)

are also included in Table 3.3.2.
The pressure coefficient is related to the appropriate volume
quantities for the cell reaction 3.3.1 by the equation

( 9AE

= _ 1 -
SP_)T_-F(V + V., +YV v

pd * Vag * Yhe1 - Ypd-n - Vager (3.3.2)

where Vp 45 Vpy_ips VAg and VAgc1 are the molar volumes.of Pd, Pd-H, Ag

and AgCl, respectively. The molar volumes are determined from the appropriate
molecular weights and densities of the solid phases. VHC] is the partial
molar volume of HC1 but for the purpose of this calculation the partial

= 110
molal volume of HCl at infinite dilution, VHC]’ is utilized. From the

experimentally determined values of (%égé,apparent values of the volume

VPd-H can be evaluated from equation (3.2.2) for each concentration of
HC1 employed. The values of VPd—H are "apparent" because VHC] in equation
(3.3.2) is concentration dependent according to the Debye-HUcke] Taw.

Therefore equation (3.3.2) becomes

BBy - _ 1 (9.33+10.27+17.83 - v

Sﬁ_JT =- - 25.78)

Pd-H
The apparent values of Vpg.y calculated from the data for each HCI

concentration and equation (3.3.2) are listed in Table 3.3.3. Apparent

1/2

values of VPd-H may be plotted versus C and extrapolated to zero ionic

strength of HC1 giving a true value of VPd-H as shown in Figure 3.3.2.

The best-fit straight line by the method of the least squares gives.an

intercept at C = 0 of Vp, . = 11.3 cmS mol”! .

e AT
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TABLE 3.3.3

APPARENT VALUES OF THE MOLAR VOLUME OF Pd-H

C(M) HC1 Vogy (e mol™T)
0 (extrapolated) 11.3
0.01 11.2
0.25 10.2
0.50 9.55
0.75 9.25
1.00 9.19

The EMF data listed in Table 3.3.1 are reproducible over
the pressure range 1 to 2210 bars. The maximum variation of AE at

1 bar recorded before and after the high pressure measurements was

4 5

1.7 x 1077V (C = 1.0 M HC1). The minimum variation was 2 x 10"V

(C = 0.75 MHC1). Therefore the electrodes Pd-H,H+ and Ag,AgCl can be
used as reliable reference electrodes at elevated pressures, with an

4

uncertainty in the measured EMF not greater than 1.7 x 107V,

3.4 The Pt, H2|1 M HC1|AgCl, Ag Cell.

The EMF -of this cell was found to be quite unstable. It
was initially thought that a time-dependent mixed-potential was set up
at the Ag, AgCl electrode in the presence of H2' Another possible
explanation is that reduction of traces of dissolved Ag+ by molecular
hydrogen occurs at the Pt, H, electrode. A separator between the Ag,

AgCl and the Pt, H2 electrodes was therefore introduced in the cell, but
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the cell EMF again proved to be unstable. Significant diffusion of H2

through the Teflon walls of the high-pressure cell appears to be a more
realistic explanation for the time-dependent EMF of this cell. Earlier
experiments with the Pt,H2 vs Pd-H, Pd system gave, however, quite stable
potentials in the ascending and descending direction of pressure change.

In the later experiments, the cells used were made of Teflon from a difference
source than that,emp]qyed in the earlier measurements. Therefore, it seems
that the two Teflon samples have a different structure, the most recently
obtained being permeable to molecular hydrogen.

15 also observed systematic errors of about

Heusler and Gaiser
2 mV for the equilibrium EMF of the cell Pt, Ho[HCT, NaCl|AgC1, Ag at
atmospheric pressure. The errors were attributed to the irreversible
reduction of AgCl and to the fact that the H2 partial pressure was less
than 1 bar. The loss of hydrogen was attributed to diffusion through the
Teflon cell into the hydraulic 0i1 in the high-pressure vessel. Valeriote

16 also observed similar drifts of cell potentials when a

and Gallup
hydrogen electrode is used in a Teflon, Lexan or nylon high-pressure
cell. The effects were again attributed to diffusion qf H2 through the
walls of the cell.

In order to obtain a more reliable estimate of the pressure
dependence of EMF of the cell Pt, H2|HC]lAgC1, Ag, an indirect approach

was taken. Two different cell systems were employed:

Pt, Hy|1M HCI|Pd-H, Pd and Ag, AgCl|TM HC1|Pd-H, Pd

The following procedure was adopted to determine the (%%EJT for the

following Pt, H2|1M HC1|AgCl, Ag system:

G P e ettt e e e
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Cell 1: 7 Hy + AGCl == Ag + HC1 for which (3.4.1)
oA, : h,

G == F Wag * Vo =7 = Vager) (3.4.2)
The pressure dependence of the EMF of the following two cells was
determined
Cell 2: Pd-H + AgCl — Ag + HC1 + Pd for which (3.3.1)

BAEZ 1

()7 = = F (g * Vag * Vi1 = Vpgp = Vager) (3.3.2)
Cell 3: Pd + aH, —> Pd-H  for which (3.1.1)

dAE v

3y - _1 __H Ly
) = = FlVpgp - 37 pa) (3.1.2)
From the three (%éE)T expressions, it is seen that the
3AE, 3AE, aAE3

required (aAE/aP)T, value is given by (5?_')T = (55——0T + (53——0T
in terms of the pressure coefficients of EMF of the cells (2) and (3), so

that
v
BAE]

H
2
(v

=_1 - __2
= F Ung * Vigy = Vager =7 (3.4.2)

The pressure coefficients of EMF for cells 1, 2 and 3 and
the volume change, AV], for the cell reaction 3.4.1 are listed in Table
3.4.1. The partial molar volume of H2 in IM HC1 at P = 1 bar as

calculated from equation 3.4.2 is also listed in Table 3.4.1,
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3.5 Comments and Discussion on Pressure Coefficients of EMF in relation

to Molar Volumes

From the data given above,it is seen that evaluation of the

pressure coefficient of EMF for the cell
Pd, Pd-H|M HC1|AgCl, Ag

provides a coﬁvenient method for the determination of the molar volume
of Pd-H. The significance of Vpg-p can best be visualized if the processes
involved in the Pd-H, H" reference electrode reaction are known.

The behaviour of the Pd-H, H" reference electrode has been
studied by Schuldiner, Hoare and Caste]]an84 s F1ahagan and LewisS® R
and by Aben and Burgerss6 with varying opinions on the actual mechanisms
involved in the functioning of such an electrode. However, the mechanism
described below appears to be the most consistent with respect to the
experimental facts. It is known that a palladium wire charged with
hydrogen electrolytically or under a hydrogen atmosphere will achieve
a potential of about + 0.050 V with respect to a Pt,H2 reference electrode.
Hydrogen will be absorbed initially by palladium in the a-phase up to a
Timiting compositidn of H/Pd = 0.03. Further H absorption produces a
second phase, B8, with an H/Pd ratio of 0.60. The stable definite electrode
potential is due to the simultaneous presence at the electrode surface
of the two phases in thermodynamic equilibrium. Electrochemical

equilibrium exists between the Pd-H, H+ electrode and the electroiyte

as represented by the equation

Pd+ H' + e —  Pd-H
p—
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The absorption of H into the o phase is known to occur with
very little expansion of the Pd Tattice; however, the formation of the
B phase occurs with considerable increase of the lattice parameters.
Values of the latter obtained by Aben and Burgers86 are listed in

Table 3.5.1.

TABLE 3.5.1

LATTICE PARAMETERS FOR THE Pd,Pd-H SYSTEM 86
o - PHASE a - PHASE + H | (o + B) PHASE + H
a = 0.3882 nm a = 0.3886 nm ' a, = 0.3886 nm
ag = 0.4017 nm

The value of the measured molar volume of Pd-H is to be associated
with the presence of H in the g-phase, since this phase forms with a
relatively large expansion of the Pd lattice. Therefore, VPd-H = 11.3

1 is the molar volume of Pd-H when the H/Pd ratio is 0.60 in

en® mol”
the B phase. The molar volume of H itself in Pd, VH,can then

be evaluated by taking the difference of VPd-H and the molar volume

¥ which

of Pd, VPd’ This approach gives a value for VH = 2.0 cm3 mol~
is the net volume change of palladium upon absorption of 1 mole of
H-atoms into a large volume of g-Pd-H.

The quantities Vp, , and V, for H in palladium have not been
previously reported in the literature, although VH in pure iron and
in Pd-Ag alloys have been evaluated by measuring the uptake of Hz_under

uni-axial stress. This type of measurement is based on the fact that

when a tensile stress is applied to a metal it causes an increase in the
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solubitity of H while a compressive stress decreases the quantity of
absorbed H-atoms. The change of solubility of H is related to the applied

stress by
3 In (C/CO) VH

3o ~ 3RT

where C is the solubility of hydrogen (moles of H/cm3 substrate) when
the applied uniaxial stress is o and Co is the solubility when the

applied stress is zero. Utilizing this approach, Bockris et a187 have

1

determined VH fof H in pure Fe as 2.6 cm3 mol . Orian188 has determined

the value to be 1.90 cm3mo1'1 in a 75% Pd - 25% Ag alloy which is in good
agreement with the value obtained in this work, V, = 2.0 em® mol”T.

The behaviour of the Pd, Pd-H|M HC1|AgCl, Ag cell at pressures
up to 2500 bars appears to be sufficiently reliable to equate with

certainty F times the pressure coefficient of the cell EMF to the known

molar volume differences of the respective components in the cell reaction.

This being the case, the Pd-H, H+ electrode was utilized as a reference
electrode in the subsequent high-pressure electrochemical studies in
acid media. The Ag, AgCl electrode was adopted for use in C1~ salt

solutions at elevated pressures.

The pressure coefficient of EMF for the electrochemical cell

Pt, H2|1M HC1|AgCl, Ag
could not be measured experimentally in a reliable manner but could be
derived from EMF measurements on the cells

Pt, H2|1M HC1|Pd-H, Pd
and

Pd, Pd-H|1M HC1|AgC1, Ag.

as described on p. 87-88.
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TABLE 3.5.2

PARTIAL MOLAR VOLUMES OF H, IN AQ; HC1

C(mol dm™HC1) v, (cm® mo1™T)
. 2
0 24 - - 25.2 24
0.02 22.6 - - - -
0.10 - 17.9 | 15.0 - -
0.42 20.2 - - - -
0.80 17.7 - - - -
1.00 - - - - 17.6
Reference: 1 2 3 4 5
15

Heusler and Gaiser

Valeriote and Gallup

HiTls and Kinnibrugh'S, Pt,H,|0.1M HCT |Hg,Cl,,Hg

Tiepel and Gubbins >3

aqueous KOH

The present work.

, Pt, Hy|M HC1|AgCT,Ag

16, pt,Hy[0.1M HC1|AQCT,Ag

, dilatometer method in

- Emasma .
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The pressure-coefficient of EMF obtained in this manner can be used to
determine the partial molar volume of H2 in 1M HCI.
The partial molar volume of H2 obtained in the present work is

VH = 17.6 cm3 mol'], and agrees quite well with the value of Heusler et

2
al, Vy = 17.7 cm3 mo1"1
2

Gaiser!5 are plotted as a function of C

, for 0.80 M HC1. The VH values of Heusler and
2

/2 30 Figure 3.5.1. The best-fit

straight Tine has a slope of «6.3 and gives an intercept VEZ of 24 cm3

mol"]. The value of VH2 obtained in the present work, is within 0.1 cm3 mol~

C1/2

of the corresponding value of Heusler and Gaiser on their VHZ- plot

at C = 1.0 MHC1. If the slope of Heusler and Gaiser's results is assumed
to be correct, then an estimate of VEZ can be made from our single value
of VH in 1 M HC1 using the relationship

2

v, =V -6.3 ()2
2

Hy

This gives V:Z = 24 cm® mol”

reported values of V:Z 53.

1

1

Heusler and Gaiser15 evaluated VEZ as 24 cm3 mol ' from the

pressure coefficient of EMF of the cell

Pt,Hle HC1[AgC1,Ag

Using a similar cell, Valeriote and GaHup's]6 results give a partial

3 13

molar volume of H, in 0.1 M HC1 as 17.9 cm mo1”]. Hills and Kinnibrugh

using the cell
Pt,H2|0.1 N HC]]H92C12,Hg,

quote VH2 = 15 cm3 mo1"] for 0.1 M HC1. For comparison, it is to be noted
that Tiepel and Gubbins53 made a direct evaluation of the partial molar
volume of H2 in pure water by a dilatometer method obtaining a value of
V: = 25.2 cm3 mo1'], in good agreement with the extrapolated inffnite-
dilution value obtained from EMF measurements. Table 3.5.2 summarizes the

value of VH obtained from the literature and from the present work.
2

» Which is in excellent agreement with previously

E

.
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It is seen that introduction of a small molecule such as

H2 into an aqueous solution results in a surprisingly large volume

3

increase (v 24 cm mo]']). This observation is consistent with the

earlier work of Frank and Evans89 on the effecf of added non-electrolytes

on the structure of water. The addition of non-polar gases such as

H2’ Ar, He and Rn to aqueous solutions was found by these authors to

result in a large decrease in entropy of the system (-105-170 J K'] mo]'1).

This behaviour was related to the ability of these solutes to promote
structure building of water around non-polar solute molecules. The
Targer solute molecules, such as Rn, will promote a greater degree of
structure making. The formation of large aggregates. of structured
water will result in expansion of the solvent as reflected in the
observed apparent or partial molar volume of the solute.

The partial molar volume of H2 in 1 Maq. HC1 at 1 bar is

3

17.6 cm m01‘1; however, as the pressure is increased, VH2 decreases

steadily until about 800 bars. Above this pressure, the value of VH2

3

becomes constant at 14.1 cm m01"1, (Table 3.4.1). The decrease of

) with pressure is due to the pressure-induced destruction of part

Ho
of the expanded water structure. Above 800 bars, the structure promoted

by the introduction of H2 into the aqueous electrolyte has been "melted".

88
This behaviour is analogous to the observations made by Frank and Evans

on the increase of entropy with increasing temperature for non-polar
gases in water. This variation was attributed to the "melting" of the

so-called "iceberg" structures surrounding the solute molecules.
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The large concentration dependence of V .observed in this

H
work and that of Heusler and Gaiser (Sv = -6.3) canzbe explained in terms
of the salting-out effect. In.so1utions of moderate electrolyte
concentration (0.01 -+ 1M), increasing mole fractions of the solvent

will be involved in solvation of the respective jons as their concentration
increases. Therefore, a solute molecule such as H, when introduced into
an ionic solution sees a smaller volume of “free" solvent molecules than
would be the caﬁe in pure water. The activity coefficient of the H2

gas is therefore increased to such an extent as to reduce its solubility
(salting-out effect). Therefore the volume change accompanying the
dissolution of H2 will be less than the V:Z value Que to the finite

and positive activity coefficient associated with the decrease in the

quantity of H2 present in solution due to the influence of the jons

present.
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CHAPTER 4

FUNDAMENTAL ASPECTS OF THE PRESSURE DEPENDENCE OF THE KINETICS

OF SELECTED ELECTRCDE REACTIONS

General Introduction

Studies on the effects of pressure on condensed-phase chemical
reactions7’8 , ionic conductance43’66 and ionic equi]ibri§4 -47 have
produced useful new information on the volume changes which occur in these
processes and in the activation process in their kinetics. The method
is especially useful for studying reactions in which‘changes of charge,
and corresponding changes of electrostriction, occur, e.g. in reactions
where polar transition states are developed or in ionic reactions involving
a change of charge.

Electrochemical reactions involving discharge or reduction
of cations would normally be expected to have positive volumes of activation
due to the elimination, or diminution, of net charge corresponding to a
decrease of electrostriction. Because some experimental studies on the
cathodic hydrogen evolution reaction reported in recent years give un-
expected negative volumes of activation for this process, it is necessary
to give a thorough analysis of the significance of the volume quantities
normally derived from effects of high pressure on the kinetics of electrode
processes. It has been shown (Chapter I) that for several reasons, the
pressure derivative of the log of exchange currents (or currents at finite
overpotential) do not give a true volume of activation for the electrode

process as do measured volumes of activation for homogeneous, non-electro-

chemical reactions]?
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Applications to electrode processes where generation or annihilation
of charge is an essential feature of the reaction, so that pressure effects
are of special interest, have received 1ittle attention in the past. However,

13 15

Hills and co-workers ~ and Heusler and Gaiser'’ have made important experi-

mental contributions but the significance of the results was obscured by

misinterpretation (as in the former case13)

and by complications arising
from pressure-dependence of coverage, > by adsorbed H when oy is signifi-
cantly greater than O at some metals.

In Section 4.1, the significance of effects of high pressure
on the kinetics of the hydrogen evolution reaction for several cases will
be discussed and the conclusions will be used to clarify conflicting
deductions which have hitherto been made regarding the significance of
pressure effects on this reaction. The behavior of other types of reactions,

e.g. ionic redox processes, will be discussed in Section 4.2 and surface

processes at Pt and Au in Section 4.3 of this chapter.

4.1.1 Pressure Effects Arising for Various Reaction Mechanisms of Cathodic

H,_Evolution
The reaction mechanisms considered90 are
k
Fie+m o MH I
H e <l:-- ads
-1
followed by
Mi_ .+ HY 4 Lo, H 11
ads € ko 2
-2
or
k
TN y
Mags s M I11
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as the desorption pathways. The reaction equatioﬁs I, I, III,as written
above,also serve to define the respective rate constants k], k_], k2’ k-2’

Ky and k_3 which will be required in the subsequent discussion.

Case 1

The simplest case arises when a rate-controlling discharge

step such as I is involved and the desorption process is fast and irreversible

so that coverage by adsorbed H,oH, tends to zero

Then it = 2F k] CH+ (]-GH) exp - B¢F/RT (4.1.1)

where it is the total current density passing in thé rate-determining

step plus that in a subsequent desorption step. The potential term ¢

is the metal-solution potential drop. Here, for simplicity, we shall not
consider the detailed form of ¢ as determined by double-layer ion-distri-
bution and specific adsorption effects, as the small pressure effects

which may arise in the structure of the double-layer will divert attention
from the main factors to be developed and discussed in this Section.

It is convenient to express ¢ in eqn. (4.1.1) in terms of the experimentally
accessible overpotential n, referred to the potential of an electrode

in the same solution at which the same overall electrode process, viz.

H30+ + e ——> 1/2 Hy + Hy IV

is set up, but under equilibrium conditions with a metal-solution p.d

of ¢ Then, in the usual way,

rev’

b = n * by (4.1.2)
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The pressure derivative of 1t in eqn.(4.1,1) is then, noting

that oy 0,
3 In i 9 In k ? ¢
t - 1 _ rev
( 3P )n,T ( aP ) B ( Y )T (4.].3)
. _ 0 : s
Since Spay =~ AGrev/ZF for the electrode process IV at equilibrium and

(aAG‘;ev/aP)T = AVO, the volume change for the overall reaction IV, and
¥

because k] can be written in terms of the exponential e"Ael /RT it

follows that the apparent volume of activation sz obtained from the

5 In i
experimentally measured C———Eﬁ—z)n T is given (cf. ref. 18,19) by

*

. & ,
AVa = AV1 - BAVO (4.1.4)

Thus, as first pointed out by Conway39 (cf. refs. 19, 91°) the true
volume of activation, AVT , differs from the apparent value sz which
is the quantity determined by measurements of the change of rate of an
electrochemical reaction with pressure at constant n, simply by 8 times
the equilibrium volume change AVO in the overall reaction. Experimentally,
it is to be noted that the molar concentration of reactant ions, CH+,
will also increase with pressure*.

It is seen that evaluation of a true volume of activation for
an electrode process involves problems similar to those am’sing32’33 in

evaluation of the activation energy of electrode processes from determinations

of the temperature dependence of currents at a given overpotential or

* For pressures up to ca. 104 bars, the effect of pressure on concentrations
in aq. media will be to enhance the rate by ca. 20%. However, this is a
trivial effect which can usually be simply allowed for if the compressibility
of the solvent or solution is known but in previous work this effect has
apparently been neglected.

vt
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specifically of the exchange current (n = o), as pointed out in ref.3%and p.7.
It is to be noted that the result (4.1.4), derived here for

Case 1, is generaily app]icab]e‘to any electron-transfer reaction in

which the kinetics are not influenced by a prior or subsequent step, or in

which significant coverage of the electrode by an intermediate does not

arise so that the pressure-dependence of the coverage o by this intermediate

need not be considered. When 0 is significant, more complex results

arise, and will be treated below.

Case 2. The Mechanism I, II, controlled by the rate constant of the

desorption step II

Here significant coverage by adsorbed H can arise so that the
pressure-dependence of oy as well as of k2 and ¢?eyi11 determine the
value of Ava*.

For the mechanism I, II, the total current it is

it = i1 - i_] + iz (4.1.5)
In the steady-state iz = i] - 101, so that
-i,t = 212 = Z(i'l - -i"-l) (4-]-6)

In an analysis previously given by Heusler and Gaiserlsit was written as
it = 1] + i2, i.e., the back reaction in I was evidently neglected. If
Il is rate-determining, i_] must, however, normally be included in the
expression for the total current and it also determines the coverage oy
under quasi-equilibrium conditions for step I. In terms of the usual

potential-dependence of reaction rate,

i, = 2Fk, C,+ @, exp (-B4F/RT) o (4.1.7)

where ¢ is the metal-solution p.d. Using eqn. (4.1.2) again to introduce

e e vt s+ e
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n and ¢Yev$he pressure-dependence of the current'density is given by

3 In i 3 In k 9 1In ¢
ty - 2y H BF (~ “rev
) = i o w0y

3.4
(4.1.8)

at constant n.
Introducing the volume terms that arise from the pressure-

dependencies of the ko and ¢ terms in eqn. (4.1.4), gives an expression

rev
. . £ .
for the aEEareﬁt activation volume AVa as follows:

. ¥ ¥ i

9 In 1 AV AV 3 Ino BAV

t = _ _a._ 2 H 0
)y "~ R R (4.1.9)

where AVZ is the true activation volume of step II while AV0 is the

volume change per e in the overall reversible reaction of the H2 electrode

AG°
Y re —a 1 ince —Yev -
(H +e 5 H2) since —¢ = %ray

It is seen that the surface coverage factor enters eqn. (4.1.9)

when II (or III) is the rate-determining step. The effect of pressure

on oy at a given n may be derived from the condition that 11 T 1_1 when

II is rate-controlling, i.e. i

kiCyt (1-0) exp (-B¢F/RT) % k_j0, exp (1 - 8) oF/RT  (4.1.10) |

so that in the usual way34
Ky Gyt exp(-~¢F/RT) (4.1.11)

1+ K1 CH+ exp(-¢F/RT)

OHT—'

where K], = k1/k_], is the quasi-equilibrium constant for Step I. Then

the pressure-derivative of oy can be written as

J‘4jijﬂi) = (E—lgffib = (;gvjiljil) _F Btrey
O o Tn.T M7 P TTRT TP T
TSN
] F rev
TTFR G ewp(er/RT . Lty (- rlexpls oF/RT (=550

Cyt exp(-oF/RT) (2K /9P) ] (4.1.12)
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so that
5 In o AV AV c]
( ) = - R} + 2. ET (aV, - aV;) (4.1.13)

since 6y can be written from eqn. (4.1.11) in terms of Kis Cy+ and

exp(-¢F/RT). With further rearrangements of eqn. (4.1,13),

3 1n g, AV, A
(—— 7"~ (o) + 57 (0~ 9 (4.1.14)
(-9
R (aV, - avy) (4.1.15)

The latter term, AVO - AV], it is to be noted, is the volume of adsorption
of 1/2 H, as H. Then, from eqn. (4.1.9),

aVi, = avh - av, (148 -+ (1- gy v, (4.1.16)

Under (experimentally inaccessible) conditions of constant ¢, the true
volume of activation for the overall process I, II, with II rate-controlling,

would therefore be*

AVt - AV; + (1 - 0y) av, ' (4.1.17)

so that, with eqn. (4.1.16)

= vt T3 oV, (1% 8- 0) (4.1.18)

*In the more complex cases, such as that here where eH can be f(P),
AV* can be expressed either in terms of the true AV for the rate-determining

step or in terms of AV* with AV and 0y
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evaluated at a constant n for a corresponding value of oy at the given

n. It is thus seen from eqn. (4.1.18) that the true volume of activation
differs from the measured apparent value in this case by one term derived
from the pressure dependence of Oy and another from the pressure dependence

of ¢ If sz is desired for step II itself, it is necessary to have

rev’
information on surface coverage oy and the volume change AV] in step I.

