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PREFACE

Much previous work on batteries has been
technologica} in nature and only recently have attempts been
made to study the electrochemical processes at individual
electrodes of batteries In distinction to examining the over=-
all performence of the combination of positive and negative
rlates in an operating cell, These cormments e&pply in a
large measure to the work on nickel-cadmium or nickel-lron
batteries although there havé been some notable exceptions
which are referred to in more detall in the text below,

In the present work, it has been the aim to examine
the behaviour of the positive plate (the nickel oxide electrode)
of the nickel~cadmium battery by modern experimental and
theoretical electrochemical methods and deduce the kinetics
of the processes involved in the charging, overcharging
(oxygen evolution) and discharging of the nickel oxide
electrode and in particular to examine the mechanism of the
self-discharge which occurs on open-circuit with evolution
of oxygen. The studies have also led to some new theoretical
conclusions o? gener#i interest, concerning the interpretation
of rates of E.M.F. decay on open=-circult and their rela tion to the
mechanismsof the reactions concerned.

In addition to the kinetic studies, an attempt has

been made to evaluate for the firat time the frue thermo=




N

dynamic reversible potentlals of the semi-charged nickel

oxide electrode at & formal state of oxidation NiO1 In

«25°
order to distingulsh these potentials from open-circuft
mixed potentlals which arise from self-discharge effects, it
has been necessary to make a "kinetic" approach to the study
of these thermodynamic potentials,
For the purpose of providing a basis for the
discussion of the results obtained in the present work, a
number of toples which have special relevance to the
interpretation of the data are reviewed in the Introduction
to this Thesls.
The work carried out, althpugh entirelj fundamental
in nature, has led to a number of conclusions of practical
and technological interest and these are summarised in an
Appendix. -
Part of the work described in this thesis has been
published in three papers entitled: '
(1) FElectrochemical Behaviour of the Nickel-Oxide
Electrode, Part I. Kinetics of Self-Discharge
(Can, J. Chem., 37, 292 (1959)J.
(i1) Elqctrocheﬁical Behaviour of the Nickel-Oxlde
Electrode, Part II, Quasi-equilibrium Behaviour
(Can. J. Chem., 38, 1557 (1960)).
(111) An Automatic Recording Constant Pressure Gas
Coulometer, (3. Electroanalytical Chem., 1, 8, (1959),).
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Two other papers have been submitted for publlication and are
entitled:
(iv) Interpretation of E.M.F. Decay on Open=-circult:
Appliecations to the Nickel-Oxide Electrode (Trans.

Faraday Soc.} now accepted for publication).

(v) Electrochemical Behaviour of the Nickel Oxide Electrode

III. Kinetics of Self-Discharge and Oxygen Evolutlion
at various Temperatures.
In the first Chapter, a number of baslic toplcs are

reviewed in order to provide the necessary background for the

discussion of results obtained in kinetic studies of the behaviour

of the nickel oxide electrode which have been carried out in the

present work. No attempt has been madé'to give & comprehensive

review of these matters, e.ge of electrode kinetics, since adequate

accounts of these fields have been reoéntly published elsewhere.
Only those aspects of these flelds which are necessary for the
interpretation of the experimental data are examined in any -
critical detail. Further discussion of some of these matters,
where new.theoretical ldeas are formulated, 1s given in the
"Discussion™ sectidn (Chépter IV). Since much of the work has
been concerned with examining the polarization of nickel oxide
electrodes ang interpreting the behaviour observed in terms

of consistenﬁ and plausible mechanisms, we flrst discuss
brlefly the generél theory of electrode processes in relatlon

to dlagnosis of reaction mechanisms in anodlec oxygen evolutlon.
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ABSTRACT

The nickel oxlide electrode and its electrochemlical
properties hav?, for the most part, been i1ll characterized
largely due to a lack of appreciation of the variable
stoichiometry of the oxidlzed material and of the nature
of the electrode processes occurring at the nickel oxide
interface, In the present work a systematic attempt has been
made to elucidate, using modern approaches in electrode
kinetics: (a) the mechanism of oxygen evolution both on enodic
polarization and open~-circuit self-discharge; (b) the
quantitative dature of the self-dischgrge process as &n
example of & mixed electrode reaction system analogous to
corrosiqn; (¢) the true thermodynamic reversible potentials
of the nickel oxide electrode in a formal state of oxidation
Niol.25 as a function of activities of KOH snd water in the
electrolyte.