AV] could be obtained in favorable cases from studies‘92 of pressure-

dependence of underpotential deposition of H, e.g. at Pt, Rh etc. (see Section 4.3)
Two limiting cases can usefully be considered:

(@) if ky >> k_q, Ky >> k,, then g, > 1 so that e, is pressure

independent. Hence
f_
AVa’z— vy - AV, (4.1.19)

(b) k_, >>ky and k_; >> k,, so that o, -~ 0 and is f(P), then
-1 1 -1 2 H

¥ o_ ¥ - ‘
AVa?z-—AVZ + AV] (1+ B)AVO . (4.1.20)

Case 3: Mechanism I, IT when I is rate-controlling and II is in quasj-

equilibrium as a rapid desorption-step.

For some metals, the discharge step I can be rate-controlling
bu@g coverage by H greater than "zero" can be established through step II

in quasi-equilibrium. For this case

:'i+'

Pty i, (4.1.21)

and since 11 =1, -1 5 (4.1.22)

i, = 2 F kg Cp (1-0) exp(~8oF/RT) (4.1.23)



I:sym.—__.m.. . - . ce . .

106

The pressure-coefficient at constant n is then

3 In i 2 In k

ty . - gE Srey, +'(a-?“ ‘I‘QH)) (4.1.24)
aP n,T aP T RT oP T 3P n,T
i.e. s "
| - ff@a:3=,.le v g &V, + (a n (1 - OH)) (4.1.25)
i RT RT RT aP nsT
|
j From the condition in egn. (4.1.22), a steady-state value of 0y can be
: obtained as
k, Cy+ + k*, exp(¢ F/RT)
O = BT % (4.1.26)
1“0t + kol + kD exp(¢ F/RT)
so that
KoCyit (4.1.27)

1-o0,-=
H
k] Cyt + kZCH+ + k__2 exp(¢ F/RT)

f Taking logarithms and with further rearrangements, the pressure-derivative

of 1 - OH is obtained as

. ¥ #
(a n (1 eH)) i fXg__ f!g._ (- o) [AVO ) Av2 . k]k_2 (AVO ) AV] . sz )]
oP nsT RT RT H RT RT K 2 RT RT RT
2
(4.1.28)
Therefore eqn. (4.1.24) becomes
aVE = avi - AV (1 4 8) + AV, + (1-0,)[AV. - AV, + -2 (av_-avi + avi)1 (4.1.29)
a 1 0 B 2 H 0 2 K 2 o' 2 ce
2
The true volume of activation Avi for this case is
£ _ o F LIRS S AT T BT T F
aVi = aVy + aVoe, * K AV, - K'AVy ~ KiopaVs + K OaV; (4.1.30)
i *PH should appear in each of these terms but in general PH = 1 bar therefore
! 2 2

can be neglected as a pressure dependent term in subsequent derivations.
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kik
where K1 T
K 2

experimenta11§ measured volume of activation, AV: ,» and the volume change

. Then eqn. (4,1.30) can be expressed in terms of the

Av0 for the equilibrium reaction IV by

F_ooF 1
| AVt = AV%:§ AV, (1 + B)—AV0(1—OH) -AVOK (1-oH) (4.1.31)

Limiting conditions may also be usefully examined for this

mechanism,as for case II considered earlier:

K.k
(a) if kg << k, >> k ,, then ——=2 5 0 and o, - 0; then
1 2 -2 2 H
2 .
eqn. (4.1.29) can be written as
szj AVT -8av,, (4.1.32)

(cf.eqn. 4.1.4)

which is, as expected, simply the result for the discharge step without

any equilibrium following step I.

(b) if ky << k_p >> k,, then 6y > 1 egn. (4.1.31) reduces
to the form

i:

AVa

= vE \
)3 AV] - AVO (1 +8) + AV2 (4.1.33)

Therefore the true volume of activation can be written as

g3 _E
AVt = AV] + sz = AVa § (1 + B)AVO (4.1.34)

E]

when oy =0 in (4.1.18) and 1 in eqn. (4.1.31), although of course eqn.
(4.1.18) applies when step II is rate-controtling while eqn. (4.1.34) applies

when step I is the Timiting process.
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Case 4: Recombination Step, III, is RateeDetenmjning

In this case, the reaction is represented by Step I (at
quasi-equilibrium) followed by III. This case arises for H2 evolution
at certain noble metals and for C12 evolution on Pt and oxidized Ru

surfaces. The total current it is given by

2

9 In oy
where c is given by eqn. (4.1.11) and (————") by egn. (4.1.15).
aP n.T
Following the procedures used in the previous case, the pressure
3 In i
. . t . .
coefficient ( = )n,T of i, in eqn. (4.1.35) is
. # # : -
3 In 1t) _ av3 . Z(aln OH) . Xi . 2(1-@H)(Av0 AV]) (4.1.36)
ap n,T RT aP n,T RT RT e

Then, the measured épparent volumes of activation, AVZ,can be represented

by

av? Avg - 2(1-g,) (aV, - aV;) (4.1.37)

&

¥

and the true volume of activation, Avt’ by

oo F _E 1.38)
M AV3 + 2AV][1 - eH] = AVa’I 2(1—@H)AV0 (4.1.38)

from eqn. (4.1.36) and (4.1.37).
The limiting conditions for case 4, are as follows:
F .
a) K]CH+ exp(- %T) >> 1 in eqn. (4.1.11), so that Oy 1,
i.e. when the i ~ ¢ relation corresponds to a limiting current, as at high

overpotentials.
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Then

¥
3

¥ _ ¥
Avt = AVa’4—

Av (4.1.39)
b) KiCyt exp (- ) << 1 in eqn. (4.1.11), so that o << 1
and is potential-dependent., This corresponds to the i ~ ¢ relation having

a Tafel slope of RT/2F.

Then

AV = AV:’4+ 24V, (4.1.40)
where

sz z AV§ + 2AV1

Case 5: Coupled Mechanism I, II at high n

Here, the reverse reaction currents for these steps may be
considered to be negligible. The total current it is given by
g =47+ 1, = 2Fk,Cr0y exp (-B9F/RT) (4.1.41)
The ey is now determined by a steady-state condition i] = 12 rather than

by egn. (4.1.11), so that

2Fk1CH+ (1-@H) exp (-B¢F/RT) = 2Fk 58, Cpyt exp (-BoF/RT) (4.1.42)

Hence

oy = k]/(k] + k2)’ (4.1.43)

From eqn. (4.1.41),
. ¥
3ln i AV2 3 In OH BAV

= - 0
5 T TR T )n,T+ RT ' (4.1.44)
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5 In oy S
and with (——Sﬁv—*o 0T obtained from eqn. (4.1.43), viz,
L] .
3 1In o 20 R - dk dk
—H -1t = I L (=2
()17 5 ) a1 T Ry Kl - kbl
ook
=[2 (avh - av )]
k

1

Noting that kz/k] = (1-®H)/®H (eqn. (4.1.43), then

3 In @©
H _ £ %
(——) 0T - (1-6y) (aVy - aVq)

Eqn. (4.1.44) can now be expressed in terms of the épparent volume of

. . ¥
activation, Ava,g and oy by

o t £
AVa’S eHAV2 + (1—@H) AV] ~ BAY,

The true volume of activation is represented by

avi

¥ F
t oHAV2 + (L-oH)AV1

¥
AVa,g‘ BAVO

The limiting steady-state cases which arise are

a) If k2 >> k], oy 0, and

Y I

which is the same result as that derived for the condition that Step I

is rate-determining (i.e. Case I).
b) If k1 >> k2, oy = 1 and

oo oaF
Ava,s_ AVo - AV,

(4.1.45)

(4.1.46)

(4.1.47)

(4.1.48)

(4.1.49)

(4.1.50)
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Hg gave data* for (———35—

volume of activation; a negative value of <3.40 cm mo]“1 was found.

pointed out previously
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4.1,2. Discussion of Preyiously Published Expefimenta] Resu]§§

(i) The proton discharge reaction at Hg

Hills and Kinnibrugh's wor‘k13 on the szevo1ution reaction at

5 1n i ) which they assumed gave the true

¢ calomel
3

As

19:39. this value is, in fact, the apparent volume

of activation.

It is generally agreed that the rate-determining step in H2

evolution at Hg is step I with desorption by II. This is Case I for

which avt = oVt + gav_, where avt = -3.4 cn® mo1”", av, = 18 cn® mo1”!
and 6 = 0.5. Hence aV] = -3.40 + 0.5 (18) = + 5.60 cn® mol™'. AV} was

obtained from 3 In /3P measured at P > 250 bars. It appears that a

steeper slope would have been measured if 3 In i/6P had been derived

limitingly at P =.1 bar (data at atmospheric pressure were not given).

Then AVi could then be appreciably smaller than 5.60 cm3 mo1—].

4,1.2. (ii) The Hz—evo1ution reaction at.Cu, Ag and Au

In Heusler and Gaiser's treatment]5 of their experimental
results, the back reaction of step I was neglected (Case 5 above), i.e.
the forward directions of I and II were considered as a coupled mechanism.

For these conditions, the true volume of activation is

* Hi1ls and Kinnibrugh's results were obtained from measurements at
"constant electrode potential", vs. a calomel reference, They corrected
their results to constant overpotential but did not take intc account the

further correction to constant "metal-solution p.d." which is also required.

39
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=yt
= Ava + BAVO

The results of Heusler and Gaiser.were based on (3 In i/9P) naT

evaluated at P > 500 bars where the derivative is independent of P. Under

3 1

mol ' based

these conditions, AV0 for the overall reaction (IV) is 9.7 cm

on VH = 15.0 cm3 mo]’l at these pressures and including Ve =3 cm3
2

3 1

mol~'. The measured sz is -12.5

3

Faraday™ | ; Vi was taken¥Sas -5.2 cm
em3 mo1™'.  Therefore sz = -12.5 + 1/2 (9.7) = -7.6 cm mol~'. There
is no evidence for any substantial coverage by chemiéorbed H at Cu, Ag
or Au at normal overpotentials nor is underpotential deposition observed.

Thus, @y ~ 0 and the true volume of activation can be written as

F o ¥ Fo_ ¥
AVt = OHAV2 + (1-@H)AV1 AV] (4.1.49)
so that
AVT = -7.6 em® mol']

This negative value is surprising since it might be expected that in the
electrochemical reaction when the proton charge is neutralized, a positive
volume of activation would arise.

However, if Case 2 (i.e. with quasi-equilibrium in Step I) is

examined for the h.e.r., then from egn. (4.1.18) with oy ~ 0,

avf = <125 + —g- (9.7) = +2 cm® mol™ ).

avt =OHAVZ+j (1-6,)aV} (4.1.48)

ety
e WETIRE
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Then the volume of activation for step II, sz = ZeAV] from eqn. (4.1.17),

where AVy is the quasi-equi]jbrium volume change in Step I. 1If AV] is

*:

positive and greater than 2 for this case, then AV2 » the true volume of

activation for Step II will be negative.
1f case III applied, a complicated expression is generated
if @y > 0. Thus,combining eqns. (4.1.29) and (4.1.30),

S 1
Avt AVa + (1+8) AVO - K ('I-OH)AVO

However, if oy ~ 0, Case I would be recovered giving

F_

sz = vl = -7.6

mol']

It is useful to establish the sign of Avt for an appreciable

1 ¥

value of 0> say 0.5. Then, from eqn. (4.1.50), taking K’ = 0, AVt

aVi + AV = -12.6 + 9.7 = -3 cm® mo1”.  Also with 8 = 0.5 and 6y = 0.5,
av AV

Avi = AVT + 5 - Hence AV? = -3 - _Eg . But the quantity AV2 which is

the equilibrium volume change in the process M, 4s * H + e (M) = H

(step II) is expected to be positive. Hence AVT will be negative for
intermediate coverages of the metal.
The above discussion shows, surprisingly, that negative values

of the true volume of activation of the h.e.r. arise at certain metals.

*

¥ . ‘s s .
& and AVa values for various conditions is given in

A summary of the aV

Table 4.1.1.

4.1.2 (iii) Significance of negative or small positive values of AVE

On the basis of their original uncorrected résu]ts, it was

13 ]

concluded by Hills and Kinnibrugh'® and by Hills that the observed

negative volume of activation (really sz 1) indicated electrochemical
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TABLE 4.1,1

Relation Between True (Avt) and Apparent (Avf) Volumes of Activation for Various Mechanisms or

Conditions in the Hydrogen Evolution Reaction

Case Rate-Determining Step avF getation Observed or Derived Values of
or Condition avE (em3 mo1-1) for constant n
1 H.0" discharge step I3 o, << 1 avi o= avt 4 aav avt = -3.4 (Hg)
3 9 P13 &y 1 a o a °"o:4\Hg
Ay = +5.6 (Hg)
2 Desorption of H in Step 115 0, > 0 | av} = avl + (148 -gy,) av,
and potential and pressure dependent - V; + (]'OH) AV1
limiting oy 1 N .
cases . : av; = av, - BAVO AV = - 12.5 (Cu, Ag, Au)
0, <<
H
avi= oy - (1+B)av, + av} av{ = + 2 (Cu, Ag, Au)
for Oy << 1
3 Step I, with oy determined by quasi- AVt = AV: +[1+8- (I—OH)]AVO-
equilibrium in Step 11 K'(]-GJH)AVo
- $ o F
Timiting o+ 1 AVa = AV - (1+a)AV° + AV,
cases
or
avy = aV] + 4V, = avy + (1+8)av,
o <1 | avi =¥ - ey avh = 12,5 (Cu, Ag, Au)
eV} = av} = 7.6 (Cu, Ag, Au)
4 Recombination Step IIT Av: = Av§ + 2y, (l-eH)
= AV} + 2 (1-0,) 4V,
or
oVt = avt 2(1-0,) (av_ - av,;)
a 3 H 0 1
limiting oy > 1 avy = av} = av}
cases
Fo_aT =av?
oy << 1 aVE =avy + 28V, (-AV3)
5 Coupled I, II; high n avg = guavy + (1-g,)av] Vi = - 12.5 (Cu, Ag, Au)
= avF ..
= Ava + BAVO AVt 7.6 (Cu, Ag, AU)
: £ F
timiting o +1 AVa = aV, - eAVo
cases .
6y << 1 AVa = AV] - BAVO

This type of relation also applies to any simple discharge step,

e.g. as in an jonic redox reaction:
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formation of the hydrated electron as the primary step’ in the h.e,r,
at Hg, Various objections to this mechanism, apart from those connected
with the difference between AV] and AV a1, were, however, pointed out
by Conway et al- 93

It is very difficult to see how a negative value of the true
volume of activation can arise in the discharge of a cation, here H30+.
It will be shown 9 in Section 4.2 that the true volume of activation
for an ionic redox reaction

Fe(CN)64" — Fe(CN)g> + e

does have the expected sign (positive for the direction written above).

Hence, it may be suggested that the anomalous behéviour of H30+ arises

from the special nature of the hydrated proton in solution. Thus, good
evidence exists 94”95 that H+q exists as the H904+ ion in which the proton
charge is decentralized by joint proton tunneling between 4 H20 molecules
+ H and delocalized at any momentarily existing H3O center. The
transition state for classical proton transfer must presumably arise by

a reorganization of the HQOZ aq complex; if the activation process involves
localization of the proton on one of the HZO molecules in HQOZ in the
double-Tayer to produce an excited state to which electron transfer occurs
by the usual radiationless transfer (Fig. 4.1.1),then it can be seen that
a negative volume of activation could arise since more electrostriction
could be temporarily developed in the double-layer at the localized proton
state than in the initial H904+ ion in which proton charge-density is
diffused. That the proton in water has an unusually Targe partial molal

volume is indicated when the volume of jonization of water is compared

with that for NH3 aq. in the processes:
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I TR

(a) H904 in double-layer (b) Localized proton prior to discharge

+#_ = .
W/w/”@/[//// ' ﬂ(/

{(c) Reorganized hydrated proton transition stote +

FIGURE 4.1.1 Configurations of the hvdrated proton, as H904 + 1 H?O
in the double-layer in the course of the activation process
in the electrochemical proton discharge(schematic).
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e - Q. 3 =1
H20 + H20 > !'H30+" + OH AV = =21.8; =22,1 cm™ mol
and
H0 + NHy ——> NHj + OH AV® = -28.9; <28.5 cm® mol”]

in which NHz is isoelectronic with H,0 and NH4+ with "H30+". (The first
values of aV” afe derived from pressure effects on the ionization constant
and the second from volumetric measurements; data are from ref. 96 ).
Assuming that the difference of intrinsic volume of NHZ and "H30+" would
be close to the corresponding difference between NHé and H20, it seems
reasonable to conclude that the electrostriction at‘"H30+f is ca. 6.5 - 7
cm’ mo]'] smaller than at the isoelectronic NH4+ ion. This is consistent
with diffusion of the proton charge in H904+ which does not occur in the

3 mo]'] is of the correct

hydrated NH4+ ion. The difference of 6.5 - 7 cm
magnitude to account for the negative Avi values.

While the volume of activation for H2-ev01ution from H+aq
exhibits unusual behaviour, that for ionic redéx reactions should help to
elucidate the nature of the activation process involving solvent re-
organization in redox reactions. In particular, the question arises whether
short-range reorganization of the hydration shell is involved or whether
fluctuations of the long-range dielectric polarization are mainly operative.
These questions will be dealt with in Section 4.2 on the Fe(CN)63" redox

reaction.
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4.2 The Nature of Solvent Reorganization in the Activation Process

of an Electroc¢hemical Redox'Reéctfon.

In Section 4.1, some of the general problems of interpretation
of effects of pressure on the kinetics of electrode reactions were
discussed and exemplified with respect to the hydrogen evolution reaction.
It was shown that investigations of pressure effects on the latter reaction
are complicated.by (a) the mechanism having more than one step; (b) the
consequent adsorption of an intermediate H and (c) the unusual properties
of the hydrated proton, referred to in Section 4.1,as well as the general
point that reference electrode potentials required in all measurements
are themselves pressure—dependent.39

It is therefore desirable to examine pressure effects on a
simpler reaction where only an electron-transfer step is involved, e.g.
as in a redox reaction. Hitherto, studies of electrochemical redox reactions
have been concerned with (a) evaluation of absolute values of standard

electrochemical rate constants 9. 9?_'ib) their comparison with values

20

for corresponding homogeneous solution reactions™" and (c) the role of

99
the substrate metal (its work-function and the state of its surface)

in determining the rate constant.

In this section, pressure effects on the Fe(CN)63- te — Fe(CN)6

reaction at a gold electrode are reported. This type of reaction is of

special interest with regard to current theories of electron transfer20'24

where the reorganization of the initial state is involved in the activation
process for electron transfer. One of the questions involved is the
extent to which the activation process involves long-range solvent polar-

20,21

ization fluctuations around the initial state fon, or more specific

4-
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short-~range changes of hygration shell configuration or inner coordination
shell reorganization 23’]60’1d] I't may be expected that sfudy of
pressure effects on the kinetics'of a simple electrochemical redox reaction
may provide a means of distinguishing these effects, e.g. in terms of the
anticipated changes of electrostriction involved in the reorganization process.
Examination of the effect of pressure on the kinetics of a redox reaction
thus provides a further dimension from which new data of a useful kind
can be derived. Previous high-pressure work on a redox reaction has been
restricted to a report of values of sz for the ferro-ferricyanide reaction
in a reviewsz(bgut no experimental details or commentary on the data have
been published. The results quoted are quite inconsistent with the known
electrostrictions at the two ions in this reaction. |

A second point, of general interest, is whether a chemically
symmetrical reaction. such as the ferro-ferricyanide one behaves in a

kinetically symmetrical way (symmetry factor g8 = 0.5) when established

at an electrode.

4.2.1 Results
The kinetics of the Fe(CN)63' + e — Fe(CN)64- reaction
—
were studied at a gold electrode. The latter was chosen as the substrate
metal because it is known to have a wide range of potentials over which
neither H nor O-species are chemisorbed (under-potentially deposited).
The exchange rate constants for the ferro-ferricyanide reaction are

97

relatively large™’, so that a non-steady state method is required for

their proper evaluation. In the present work, the kinetics of the reaction
were studied by a.c. impedance measurements based on well-known princip]esmz’m3
which lead to evaluation of the reaction resistance and hence the exchange

current density io. From this the standard rate constant can be obtained

3
L gTEComaa
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FIGURE 4.2.1 The equivalent electrical circuit of the electrode-solution
interface in terms of the double-layer capacity, CDL’ reaction
resistance, Rr, solution resistance, Rs’ and the YWarburg
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knowing the concentrations of the reactant species,

The faradaic impedance determined by phase-sensitive a.JP4_]06
voltammetry (Chapter 2) at phase angles ¢ = 0 and ¢ = 90° gives, respectively,
the ohmic and capacitative components of the impedance. The faradaic
impedance is comprised of a reaction resistance, R_, in series with a
complex component called the Warburg impedance]07’]%%ig. 4.2.1). This
latter component arises from diffusional transport of the reacting ions
in response to the electrode reaction, the rate of which is periodic on
account of the a.c. driving potential. The Warburg impedance has a
phase-angle of 45° at all frequencies. In parallel with the above two
impedance components is the double-layer capacity. Thé resistance due
to the supporting e]ectro]yte and the electrode material is also in series
with the parallel components of the faradaic impedance. In the case where
the electrode and electrolyte are highly conductive, the solution resistance
will be small and can normally be neglected.

The equivalent circuit for the electrode-solution interface is
represented in the usual way as shown in Fig. 4.2.1. In order to determine
the faradaic 1mpedancé”xi the equivalent circuit must be simplified by

first eliminating the non-faradaic components such as CDL and RS’ If it

.. 105
is found necessary to evaluate RS’ this must be done by separately determining

the ohmic component RS of impedance at a phase-angle ¢ = 0% in the supporting
electrolyte. In this work, Rs has been neglected because of its small

contribution to the overall impedance. In addition, we are interested
5 In i
in the derivative (———55—9) . so that the absolute values of io’ while

important, are of less significance than the variation of In io with

pressure.
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The double-layer capacity can be evaluated s{mu]taneous]y with
the capacitative component CEEl—») of the faradaic impedance. The
Fos
capacitative impedance was dete;mined at a phase-angle ¢ = 900, from

the a.c. voltammograms shown in Fig. 4.2,2(a) at 1 bar pressure where

the concentrationsof both Fe(CN)G"4 and Fe(CN)s"3 are 5 x 1073 M, The

a.c. frequency range was 25.to 250 57T,

The 1AC‘VDC profiles show a
base-Tine current in the double-layer region (at Au) due to the capacitance
of the doub]e-]ayér. The magnitude of the double-layer charging current

is (wCDL) VAC' In the potential region of the E”2 for the reaction

-3 -4

6
the a.c. current, iAC’ exhibits a maximum as a result of the above

Fe(CN) +e — Fe(CN)6
faradaic processg7. The ohmic component of the faradaic impedance is
measured at a phase-angle ¢ = 0. The a.c. voltammograms for the in-
phase (ohmic) component of the faradaic impedance are shown in Fig.4.2.2(b)
at 1 bar pressure. The a.c. current-potential (i-V) profiles at
elevated pressures, although not illustrated, are similar in shape
to those for the 1 bar case.
The double-Tayer capacitance is evaluated at each frequency

and subtracted from the total measured capacity to give the faradaic
component. The ohmic component is also calculated at each frequency
from the in-phase (¢ = 0) voltammograms. These components of impedance
must be converted to their values in a series circuit by a vector
diagram or by means of the following equivalence expressions:

(Xe )°

- F,p p
RF,s — 2

X RF
2 ' 2
(e p)™ +(Re p)

[
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A.C.I-V PROFILE

D.C. I-V PROFILE

\\. %250 Hz

470

+0.2

700

5251

I{pA)

350+

05

POTENTIAL [V vs Pd,Fe(m:)aﬁ', Fe tcmg']

90° at various a.c. frequencies.

20mv s,

at phase angle ¢

FIGURE 4.2.2 a) A.c. voltammograms for the redox couple Fe(CN)g' / Fe(CN)g'
P

1 bar, s=
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FIGURE 4.2.2 b) Same as in figure 4.2.2 a) but ¢
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TABLE 4.2.1
Impedance Data for Redox Reaction Fe(CN).® LFe(CN)e"3 at Au in-0.5M K>S0, +
0.2M H,50,

Pressure (bars) 1 550 1100 1650 2204
-3 -1

wx10 “(rad s ') RF,s RF,s RF,s RF,s RF,s
1.571 5.304 @ 5.216 5.329 5.288 5.316 @
1.257 - 5.514 5.468 5.552 5.529 5.533
1.068 5.554 5.627 5.661 5.648 5.688
0.9425 5.833 5.756 5.837 5.849 5.832
0.7854 6.027 5.995 6.056 6.055 6.028
0.6283 6.368 6.316 6.334 6.300 6.336
0.4712 6.817 6.764 6.884 6.822 6.793
0.3142 7.578 7,533 7.581 7.571 7.522
0.2513 8.168 8.044 8.149 8.116 8.086
0.1571 9.526 9.442 9.484 9.413 9.356

w10 3(rad s7Y) | x X X X X

- F,s Fss F,s F,s F,s
1.571 2.003 @ 1.870 1.965 1.929 1.895 @
1.257 2.299 2.170 2.250 2.228 2.178
1.068 2.633 2.361 2.412 2.383 2.386
0.9425 2.710 2.536 2.625 2.615 2.536
0.7854 2.970 2.830 2.884 2.833 2.808
0.6283 3.425 3.249 3.248 3.167 3.191
0.4712 4.009 3.784 3.949 3.798 3.752
0.3142 4.905 4.678 4.779 4.703 4.657
0.2513 5.683 5.369 5.449 5.370 5.300
0.1571 7.365 6.877 7.008 6.787 6.918
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2
(Re ) x XF,p

)2 + (R

F.p

>
|

Fss (X )2

F,p F,p

where XF and XF g are the parallel and series capacitative components

P

of the impedance, ]/“CF,p and 1/wCF,s respectively. RF and RF,s are

sP
the parallel and series ohmic components of the faradaic impedance.

It is convenient to calculate RF s

9

and XF S from the experimental data
by means of a HP 25 programmable scientific calculator. The numerical

values of RF and X as a function of w and P are listed in Table

»S F,s
4.2.1.

4.2.1 (i) The Impedance Behaviour

Analysis of the a.c. impedance was made in the usual wa}07 by

102

means of Randles plots ““ in which the "series" faradaic resistance RF s

and the diffusional capacitance (]/mCF s) contributions are plotted as

-1/2

a function of w after separation of the double-layer capacity

determined in experiments in the absence of the redox couple. The

double-layer capacity was also determined from the results at ¢ = 90°
at potentials well away from the half-wave potentials,i.e. where the
Warburg diffusional capacitance is negligible. The faradaic reaction

resistance, Rr’ was then evaluated by extrapolation of the Randles

plots to infinite frequency, as shown in Fig. (4.2.3), giving

R, = RT/ZF'i0 (4.2.1)

where the exchange current io is related to the standard electrochemical

rate constant k° by

i = zFK°CA (4.2.2)
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P=2204 bars
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FIGURE 4.2.3

04 y .06 .08
w % (Radian/sec) 2

Randles plots for the impedance behaviour of the
Fe(CN)g" / Fe(CN)g' redox reaction at Au at 298K.
P=1,550,1100,1650 and 2204 bars.
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and A is the electrode area, z is the number of electrons (z = 1 here)

3

in the exchange reaction and C the concentration in mol cm > of the

reactant species. The measured "a.c.", currents were evaluated for
unit area of the substrate metal and, for high pressures, corrections

were made to the ambient pressure concentration using the known compress-

ibility of the so]ution;p

A test of the satisfactory operation of the electronic measure-

ment system is that the RF s and 1/w CF s quantities should give parallel

1/2

lines in a plot against and the 1/w CF s relation should pass

through the origin.

Figure (4.2.3) shows the results at pressurés 1, 550, 1100, 1650
1/2

and 2204 bars. The plots of RF S and 1/w CF g versus W at each

pressure are satisfactorily parallel, with the out-of-phase component

passing through the origin as required from the treatment of Rand]egozz

1/2
L4 [2_0} (4.2.3)

2.2 w
wCF,s z"F°AC

where A is the area of the electrode, C the bulk concentration of the

‘depolarizer', i.e., Fe(CN)6'4/Fe(CN)6'3 and D the mean diffusion

coefficient of the redox couple ions.

The intercept of the in-phase component line is related to

the heterogeneous rate constant K° by the following relation:
RT 2 /2 1
R = ym— {——] + — (4.2.4)

At w-1/2 = (0, the faradaic resistance becomes the reaction

resistance, Rr, as represented by the equation
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1\ 2
Ea) = D (4.2.5. cf.
0 4.2.1)

The numerical results are recorded in Table 4.2.2. The results

are fitted to a second-order polynomial of the form

Tn i =a+bP + cp?

and plotted as 1In io vs P as in Fig. (4.2.4). Also included are the
o Tn i

0
e W

error limits of the best-fit data. The limiting slope (
, aP

at P » 0 bars is evaluated from the coefficient b as(-7.47 = 0.4)x 10_5

bar']. The significance of this finite, rather than zero, value for

(3 In io/aP)n =0 for the symmetry of the activation process will be

discussed later.

4.2.1 (ii) Relation to Volumes of Activation

The pressure coefficient derived above is related to the apparent

(see ref. 39 ) volume of activation sz given by

3 1n i sz 5
(———9) = —F =- 7.47 x 107 bar (4.2.6)
aP n=0
Hence
sz = 1.9+ 0.1 cm® mo1”! (4.2.7)

for the ferri/ferrocyanide couple at its equilibrium potential.
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4.2.2 Discussion

(i) Significance of the Kinetic Data Derived from the

a.c. Impedance Measurements

The reaction resistancé detérmined gives- the exchange current density,io,
as indicated by eqn (4.2.1). It is thus the 10 values which are obtained
in an electrochemical experiment as a function of pressure or,through
eqn. (4.2.2),the standard electrochemical rate constants Ko

In terms of the metal-solution p.d. at the reversible potential

rey (for which io is evaluated), or the standard reversible potential

0
¢rev,

. > 0 < 0
i, = 2Fk C, exp(-8¢revF/RT) = zF k Cp exp (1-B)¢revF/RT (4.2.8)

for oxidized 0 and reduced R species at concentrations CO and CR,
i

respectively. Thus, —2— or i /2FC, measures the electrochemical
zFC0 0 R

(i.e. for the metal-solution p.d. $....,) rate constant. For standard

rev
condi tions

-+ <
k exp(-8ép,, F/RT) = k exp(1-8)p 0 F/RT (4.2.9)

> <
i.e. when qj = CR ( or more exactly ag = aR). The values of k or k,

or their pressure coefficients, can only be obtained, respectively, from

an absolute knowledge of ¢ or its pressure coefficient. Knowledge of

“
Sray is always quite inexact but it is clear that true values of 3 In k/

rev

3P or 3 1In E]BP can be known if the more accessible pressure coefficient

of ¢ is available, as is usually the case. This, of course, is related

rev
to the volume change in the overall reversible reaction, AVO.
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Thus ,
M 0 “
3 In k ¢ 3¢°
BF rev 3 In k (1-8)F rev
( 3P )n-o,T RT ( P )T ( 3P )n=o,T + RT ( P )T (4.2.10a)
or
-> < 5 ‘bo
3 In k = (9. Ink F rev
6———;;—-)n=o,T iz, 1 TR ) (4.2.70b)

Noting the relations previously obtained (Chapter 1) for the 3 1n k/aP

derivatives in terms of the volumes of activation, and the relation between

0 0 . . 0 _ .0
¢rev and AG” for the reversible reaction (—ZF¢rev = AG ), we have
- +
¥ ¥
sy A M (4.2.17)
RT RT RT
or
—):F (—*
AVO = AVt - aVy (4.2.12)

as may be seen intuitively in terms of changes of free energy and volume
along the reaction coordinate. The relationsbetween Azi’ A§§ and AVO
are illustrated schematically in Fig. (4.2.5(a)) for a general case. Normally,
for an jonic redox reaction, vt will be expected to lie between V0
and VR’ where the V terms denote the partial molar quantities.
It is seen that the pressure coefficient of 1In 10, which we
have derived in the present experimental work, gives the equal volume
changes, AV: » corresponding to
RT

-

3¢
- (3 In k) _ BF (—-Lev
9P  n=0,T

M ¥ S re e
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since, at the reversible potential, the electrochemical free energies of
the reactant and product species are at identical levels.

It also follows from egns. (4.2.10a) or (4.2.10b), or eqn. (4.2.13),
that

“

avi = A;* - gav. = avt o+ (1-8) av (4.2.14)
a t 0 t T

o
so that sz = 0 for a symmetrical reaction (B = 0.5).

This éorresponds to the situation illustrated schematically
in Fig. 4.2.5(b) for volume changes at the reversible potential.

Since a relatively accurate non-thermodynamic estimate can
usually be made of the volume change AVo for the overaﬁ] reaction, both
;t and Cz can be separately evaluated from AV: derived from(s In io/aP)T.

A relation obtainable from egn. (4.3.%B) is

20 = AV + vl 4 (1-28) AV (4.2.15)
a t t (o] teT
giving
* IR
(1-28) = [2avy - (Avt + aVi) 1/ Ay, (4.2.16)

-> -
which would enable 8 to be evaluated if sz and sz, or their sum,

were independently available. A symmetrical transition state, g = 1/2,

> <
corresponds, of course, to Vz = 1/2(Av§ + sz) = 0. Unfortunately,

—).'F
Vt
eqn. (4.2.14) from the measured sz and a non-thermodynamic value of

it is clear from the foregoing that a and sz can be evaluated through

AVO only by choosing a reasonable value for B which would be presumed to

be 1/2 for a "symmetrical" redox reaction.
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(a)
Vg = e e e e
0] -
&y
$ V‘
A
AV,
I
R Vﬁ
General Case O+ze — R
{ Hypothetical ¢= o)
. | {b)
Vo ~ B S |
AV '
BAVo _Y_ _hj _ V.‘#———-\—
¥ |aVEE aVhigg '
TTTTTTTTTTETTTT AV,
avy| -
1~3)av,
\ 4 \",R

General Case O+ze— R
(¢=¢,, at equilibrium)

FIGURE 4.2.5 Schematic relations between the true and apparent
volumes of activation for the backward and forward
directions of a general electron transfer reaction
at ¢=0 (hypothetical ) and d=bpay i.e. at
equilibrium, and the overall partial molar volume
difference aV,, between products and reactants. v
is the partial molar volume of the transition state.

T
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4.2.2 (ii1) Applications to the Results for the‘Fe(CN)E3i/

Fe(CN)e,' Couple

In order to interpret the solvent reorganization behaviour

in this reaction, we require the change of electrostriction volume between

the initial state and the transition state. The apparent volume of
3 In i
activation,AVz ; 1S available from the measurement of (———35—907

3

. Hence

we first require AV, (eqn. 4.2.14) for the reaction Fe(CN)6 "+ e > Fe(CN)

For the systems studied here, the individual partial molar

volumes for the jons of the couple are!09:110

3

© _ -1
v 95.6 and vFe(CN)63' = 137.0 cm” mol

Fe(CN)64‘

These values are based on the well established individual

3

ionic volume of the proton (V;+ =-5.4 cm m01'1) derived in at least

two ways which give concordant results as discussed in previously published

36-38,111

literature The volume of the electron Ve in the half-cell

redox reaction should be taken into account. It is difficult to find a

reliable value for this term but Heusler and Gaiser‘]5 have suggested a

1

value of 3 cm3 Faraday ' in a metal in their work on the H2 - evolution

reaction. Using this value,

-y oo - . 3 -1
AVo = VFe(CN)64" - vFe(CN)63' - Ve 44.4 cm” mol

Then, following eqn. (4.2.14), the true volumes of activation

for the forward and backward directions of the reaction can be calculated

3 mo1” !

4.2.7). Thus, for the reaction written in the direction Fe(CN)63' te-~

Fe(CN)64“,

from the common apparent volume of activation, sz = 1.9 cm (egn.

6

4-
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o 3 .-

AV = 1.9+ 1/2(-44.4) = ~20.3 cm” mol ' (4.2.17a)
and

N 3 1

AVt = 1.9 - 1/2(-44.4) = 24.1 cm” mol~ (4.2.17b)

assuming g8 for this reaction can be taken (seé below and ref. 21) as 1/2.
The partial molar volume of the transition state, V*, is estimated from

the relationship -

3

vi o= -+ Vg, +avt = 119.7 cm mo1”] (4.2.18)

VEe (CN) t

6

As in Fig. 4.2.5a, the changes of volume ﬁn the system as it |
passes from its initial state, through the transition state, to the final
state can be represented schematically as shown in Fig. 4.2.6.

While the main changes in volume of conjugate ions in a redox
couple are associated with the difference of electrostriction between the
pair of ions, significant effects which must be considered can also arise
from the change of ionic radius or ligand-to-metal bond length 1]2’]13.
Thus, in an isoelectronic series, e.qg. Na+, Ne and F~, changes of charge

0
produce appreciable changes, Ar, of radii, from 0.95, through 1.1 to 1.36A,

respectively, for these three elements. Similarly, for Pb4+ to Pb2+,

the difference of radii is 0.36 X‘for 2e. It is more difficult to judge
the effects of change of charge in Fe(CN)63'/Fe(CN)64' because it is a
complex ion with some charge de]oca]ization114. Based on the above figures

o]
for simple ions, a reasonable estimate of Ar would be 0.1 A per electron.

However, recent crystallographic data]]5’]]6'on Fe(CN)63' and Fe(CN)64'

(as their acids or salts) indicate, in fact,that there is very little

difference in radius of these two jons and M.O. ca]cu]ations”4 show that

the effective charges on Fe are almost identical. Thus the total Fe-to-N
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° 15 0 16
length is 3.07 A in La Fe(CN)6. 5H20 and 3,04 A in Hy [Fe(CN)ﬁ] ", the
value for the 4-ion being surprisingly the smaller of the two. This is

0
consistent with a difference of 0.1 A taken by Mathieson”7 in that

direction. The similar sizes of the two ions of the couple is also borne

118-120

out by the similarilty of their ionic mobilities at infinite dilution

which indicates they have almost the same Stokes hydration radii.
Bearing in mind that it has been assumed that g = 0.5 for

the Fe(CN)63'/Fe(CN)64' system, then the transition state for an adiabatic

electron transfer (cf.Z]) should bear a charge of -3.5e. Taking the radius

3- 0417

of Fe(CN)6 as 3.31 A "7, an intrinsic volume of 91 em® mo1™! s calculated.

]]5’]16, the intrinsic volume of the transition

3 3

0
With Ar = -0.03 A per e

state ion (charge -3.5e) would be 90 cm mo]'], i.e. 1 cm® mol”! smaller

than the initial state ion. Therefore the volume change due to solvent

- -
reorganization'(sz"r) will be somewhat less than Avt and takes the value

3 3

>
-20.3 + 1 in cm mo1'1, j.e. -19.3 cm mol'], since Avi measures the

total of .all volume contributions associated with the formation of the

3 m01'1.

transition state. Correspondingly Azi’r will be 23.1 cm

The main point to be emphasized is that these figures of -19.3
and 23.1 cm3 mo]’1 are relatively large volume changes and are associated
mainly with the change of electrostriction about the ion since the small
change of intrinsic volume has been allowed for. It is to be noted that
the A;i differ significantly, but by a small amount, from half the volume
change, AVO; in the overall reaction. This behaviour originates from the
fact that sz differs significantly from zero. The significance of the
volume changes in Fig. 4.2.6 for the "symmetry" of the reaction will be
examined later.

From the above data and Fig. 4.2.6 it is seen that the total

volume of activation, less the contribution associated with'(l/z)e that

et e e
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remains in the metal, is -18.8 cm3 mo]"]. This is the volume change associated
with solvent reorganization about the ion (including any contribution

locally in the double-~layer) plus the change of intrinsic volume of the

ion in the activation process in which (1/2)e ié transferred. Therefore

the solvent electrostriction volume change in the activation process is

~18.8 -(~1) m® mo1™! = -17.8 cn® mo1™! for the forward direction of the

3 mo1™! for the backward direction. This is to be

reaction and 2].6 cm
compared with the solvent electrostriction change in the overall reaction
which is -41.4-(-2) = -39.4 cm3 mo]"]. Although the numerical value of

the volume of activation depends on the effective vo]ume of the electron,

it is to be noted that the evaluation of the solvent electrostriction volume
from sz is independent of the value assigned to Ve . Values of the

electrostriction volumes* derived for the present case are illustrated

in Fig. 4.2.7.

4.2.2 (iii) Electrostriction Change and the Nature of the

Activation Process

The electrostriction contributions, Ave]’ to the volumes of

activation derived above are quite large. In related theoretical consider-

'99’100, it has been pointed out that there are difficulties in

20-22

ations
accepting the view that the solvent reorganization process is associa-

ted only with organized fluctuations of long-range (Born) dielectric

* The ions of the ferro-ferricyanide couple exhibit unusual partial molal
volume behaviour!l7 as there is evidently an ap?reciable s tructure-forming
volume in Fe(CN).3- aq. 1like that for R4N* jons 1 There:is,however, the
expected large e?ectrostriction increase (-39.4 cm® mol1™') in going from
the 3- to the 4- ion (Fig. 4.2.7).
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polarization. The quantum-mechanical objections to primary hydration
sphere reorganization being involved in the activation process on the

basis that the hv values for the modes involved are much Targer than

kT are invalidated by the known]Z] important contributions which such
solvation-sphere modes make to the heat capacities of solvated ions in
aqueous media at ordinary temperatures. Sufficient Tow-frequency vibration
and intermolecular modes are available.

It iS therefore important to attempt to estimate the relative
contributions to the e]ectrostriction,Ave1,at an ion in water from successive
spherical annular elements of the solvent out from the periphery of the ion;
especially the contribution to AVe] from the so]ventivo]ume within 3-4 X

0
from the ion in comparison with that further out, viz. 5-50 A, will be of

interest.

The specific compressibility y is given by

— dh (4.2.19)

and the electrostrictive pressure P by

4

P = erE2/81T = (ze)2/8-nerr‘ (4.2.20)

where E is the field ze/err‘2 due to the jon in the dielectric taking into
account the fact that the relative permittivity, Eps is a function of r,
the distance from the ion.
Then, from eqn. (4.2.20)
dP _de

i 2 5+ (ze)2 .2.21
& = - [(ze) /2me ]'ééeéﬁr4 (drr) @ )
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The relative volume change dV in a sphérica1 volume element

4nr® . dr about the ion will be given by eqn, (4.2.19) as

dV ==y 4nr.dr.dp (4.2.22)

Then, introducing dP as f(r.dr) from eqn.(4.2.21),

2 2
dv = glié%l_ dr.dr + liéﬁl__

> r - 2
r , - 2 EY‘

dr.der (4.2.23)

from which changes of volume due to electrostrictive tension in successive

annular elements of volume can be calculated by integration. In egn.

122

(4.2.23), it is to be expected that y as well as e will be a function

of r. Hence integration of eqn. (4.2.23) with both vy and ¢ as a function
of r is obviously difficult but another approach may be made using the
calculations previously pub'h'shed]22 from this Laboratory, based on empirical

equations for pressure and field effects on ¢,and the thermodynamic theory

of electrostriction given by Frank]23.

It is convenient to consider the permittivity near an ion in

124 125

terms of a step-function related to the semi-empirical expression

for the differential dielectric constant e, as f(E):

2

= [(e. - n2)/(1 + bED)] + n (4.2.24)

€d 0 0 0

where no2 is the square of the refractive index and €0 is the static,zero-

field dielectric constant; b is a coefficient related to field-dependence

of 4 derived in Booth's theory]zs. Two cases of interest arise in electro-

striction theory]ZZ: when bE2 << 1 and bE2 >> 1, i.e. for low and high
fields.

122

The high-field approximation gives for the relative volumes

of normal (Vo) and electrostricted (v) water
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log vo/v = 6 log (KE2 + 1) ’ (4.2.25)

where

o
]

D/(1-C) = 0.1469

and

K 11

C(1-c)n02/8wsn = 1.102 x 107

122

and 8, C and D are known empirical constants determining the pressure-

dependence of no2 and e.