The measurement of true rates of selfw-dlacharge on
open-circult has necessitated the development of a new
technique for the microvolumetric determination of oxygen
evolution rates., Measurements have also been made of e.m.f,
decay on open-;ircuit and these measurements in conjunction
with true self-discharge rates obtained by microvolumetric
techniques have permitted a critical examination of the
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significance of e.m.f. decay rates, It has been shown that
the simple theory previously proposed is inadegquate to
explain the open-circult e.m.f. behavior of the nickel oxide
electrode., A general discussion of e.m.f. decay kinetics is
given, Also the nature and the signiflicance of the surface
or pseudo-capaclitance of the nickel oxlde electrode 1is
discussed in relation to the e.m.f. decay behavior of the
electrode,

A detalled analysis of the self-discharge of nickel
oxide has been made and it has been shown that a mixed
electrode process, consisting of an anodic and a cathodic
partial process, 1s involved in self-dlscharge on open-circult.
Of the tWwo processes, the anodie parfial process 1s the slower
and may be considered rate-controlling, at least in the early
stages of self-discharge. A mechanism for thls partial:
process has been given and it has been shown that within
this partial process two possible electrochemical radical
desorption steps can be rate-controlling depending upon
(a) the electrode potential, (b) the electrolyte concentration gng
(e) the temperature,.

In the thermodynamic part of the work a "kinetlc"
approach has been made tq/qg:ntitative elucldation of
oxidetion~-reduction mixed potentials which are observed on
open=-circuit and this approach has enabled the true

reversible potentials of a nickel oxide elect?ode in the
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semicharged state to be evaluated for the first time as a
function of KOH and water activities. It has been shouwn
that pre&iously recorded potentlals are not true reversible
values and that they do not in fact refer to the 8pecles
claimed, viz.'"NiOZ".

Detalled analysis of the open-circult e.m.f.~time
behavior following brief anodic and cathodic polarization of
the semicharged electrode has enabledan evaluation to be
made of the kinetic parameters governing the NiII-NiIII
redox reaction. The results are complicated in the anodic
reaction by alternatlve anodic 02 evolution which can

II _, yqI1I

proceed in parallel with the Ni electrochemical
oxidation. These considerations lead to a model for electro-
chemical charging and discharging of nickel oxide which

represents the electrical behavior of this electrode.




CHAPTER I

INTRODUCTION

1. THEORY OF ELECTRODE PROCESSES

) General Kinetic Equations

In conventional kinetics the veloclty of a reaction
in the forward dlrection 1s gilven by

;* =7<§2 v[ai] eXpe [-AGo%/RT] (1]

where w{ai] is the product of the activitles of the reacting
specles at the electrode interface, 7 1s the transmission
coefficient; AG° 1s the standard ffee energy of activation
for the process and the other terms have thelr usual
significance.

In the formulation of kinstic equations for electro=-
chemical processes at interfaces, certain modificatlonsof this
basic equation are necessary. Thus the forward veloclty of

the resction can be expressed in terms of current density* as

14 = ATF %2 wla,] exp. [-anf/RT] [2]

an——

* This equation may also be written in the alternative form
P A F . XT s
1 ’%—'v 7 g~ wley] exp BAG /RT]

where 7% 1s the number of electrons involved in the overall
reaction and v is the so-called stoichiometric number (1)
determining the number of acts of the rate-determining step
required for omne act of the overall process.-
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where F is the Faraday and A the "electron number " (10)
corresponds to the number of electrons required for one act

of the rate=controlling step; AG is now the standard
"electrochemical” free energy of activation, so-called because
the reactants in approaching the transition state can suffer

a change of "electrical"” as well as "chemical®” free energy.

We can therefore speak of a change of electrochemical potential
[cf; Butler (2), Guggenheim (3)] rather than only chemlcal
potential in the activation process. When a potentisl

difference A exlists between the electrode and the reacting

ions, the value of 26° will be changed from 1ts hypothetlcal
value when ﬁo potentlal difference exists at the interface by

an amount* azFA@ where a, the "transfer coefficient", determines
the dependence of rate upon potential.** The transfer coefficlent
a 1s usually not a functlon of potentlal and 1ts magniﬁu&e will
depend upon the actual mechanism involved in the overall reactidn.
In section [b] below it will be shown how the experimentully
determined value of a may be used to distinguish possible

reasction mechanlsms.

In order to conform with the practice of glving a as a positive
quantity for both cation and anlon discharge, z should include
the sign as well as the numerical value of the lonlic charge.