The following model of the hydration of the Fe(CN)63' and
Fe(CN)64' jons will be considered: eight hydration shell water molecules
can be accomodated in the faces of the octahedral 6CN/Fe arrangement and
will be firmly bound electrostatically; another shell, one H20 molecule in
thickness, is also.firmly associated (e »-noz) with the compiex further
out. Both types of ijons presumably will have a similar inner layer of the
8 water molecules. This model seems reasonable since the two kinds of
ions have 3 and 4 times the charge of a simple ion like Na® but have a
hydration radius about twice as great so that, although the field is 2 1/2
times smaller per charge, the net electrostrictive field near the periphery
of both jons will be larger than that near a small univalent ion.

Under Tlow-field conditions, beyond the primary hydration shell,
the equation for dV can be analytically integrated since e can then be
assumec-ll24 to be almost independent of E as can y. Then eqn (4.2.23) can

be integrated to give the electrostriction volume

-] -} © 2
av 1° J dv S 2(ze 3 dr. dr
€ ™ er

1]
N
3
El\)
—
‘-—l

(4.2.26)
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where h is the radius of the outer periphery of the primary hydration shell.

2 ‘0
6.09 A (where ry =

0 _ 0
and 6.06 A for Fe(CN)64 (ri = 3.28 A), enables the

Taking vy = 4.57 x 10717 em ciyn"‘1 for water and r

0 3.
3.31 A) for Fe(CN)6

"Born" electrostriction volume, AV_y,arising beyond the primary hydration

et
shells of these ions to be evaluated as
3

= ; = -1

The relative contributions to the AVe] in annular volume elements of
0
increasing thicknesses over the first 50 A from the periphery of the

primary hydration shells of the ions can be evaluated from eqn. (4.2.27) using
successively different integration 1limits and are shown in Fig.4.2.8. The
total difference of the long~ range electrostriction, which corresponds

to the figures in eqn. (4.2.27) with « taken as the upper limit in the

3 3

integrals of eqn. (4.2.26), is -9 cm mo]"], i.e. -4.5 cm® mol™! for the

electrostriction change upon activation (B = 1/2). It is important to
note that this is only ca. 25% of the total real volume of activation.
The primary hydration shell volume differences 5AVe1,1 in
Fe(CN)63' and Fe(CN)64' are evaluated using egn. (4.2.25) assuming the
)2

field E is given by E = (ze)z/e(rﬁ~ where rﬁ is the mean radius of the

hydration shell (i.e. rﬁ =Ty + 1/2 dH 0 where rs is the ionic radius and
0 2

d the diameter (=1.39 A) of a water molecule; also ra is related to h

in eqn. (4.2.26) by rﬁ =n, - 1/2 dH20 ). € for the primary hydration shell %
is taken as 2 (cf. refs. 124,125 and 126). The volume differences will ]
depend (a) on the ionic radii taken for the ions themselves and (b) on

the field E in the primary shell.
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In order to try to make an objective eQa]uatipn of the electro-
striction, we have made several estimates of the primary shell contribution
to Ave1 based on one assumed and various available values of the differences
of ionic radii. The volumes of the primary hydration shells are calculated,
the field is estimated as above and then application of eqn. (4.2.25) gives
the compression rat10123 v/v0 to be applied to these volumes for the
| e1éfs evaluated. The results of these calculations
are given in Table 4.2.3. Calculations of this kind have been given

two ions; hence AV
in ref. 122 where the uncertainties were examined. However, here,
differences in volumes are involved so the reliability of their evaluation

may be better than that in calculations for individual ions.

4.2.3 Relation to Theories of Electron Transfer

(i) Evidence for Reorganisation in the Primary Hydration

Shell

The experimental value for the overall volume change in the

3

reaction (4.2.8Y-44.4 cm mo]']) when corrected for the change of intrinsic

volume of the ion and for the finite volume of the electron gives an

3 w17, This agrees best

3

electrostriction volume change of -39.4 cm
with the total electrostriction change (-40 cm mo1-]) calculated for

the case where there is a small contraction of ionic radius from Fe(CN)63'
to Fe(CN)64' as indicated by the X-ray diffraction results (Table 4.2.3).

Other assignments of ionic radii differences, except that where rFe(CN)64-

> rFe(CN)63', give the right order of magnitude but not such good
agreement with experiment. It can be concluded from these calculations
that the main contribution (ca. 75%) to Ave] arises from changes in
primary hydration shell volume and only ca. 25% from volume changes

due to long-range polarization (Fig. 4.2.8). The latter calculations

vgv
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are relatively reliable since they depend on neaf normal values of e
and vy. '

It has been shown.above that the activation volume Avt* for
the forward direction of the reaction is about 40% of the total volume
change. Hence the activation volume involves a contribution of about
40% of 9.0 cm3 mo]"1 in the Tong-range polarization effect plus about
40% of 30.4 cm3 mo]’l for the primary hydration shell volume change,

21 inian adiabatic reaction there is a progressive change of

assuming
electron charge density as the transition state configuration is
developed from the initial state.

These results lead to the important conclusion that the
activation process is associated mostly with a chaﬁge of state of the
primary hydration shell of the reactant ion rather than with fluctuations
in the long-range polarization co-sphere of the ion. The Tatter effect
has formed the basis of most theories of the activation process in redox
reactions. Were it the main factor, as implied with respect to energies
of activation, only a small volume of activation calculated from B times

the result given by eqn. (4.2.26) would be observed; it is much smaller

than that found experimentally.

4.2.3 (ii1) Symmetry of the Transition States

For a homogeneous reaction between ferri and ferro-cyanide,
the trénsition state must be a symmetrical complex between the ions
with each having an intermediate charge -3.5e. While the overall
equilibrium in a redox couple established at an electrode, referred to
some other reference electrode, will be identical with that in the

corresponding homogeneous reaction, a symmetrical transfer of charge

B
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will not necessarily occur in the transition states involved in the

electrochemical reactions

3-

or

)o

3-
Fe (CN 6 +

which occur at an electrode as distinct events at a common potential.
The reason is that the ferri and ferro-cyanide ions will probably not
interact with the electrode in the same way (cf. ref. 99 ) nor is this
interaction 1ikely to be negligible; for example, at Pt and Au, even
simple ions such as 5042’ and C104_ are quite strongTy adsorbedL This
situation means, of course, that g8 need not necessarily be exactly 0.5.
This does not involve any conflict with the principle of microscopic
reversibility, of course, since the equilibrium condition will always

involve electrode potential terms in both exp(—3¢@£/RT) and exp (1-8)

¢Q;{RT in the usual way where dWéJS the metal/solution p.d. at equilibrium.

The present experimental results, treated in the first approx-
imation with the assumption that 8 = 0.5 (cf. ref. 21), show that the
activation process, from the point of view of the volume changes involved,
is, in fact, not "symmetrical" since the Act is appreciably less than
the sz . This result arises principally from the experimental fact
that AVE;F is not zero (see eqgns. 4.2,7 and 4.2.14). From the point of

20,21 this means

view of solvent reorganization in the activation process,
that the hydration shell configurations of the transition states in eqns.
(4.2.28) and 4.2.29) are not symmetrical with respect to those of reactant
and product ions as would be the case in the corresponding homogeneous

reaction. Presumably this could be due to different adsorption of

(4.2.28)

—_— Fe(CN)6 ey (4.2.29)
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Fe(CN)63' and Fe(CN)64' anions at Au, i.e. different interactions of

the two ions with the Au surface and with adsorbed water in the inner

Helmholtz layerlzs.

It is of interest to note that the asymmetry 1is

less at higher pressures since AVZ. decreases with pressure (Fig. 4.2.2).
If, in eqn. (4.2.14) a value of B were sought that gave equal

numerical values for A;£* and A;t*, it would not be 0.5, again indicating

asymmetry in the activation processes for the forward and backward

directions of tHe redox reaction at the electrode surface. It is to be

noted that values of g8 for this reaction, differing significantly from

0.5, have been reported in the literature 97.

4.3 Pressure Effects on Surface Processes at Nable Metal Electrodes

4.3.1 Introduction

Monolayer electrodeposition processes at electrodes are character-

ized by the development of multiple states of chemiscrption below monolayer
coverage. These states, which are also observed on well characterized
single-crystal surfaces, are of great interest in surface science]29’130.
They appear to be a general result of the surface-structural and electronic
properties of the substrate metal since they are observed in under-potential
deposition of H and metal atoms at noble metal cathodes, and of OH and 0
species at anodes. While electrochemical methods such as cyclic voltammetry
and the modulated potentjodynamic linear sweep technique13] give excellent
resolution of the multiple states and enable their relative free energies

of binding to be evaluated with an accuracy of ca. 1600 J mol-], it is
desirable to evaluate other aspects of the behaviour of the electrochemical
adsorption process. The use of high-pressure techniques enables the

volume changes, Avads’ in the deposition processes to be eva1uated'according

to the relations

R pshaisers=s | t
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AG = « zFE

ads ads
and
(a AGads) = - F (aEads )
T kT
N Avads

where AGads is the free energy of adsorption in the electrodeposition
process in the monolayer and Eads is the potential for adsorption into a
particular staté, relative to the potential of some reference electrode.
Since the individual partial molar volume of the H+ in water is quite
well established, evaluation of Avads enables the volumes of depositéd

H and OH at Pt to be estimated and hence some information on their state
at the surface to be derived. In evaluating AVads,.attention must be
paid (see below) to the pressure-dependence of the potential of the
reference electrode to which Eads values are referred.

Corresponding studies over a range of temperatures are also
important as these give values for the standard entropies of adsorption
in the various states. Relations between AV and AS quantities are also
of interest, especially for processes in the water medium, where solvent-
structure effects determine connections between AV and AS due to electro-

]32).

The electrochemical surface processes which will be considered

striction changes (Hepler's relation

are:

+

H30 + Pt + e~ PtH 4 (in 4-5 states) + H,0
and

H,0 + Pt - PtOH (in various states) + H + e

2
PO + H + e

(cf. ref. 133) together with the similar processes involved at a gold anode.
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RESULTS
4.3.2 Pt in 0.5 M H2§Q4 :

The electrochemical surface processes which occur at Pt in
0.5 M H2504 were examined by cyclic vo]tammetry.in the range of potentials
from those where H2 evolution commences (+ 0.025V vs Pd-H/H+) in a NZ-
saturated solution to where 02 evolution becomes significant (~ 1.300V vs
Pd-H/H+) at pressures up to 2204 bars. The behaviour at pressures of 1
and 2204 bars is illustrated in Fig. 4.3.1. ‘

The effects shown in Fig. 4.3.1, although small, are entirely
significant as (a) the peak potentials move reproducibly in both directions
with increase or decrease of pressure and (b) the pressure effects on the
H-peak potentials in a given experiment relative to the pressure effect
on the surface oxidation current profile, is such as to cause a small but
significant convergénce of the surface oxidation profile towards that for
H oxidation.

The i-V profiles shown in Fig. 4.3.1 are those obtained directly
in the experiment, with the potential scale referred to the potential of a
reversible Pd-H,H+ electrode in the same solution in the cell within the
bomb, i.e. against a reference electrode whose own potential will be
changing with pressure. In order to evaluate the true effects of pressure
on the surface processes at Pt and Au, it is necessary39 to evaluate the
volume change in the reference electrode reaction at equilibrium. This is
-equivalent to correcting for the pressure-dependence of the reference
electrode potential which arises because of the normally finite volume
change in the electrode reaction. The pressure coefficient of the electrode

134

potential of the Pd—H,H+ half-cell is determined by the volume difference

AV = Vg Ve H Vg - Vouy

(4.3.1
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V:; is quite reliably known, Ve has been estimated15 as 3 cm3 Faraday-],
Vpg = 9.3 cm® mo1™! and Vpq_y has been evaluated in this work as 11.3 cm’
mol™ 1.

4.3.3 Volume of Adsorbed H at the Pt _E]ectrodg_

If the peak potentials for underpotential deposition of H at
Pt are referred to the potential scale of the Pd—H,H+ electrode in the
same solution af any pressure, then the resulting dependence of peak
potential on pressure corresponds to the volume difference determined35

by the two reactions

.|.
Pt + H +e — PtH (4.3.2)
and
+
Pq tH ote — Pd-Hp ¢ (4.3.3)
i.e. by the volume of transfer of H in the process
Pt + Pd—Habs p— Pt-Hads + Pd (4.3.4)
corresponding to the difference of reactions (4.3.2) and (4.3.3). It is
to be noted that process 4.3.4 is independent of pH and electrons and
hence evaluation of the volume change requires no knowledge of the prop-
erties of H' and e other than those involved in the evaluation of Vpd-H b
abs
described earlier.
The shift of H peak potentials, AE, from P = 1 to P = 2204
bars is observed to be -7 + 2mV (Fig. 4.3.1) so that
(BAE/3P); = =3.2 % 1wV bar”! (4.3.5)

and the corresponding volume change for reaction 4.3.4 s 3.1 + 0.9

cm3 m01_1. The volume change for reaction 4.3.4 can be written in terms
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of the molar volumes of Pt, Pd—Habs, Pt--Hads and Pd as follows

AV =V -tV -V -V (4.3.6)
Pt—Hads Pd Pt Pd-—Ha

bs

3 1

mol~

3.1 £+ 0.9 cm

The mo1ar_vo]umes of Pd and Pt are readily calculated from
the known densities and molecular weights of the elements assuming that
the Pt metal atoms retain almost the same volume in the metal surface as

in the bulk, and Vpg-y . was evaluated as described earlier as 11.3 cm’
abs

mo]']. Therefore the molar volume of Pt-H

ads® th'Ha » can be determined

ds
as
v = AV + V + Vg, -V (4.3.7)
Then,from egn. (4.3.6),
vpt"”ads = 3.1+ 11.3+9.1-09.3
=14.2 + 0.9 cm® mol™] (4.3.8)

The molar volume of H electrodeposited on Pt is therefore

v, = V 3 mo]‘l

H - th = 5.7+ 0.9 cm

It is of interest that this volume is close to the value of

3 mo1-] for covalently bonded H on aliphatic methylene groups as

153

5.5 cm
evaluated from additivity measurements on molar volumes of organic
substances at corresponding temperatures. It is significantly smaller
than the volume of H in Pd, viz. 2 cm3 mol'] evaluated in Chapter 3,
corresponding to the well known partially protonic state of H in Pd. The
relatively larger volume of H chemisorbed on Pt is consistent with (a)

136

the electrosorption valency factor Y evaluated by Schultze as near 1
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for electrodeposited H on Pt, i.e. H is virtually a neutral atom and (b)

the lack of significant repulsive energy between chemisorbed H atoms (i.e.

they are "atoms" rather than "partial ions") in the 4 or 5 states of electro-

deposited H as indicated by the half-widths of the pseudo-capacitance peaks]54.

It is also to be noted that the effect of pressure on all the
resolved states of chemisorbed H is, within experimental error, the same

(Fig. 4.3.1).

4.3.4 Volume Changes Resulting from Surface Oxidation of Pt

The most obvious effect of pressure on the shape of the
current-potential profiles occurs in the Pt surface oxidation region (Fig.
4.3.1). The potential for the initiation of Pt oxidation is shifted to
less positive potentials in the anodic sweep as the pressure is increased,
Although small, this effect is significant for the present study since it
arises only on account of the change of pressure. Impurity effects are an
unlikely (cf. ref 80) reason for the effect since (a) the shift is to
less positive values and (b) the effect is reversible with respect to
increase or decrease of pressure.

The process responsible for this shift must occur with a

negative volume change since the initial stage of surface oxidation of

platinum forming OH on Pt is evidently favoured by an increase of pressure.

133

The anodic i-V profile is known to correspond to a fast

137

surface oxidation process since its s_ value is large, i.e. the value

0
of sweep rate beyond which polarization in the anodic process becomes

significant. Hence shifts of charging currents in the anodic profile of

Fig. 4.3.1 correspond to shifts of potentials for almost equilibrium

cover‘ages]33 with change of pressure. The initial stage of surface

133

oxidation of Pt has been shown to be the almost reversible formation of
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electrodeposited OH species on the Pt surface according to the reaction
(in acid media)

+
Pt + H20 p— Pt-OHads + H +e (4.3.9)

The shift of potential, AE, for initiation of surface
oxidation of Pt at 1 and 2204 bars can also be‘evaluated from Fig. 4.3.1
as AE =15+ 2 mV. A plot of potentials for initial surface oxidation vs.
pressure for five pressures is given in Fig. 4.3.2. The pressure coefficient

of AE is then

OAE

Gt
Experimentally the potential scale for onset of Pt surface

oxidation is referred to the potential of the Pd—HabS,H+ electrode in the

same solution, viz, .

Pd-H Pd + H' + e (4.3.11)

——
abs ——

Combination of reactions (4.3.9) and (4.3.11) is equivalent to the process

Pt + H20 + Pd— Pt OHads + Pd—Habs (4.3.12)

the free energy of which corresponds to the potentials for surface oxidation

of Pt measured on the Pd-HabS, H+ scale.

The directly measured pressure coefficient of AE gives from

3 0171, The volume change, AV, will be

eqn. (4.3.10) AV =~ 6.6 £+ 0.9 cm
determined in part by the volume of formation of Pt-OH, 'VPt—OH’ plus any
other volume contribution due to desorption of anions, to be denoted by

V_. Then Vp, oy * V_ is evaluated from

= 6.8+ 1 1V bar| (4.3.10)
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which gives Vo, o+ V_ = 18.5 £ 0.9 cm® mo1™, taking V,, = 9.1,

Pt

}VH 0= 18 and VPd =9.3 cm3 mol'] from the known densities, together with

2 .
vPd-Habs =11.3 cm3 mo]'1 determined in the present work. The volume of

adsorbed OH, VOH’ together with V_, will be given by
V¥ Vou = Vppoon * Vo - Vpy

3 mo1']

9.4 + 0.9 cm

This is a minimum value based on the assumption that the volume of Pt as the
substrate atom for OH chemisorption retains its metallic volume upon
deposition of an OH species. A Pt atom on which an QH is chemically bound
may be expected to have a somewhat smaller volume than a regular metallic
Pt atom due to overlap of van der Waals envelopes when two atoms are
chemically bonded.

An estimate of VOH is difficult to make reliably but two
approaches give some idea of an appropriate value:

(a) OH is isoelectronic with F. Hence an estimate of the volume
of bound OH may be obtained from that of F derived from half the molar
volume of F2. Dividing half the molecular weight of F2 by its density

3

in the Tiquid state near its freezing point gives
V. =17 em3 1= ] :
VF = VOH =17 cm” mol ;

This volume is also the same as that of Ne under similar conditions.
(b) Taking the known covalent bond distance 0 to H (0.096 nm)

and the van der Waals radius of H (0.1 nm), and allowing rotation of the
OH group around an 0 to Pt bond, gives a volume of revolution of 17.3 cm3

mo]’l, in good agreement with the volume derived by analogy to 1/2 F2.

3

Then, since Vg, + V_ = 9.4 = 0.9 cm mol™!, it is seen that

3

approximately -8 cm mol—] can be attributed to anion desorption as surface

oxidation of Pt commences. The significance of this result will be discussed
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in section 4.3.6.

4.3.5 Surface Oxidation of Au in 0.5 M K2§QA + 0,01 M H2$0

The electrochemical behaviour of Au in 0.5 M K2304 + 0.01 M H2504
was also studied in a similar manner to that of Pt; the i-V profiles for
surface oxidation of Au (at which no underpotential deposition of H occurs)
at 1 and 2200 bars are illustrated in Figure 4.3.3. The shift of potential
for the onset of 6xidation is 20 £ 2 mV vs. Pd-Habs/H+ electrode over the

pressure range 1 to 2200 bars. The pressure coefficient is hence
(30E/3P); = 9.1 % 1wV bar’! | (4.3.14) |

The corresponding volume change is AV = -8.8 + 0.9 cm3 mol"]. Proceeding
as is the case of Pt surface oxidation, the volume VAu.OH.kv- for the
initial, almost reversible stage of surface oxidationof Au according to

the process
Au + H0 — Au-0H + H" +e (4.3.15

is found to be 7.2 * 0.9 cm3 mo1—1. Assuming that the volume of bound

OH at Au at low coverage is similar to that at Pt, viz. 17 cm3 m01'1,

3

V_ is evaluated as -9.8 cm mol™! for the volume associated with anion

desorption.

4.3.6 Significance of Pressure Effects on Anion Adsorption

On whatever basis an assignment of the volume of bound OH at
Pt or Au is made, the apparent volume of deposition of OH on Au is appreciably
smaller than that on Pt. It is suggested that this is a measure of the greater
relative importance of anion desorption in the process of surface oxidation

at Au than at Pt. This is supported by the observations of Ho, Conway
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25 |

FIGURE 4.3.3 Cyclic-voltammetry i-V profiles for surface oxide

formation and reduction at Au in 0.5M K2504+ 0.01M
H2504 f% 1 and 2200 bars,298 K; sweep-rate is
20mV s .,
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138 who found appreciable 3042' (or HSO&) adsorption

effects on the initial stages of surface oxidation of Au (see Figure 4.3.5).

and Angerstein-Kozlowska

Thus, in 1N aq. HC104, surface 6x1dation of Au commences at approximately

2-
4

leads to a displacement of the potential for initial oxidation of the gold

1.30 V (vs. Pt,H2) while the addition of small amounts (10'4M) of SO

surface to + 1.40 V. The effects are larger than those at Pt (Fig.4.3.4).
Hence the adsorption of 5042' or HSO& ions appears to be stronger on Au
than on Pt which is consistent with the larger relative shifts of potential,
AE, with pressure in the former case. Thus experimentally, at Pt, it is

d'l35

foun at ambient pressure that significant shifts of potential for onset

of surface oxidation arise only with relatively large changes of 5042_
concentration. ‘

The process of adsorption of 8042' or HSO4' on the electrode
surface probably takes place with a volume increase due to partial desolvation
of the anion and to the removal of oriented water molecules previously
existing at the surface of the electrode. If this is the case, then
pressure will have the effect of diminishing the extent of anion adsorption
at a given potential which will be manifested by a contribution to the shift
of the potential for the onset of Pt surface oxidation.

With regard to the direction of pressure effects on the
adsorption of 5042", it is to be noted that specific adsorption of an
anion at a positively charged electrode at which water is oriented in the
Helmholtz layer has some of the characteristics of an "ion-pair" formation

44,46

process. It is known that ion-pairing, e.g. of the contact or solvent-

shared type, is associated with a positive volume change but smaller than
that which would arise if complete loss of electrostriction occurred.
Examples are afforded by MnSO4 and MgSO4 which have ion-pair association

3

volumes of 7.4 and 7.3 cm mol—] in aq. solutions. Hence, by analogy with
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anodic surface oxidation of Pt at 298 K, , sweep -
rate 50 my s (From W.B.A. Sharp, Ph. D. thesis,
University of Ottawa, 1976).
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Au: s=0.05 V5!

0.1 M HCIO,
50 M CuSO4----
" HGM H,50, ——

100

FIGURE 4.3.5 Effect of added soz‘ ion on the potential for onset

of surface oxidation of Au in 0.1 M HC]O4 at 298 K. The
sweep-rate is 50 mV s~
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such ion-pairing processes, pressure will tend to decrease the extent of
association of 5042' ion with positive]y charged metal surfaces. An increase
of applied pressure thus tends to cause a reduction of the extent of anion
adsorption at Pt or Au electrodes resulting in a shift of potential for
initial surface oxidation of these metals to.less positive values, as

observed. The effect is larger at Au than at Pt.

4.3.7 Coﬁc]usions
The interpretation of the high pressure results for surface
processes must remain somewhat tentative owing to the paucity of data for
such systems. However, the current-potential profifes (Figures 4.3.1 and
4.3.3) show that reliable electrochemical measurements on surface processes

can be achieved at elevated pressures without contamination due to leakage of

fluid into the high-pressure cell. In fact, the high pressure electrochemical

cells can be maintained at 2204 bars for several days without significant
variation of the shape of the current-potential profiles.
The measurements then allow information to be obtained about
the volumes of adsorbed species. The volume of H electrodeposited at Pt
is appreciably larger than that of H in Pd (o + B), but is similar to
that of H covalently bound,e.g. in aliphatic hydrocarbon >CH2 groups.
Pressure effects on surface oxidation of Pt and Au are due
to the finite volume change in the oxidation process itself and to pressure-
induced desorption of adsorbed anions. Useful analogies to pressure effects

on ion-pair dissociation can be made.
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CHAPTER 5

ELECTROCHEMICAL BEHAVIOUR OF ELECTROACTIVE SURFACE FILMS AT

ELEVATED PRESSURES

5.1 The Pb, PbC]2 Electrode at Elevated Pressures

5.1.1 Current-Potential Profiles

The 1ead chloride system was studied by cyclic voltammetry in the
potential range for oxidation of the lead substrate and subsequent reduction
of PbC]2 in 1 M KCl + 0.01 M HC1. Figures 5.1.1 and 5.71.2 show typical
cyclic voltammetry current-potential (i-V) profiles for the formation and
reduction of PbC]2 at Pb at pressures of 1 and 2204.bars for a series of
cathodic sweep-rates following application of an anodic sweep at a common

fixed sweep-rate of 11 mV s,

The charges QA and QC involved in these
anodic and cathodic sweeps were obtained by integration of the area between
the respective i-V profiles and the zero-current base-line. They correspond
to the charges for formation and reduction of PbC12 films on Pb.

The shape of the i-V profiles for the generation and removal of
PbC]2 arises in the following way. As the potential is scanned in the
anodic direction, a potential is reached at which the anodic dissolution
of the lead substrate is initiated. This process can be represented by
the half-cell reaction

Pb— Pb%* + 2e

where Pb2+ represents a species generated initially in the solution at the
Pb surface. However, the lead species in solution will most 1ikely be in the
form of higher chloride complexes (PbC]ﬁ-n) depending upon the supporting
electrolyte composition and concentration. As the potential is made more

anodic, the solution adjacent to the electrode surface becomes supersatura-
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FIGURE 5.1.1

Cyclic-voltammetry (i-V) profiles for the
formation and reduction of Pb012 in 1.0 MKC)
+ 0.0 M HCI at P = 1 bar. Anodic sweep
rate, s,, is 11 mv 5'1. The cathodic sweep
rates, S 3¥e 1n, 13, 16, 20, 27, 32, 40, 53
and 80 mV s ',

-0.288 YV




Current (mA)

CATHODIC—

<——— ANODIC

35.0

30.0

)
o
@]

r
o
(@)

15.0

10.0

5.0

169

80 my §1

2204 bars

Y/ SN

5.0

10.0

15.0

200

—1.12'ov -0.720 o
- POTENTIAL,V (vs. Ag/AgCl)

FIGURE 5.1.2 Same as in Figure 5.1.1 but at P=2204 bhars.
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ted with respect to solution-soluble lead species, resulting in the formation
of PbC]2 nuclei and deposition of PbC12 on the electrode surfacg?'%%is
process occurs simultaneously with the anodic dissolution process during

the rising portion of the anodic i-V profile. At the peak of the i-V
profile, the Pb substrate becomes passivated, resulting in a sharp drop

in the current. Upon sweep reversal, virtually no current passes until

the potential is cathodic to the lead dissolution potential, i.e., the
reversible potential for Pb, Pb++ in the solution. It is of interest that
the initial rising part of the i-V profile on the cathodic side is almost
Tinear over an extended potential range. However, at the peak of the cathodic
i-V profile, the current drops sharply as a resu]t:of consumption of the
PbC12 film formed on the previous anodic sweep. The linear form of the initial
parts of both the anodic and cathodic i-V profiles suggests a predominantly
ohmic behaviour of the oxidized surface on account of the presence of a
resistive film. The inverse of the slope of the i-V profile can therefore

be characterized by an electrochemical resistance R0 = dE/di. The effect

of an ohmic potential-drop component, due to the resistance in the pores

of the film, in relation to the effect of the normal exponential dependence
of current on potential on the shape of the i-V profiles is illustrated
schematically in Figure 5.1.3'. If the slope of the Tinear regions of

the i-V profiles is attributed mainly to the ohmic polarization contribution,
then the following values for dE/di = Ro are obtained from the i-V profiles

at each pressure.

P_(bars) Botighml
1 9.07
1102 8.25

2204 7:96
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Exhaustion of
film

Faradaic current with "iR"
at resistive film

Exp. faradaic current

CATHODIC——>-
Film reduction F—
<

formation

Film

Passivation

~<——ANODIC
-]

~ve <—POTENTIAL —> +ve

FIGURE 5.1.3 Schematic illustration of ohmic resistance effects
in a film formed and reduced in a potentiodynamic
sweep.
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The observed pressure dependence of this effective resistance may be
related to an increase in the specific conductivity of ihe electrolyte in
the pores of the PbC]2 film. It is known that the specific conductivity of
KC1 solutions is enhanced with application of hydrostatic pressure (see
section 5.2.1). .

The anodic/cathodic charge ratio, QA/QC, recorded in Table
5.1.7 measures the charge balance between the anodic and cathodic processes.
The significance of the charge balance ratio, QA/QC’ in the general case of
film formation and reduction can be directly interpreted in terms of the
formation of solution-soluble electro-active species. A ratio QA/QC =
1.0 indicates that the anodic charge required for the process of film
formation is completely recovered during the reducfion reaction. A value
of QA/QC in excess of unity signifies that less charge is recovered in the
cathodic sweep than is passed in the previous anodic one. This charge
imbalance is normally the result of a chemical dissolution process involving
the electro-active phase and the supporting electrolyte. This process
produces electroactive solution-soluble complex species which may not be
completely reduced during the cathodic direction of the cyclic voltammogram
due to their diffusion away from the electrode. The dissolution process
may also occur in the trans-passive region during the anodic as well as
the cathodic sweep (prior to film consumption). The case where QA/QC is
less than unity is less common than the above two situations. This type
of behaviour may be the result of two electrochemical processes occurring
in the cathodic potential region, such as some H, evolution in parallel
with film reduction.

The results in Table 5.1.1 indicate that the charge balance ratio,
QA/QC’ is slightly in excess of unity. The values of QA/QC show a small

dependence on the cathodic sweep-rate. This behaviour indicates that the

chemical dissolution of the pbc]2 film results in a decrease of approximately
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10% 1in the recoverable charge (QA/QC= 1.10),

The slight increase of QA/QC with increasing cathodic sweep-rate
is consistent with fhe reduction of a small amount of anodically formed
Tead complexes that have diffused into the bulk of solution. However,
solution-soluble species may be present in ‘the pores of the PbC12 film as
well so that the quantity of these complexes, measured on reduction, will
not depend on the cathodic sweep-rate.

The variation of QA/QC with sC]/2 (cathodic sweep-rate) at P = 1,
1102, and 2204 bars is illustrated in Figure 5.1.4. Although there is

considerable scatter of the QA/QC data, the best—fjt straight lines indicate

that elevated pressures tend to reduce the magnitude of QA/Qc as well as
its dependence on the cathodic sweep-rate. A similar trend is observed
if the cathodic peak current, ip,is plotted as a function of the square-
root of cathodic sweep rate. Figure 5.1.5 indicates that the data for iP

/2 over the range of sweep-rates studied (0.011 to 0.080

are Tinear in S¢
v s-]) and the respective slopes are independent of pressure. The decrease
in the cathodic peak current at a given sweep-rate as the pressure is
increased is related to the fact that less anodic charge is required to
passivate the electrode at elevated than at ambient pressures. Table
5.1.2 Tists the relative anodic values of the anodic charge QX at pressure
P to that QA] at P =1 bars and the corresponding ratio QE/Q% for cathodic
charges'at each pressure. The charge ratios measure the relative effect
of pressure on the charges passed in the anodic and cathodic sweeps. At
1102 bars the QZ/QA becomes decreased by 22% from the ambient pressure
value. Further increase of pressure to 2204 bars results in an additional

decrease of about 7%. The variation of QE/Q% with pressure is similar

to that in the anodic case.




CHARGE BALANCE DATA (Q,/q.)

HCI_AS A _FUNCTION OF CATHODIC SWEEP RATE AT 1, 1102 and 2204 BARS
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TABLE 5.1.1

FOR THE Pb, P@QJZ ELECTRODE IN 1M KC1 + 0.01 M

P =1 bar
sem s™) | Qa5 = Mme) | g (me) Q/0c
1 156 145 1.08
13 156 146 1.07
16 156 139 1.12
20 156 143 1.09
27 156 145 1.08
32 156 138 1.13
40 156 140 1.1
53 156 142 1.10
80 156 132 1.18
P = 1102 bars
1 121 m 1.09
13 121 110 1.10
16 121 112 1.08
20 12] 11 1.09
27 121 110 1.10
32 121 110 1.10
40 121 108 1.12
53 121 108 1.12
80 121 103 1.17
P = 2204 bars
1 1] 103 1.08
13 11 101 1.70
16 M 107 1.04
20 11 105 1.06
27 m 105 1.06
32 ) 105 1.06
40 m 106 1.05
53 m 105 1.06
80 11 102 1.09
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TABLE 5.1.2
RELATIVE CHANGE OF Q, AND QC WITH PRESSURE (A~ 1cm2)

Ploars) | s ws™) | qune) | qme) | ofrg) | ofval

1 11 156 145 1.00 1.00

1102 11 121 111 0.78 0.76

2204 11 111 103 0.71 0.7
TABLE 5.1.3

EFFECT OF ANODIC POTENTIAL LIMIT, E, (vs. Ag,AgCl), ON THE CATHODIC
CHARGE, Q. AT 1 AND 2204 BARS. (A= 1 cnf). |

P =1 bar

EA(V). - Qy(mC) Q. (mC) Qa/Q
-0.403 30.7 31.0 0.99
-0.378 55.7 59.2 0.94
-0.353 100 105 0.95
-0.328 136 128 1.06
-0.288 141 133 1.06
-0.213 167 167 1.00

P = 2204 bars

-0.425 28.8 24.0 1.20
-0.379 81.4 74.7 1.09
-0.344 122 114 1.07
-0.299 128 126 1.02
-0.239 Vv 145 139 1.04

|
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The effect of pressure on the electrochemical formation of PbC1,
and its chemical dissolution was studied by measuring the cathodic charge
recovered as a function of the positive potential ]imit,EA,in the anodic
sweep. The i-V profiles for the Pb,PbC]2 electrode for various EA values
are illustrated in Figure 5.1.6 for 1 bar pressure and in Figure 5.1.7
for a pressure of 2204 bars. The reference electrode was Ag, AgCl. The
i-V profiles show the role of the (linear) ohmic contribution at all values
of EA. The basic difference between the form of the i-V profiles recorded
at elevated pressure and those at ambient pressure is the more noticeable
presence of a shoulder on the cathodic reduction profile at potentials more
negative than that of the main peak. The magnitude of the shoulder increases
as the positive potential 1imit of the preceding anodic sweep is extended
into the trans-passive region (see Figure 5.1.7). This behaviour may be
indicative of a chemical dissolution process involving the PbC]2 surface
film and chloride ions in solution, with subsequent reduction of solution-
soluble PbC1§"n complex-ion species at potentials negative to the main
cathodic peak. It may alternatively be due to the formation of basic lead
salts at higher positive potentials with their reduction appearing as a
distinguishable shoulder on the main peak.

The cathodic charges recovered, QC, and the charge balance values
QA/QC,are recorded in Table 5.1.3 as a function of the positive limit
EA in the anodic sweep for P = 1 and P = 2204 bars. The variation of QC
with EA at each pressure is illustrated in Figure 5.1.8. For small
excursions of potential in the anodic sweep, the values of QC are almost
the same at each pressure, but as the potential 1imit becomes more positive
in the anodic sweep, relatively less charge is recovered at elevated‘pressures

than at ambient pressure. The charge recovered in the cathodic sweep
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becomes virtually independent of Ej when Ep 1s more positive than the

potential of the passivation peak,

5.2 Conductivity of PbC12 Solutions as a Function of Pressure

The current-potential profiles for formation and reduction of
PbC]2 at‘1ead electrodes characterize a process of initial lead dissolution
as sz+ (or other complex ions), precipitation and film growth of PbC]z
while, in the cathodic direction, reduction of the film occurs with some
redissolution. An electrochemical process of dissolution is thus followed
by a physiochemical one of precipitation and crystal growth. It was surmised
that since the dissolution-precipitation reaction withinC]2 must involve a
+ . » the

q. q 25014d
electrochemical behaviour of the Pb/PbC]2 system would depend appreciably

substantial volume change in the reaction Pbg + 2 C]é -+ PbC1
on pressure due to the anticipated volume change in such a reaction.
Similar expectations apply to PbSO4 precipitation (see p.244). It was

considered that the only satisfactory method available for in situ (in a

pressure bomb) determination of changes of solubility of PbC12 with pressure

would be to measure changes of conductance of a PbC]Zs»saturated. solution.

5.2.1 Conductivity Cell Constants

The constants for conductivity cells 'R' and 'B' were evaluated in
0.01 m KC1 from the data of Horne43 for aqueous KC1 solutions at elevated
pressures. The small but significant effects of pressure on the conductivity
cell constants are listed in Table A.1.1. The results indicate that the
concentric electrode arrangement minimizes the deforming effect of elevated
pressure. Therefore the mean value of the cell constant K was used to
calculate the specific conductivity, «, for the desired solutions at all

pressures.
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The effects of pressure on the conductance of 0.10°" and 0.01
molal KC1 solutions are Tisted in TablesA.1.2 and A.1.3. The results
are tabulated as the specific conductivity, «, as well as the relative

change of « with pressure expressed as « » Where K is the value of «k

/x
at a pressure P and Ky that at a pressur: o; 1 bar. The variation of «
with pressure is illustrated in Figures 5.2.1 and 5.2.2. Figure 5.2.3
shows the effect of pressure in terms of the relative change of specific
conductance, Kp/§1.

These results are typical of the behaviour of strong electrolytes
such as KCl1. The specific conductivity of the solution exhibits a rapid
increase with application of moderate hydrostatic préssures but approaches
a maximum value in the region of 2000 bars. At highér pressures, although

not utilized in the present work, the conductivity is expected to decrease

until the solvent crystallizes out at approximately 10 kbars.

5.2.2 Conductivity of PbC12 Solutions

The solubility of PbC]2 in pvro-distilled water as a function of
applied pressure was evaluated from the conductivity of aqueous PbC]2
solutions in the following manner: The specific conductivity of PbC'I2
solutions at molar concentrations of 0.001, 0.0025, 0.005, 0.01, 0.015, 0.0388
and in a saturated solution (0.0388 M at P = 1 bar) were measured as a
function of hydrostatic pressure. The specific conductivity, x, the
specific conductivity ratio, Kp/K], the equivalent conductivity,A, and the
equivalent conductivity ratio, Ap/A1, at each pressure are listed in
Table A.1.4. The results are illustrated in Figures 5.2.4-5.2.8. The
specific conductivity ratio, Kp/K] at a given pressure increases with
the ionic strength of the solution. The large relative increase in «

. . +
is to be attributed, in part, to the presence of the ion-pair PbC1 .
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FIGURE 5.2.5 The variation of the specific conductivity with pressure for:
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FIGURE 5.2.6 The effect of oressure in terms of the relative change

of the specific conductivity, KP/K]' , for:

1) 0.10 m XC1
2) 0.01 m KCI
'3) 0.007 M PbCI

2

4) 0.0025 M PbCl

5) 0.095 M PbC)

2

2

6) 0.01 M PbC12

7) 0.015 M PbC]z

8) 0.0388 M PbC12 and

9) saturated solution of PbCl
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If dissociation of PbC1+ occurs with a net volume decrease, then pressure

will favour such a process. A saturated solution of PbC]2 is knownﬁ3g to

2
undergoes the dissociation reaction |

contain 6% of undissociated PbC]2 salt; about one half of the remaining PbCl |

2+

PbC1, — Pbe" + 2C1°
—

2

and the other half, the dissociation process

PbCT, — PbC1T + C1

Ihereforg, PbC]+ is expected to make a significant contribution to the
pressure-dependence of the conductivity data in dilute as well as in saturated
PbC]2 solutions. In order to evaluate the pressure-dependence of the solubility
product of PbC]z, it is necessary to determine the concentration of the
various Pb species*in solution at each pressure. However, the solubility
of PbC]2 must be deférmined at each pressure.

The specific conductivity ratio Kp/K] (from Table A.1.4) is plotted
as a function of I]/2 (where I = 3C) as illustrated in Figure 5.2.9. A

series of straight lines are observed whose slopes are pressure dependent.

The best-fit straight Tines are extrapolated at each pressure to the 4

observed Kp/K] ratio for the saturated solution of PbC]2 to give the pressure
dependent concentration of dissolved PbC]Z. The concentration of dissolved f

PbC]2 at each pressure is listed in Table 5.2.3. The method of representing

* Various species can be present in PbClo solutions: complex ions, contact
jon-pairs and solvent-separated ion-pairs. The first two types are probably
not chemically distinguishable. From the point of view of the conductivity
measurements involved here, it will be immaterial what is the actual chemical
nature of the species of a given stoichiometric type. Only whether it is
neutral, positively or negatively charged is of concern. We shall therefore
generically refer to the various species as “ion-pairs". .
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Kp/K1 as a function of C]/2 (or 11/2) has been used successfully by Brummer

66,71 in the determination of the Timiting equivalent conductivity

and Gancy
of a number of 1:1 salts as a function of applied pressure. The theoretical
significance of such a procedure is discussed in reference 66.

The evaluation of the solubility product of PbC]2 requires knowledge
of the quantity of PbC1+ present if the KSp i§ defined in terms of the reaction

POCT, —= PbC1” + C17

Therefore

K., =f

+ .
sp = Tpoctt [PBCTT fiy- [C17]

5.2.3 Evaluation of PbC]+ Concentration

The analysis of conductivity data for an unsymmetrical electrolyte
in which ion-pair formation arises presents a problem in the choice of a
suitable conductivity expression. The Debye-Huckel-Onsager equation does
not recognize the presence of the PbC]+ ion; therefore the expression
cannot be used in its original form to evaluate the degree of dissociation.
The conductivity equation for relatively high concentrations can
be written as
2.801x10° | 22, |qA” . 41.25(]z]|+|22|)] (172

\, (5.2.1)
(eT)¥2(14q1/2) (14BaJT72) n(eT) /2 1 + Bal

A=K - [ 1/2

The significance of each term was listed in Chapter 1, while the pressure-
dependent terms are listed numerically in Table A.1.5. The equation can

be written more concisely as




£
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o - RA 1172

p=r- R4 g
1 + BaJl/2 1 + Ba1'/2

where R and E are defined by comparison with eqn. 5.2.1.

(5.2.2)

The method for determining the degree of jon-pair dissociation for

PbC]+ will now be outlined. The ion-pair association can be written as

2+

Pb¢t + ¢17 — pbc1t
—

and if o is the degree of association, then the concentrations of PbCl™

szt and C1~ are oC,(1-a)C and (2-a)C, respectively.

Therefore, the measured
equivalent conductivity, Am, (cf. equation 1.4.15) can be expressed in

terms of the individual ionic mobilities and the degree of association as

_ o (2-x)
Ay = (-0)lppar + 5 Mppogt + <5555 Ay

o 2-0
[(1-0)App2+ + (1-a) Api-1 + 5 fppeqt [L'z“l Agy- = (1-0) Agq-]

= (1-a) bopct, * 2 Mpbett) (c17) (5.2.3)

The solution can thus be treated as a mixture of completely disso-
ciated (PbC1+)(C1—) and completely dissociated PbC]z, so that APbC12 and
A(PbC1+)(C1') are the calculated equivalent conductivity values for the

compietely dissociated species. This approach was first applied by Davies

73

and Righelleto ™ in 1930 to the conductivity behavior

bivalent salts, including PbC]2 at ambient pressure.

and co—workers45’47 have applied the same approach to
)" and Naso;

of pressure on the dissociation of La(SO4 4

of a number of uni-
More recently, Fisher
determine the effect

jon-pairs.
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The conductivity A 4 (or A(pbc1+)(C]v)) of the unicunivalent
salt (PbC1+)(C1') at each concentration and pressure is evaluated from

equation 5.2.2 in the form

L 1 FE L] 1 (5.2.4)
1-1 7 11 148, a]_]JT7§_ 1-17 1T+ 8, ya, (T)172

The constants R]_i, B]_], a1 and E]_] for each pressure are listed in

Table A.1.6. The limiting equivalent conductivity of the 1-1 salt, A? 1°

is given by

]

Moy = bppert Ay

The Timiting equivalent conductivity of PbC]+ was assumed to be

0.60 AE]- , as used earlier by Davies’S.

pressure was evaluated from the combined data presented by Hamann (p.66-67,

The variation of Az]-, with

Tables 3 and 4 in reference 41). The pressure dependence of A:]- as

treated by Hamann was determined from the transference number data of Wall

140

and Berkowitz and the limiting equivalent conductivity data of Gancy

66,71 for KC1 solutions as a function of applied pressure. The

2+

and Brummer
Timiting equivalent conductivity69 of Pb™" ions at 1 bar is taken as 69.5;
however, the variation of A;b2+ with pressure is unknown. It has been
assumed that the pressure-dependence of K;b2+ is the same as that for
K:a3+ because the actual A~ values at 1 bar are almost identical. The

47 and co-workers at pressures

latter quantity has been evaluated by Fisher
up to 2000 bars. The values of AZ]- A;bC1+ and A;b2+ as a function of
pressure are listed in Table A.1.8. Also included in this Table are~the

limiting equivalent conductivities of the uni-univalent salt (PbC1+)(C1')
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and the uni-bivalent salt, PbC]z.
In a similar manner, the theoretical value of A1_2, for the uni-

bivalent salt, is calculated from the expression

w 1/2
Riso Moo !

A = A, - + E. L] A (5.2.5)
1-2 1-2 1-2 1/2
1+B_, 8, 172 1+ B, 5 (]

The pressure-dependent terms are listed in Table A.1.7.

The measured equivalent conductivity, A, can be related to Moo

and A]_] through equation 5.2.3 in the following manner:

Ay = (1-a) Ay_, *+ 0.50 A (5.2.6)

1-1
The degree of association,o, is evaluated by successive approximations

{cf. the method of Davies73) Initially, the jonic strength, I, is assumed

to be 3C; A]_] and A]_2 are calculated by means of equations 5.2.4 and

5.2.5 and the value of o is determined from equation 5.2.6. This value

of o is then used to calculate a new value for the ionic strength using

the equation

I = C(3-2a) (5.2.7)

Then A,_; and A, _, are recalculated to give a second value of a. Three
iterations are generally required to achieve an almost constant value
of a.