Here we have pre;ented the essential significance of a in
terms of Ag and AG®". A general and detailed treatment of this
matter has been given elsewhere by Bockris (it).
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ir dﬁg# is defined as the electrochemical free
energy of activation at the reversible potential ﬂr of the

system, then AG~ may be written as

# |
80 = A'ég;é - azF (f - B,) [3a]
" P
AG = AG, - a7 zF [3b]
where
v = g - ﬁr is termed the overpotential.
Equation [2] may now be written as
1 = 17 FE a] E°# az
= 7 wla,] exp [-A r/R‘I‘] exp [-azF“y/RT] [ha]

By a similar argument the current for the back reaction may

be written:

4 B 1Y

I— = ) '7“17' %—T- Tr[ap] exp [-AGr /RT] exp [;.—Z-F")]/RT]

where w[ap] is the product of activitieg of reaction products
at the interface. At 17 = o the reaction is at equilibrium,
so that'

1 =1t =1 (5]

o
where 10, the exchange current density, is the current passing
reversibly per cm? in the forward and backward directions at
zero overpotential.
Equations [4] and [4b] may now be simplified as
—_

= 1, exp [-;;Fr7/RT] " [6a]




and .
tr— —
1 = i exp [asz;//R‘I'] [6b]
The net current density in the forward direction for
an anodic process (we choose this example since most of the

present work- refers to anodic r'eactions) will be given by

L . —————

1, = 1 -1=1[exp [-cczF/7/RT]- exp [azF7 /RT]] [7]

At overpotentials greater than about gﬁ m.ve (1.e4
a.zF'7 2> RT) the second exponential term in equation [7] may
be neglected so that

aon—t
1, = 1, exp [-azny./R'I’] [8]
Teking logarithms and rearranging, this ylelds

RT RT

/7 = %y Wi, - F In i, [9a]
or
7 = a + b logi, [9p] -

which is the famillar form of Tafel's equation relating anodic
current density to overpotential.* Since a and b are
experimentally determinable, it is possible from a plot of

/,7 vs. log 1, to. detgmine the parameters i, and a in
equation [9a]., As seen from equations [Lha] and [4b] in relation

to [5], 1, contains terms in reactant activities as well as in

.

In the case of anodic reactions z, the charge on the ion, is
negative so that the preexponential term b will be a positive
quantity. For this reason, the Tafel equation is written as

Z = a + b log 1 rather than in the form -77= a « b log i used
hen dealing with cathodic reactions,

3




entropy and heat of activation but not in overpotential although
of course it still contains terms in absolute metal-solution
potential difference (the pr in equation 3a); thus its
significance ;s analogous to that of a rate for a surface
catalyzed reaction in solution. The value of a will be
characteristic (but not necessarily wniquely so) of the reaction

mechanism, Its significance will now be discussed.

b) Significance of Tafel Slopes

(1) General
It has been mentioned above that for most electrode
reactions the overpotential 37 and the current density i

are related by an expression of the general form

1 = 1, exp [-azF-j/RT]

where io and a are independent of potential for a gilven reaction
mechanism,

The constant a is of particular interest since values
of it may be used in some cases as a diagnostiec criterion in
determining ,the mechanism of the overall electrode reaction,

For the simplest case, where the overall rate is determined
solely by the slow discharge of a umivalent ionic species, a
will have a value 1/2 provided the energy barrier for the

discharge reaction is a symmetrical one, If the Morse curve

representing the potential energy of the ion about to be




discharged and that representing the discharged radical on the
surface have equal and opposite slopes at their polnt of
intersection, it can readily be shown that a change of potential
difference Aﬁ‘between the electrode and the solution (corresponding
to a change of energy ofzAAF) will produce & corresponding change
‘of 1/2 zAPF in the energy at the position of the activated
complex (viz. the point of intersection of the Morse curves) for
specles having a charge of zF per mole., This will have the
effect of lowering (or raising) the energy of activation by
an amount 1/2 ApzF,