The molal dissociation constant, Km, for the reaction

2+, -

poc1t — Pt 4 (1
p—

is evaluated from the expression
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2t Frp- (1 + 818
fpper* (1-8)

be2+‘ fc'l - (2—0() (1 —OL)m
f

(5.2.8)

PbCI+ ¢

where m is the molality of the solution and é is the degree of dissociation,
i.e. 1-a. The activity coefficients of the univalent ions are assumed to

be equal and the activity coefficient for Pb2+ is calculated from the

expression : Alz] ZZIII/Z

Tog f, (5.2.9)

1+Ba1'/2
In more exact terms, the stoichiometric activity coefficient, vy, should be
used in equation 5.2.8; however, in dilute solutions when the rational
activity coefficient, f, is employed, the resulting error will be negligible.

The values for Ao M_ys Ayps Bs fpp2ts and Ky at concentrations
0.001, 0.0025, 0.005, 0.01, 0.015, 0.0388 M PbC]2, and for a saturated
solution, are Tisted in Table 5.2.1 as a function of pressure. The evalu-
ations of equivalent conductivity, ionic strength and activity coefficient
are based on molar concentrations corrected at each pressure for the
compression of the solution, using the known41 density and compressibility
of water.

The values of Km at each pressure exhibit a fluctuation over the
entire concentration range, the discrepancies being greatest at the lowest
and highest concentrations of PbC]Z. The mean values of Km, neglecting those
at the highest and Towest concentrations, are listed in Table 5.2.2. The
variation of 1n Km with applied pressure is illustrated in Figure 5.2.10 and

the 1imiting slope is found to be
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TABLE 5.2.1

CONDUCTIVITY AND THERMODYNAMIC DATA FOR PbC12 SOLUTIONS AT ELEVATED PRESSURES

0.01 M

0.0383 M

Saturated

P(bars) C(PbCl,) | 0.001 M 0.0025 M | 0.005 M 0.015 M aturat
olution
1 Ay 134.93 127.09 118. 84 105.97 100.07 79.33 81.87
A_q 7.5 115.60 113.48 111.10 109.41 | 105.55 105.29
Mo 138.91 135.90 133.16 130.30 128.42 | 124.53 124.29
8 0.950 0.887 0.813 0.675 0.615 0.370 0.408
fpp2+ 0.894 0.849 0.809 0.768 0.741 0.685 0.682
; K 0.033 0.032 0.032 0.027 0.029 0.022 0.026
; 550 AL 137.84 130.24 122.67 109.59 103.86 84.04 75.05
Mo 120.95 118.78 116.64 114.29 112.49 | 108.47 108.45
Moo 140.74 137.66 134.84 131.98 129.94 | 125.82 125.80
B 0.964 0.905 0.841 0.701 0.646 0.416 0.291
fop2+ 0.894 0.852 0.812 0.771 0.744 0.687 0.700
K 0.047 0.039 0.040 0.031 0.034 0.027 0.017
102 A, 137.71 131.48 124,31 111.47 106,12 86.53 57.64
Mo 122.14 120.01 117,90 115.53 113.82 | 109.86 110.50
T 140.72 137.69 134,89 131,97 130.00 | 125.83 126.44
; 8 0.962 0.920 0.861 0.724 0.673 0.446 0.034
| fop2+ 0.899 0.856 0.816 0.774 0.747 0.689 0.687
Ko 0.045 0.047 0.047 0.035 0.039 0.031 0.0016
1650 Ay 137.48 131.21 124.39 112,12 106.97 87.74 52.18
Mo 121.86 119,75 117.63 115.23 113.46 | 109.37 -
Mo 139.15 136,18 133,42 130.50 128.53 |124.33 -
8 0.979 0.935 0.879 0.748 0.700 0.475 n 0
fop2+ 0.902 0.858 0.818 0.777 0.750 0.691 -
K, 0.083 0.060 G.056 0.040 0.045 | 0.036 -
2204 A, 136.09 129.67 123.57 111.60 107.13 88.19 36.31
M 120.71 118.85 116.58 114.23 112.50 |108.42 -
M.y 136.42 133.61 130.84 127.99 126.05 |121.88 -
8 0.996 0.947 0.900 0.769 0.729 0.502 ~Q
fop2+ 0.903 0.860 0.821 0.780 0.752 0.693
K 0.450 0.075 0.070 0.046 0.053 0.041

g
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TABLE 5.2.2
| MEAN MOLAL DISSOCIATION CONSTANT FOR Pbci* As A
FUNCTION OF PRESSURE |
P (bars) K (mol dn™3)
1 0.030 + 0.002 !
550 0.036 + 0.004
1102 0.043 + 0.005
1650 0.050 + 0.009
2204 0.061+ 0.010
?

e
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AV

(— D = - & = 3.8x10™ bar”!

The corresponding partial molar volume change, AV, for the ion-pair

3 1

dissociation is hence -9.3 c¢cm” mo1~'. The partial molar volume, VPbC1+’

of the ion-pair PbC1+, can be evaluated from the relationship

= - 3 -1
AV - Vpb2+ + VC]' - VPbC]+ = ’9-3 cm mO]

1:ak1'ngnO

3 1

VPb2+ = -26.3 and Vc]‘ = 23.23 cm mOl-

Therefore

3 1

6.3 cm” mol~

VPbc1f

5.2.4 Evaluation of the Solubility Product of PbC]2 as a Function

of Pressure
It may be expected that the solubility will be affected owing to
the volume change upon dissolution of the salt. The solubility product
for the process

PbCT, — PBCTT + C1

is defined as

K + [PbC17] fym [C17]

sp = TPbCI

where the activity coefficients at I = C (3-2a)can be calculated from
equation 5.2.9. However, the ion-pair PbC1+ undergoes a further pressure-
dependent dissociation

PbC1" —= Pb%" + C1
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The concentrationsof PbC]+ and C1~ will therefore depend on the extent

of this dissociation process. If C is the concentration of PbC]2 dissolved
in solution and B is the degree of ion-pair dissociation, then the concen-
trations of PbC1t and C1” are C(1-B) and C(1+B) respectively. The

mean activity coefficients for the uni-univalent salt, f, and the
calculated values of the solubility product of PbC]2 are—given in Table

5.2.3. The pressure-dependence of In KS is shown in Figure 5.2.11 from

p
which the pressure coefficient is found to be

3 In K AV
— P - _ =704 10'4 bar-]
oP RT

Timitingly at P = 1 bar. Therefore the volume change accompanying the

3 1

dissolution of PbCl, is &~ =17 cm® mol™'.

5.2.5 General Comments on Ion-Pair Equilibria and Solubility Product

Calculations
The evaluation of the molal dissociation constant for an unsymmetrical

ion-pair involves several assumptions. In general, the lead chloride
solution must be treated as a mixture of uni-univalent and uni-bivalent

salt species. However, the two uncertainties which arise in this approach
are the satisfactory assignments of limiting equivalent conductivities

to a) the PbC1* jon-pair and b) to the Pb2t ion. The value of A;bC1+

was taken as 0.6 A..- at all pressures used following the approach of

Cl
141

Righellato and Davies73, based on the findings of Chandler Chandler,

in treating the behaviour of dibasic organic acids, has reported that the

intermediate univalent ion has a mobility of 0.6 times that of the acid

73

anion. Davies' ™ concluded that this leads to an error of less than 10%
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TABLE 5.2.3

SOLUBILITY PRODUCT OF PbC'l2 AS A FUNCTION OF PRESSURE

P (bars) C (mol dm™3) P 104 mo1 dn3)|  1n Ksp
1 0.039 0.789 7.80 -7.155
550 0.046 0.793 12.2 -6.711
1102  0.064 0.803 26.3 -5.938
1650 0.074 0.803 35.3 -5.646
2204 0.113 0.777 77.7 -4.866

g
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4? and co-workers

in the derived degree of dissociation. Recently, fisher
have applied this method to thelNaSOZ ion-pair; however, the limiting
equivalent conductivity of NaSO4' was taken as 0.5 times that of the 3042'
ion. This assumption gave dissociaticn constants for the ion-pair Na504'
which were virtually independent of ionic strength.

Although there is an obvious variation of Km with ionic strength
in this work, the values of Km at the Towest concentration (where experi-
mental errors and‘errors arising from the various assumptions are expected
to be relatively large) and the values of Km at the high concentrations
(where the Debye-Hucke]—Onsager equation is not truly obeyed) are not
included in the evaluation of the mean value of Km aﬁ each pressure. The
mean value of Km at ambient pressure compares favourably with the values

reported in the Titerature:

Present Work Righellato_and James74 Carmod,y]42
Davies/3
R (mol dn™3) | 0.030 * 0.002 0.030 0.026 0.029

In order to extend these calculations to elevated pressures, the

limiting equivalent conductivities of Pb2+, C1” and PbC]+ must be known

as a function of pressure. The values of A" _ have been determined?!
C1
at pressures up to 2000 bars; therefore, based on the assumption that

o

opcr*
of pressure. The value of A;b2+ has been assumed to be similar to

0.6 AC]-, the value of APbC1+ can be obtained as a function

that of Afa3+ at all pressures studied. This assumption is based on the
fact that both ions have identical limiting mobilities (A~ = 69.5) at
1 bar and the limiting equivalent conductivity of most ions varies with

pressure in the same manner. That is A~ increases slightly with application
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of low hydrostatic pressures but then reaches a max%mum 1n‘the pressure
range 500 to 1000 bars. At higher pressures, the values of A~ then
decrease quite rapidly to values below those at 1 bar. It is expected
that the value chosen for A;b+2 will be in error by less than 2 conductivity
units. It will be shown below that any discrepancy between the true values
of Afa3+ and A;b2+ will have 1little effect on the values of Kys even in
the most dilute solutions (v 0.001 M).

At 1102 baré and C = 0.001 M PbCl,, the value of A;b2+ s taken as

68.45. This gives a value for the degree of association, o, of 0.038 and

thus Km = 0.045 mol dm'3 (see Table 5.2.1). However, if the value of

‘A;b2+ is in error by 1 conductivity unit, that is ﬁ;bé+ = 69.45, then

a = 0.038 and Km = 0.045 mol cm'3. This leads to negligible error in the
calculated value of Km . However, if any errors remain in the evaluation
of Km’ the error in the derivétive of In Km with respect to pressure will
be relatively less than that in Km itself.

The partial molar volume change for the ion-pair dissociation was

3 1

evaluated above as -9.3 cm” mol~'. The error in this value is determined

by the accuracy of the experimental conductivity results and the choice

of a suitable form of the conductivity equation for use at elevated pressures.

The conductivity measurements at various PbC]2 concentrations are reproducible

to within 0.8%. However, at the Towest concentrations (~ 0.001 M) the
accuracy of the results becomes questionable since a solvent correction
was not applied; at higher concentrations, the effect of the pressure-
dependent conductivity of H20 on the measured conductivity of PbC]2 is

negligible. The error in AV has not been evaluated but is expected to

3 3 In Km )
o T

calculated using the standard deviations of Km values at each pressure,

3

be Tess than 1 cm® mol~!. In fact, if the Timiting slopes ( are

a mean deviation for AV of + 0.8 cm mo1-] is obtained.
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The evaluation of the solubility of PbC]2 as a function of pressure

depends on the reliability of the .<p/'< values at each concentration of
' 1
PbC]2 and at each pressure. The plots of Kp/K versus 11/2 (Figure 5.2.9)
1
yield straight lines at each pressure with deviations only at the lowest

ionic strength. The confidence 1imit for the best-fit straight lines
(neglecting the lowest concentration of PbC12, 0.001M) is better than

99.6% at all pressures. The variation of 1n Ks with pressure (Figure

4 -1

P

5.2.11) has a limiting slope of 7 x 10" " bar ' at P = 1 bar. The corres-
ponding volume change for the dissolution of PbC]2 is approximately -17 cm
This value is consistent with the value calculated from the known partial

molar volumes of PbC1+ and C1”,and the molar volume of PbC]Z:

AV = Vb + Voo =V

poct* * Vo1 - Veber,
= 46.3 + 23.2 « 47.5 cm® mol” !
= - 18 cm® mol”]

5.3 Some Additional Observations on the Behaviour of the Pb,PbC]2

Electrode at Ambient Pressure

It has been proposed by Barrada528—3]

that PbC]2 formed as an anodic
film on Pb is composed of two types of PbC]2 surface species. It is
supposed that a basal layer of PbC]2 is formed initially, followed by
chemical dissolution of PbC]z, reactivation of the electrode surface and
redeposition of a secondary layer of PbClZ. The electrode was assumed to
be passivated by the presence of the second type of PbC]2 surface film.

In order to relate the observed pressure effects on the electrochemical
behaviour of PbC]2 to a possible dissolution-redeposition mechanism,
additional experiments were performed at ambient pressure utilizing cyclic

voltammetry in conjunction with a rotating Pb disc electrode. However, the

behaviour at a stationary electrode must first be described.

3
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5.3.1 Cyclic Voltammetry Results at a Statiohary Pb Electrode

The current-potential (i-V) profiles for the anodic formation of
a film of.PbC12 and its subsequént reduction in the cathodic sweep are
i1lustrated in Figure 5.3.1. The anodic potential limit, EA, is + 0.093V vs
Pt, H2. The cathodic sweep rate, Sc» Was kept constant at 13 mV s']
while the anodic scan rate, sp» Was varied from 13 to 117 mV s in a
series of consecutive sweeps.

The cathodfc i-V profiles at low values of S (< 50 mV s']) exhibit
a shoulder at potentials negative to the main peak. However, as the anodic
sweep rate is increased, the shoulder disappears. This behaviour indicates
that the time spent, AV/sA, during the anodic cycle over a potential range,
AV, is an important factor in the development of the shoulder. A similar
type of behaviour is observed if the anodic potential limit, EA, is made
progressively more positive on each successive voltage scan at a constant
sweep rate (sA = Sc= 13 mV s']). The value of EA is varied from -0.105 V
(pre-passive potential region) to + 0.161 V (approximately + 0.220 V w.r.t.
the passivation peak potentia],EP 2-0.060V).As Figure 5.3.2 indicates, a
shoulder on the cathodic i-V profile becomes evident when EA is extended
beyond the passivation potential. The process(es) responsible for the
generation of the current shoulder appears to be dependent on the value of
EA as well as the time spent in the trans-passive potential region.

The factors responsible for the shape of the cathodic i-V profile
can be investigated more thoroughly by examining the behaviour of the
PbC]2 film as a function of the time,tA, spent at a given fixed anodic
potential, EA, as illustrated in Figures 5.3.3. (a), (b), (c), (d), and
(e). The potential is held at various values on both sides of the
passivation potential E. . For E, values negative to Ep (Figure 5.3.3(a)),

P
the i-V profiles show that the cathodic charge recovered, Qt’ depends
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FIGURE 5.3.1 Cyclic voltammograms (i-V profiles) fof the formation and
reduction of PbC]2 in 1.0 M KC1 + 0.01 M HC1 at P=1 bar.
The cathodic sweep rate,sc, is fixed at 13 mv 5'1 and the
anodic sweep rate,.sA, is varied in successive cycles.The
i-V profiles labelled A,B,C,D,E,F,G and H refer to Sp values
of 13,20,23,29,39,58,78 and 113 mV s~} respectively.
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FIGURE 5.3.2 Cyclic voltammograms for the formation and

reduction of PbC12 in 1.0 M KC1 + 0.01 M HCQ1
at fixed anodic and cathodic sweep rates of
13 mv 5'1 but with different anodic potential
limits for each successive cycle. The i-V
profiles represented by A, B, C, D, E, F, G,
H and I have EA values of -0.105, -0,090,
-0.085, -0.080, -0.050, 0.0, 0.031, 0.091

and 0.161 V versus Pt, Hz,respectively.
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FIGURE 5.3.3 The effect of holding the anodic potential
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markedly on the time spent at EA' The general shapé of the i-V profile for
reduction does not appear to be affected by holding in the pre-passive region.
However, the potential required for completion of the reductive removal of
the PbC12 becomes more negative with increasing values of tA (see Fig.5.3.2).
This is mainly because more PbC]2 is formed with increasing time tA' The
process(es) responsible for the growth of the reduction peak is (are) the
continuing electrochemical dissolution of lead in the previous anodic cycle

at the potentia],.EA, followed by deposition of PbC]2 and some accompanying
redissolution of PbC]2 into the bulk of solution from the exterior of the
deposited phase.

As the value of EA is extended from that of the:passivation peak
potential (Figure 5.3.3 (b)) to more positive values, the cathodic current-
potential profiles exhibit a shoulder when tA and EA have low values. However,
as EA becomes more positive, two reduction peaks become clearly resolved
(Figures 5.3.3 (c), (d) and (e)). The cathodic peak, P], decreases slightly
with extended holding at EA’ while the peak, P2, occurring at more negative
potentials, continues to grow with increasing holding times. The resolution
of the two reduction peaks is more apparent when film formation has been
conducted at higher positive values of EA’ as is illustrated in Figure 5.3.4.
The recovered charge, Qc. for a given value of ty (120 s) appears to be
independent of En (Figure 5.3.4) but this result may be artificial due to
variation of the electrode area during the course of the experiment.

The significance of the two peaks in the cathodic current-potential profile
cannot be elucidated from the (i-V)profiles alone,e.qg.Pb as chloride in two
valence states is not possible at the potentials involved. However, it was
initially thought that in IMKCT + 0.01M HC1 a basic lead chloride,Pb(0H)C1,
might be formed in addition to PbC]Z. In order to determine the va]idity of

this idea, the behaviour of Pb was investigated in 1.0M HC1,where formation

et

ST aepeort
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FIGURE 5.3.4 Cathodic i-V profiles for the reduction of
PbCl2 in 1.0 M KC1 + 0.07 M HC1 after the
Pb electrode had been anodized at various
anodic potentials, EA’ for a period of
120 s. The i-V profiles labelled A,B,C
and D refer to values of Ey of +0.700,

+ 0.030,+ 0.010 and - 0.040 V versus Pt,

Hy,respecitvely. s=15 mV s'].
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of a basic chloride would be less significant.

The effect of holding the potential at a given EA value after
passivation has occurred was investigated to see if two peaks could be resolved,
as in KC1. The results are illustrated typically in Figures 5,3.5 (a)-(e)
for Ey = -0.135, + 0.046, + 0.107+0.154 and +0.186V (vs Pt, H2),respective1y.
As EA is made progressively more positive in the range -0.135V to + 0.046V,
the cathodic i-V profiles exhibit only a single peak for all tA values.
However, at +0.107V and for tA-i 120 s, a shoulder appears in the cathodic
sweep at potentials negative to the main i-V peak for reduction and becomes
a separate peak when EA = +0.150V and tA > 120 s, For EA = 40,186V and -
tA = 240 s,the height of the second peak, P2, reso]ved'under these conditions
exceeds that of the presiously designated "main" cathodic peak, P].

The behaviour,of the PbC]2 film in HC1 at various holding potentials
is thus significantly but not qualitatively different from that of the film
formed in 1.0 M KC1. However, much more positive EA values are required
in HC1 solution than in KC1 for the second peak to be resolved. Also, in
the Tatter solution, the second peak appears at potentials less positive relative
to the passivation potential than in 1.0 M HC1. In fact, the process
responsible for this behaviour on the cathodic sweep already commences in
the potential region of the anodic passivation peak. In 1.0 M HC1, the
second peak arises only when EA > *+0.107V, i.e. approximately 0.3V more
positive than the potential of the passivation peak (=-0.210V). The main
peak, P], continues to grow, as does the secondary peak, P2, with increasing
ty- This is in contrast to the behaviour in 1.0 M KC1: in the latter case,
the main peak (having the more positive peak potential) decreases slightly
with increasing tA while the secondary peak is enhanced after its respective

holding period.
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Cyclic voltanmograms ({-V profiles) for

the formation and reduction of PhCTP in

1.0 M IICT at various values of £y and t,.
The 1-V profiles lahelled (a), (b), (c),
(4) and (e) refer to ) values of -0,135,

+ 0,046, + 0,107, + 0,154 and 0.186 V versus
Pt, Il2 resnectively, The 1.V profiles
labelled A, B, C, D and [, are held at EI‘.
for periods 0, 30, 60, 120 and 249 s,
resoncilivaly, s=10 my '.'].
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5.3.2 Rotating-Disc Electrode (R D E ) Studies

i) Significance of R D E Studies

It has been shown earlier that under certain conditions of holding

at relatively positive values of potential in a sweep two reduction peaks

can arise on the cathodic sweep. Such peaks could, for example, be described

in terms of a solution-soluble lead species being reduced prior to the
removal of the lead chloride film. The holding experiments previously
described in Section 5.3.1 indicate that two species having apparently
different reduction potentials are produced in the anodic potential region.
Their relative amounts depend on the positive potential timit, EA, as well
as the time spent,tA,at EA. .

In order to provide further information on the two peaks, it is
necessary to compare.the behaviour of the current-potential (i-V) profiles
under conditions where the solution is quiescent or stirred (rotating-disc
electrode). Use of a rotating electrode provides information on the con-
tributions of solution-soluble species to the currents in, and hence the
shape of, the i-V profiles for reduction. The rationale of experiments of
this kind is that if a solution-soluble intermediate is produced, e.g.
in the anodic sweep, it will be spun away into the bulk solution, so
that it will no longer be available for reduction in the following cathodic
sweep. Correspondingly, if passivation requires build-up of a critical
concentration of Pb2+ ions prior to precipitation of a species such as
PbC12 which blocks the surface, rotation should have a large effect on
the charge required for onset of passivation.

ii) Effect of Electrode Rotation on the Anodic i-V Profile

A striking feature of the current-potential (i-V) profiles arising

in the anodic sweep is that they are almost independent of rotation speed

up to the maximum used, 10,000 rpm, as shown in Figure 5.3.6(a). Thus,
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FIGURE 5.3.6 The effect of electrode rotation speed w, on
the form of the current - potential profile
for the formation and reduction of PbC12 in
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the charge QA,P required for passivation to be attafned ig relatively
independent (~ 10% variation) of rotation speed (Figure 5.3.7 and Table
5.3.1) in comparison with the corresponding cathodic i-V profiles for the
reduction of the film. There is a decrease of QC by ca. 30% upon rotation
at 2500 rpm.

This result is of considerable interest as it implies that the onset
of passivation is not due primarily to build-up of a PbC12 film generated
by precipitation-from anodically dissolved Pb2+ ions but is caused by direct
deposition of a film by discharge of the C1~ anion. Relative reflectivity
(AR/R) measurements performed by Dr. F.C. Ho in our laboratory indicate
that a surface film already appears well before the oﬁset of passivation.
Much of this film is evfdent]y mechanically adherent (i.e., it is not
completely spun away by electrode rotation) but does not appreciably inhibit
passage of anodic current. Further information on the constitution of the
film is gained from observation of the cathodic current-potential profiles

for stationary and rotated electrode conditions.

5.3.2 (ii1) Effect of Electrode Rotation on the Cathodic i-V Profile

In contrast to the effect of electrode rotation on the anodic
current-potential profiles referred to above, the charge required to effect
reduction of the film in the cathodic sweep is markedly diminished upon
rotation. This behaviour is clearly evident when the i-V profiles recorded
at various rotation speeds (w =0 to w = 10,000 rpm) are compared, as shown
in Figures (5.3.6 (a) - (d)). It is found that the shoulder which is usually
observed on the cathodic i-V profile is dependent on both w and EA as is
seen from Figures (5.3.6 (a)-(d)) where Ep is reduced from +0.037V (in the
trans-passive potential region) to -0.070V (at the foot of the anodic i-V

profile). For EA values beyond the passivation potential and when w > 2500
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TABLE 5.3.1

RESULTS OF ROTATING-DISC ELECTRODE STUDIES AT
Pb IN 1 M KCl (pH = 2)

w(RPM) s(V S"‘]) Qy (mC cm'z) Q¢ (mC cm'z) 19470
0 0.033 59.3 54.5 1.09
2500 0.033 62.7 36.3 1.73
QA2500 QC2500
= 1.06 = 0.67
(8] 0
Qa Qc
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w=2500 RPM

FIGURE 5.3.7 Current - potential profiles for the formation
and reduction of PbC12 in 1.0 M KCT1 + 0.01 M
HC1 at rotation speeds of 0 and 2500 RPM.
s=33mv s,
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rpm, the shoulder is always present. However, when fhe potgntia] limit EA
is restricted to the pre-passive region, only a single cathodic peak is
observed at all rotation speeds and the peak current diminishes as w is
increased (Figure 5.3.6 (c), (d)). If the anodic i=V profile has been
taken to sufficiently positive potentials for passivation to be observed,
it is found that the magnitude of the shoulder in the cathodic i-V profile
is almost independent of w (Figure 5.3.6 (a), (b)) while the current
in the first regioh of the cathodic i-V profile is steadily diminished with
increasing w. The latter behaviour is similar to that for cathodic curves
taken from potentials in the pre-passive region.

These results serve to distinguish two types of surface species:
(a) one that is formed in the pre-passive region (and probably also in the
trans-passive region) but is extremely dependent on electrode rotation rate
and (b) another species that is produced in the anodic region but whose
extent of formation appears to be almost independent of the rate of rotation
of the electrode. This latter species which is reduced in the w - independent
shoulder of Figure 5.3.6 (a), may be responsible for the passivation of the

electrode (Qp £ f(w)).

5.3.2 (iv) Effect of Holding the Electrode Potential at Various

EA Values, with and without Rotation
Holding the potential at Ey at the termination of the anodic sweep
allows continuing anodic oxidation to occur with a consequent time-dependent
increase in the growth of the PbC]2 film. If the potential is held at EA =
+0.07 V, i.e. just beyond the passivation peak, with the current on, the
situation illustrated in Figs. 5.3.8 (a) and (b) results. In Figure
5.3.8 (b) the electrode potential is held for times of 0, 15,30,60 énd
120 s with rotation at 2500 rpm. For holding times of 15 to 120 s, two
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peaks are now clearly resolved: the first peak occurs on the rising part

of the cathodic i-V profile and has an almost constant peak height for

holding times of 15 to 60 s. The second, larger peak decreases with holding
times of 15 to 60 s. For tA = 120 s, the previously invariant first cathodic
peak is now reduced in height while the larger peak is somewhat enhanced. A
similar trend is observed if the solution is quiescent: (Figure 5.3.8 (a))

two cathodic reduction peaks are always resolved if the holding time tA >

30 s3 the smaller peak at the Tower cathodic potential has a height essentially
independent of holding time while the main peak increases if tA> 30 s.

The situation when the electrode potential is held for various
lengths of time near the base of the anodic i-V profile (EA = -0.120V) is
illustrated in Fig. 5.3.9 (w = 2500). For t,=0, the cathodic i-V profile
exhibits a small spike which may be due to the reduction of an initial thin
film of PbC]2 or to reduction of solution-soluble Tead species which are
formed prior to and in parallel with formation of the PbC12 film. For
tA=]5 and 30 s, the spike increases while a larger cathodic peak arises
at more negative potentials. For ty = 60 s the peak at less negative
potentials becomes slightly larger than the second peak while for tA = 120 s,
a single large reduction peak is observed with a shoulder on the cathodic
side of this main peak.

If the electrode is now treated as in the above case, but with
the solution quiescent, the i-V profiles jllustrated in Figure 5.3.10
are observed. As t, is increased from 0 to 60 s,the cathodic i-V profile
exhibits a single peak which increases with holding time.

The results described below (Figure 5.3.11) are obtained if the
potential is held at the passivation peak (EA = ~0.030V) for 60 s under the

following conditions:
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1. the solution is quiescent (w = 0) during a complete cycle with

tA = 03

2. the solution is quiescent (w = 0) during the holding time as
well as during the subsequent cathodic sweep;

3. the electrode is rotated (w = 2500 rpm) during the holding time
only, but the cathodic sweep is taken without rotation;

4. the electrode is rotated during the holding time and during
the cathodic sweep (w = 2500 rpm).

The i-V profiles for reduction under the above conditions are
illustrated in Figure 5.3,11 . The smaller cathodic peaks which appear
at less negative potentials than those for the larger peaks are independent
of hydrodynamic conditions as was mentioned with regard to Fig. 5.3.8 earlier.
The second peak is largest for quiescent conditions but decreases when the

electrode is rotated during holding; this decrease is larger if the electrode

is rotated during the hold period as well as in the subsequent cathodic sweep.

5.3.2 (v) Effect of Holding the Electrode on Open-Circuit After

Generation of the Anodic Film

The effect of holding the electrode potential on open-circuit (i=0)
after the passivation has occurred (i.e. to allow time for any further
crystallization of PbC]2 to occur) is illustrated in Figures "5.3.12(a) and
(b) , If the electrode is rotated (w=2500 rpm), the charge recovered in
the cathodic i-V profile is again considerably reduced. As the holding
time, tA, is increased from 0 to 75 s, the main peak is reduced relative
to the shoulder but it is significant that the shoulder contribution in
Figure 5.3.12(b) stays approximately constant at w= 2500 rpm with
increasing tA‘ However, if w=0, currents in the cathodic i-V profile

are virtually independent of holding time on open circuit (i=0). This




27
T 18
)

)
o
— 9
<{
@)

CURRENT[ mA cri2]

<+——ANODIC

27

FIGURE 5.3.11]

228

Current-potential profiles for Pb in 1.0 M KC1 +0.01 M HCI1.
s=33mv s7)..
Conditions under which each i-V profile was measured:

1) w=0, and ty=0 3) w=2500 RPM (during holding period,
2) w=0 and tp=60 s ths only.) and ty =60 s.
4) w=2500 RPM (during voltage sweep

and holding period tA.) ahd tA;SO S.
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indicates that rotation of the electrode results in (a) an increase in
the amount of chemical dissolution of the anodically generated PbC]2 film
and (b) a dispersal (spin-out effect) of any solution-soluble lead species

generated in the anodic sweep.

5.4 Discussion

The electrochemica] behaviour of Pb in C1” solutions involves a

number of complex chemical and electrochemical processes. The RDE experiments,

indicate that the formation of PbC12 occurs predominately by a nucleation
and growth mechanism. However, the existence of two reduction peaks, under
certain experimental conditions, implies a transformation of part of the
passivating film into a second type of surface species, reducible at more
negative potentials. The holding experiments indicate that film growth
continues beyond the passivation potential. This behaviour appears to
signify that some chemical dissolution of the passivating film occurs by
a reaction such as PbC1, + (n-2) C1~ p—— PbC]ﬁ'n.

This process allows further anodic oxidation of the lead substrate

and subsequent film formation to occur.

5.4.1 Effects of High Pressure

The volume change for dissolution of PbC12 in water which determines

the pressure-dependence of its solubility has been evaluated from the

3 1

conductivity measurements (Section 5.2.4) as -17 cm” mol '. If the amount

of charge required to passivate the electrode surface is related to the

ppet

ion concentration required to exceed the solubility product of lead
chloride, then it is to be expected that QA (and QC) will increase with

applied pressure. However, in 1 M KC1, it is observed that both QA and Qc

A et 2t ot e e e £ e e e e et s
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are decreased with increasing hydrostatic pressure,'indicating the apparent

solubility of PbC]2 to be inversely related to the app]ied pressure, Also

the observed charge Q; measured to the current maximum of the anodic i-V

profile decreases with applied pressure. This behaviour is i1lustrated

clearly in Figure 5.4.1; (the i-V profiles at_each pressure are superimposed

in such a manner that the reversible potential for the Pb, PbC]2 electrode

occurs at the same value at each pressure) the charge Q;,relative to its

value at ambient'pressure is 0.88 and 0.86 at 1102 and 2204 bars, respectively.
It is proposed that the following dissolution-precipitation reaction

scheme applies during the initial stages of film formation at low over-

potentials:
Pb > Pb2* + 2e | (5.4.1)
Pbet + n C1” Eg Pbct 2" (5.4.2)
IS LN PbCT (5.4.3)

The extent of the dissolution~precipitation mechanism occurring
during the complete anodic cycle is quite small (probably only 6-15% of the
passivating surface film is formed by this mechanism as was indicated by
the RDE results (Figure 5.3.7)) but is significant in relation to pressure
effects.

In order for precipitation of the PbC]2 to occur, a critical
concentration of Pb2+ ions must be generated in the vicinity of the electrode
surface. This critical concentration of Pb2+ ion is related to the

solubility product Ks , of PbC]2 in the usual way

p
K
[Pb2*y = 2 (5.4.4)

The concentration of C1™ ions (1.01 M) is in excess so that the procéss

of precipitation is not limited by solution-diffusion of C1~ ions. Therefore

s g,
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FIGURE 5.4.1 Comparison of the i-V profiles for the
formation and reduction of PbC]2 in 1.0 M
KC1 + 0.01 M HC! at 1, 1102 and 2204 bars.
The respective anodic changes, QA. as
measured to the passivation peak are

94, 83 and 78 mC. s=10 mV s™'.
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the concentration of Pb2 is a critical factor in generating the PbC1,
film.

If it is assumed that the rate of the anodic dissolution of lead
through reaction 5.4.1 is an activation controlled process, then the effect

of pressure will be related to the volume of activation of reaction 5.4,1,viz.

¥
9 In k y_ _av
(=) - &7 (5.4.5)

The volume change, AVO, for reaction 5.4.1 at equilibrium can be

evaluated from the appropriate partial molar volumes and the relation
Avo = VPb2+ t2 Vg - VPb

so that

-26.3+6 - 18.3 cm® mol” !
3

av

-39 cm m01'1

Since AV0 is large and negative, it is expected that the volume of activation
AV?, of reaction 5.4.1 will also be negative.

2+ ions at a given electrode potential

The rate of formation of Pb
is therefore expected to be Tlarger at elevated pressures than at P = 1 bar.
The concentration of Pb2+ necessary for precipitation of PbC]2 will be
generated earlier in the anodic sweep at high pressures.

However, the solubility product of PbC]2 is expected to be pressure-
dependent (cf. section 5.2.4). The volume change for reaction 5.4.3 has
been previously evaluated as + 17.0 cm3 mol'] which includes the pressure

dependence of the equilibrium process 5.4.2. It is assumed, for convenience,

that the chemical equilibrium reaction 5.4.2 can be represented by
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Pb2+

+017 = poett

The overall effect of an increase of pressure will be to increase
the rate at which the solution is saturated but the actual charge to
effect this condition is increased. Thereforé the mechanism 5.4.1-5.4.3
does not appear to be realistic in relation to the experimental evidence.

In T M KC1 solutions, the solubility of Pb012 is decreased due to
the common-ion effect but there is a tendency for Pb2+ ions to form a
variety of complex jons. In 1M C1” ion solutions, the predominant

speciesMB']45

are PbCl, and PbC13'. Therefore, the following equilibria
must be considered in elucidating the effect of pressure on the quantity
of charge required for passivation of the electrode. The overall

mechanism for PbCl2 formation should be represented in terms of the com-

plexation equilibria:

Pb == P & 2 (5.4.1) ;
P2 + 17 = pocrt (5.4.2) i
PbC1™ + C1° =PIy, (5.0.6)
PbCT, + C17=2PbC1; (5.4.7)
and the solubility equilibrium ‘
PbE" + 2017 == PbCl,¢ (5.0.4) |

The effect of pressure on the equilibria represented by equations
5.4.2, 5.4.6 and 5.4.7 can be examined by determining the volume change

for the overall equilibrium process
2+

-

+ 3C1" = PbC1 (5.4.8)
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This volume change can be estimated if the individual molar volumes of

Pb2+, C1™ and PbC13' are known. The partial molar volume of C1~ and

110 45 be 23.23 and -26.3 cmd mo1™'.  The partial

Pb2+ are reliably known
molar volume of PbC13' is, however, unknown but an estimate can be made
using the approach of Laidler and Couture]46’]4z based on the following

empirical equation for evaluating the partial molar volumes of oxy-anions:

V_=58.8+0.89 (0.25 nr)3 - 26]z_| (5.4.9)

The first two terms represent the intrinsic volume of the anion and the

last term in 5.4.9 is the electrostriction contribution. The value of

the radius of the Pb013' ion is taken as the sum of the ionic radii of Pb+2
and C17,and the Van der Waals radius of the C1~ ion. Therefore the effective
radius 0.25n (er2+, + rep- + 1.8) 1is equal to 3.62 X where n = 3. The’

3 mo17 T, Although this value

partial molar volume VPbC]“ is then 75.1 cm
3

is only an estimate, the partial molar volume of PbC13" is expected to

be a large positive quantity.

The overall volume change of reaction 5.4.8 is represented by

&V, = VPbClg = Vpp2+ = 3 V-

75.1 + 26.3 - 69.7
3 1

32 cm® mol”

An increase in pressure will shift the equilibrium to the left in equation
5.4.8 since the volume change of reaction 5.4.8 is large and positive.
Although the solubility product of PbC12, as defined by equation 5.4.5,
is expected to increase with pressure, the effect of pressure on the
dissociation of PbC13" is large enough to cause a decrease of the

solubility of PbCl This can be illustrated by evaluating the sum of

o
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the voiume changes for reactiors 5.4,3 and 5.4.8:

23010 Ay

- + _
PbCTy™ == Pb . = -32.0
2 .-
Pb ® + 217" — Pbc12(s) Avo = 27.4
PbC13™ == PbCT,(s) + C1” &V, ==5 cm® mo1”! (5.3.10)

Thus, the overall. volume change is negative, so that PbC]2 is less soluble
at elevated pressukes. The charge required to saturate the solutions with
respect to Pb2+ species is also expected to diminish with increasing pressure.
The experimentally observed decrease in the charge required to
passivate the electrode surface as the pressure is increased is consistent
with the interpretation of a pressure-induced decrease in the solubility
of PbC]Z. Also,since a smaller quantity of complex ions is expected to be
present in solution cat elevated pressures, then the charge balance
QA/QC at given sweep rate is expected to be closer to unity at elevated
pressures. The values of QA/QC at elevated pressures are also expected to be
less dependent on cathodic sweep rate. It is seen that this behaviour is
confirmed experimentally in Figure 5.1.4 where QA/QC is plotted as a function
of s.'/% at 1, 1102 and 2204 bars.
Once the solution adjacent to the electrode surface reaches a
super-saturated condition, PbC]2 crystals can be formed in solution. As
these crystals grow, their ability to escape from the vicinity of the electrode
diminishes with time. The PbC12 crystals are then precipitated on the
surface of the electrode, but the deposit is not of sufficient quantity or

thickness to cause passivation. The anodic dissolution of the lead substrate
continues but now Pb2+ is discharged directly as PbC12 on the electrode

surface together with the existimg PbC]2 crystals. The film continues to
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grow by a nucleation and growth mechanism until the‘deposjt is sufficiently
extensive to cause passivation.

The overall thickness of the PbC]2 deposit can be calculated
from the measured charge required to passivate the electrode and the known
molar volume of PbC]z. The charge required to passivate the electrode, ~
60 mC cm™2 (see Table 5.3.1) at 1 bar, corresponds to 3 x 1077 mol cm™2
of PbC]Z. Since the molar volume of PbC]2 is 47.4 cm3 mo]'], the thickness
of the passivatiﬁg layer of PbC]2 is 150 nm,

The mechanism of passivation can be visualized in terms of a mode1]48
in which islands of PbC]2 crystals grow on the surface in the form of
right circular cones or cylinders. The measured charge required to passivate
the electrode and the corresponding thickness of the film show that oxidation
to monolayer coverage (Qmono = 440 1uC cm'z) is insufficient to account
for the observed film growth and passivation. In fact the passivating film
is produced predominantly by a three-dimensional nucleation and growth

54,148 e cones (or cylinders) (Figure 5.4.2 ) grow three-

process
dimensionally with an increase in basal area and height. At a certain point
in time, after initiation of film growth, the bases of some of the circular
cones overlap resulting in passivation as overlapping becomes appreciable.
However, Pb2+ ions will still be generated at unpassivated areas of the
electrode surface until completion of overlap of the circular cones leads

to the electrode surface becoming fully blocked. This results in a sudden
decrease in the current passing during the anodic voltage sweep; hence the
electrode is said to be passivated. Upon reductive removal, instead of
islands of PbC]2 crystals being formed, the removal of PbC]2 results in

the formation of so-called "lakes" in the film. The reduction of PbC]2

occurs by the converse of the deposition mechanism.
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This type of model for film formation and reduction is an
idealized representation since electron micrographs of passivating fi]m§4§
e.g. of PbC]2 or PbSO4,shOW' complex surface structures with micro-crystal
formation. However, it is instructive in visualizing why such thick films

are necessary to passivate an electrode surface.

5.4.2 Formation of Two Reducible Specieg

The formation of two reducible species is observed under certain
experimental conditions such as wheh holding experiments are conducted
at relatively high anodic potentials and when RDE experiments are performed.
The mechanism responsible for the transformation of a:single surface species
to multiple species can only be inferred from existing data since the
exact chemical composition of the anodic film was unknown in the present
work. Two possible mechanisms will be discussed and supported by experimental
data where possible.

i) Two Types of PbCT,_Surface Species

The formation of two types of reducible PbC]2 surface species has

been advocated by Barradas2S 31,

The initially formed PbC]2 deposit (basal
layer) undergoes chemical dissolution via reaction 5.4.10 resulting in

reactivation of the Pb electrode so that the process
Pb —— PbeT + 20 (5.4.1)

can proceed. The occurrence of this process is supported by the current-
potential profiles in Figure 5.3.12 which show that for additional film
growth to occur, charge must be passed during the holding period at EA.
Thus the continuing anodic dissolution of the lead substrate maintains
the solution near the electrode in a super-saturated condition. This is

regarded as resulting in the formation of a second type of PbC]2 deposit.

- EIT




240

The height of the first reduction peak P] is independent of hydro-
dynamic conditions and the time spent (tA_g 60 s) at EA (Figure 5.3.8).

This is due to the growth of the second PbC]2 layer on the so-called basal
layer, resulting in an apparent decrease of the solubility of the initially
formed PbC]2 film. However, the extent of formation of the secondary

layer (cathodic peak P2) is dependent on hydrodynamic conditions as well

as the time spent at EA (Figure 5.3.8). The extent of formation of the
secondary layer at an RDE decreases with increasing holding times up to

tA = 60 s. This is due to enhanced dissolution of the outer-layer of

PbC1, when the electrode is rotated. When ty > 60 s, the dissolution of
the secondary layer is sufficiently extensive that chemical dissolution

of the freshly exposed basal layer can occur. This is evident as a decrease
in the first cathodic peak, P], and slight increase in the second current
peak, P2. At a stationany electrode, the secondary layer (the reduction
current for which is associated with peak P2) continues to grow with
increasing tA while the quantity of the basal layer remains essentially
constant (Figures 5.3.3 (d), (e), and 5.3.8).

The generation of two peaks in the cathodic i-V profiles corres-
ponding to different reduction potentials of the film is difficult to
rationalize thermodynamically since both species are presumably PbC]z.
The particle size of the basal layer is,however, expected to be small
because the rate of film growth occurs quite rapidly during the voltage
sweep. This situation of increased surface-to-volume ratio makes the
basal film more susceptible to chemical attack by C1™ ions (reaction
5.4.10). The second layer is grown on the basal layer, most probably
at a siower rate than in the primary layer itself; therefore the particle

size of the deposit is expected to be large. The basal layer,due to its
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proximity to the electrode surface, is reduced prior to the outer-layer.
Also, the Targer particle size of the secondary PbC]2 film makes it in-
herently more stable than the primary layer; therefore the two layers
are reduced at different potentials.

Although the formation of two types of PbC]2 has been tentatively
proposed, as above, the conditions under which they are generated are
often extreme (RDE,high anodic potentials and Tong holding times:). However,
the study of the‘Pb,PbCIZ electrode at ambient pressure under such conditions
illustrates the importance of the chemical dissolution of PbC12. In the
high pressure experiments, the electrochemical conditions were less severe
so that no formation of a secondary layer could be détected. Nevertheless,

the chemical dissolution of the primary layer is indicated by the determination

of the values of QA’ Q; and QC with increasing hydrostatic pressure.

5.4.2 (i1) Formation of Basic Lead Salts

Another mechanism for the appearance of two reduction peaks in the
cathodic i-V profile could involve the formation of basic lead chlorides
such as PbOHCT or PbCT,.Pb(OH),. It is known?®3! from x-ray diffraction
studies on the structure of precipitated PbC]2 from HZO solutions (pH=7),
that PbOHCY is present in the precipitate. This is due to an hydrolysis
reaction such as

2+,

PO + H,0 + €17 — Pb(OH)CT + H'

The electrolyte used in the study of the Pb,PbC]2 electrode was
1.0 M KCT + 0.0T M HC1; inclusion of a small concentration of acid was
for the purpose of preventing hydrolysis of Pb2+ ions by the above process.
However, at sufficiently positive potentials, an alkaline condition may

still be produced in the pores of the anodically formed film. This process

L kemTmumiTi 1
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can be understood by analogy with the situation where PbSO4 is knowﬁgto
be converted to Pb02. The film will grow at sufficiently positive potentials
where chemical dissolution permits continuing anodic production of Pb2+
ions. However, if transport of C1~ ions from the bulk of the solution into
the pores of the film towards the Pb surface (where Pb2+ jons are produced)
is sluggish, charge-balance with respect to Pb2+ ions can only be maintained
by dissociation of water in the pores of the film. The diffusion of the
proton out of the pore maintains the charge balance but the electrolyte in
in the pore becomes alkaline. = | deposition continues in or around the
pore, the film will be a basic lead chloride such as PbOHCI or in the extreme
case, Pb(OH)Z, rather than PbC]z. The solubility of PbC]z.Pb(OH)2 is
1.8 x 10"4 mol dm'3 in H20 at 18°C, This is approximately 200 times smaller
than that of PbC]z.

The extent of formation of basic lead salts is expected to depend
on both the solution pH and the anodic potential Timit EA. The influence
of the value of EA and tA on the generation of the second type of reducible
species is clearly illustrated in Figures5.3.3 (a)-(e). The second cathodic
peak, P2, becomes more prominent when the film has been formed at higher
positive potentials. The internal supply of Pb2+ is expected to be
enhanced with increasing positive potential, thus tending to make the relative
contribution of the supposed basic lead species more significant. Similar
behaviour is observed in the RDE experiments (Figures 5.3.6 (a)-(d)); a
second reduction process is evident when the anodic potential limit is equal
to, or more positive than, the passivation potential. The magnitude of
the shoulder (Figure 5.3.6(a)), Py, is independent of electrode rotation
speed which indicates that the species generated has a very low
solubility. As mentioned above, a salt such as PbOHCT or Pb(OH)2 is known

to be much more insoluble than PbC12 itself.
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In 1 MHCT, the positive potential limit, Ep (relative to the
passivation potential) required.to produce two surface species resolvable
in the subsequent cathodic sweep, is considerably larger (~ 250 mv, Figure
5.3.5(d) vs 10-20 mV, Figure 5.3.3 (d)) than in 1 M KC1 + 0.01 M HCY.

This difference of behaviour is presumably the result of the difficulty of
producing an alkaline condition in the pores of the anodic film when the
supporting electrolyte is more acidic. At high positive potentials and
with Tong holdiné'periods, the PbC]2 itself is the main component of the
anodic film (Figures 5.3.5 (d) and(e)) but some formation of the supposed

basic salt is still evident.

5.4.3 Concluding Remarks on the Behaviour of Pb in C1~ Solutions

The formation of two types of lead salt surface species in both
1T M HCT and 1 M KC1-+ 0.01 M HC1 solutions is clearly evident in the shape
of the cathodic current-potential profiles. Two possible mechanisms of
formation of an additional surface species have been proposed but in the
absence of further knowledge of the exact chemical composition of the anodic
film, such mechanisms are rather speculative. Although some of the results
(cf. Figure 5.3.9) described in the preceding sections cannot be explained
in terms of either mechanism, the mode of generation of the two species
most Tikely involves the formation of a basic lead salt and/or the trans-
formation of PbC]2 to a basic lead salt.

The electrochemical behaviour of Pb in C1~ jon solutions requires
further investigation in order‘to resolve the origin of the multiple reduction
peaks. These investigations should be applied to a) the elucidation of
the morphology of the passivated surface (using Scanning Electron
Microscopy); b) the determination of the chemical composition of the

anodic film under varying conditions of pH and electrode potential (EA)
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and c¢) evaluation of the mode of chemical dissolution of the passivating
film by identification of the complex ions present in so]dtion near the
electrode surface. This course has not been pursued in the present work
since its main purpose was to provide a basic understanding of the effect
of elevated pressure on certain electrochemical processes of practical

(PbC]Z) and theoretical (Fe(CN)63'/Fe(CN)64' redox couple) interest.

5.5 The Behaviour of the Pb, PbSO, Electrode at Elevated Pressures

The behaviour of the Pb, PbSO4 electrode is of considerable
practical importance in relation to its use in the lead-acid battery. The
formation and reduction of PbSO4 was briefly studied by cyclic vol tammetry
at elevated pressures in order to compare the anodic.formation behaviour

at elevated pressures of a highly insoluble lead salt, PbSO4, with that

of the more soluble PbCl,.

5.5.1 Current-Potential Profiles

The current-potential profiles for the formation of PbSO4 in
0.5 M H2504 (discharge reaction of the lead-acid battery) and its subsequent
reduction in the cathodic sweep are illustrated in Figure 5.5.1 for
pressures of 1, 1102 and 2204 bars. vThe form of the anodic i~V profile
s again typical of a passivation process, as in the Pb,PbC12 system.
However, the cathodic current-potential profile exhibits a characteristic
tail beyond the current maximum. The reduction of PbSO4 appears to be a
slow process in contrast to the reduction of PbC12. In the latter case,
the reductive removal of the film is almost complete at the cathodic current
maximum.

In contrast to the behaviour of fhe Pb, PbC]2 system, the tharge

passed in the anodic and cathodic cycles increases substantially with

applied pressure. The change of the anodic and cathodic charges, QK/QA
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and QE/Q%, i.e. relative to the values at P = 1 bar, are 2.8 and 2.6,
respectively, at 2204 bars (see-Table 5.5.1).

The effect of cathodic sweep rate on the charge-balance
ratio, QA/QC’ is presented in Table 5.5.2 as derived from the i-V profiles
(in Figure 5.5.2) at 1, 17102 and 2204 bars. The change of QA/QC with
cathodic sweep rate, S¢» is independent of applied pressure indicating
that very 1ittle chemical dissolution of the film occurs.

Although pressure increases the charge required for passivation,
the process responsible for removal of the PbSO4 film is sti11 quite slow,
even at 2204 bars. This behaviour is to be contrasted with the effect
of temperature on the reduction of PbSO4 as illustrated in Figure 5.5.3.
In 0.5 M H2504 at 78°C, the reduction of the surface film is virtually
complete at potentials 75 mV more negative than the cathodic current

maximum,

5.5.2 Comments on the Effect of Pressure on the Pb,PbSO4 Electrode

The electrochemical behaviour of the Pb, PbSO4 electrode as a
function of applied pressure is markedly different from that of the Pb,PbC]2
electrode. The large pressure~induced increase in anodic and cathodic
charges is difficult to rationalize for this system since several pressure-
dependent solution equilibria are likely to be involved. For example, the
dissociation constant of HSO4' ion is known4] to increase by a factor of
4.2 as the pressure is increased from 1 to 2204 bars. Also, equilibria
involving sulphato-Tead complex ions such as Pb(HSO4)+, PbSO4 and Pb(SO4)2'
are expected to be pressure dependent.

The rate of anodic dissolution of Tead by reaction 5.5.1 is

expected to depend on pressure as in the case of reactions in the Pb,PbC'I2
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TABLE 5.5.1

ANODIC AND CATHODIC CHARGE DATA FOR THE Pb, PbSO4 ELECTRODE
(A o 1'cm2) IN 0.5 M H2504 AT VARIOUS PRESSURES
P(bars) | s(mvsTh) | g mo) | of | g | o) | ofval
1 10 131 137 1.0 1.0 1.0
1102 10 258 278 0.9 2.0 2.0
2204 10 371 350 1.1 2.8 2.6
1* 10 197 206 1.0 - -

* Results obtained at P = 1 bar at the termination of the

high pressure experiment.
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TABLE 5.5.2
ANODIC AND CATHODIC CHARGE DATA FOR THE Pb,PbSO, ELECTRODE IN 0.5 M
HyS0, AS A FUNCTION OF PRESSURE AND CATHODIC SWEEP RATE
P (Bars) | sp(mv.s™) | s Qp(mc) | Qg 0/
1 8 8 131 | 137 1.0
8 10 131 | 126 1.0
8 14 131 | 112 1.2
8 16 131 | 101 1.3
8 21 131 89 1.5
8 i 131 56 2.4
1102 10 10 258 | 278 0.9
10 12 258 | 258 1.0
10 17 258 | 222 1.2
10 20 258 | 201 1.3
10 25 258 | 178 1.5
10 50 258 | 109 2.4
2204 10 10 371 | 350 1.1
10 12 | 313 1.2
10 17 3 | 275 1.4
10 20 37| 23 1.5
10 25 I | 221 1.7
| 10 50 371 | 135 2.7
L 1 10 10 197 | 206 1.0
| 10 12 197 | 198 1.0
| 10 17 197 | 172 1.2
i 10 20 197 | 152 1.3
| 10 25 197 | 126 1.6
| 10 50 197 80 2.5

*  Results obtained at P = 1 bar at the termination of the high
pressure experiment.
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FIGURE 5.5.3a)I-V profiles for the formation and reduction of PbSO4 in .5 M stO4

at 26 °C. The cathodic sweep rate is fixed at 13 mV s
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increasing sweep rate,

b) Same as fn a) but s. is varied from 13to 153 mv s,
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c) Same as in a) hut at 78 .
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system. The solubility reaction for PbSO4 is written as

K

Pbso, =R pp

4 (5.5.1)

3 mo]‘l. Therefore, the

with a corresponding volume change of -47.8 cm
solubility of PbSO4 at 2200 bars would tend to be approximately 71 times
greater than the value at 1 bar. However, the HSO4" dissociation process
is also pressure-dependent. At 2200 bars, the concentration of 5042', in
0.5 M H2504 is ekpected to be 1.16 times as large as the value at ambient
pressure.

If the formation of lead sulphate complexes were assumed to be
negligible, then the net effect increase of pressure to 2200 bars would be
to increase the solubility of PbSO4 relative to that‘at 1 bar by a factor
of 61. The solubility'*® of PbSO, in 0.5 M H,S0, at P = 1 bar is known

6 3

mol dm ~ which corresponds to a charge of 0.14 mC required

to saturate 0.10 cm3 of solution adjacent to the electrode surface (electrode

to be 7 x 10°

of area 1 cm2 and a diffusion-layer thickness of 0.10 cm ). At 2200 bars,
the necessary charge for saturation is expected to be 61 x 0.14 or 8.5 mC,
owing to the increased solubility of PbSO4 at elevated pressures. However,
this calculated increase of charge is not large enough to explain completely
the observed pressure effects (see Table 5.5.1).

Van't Riet and Ko]thof’fT50 have observed supersaturated solutions

2- .
ions

of PbSO4 at P =1 bar in which the activity product of Pb2+ and SO4
is approximately 260 times as large as that for the saturated solution.
If this situation were to apply to the formation of PbSO4, then the charge
required to effect PbSO4 crystal growth would be correspondingly large.

172 times

The charges previously calculated are expected to be (260)
larger when the solution is supersaturated to the extent proposed by

Van't Riet and Kolthoff. The charges required for supersaturation are 2.3
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and 137 mC at 1 and 2200 bars,respectively. The di fference of these charges,
AQ, of 135 mC is of the correct order of magnitude in re]&tion to the
experimentally observed increasé in QA as the pressure is raised from 1
to 2200 bars (see Table 5.5.1).

Evaluation of the role of complex ions in the formation of
Pb/PbSO4 in H2504 is a formidable exercise, even at ambient pressure. The
determination of the formation constants of complex ions of a sparingly
soluble salt is often a difficult experimental problem as indicated by
the variabilty of reported values for some of the formation constants. In
the case of the association constant for PbSO4(aq.), the values range from
5.5'°1 dn mo1™" (ref.151) t0 8.5 x 103 dn’ mo1™! (ref.152),depending on the
analytical method and the ionic strength.

However, in order to make some progress, it is useful to explore
the consequences of assuming that the only relevant complex ion is the ion
pair Pb(SO4). The effect of pressure on the extent of complex ion dissociation

by the reaction

Pb(S0,) —— pp?t 450 2"

ion pair «— 4 (5.5.2)

is determined, as usual, by the equilibrium volume change in the reaction.
However, the partial molar volume of -the Pb(SO4) complex ion is unknown,but the

volume change associated with reaction 5.5.2 can be estimated from the data

46

of Fisher and Davis'~ for the reaction

2+ 2w

Mn(SO4)\-——* Mn (5.5.3)
—

3 mo]']. Therefore

The volume change for reaction 5.6.3 is -7.4 cm
elevated pressure is expected to shift the equilibrium of reaction of
5.5.2 to the right. However, the contribution of reaction 5.5.2 to the

overall pressure dependence of the solubility of PbSO4 is expected to be




i
e 2

i

253

relatively insignificant compared with the effects previously discussed,
e.g. the solubility product, anq HSO4' jon dissociation.

Nevertheless the net effect of increasing hydrostatic pressure
is to increase the solubility of PbSO4. Hence, in order to passivate the
lead electrode with PbSO4 at elevated pressure, additional charge must be
passed to supersaturate the solution adjacent to the electrode surface.

This 1is observed, as indicated from Figure 5.5.1, where the
area under the aﬁodic peak (i.e. the QA) becomes substantially larger as
the pressure is increased. If the solubility of PbSO4 were to be appreciably
enhanced at elevated pressures, then the cathodic charge,QC,wou1d be
expected to be more dependent on sweep rate at e]evatéd than at ambient
pressure. Although QC is markedly dependent on the cathodic sweep-rate,

Sc (Table 5.5.2), this dependence appears to be similar at all pressures.
It may be that the solution is no longer supersaturated after the electrode
is passivated, so that the concentration of solution-soluble lead species

has then become greatly reduced.
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APPENDI X

Tabulation of Conductivity Data for Aqueous Solutions

of Lead Chloride Species
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TABLE A.T.

1

CONDUCTIVITY CELL CONSTANTS*

AS A FUNCTION OF PRESSURE AT 298.0K

CELL "B" CELL "R"
P (bars) kg (cm']) kp (cm_])
1 0.6550 0.6417
550 0.6507 0.6368
827 0.6497 —_—
1102 0.6509 0.6379
1650 0.6588 0.6441
2204 data of Horne uncertain
1 0.6550 0.6396
Rg= 0.6530£0.0038 cn”| K=0.640020.0029 cm”!

* Calculated

0.01 m KC1 as a function of pressure.

from the data of Horne

43

for the conductivity of
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CONDUCTIVITY DATA FOR 0.10m KC1 AT ELEVATED PRESSURES AT 298.0 K
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TABLE A.1,2

P(bars) | « x 105(2") em™ V) cplky | € x 103 </
1 12.59 1.000 12.60 1.000
550 13.04 1.036 13.06 1.037
1102 13.30 1.061 13.36 1.060
1650 13.51 1.073 13.55 1.075
2204 13.58 1.079 13.62 1.08]
CELL B CCELL R

CONDUCTIVITY DATA FOR 0.0Tm KC1 AT ELEVATED PRESSURES AT 298.0 K

TABLE A.1.3

3

P(bars) K X 103(9_.l cm-1) Kp/K k x 10 Kn/K
P’ P'™
1 1.394 1.000 1.392 - 1.000
550 1.447 1.038 1.448 1.040
1102 1.480 1.062 1.481 1.064
1650 1.499 1.075 1.500 1.078
2204 1.506 1.080 1.508 1.083
CELL B CELL R
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TABLE A,1,4

CONDUCTIVITY DATA FOR PbC12 SOLUTIONS

C(PbC1,)) P(bars) | « x 1027 ey olky |y Ao/ Ay

0.001 M 1 2.705 1.000 | 135.25 1.000

550 2.821 1.043 | 138.28 1.022

1102 2.890 1.068 | 138.27 1.022

1650 2.930 1.083 | 138.21 1.022

2204 2.946 1.089 | 136.29 1.008

1102 2.898 1.071 | 138.60 1.025

1 2.711 1.000 | 135.56 1.000

0.0025 1 6.361 1.000 { 127.22 1.000

- 550 6.677 1.050 | 130.41 1.025

1102 6.875 1.081 | 131.70 1.035

1650 6.996 1.100 | 131.50 1.034

2204 7.048 1.7108 | 130.04 1.022

1 6.363 1.000 | 127.22 1.000

0.005 1 11.89 1.000 | 118.90 1.000

550 12.57 1.057 | 122.75 1.032

1102 12.99 1.092 | 124.43 1.047

1650 13.25 1.114 | 124.53 1.047

2204 13.39 1.126 | 123.75 1.041

1102 13.06 1.090 | 125.10 1.052

1 11.94 1.000 | 119.40 1.000

0.01 1 21.20 “1.000 | 106.00 1.000

550 22.43 1.058 | 109.63 1.034

1102 23.31 1.100 | 111.53 1.052

1650 23.86 1.126 | 112.12 1.058

2204 24,15 1.139 | 111.60 1.053

1102 23.37 1.102 | 111.82 1.055

1 21.01 1.000 106.44 1.000

0.015 1 30.02 1.000 { 100.07 1.000

550 31.99 1.066 | 103.86 1.038

1102 33.32 1.110 | 106.12 1.061

! 1650 34.23 1.140 | 106.97 1.069

g 2204 34,71 1.156 | 107.13 1.071

! 1102 33.39 1.112 | 106.34 1.063

§ 1 30.00 1.000 99.98 1.000

% 0.0388 1 61.56 1.000 79.33 1.000

‘ 550 66.73 1.084 84.04 1.059

1102 - 70.09 1.139 86.53 1.091

1650 72.47 1.177 87.74 1.106

2204 74.08 1.203 88.19 1.112

1 61.16 1.000 78.81 1.000

Saturated ] 63.53 1.000 81.87 1.000

solution 550 69.05 1.087 75.05 0.917

, of 1102 73.78 1.161 57.64 0.704

3 PbC]2 1650 77.23 1.216 52.18 0.637

j 2204 82.06 1.292 36.31 0.444
3 1 63.41 - - -
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TABLE A.1.5

PRESSURE DEPENDENCE OF CONSTANTS IN THE CONDUCTANCE EQUATION (5.2.1)

AT 298.0 K
P(bars) € (s:T)]/2 (eT)3/2 X 10-6 n (Poise) -Alzez_| ‘
‘ Iz, [=2,Tz_T=1" [z, T=]z_[=1i
1 78.54 | 152.99 3.581 0.00894 -1.018 -0.509
550 81.05 | 155.41 3.754 0.00902 -0.972 - -0.486
1102 83.35 ! 157.60 3.914 0,00917 -0.932 ~0.466
1650 84.45 | 159.58 4.064 0.00940 -0.898 -0.449
2204 87.30 | 161.29 4.196 0.00974 -0.868 -0.434
TABLE A.1.6

CONDUCTIVITY PARAMETERS FOR THE UNI-UNIVALENT SALT (PbC1+) c1”

AT 298.0 K
0 O

P(bars) q R E a(A)* B A]_1

1 0.500 0.2291 60.34 3.57 0.3287 | 122.16
550 0.500 0.2185 58.85 3.46 0.3236 | 125.33
1102 0.500 0.2096 57.09 3.37 0.3191 126.43
1650 0.500 0.2019 55.00 3.28 0.3152 | 126.07
2204 0.500 0.1955 52.52 3.21 0.3118 | 124.80

l | 2
* Based on the Bjerrum distance of closest approach ;zi} S

e
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TABLE A.1.7

CONDUCTIVITY PARAMETERS FOR THE BI-UNIVALENT SALT Pb*2c1™ AT 298.0 K

0 & -

P(bars) q R E a(A) B Ao
1 0.4376 | 0.4119{90.05 | 7.14 0.3287 145.85
550 0.4357 | 0.4060 88.28 | 6.92 0.3236 147.73
1102 0.4341 | 0.3752| 85.63 | 6.73 0.3191 147.47
1650 0.4327 | 0.3599 | 82.50 | 6.56 0.3152 145.72
2204 0.4311 | 0.3465| 78.77 | 6.42 0.3118 142.78
|z z_le2

* Based on the Bjerrum distance of closest approach ekt

TABLE A.1.8

LIMITING EQUIVALENT CONDUCTIVITIES OF SPECIES IN PbC]z SOLUTIONS

AT 298.0 K
P(bars) | A” £ g A I
1 e b2t (PbC17)(C17) PbC1,

1 76.35 45.81 69.50 122.16 145.85
550 78.33 47.00 69.40 125.33 147.73
1102 79.02 47.41 68.45 126.43 147.47
1650 78.80 47.27 66.93 126.07 145.72
2204 78.00 46.80 64.78 124.08 142.78
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CLAIMS TO ORIGINAL RESEARCH

The influence of pressure on the EMF of three reversible
electrode reactions is examined. The pressure coefficients
of EMF of the electrochemical cells.

Pt,H2|0.5 M H2504|Pd-H,Pd

Pt,Hzll M HC1|Pd-H,Pd

Pd,Pd-H|AgC1, Ag
are evaluated and related to volume changes for the respective
overall cell reactions. The molar volume of Pd-H is estimated
and the volume of H in Pd derived. It is shown that these
electrodes are satisfactory for use as reference electrodes over

a wide range of hydrostatic pressures.

The significance of effects of pressure on the rates of multistep
electrochemical reactions, eg. cathodic H2 evolution, is examined
in detail for various conditions. In addition to the effect of
the pressure-dependence of the reversible electrode potential,

it is shown that the effect of the pressure dependence of surface
coverage of intermediates must be taken into account and is an
important factor required for the evaluation of the true volume
of activation. The experimentally observed apparent volumes of
activation (of Hills and co-workers,and of Heusler and Gaiser)
are converted to the respective true volumes of activation for
different conditions of surface coverage and reaction mechanism.
The occurence of negative volumes of activation is discussed in
terms of the hydrated proton in the state H904+ becoming localized

in the transition state on one of H20 molecules, thus increasing

s
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the electrostriction at H+ temporarily in the act of discharge.

The nature of the activation process in a single electron
transfer reaction is examined by the evaluation of the true

volume of the activation for the redox reaction

3- 4-
6 6

The experimentally observed apparent volume of activation is

Fe(CN) + e —> Fe(CN) at a Au electrode.
corrected for the pressure-dependence of the reference electrode
potential. The relatively large true volume of activation is
discussed in terms of the contributions of the respective

volume changes due to electrostriction in the primary hydration
shell and in the bulk of solution. Comparisonlof the measured
true volume of activation and the caiculated volume changes

in the primary hydration shell and in the bulk of solution
indicate that the activation process for electron transfer in
the redox.coup1e Fe(CN)63-/ Fe(CN)64' is due mainly to solvent

reorganization near the ions and not further into the bulk of

the solution.

The effect of pressure on the reversible potential for deposition

of species H and OH on noble metals provides useful information

on the nature of these adsorbed species. The pressure

coefficients of EMF for such processes are measured and related

to the associated reaction volume change. The volume of H

adsorbed on Pt is derived and the relatively large volume is discussed
in terms of a covalently bonded H atom. The pressure - dependent
potential for onset of Pt and Au surface oxidation is related to

the volume of electrodeposited Pt-OH and Au-OH and the volume
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change due to anion desorption.

The formation of PbC12 af a Pb electrode in C1~ jon solutions

is believed to occur in part by a dissolution - precipitation
type mechanism and in principle should be markedly affected

by application of elevated pressure. However, in reality, the
observed behaviour is not as predicted. The small decrease of
charge reqﬁired to passivate the electrode surface as the
pressure is elevated is discussed in terms of solution - soluble
complex ions of the type PbC]nz'n. The partial molar volumes
of these species are large enough to effect a decrease in the

solubility of PbC]2 at elevated pressures.

The charge required to effect precipitation of PbC12 is

related in part to the solubility product of PbC]z. The
solubility of PbC]2 in pyro-distilled H20 is evaluated by
conductivity measurements at pressures up to 2204 bars. The
solubility product is evaluated at each pressure in terms of the
existence of the ion-pair, PbC]+. The pressure-dependence of
the molal dissociation constant of PbC1™ is determined and the

partial molar volume of PbCl+ estimated.

The pressure-dependent behaviour of the Pb,PbSO4 electrode in

0.5M H,S0, is determined and compared with that of Pb,PbCl 1t

2774 2°
is found that there is a large increase of the observed anodic
and cathodic charges as the pressure is elevated. This is
discussed in terms of the ability of PbSO4 to form highly
supersaturated solutions and the large increase in the solubility

of PbSO4 at elevated pressures.
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