From the definition of 7 it follows that under

these conditions

1 = 1, exp [-1/2 zF7 /RT] (10]
and
2RT -
a7/d 1n 1 = S5~ for monovalent anions (111
or

a = 1l/2.
If the overall reaction consists of a series of
consecutive reactions the problem is somewhat more complex,
It is possible, howevér, to calculate for a given mechanism
involving a sé}ies of consecutive reactlions, which Tafel slopes
can be expected under certain limiting conditions. In general,
a simple exponential relationship between overpotential and

current density is predicted only under limiting conditions of




surface coverage by Intermediates and by assuming one of the
steps in the overall process to be much slower than the others.
The most elegant method of arriving at the possible 1iﬁiting
slopes for a‘given mechanism 1s based on the Christiansen
treatment for consecutive reactions, This method, which has
been examined in detail by Bockris (5), will be discussed
briefly, since it is applied later in this thesis to the

experimental results,

(11) Christiansen Method for Derivation of Tafel

Slopes

Conslider the series of reactions

K .
A + B Ef Xl +

Xn_l + L

where Xl X2 - Xn_are wmstable intermediates,

We may write

v, = kl [A] [B] [12a]
Vo1 = k_y (%1 (c] (12b]
v, = k, [X] [D] ete.,

and if quantilties Wis W_qs Wy === W, etc. are defined as the
velocities of the corresponding elementary steps divided by




the concentrations of the respective unstable intermediatesg,

we have .
V.1
w_l = rx—l']—- [13a]
W = v [13b]

The net rate of the first step may now be written

vos o o= v [X)
and for the second step
For the steady state condition in the reaction, we therefore

have
V=W - w_l[xll = wa[Xll - W_Z[XZ] = w3[X3] - w_3[x3] = -ew W, eted

From this series of n simultaneous equations we may
eliminate the terms for the (n = 1) unstable intermediates and
obtain a solution in terms of velocity. The result expressed

in terms of v, the velocity of the forward reaction, and v_,

that of the reverse reaction, is

1.0, =, . T Te(nd) [1ha]
v, Wy Wy Wy, Wy Wy === W,
1 . L . “n . ¥n "n.1 7" W [14b]
v Won Won ¥a(n-1) Yon Ye(ne1) =" Vo2 W

The application of this method to electrolytic oxygen evolution
18 best illustrated by considering the example below.




Let the following mechanism be operative for oxygen

evolution on a metal

Vi
OH"+M<V-—4—'-*M03+e I

v
2
2 MOH 532 MO + M + HZO II
.-2

v

3
e SIS

Let it also be postulated that MOH recombination is rate-
controlling. If & represents the fraction of the surface
'covered wlth MOH and the concentration of MO is negligible, the
fraction of surface which is bare will be 1 - 6.. We may now

write
v, = [0H"] (1 - @) exp [Fﬂ(/zRT]*
v_y = k_; [MOH] exp [-F 71/2RT]
= 2
v, = kp [MOH]
v, = k_, [MO] [Hy0]
= 2
vy = kg [vo]
v_3 = k_3 202]
*

The assumption 1is made here that the energy barrler for
discharge of OH is symmetrlcal.’ Experimental evldence
for this 1s found in the observation of oxygen evolution

slopes of 0.12 (1.0..2.3~§%2) at various metals under certain
conditions (6).
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Expressing these equations in terms of the quantity

W we have

w, = k, [MOH]
.o T Ok,
ws = k3 [MO0]
L
The terms Wy and W_q offer ap added difficulty because of the

appearance in the expression of the term fpr surface coverage.
This 1s resolved by Bockris (5) in the following manner.

Let & = k' [MOH] |

Suﬁstituting in the expression for vy ébove

v, =k [OH-]‘;exp (F ”ZéRT] - ,klkl[OH'] [MOH] exp [F7/RT]

and
v=w =u_y =l [OH] exp [FY/ZRT] = Xy k' [0H ] [MOH]

exp [F7/2RT] =~ k_4 [MOH] exp [~F /’Z/éaT]

LA [0H"] exp [F7/2RT]

wq = ;zlk' [0} exp [F7/2RT] + k_y exp [-F7/2RT]

Substituting these values into the Christiansen expression for
the overall rate of the forward reaction, equation [1lla]

and rearranging we have
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. = klkék3 [{MOHK] [OH] [MO] exp[F/)//ZRT]

k2k3[M0H] [Mo]+klk'k3[ 0H™ ] [MOJexp [F-77 /2RT]+k_j k 5[MO]exp[-F /2RT]

+ Jyk_ok [OH™Jexp[F7 /2RT]+k_jk_,expl-F7) /2RT]

Since recombination of [MOH] has been assumed to be
rate-controlling, k, > k_, and k, <4 k, and the expression

simplifies to
k.k, [MOH] [CH™] exp [-F-7/2RT]

v = ——nl, [15]
kk [OH"] exp [F7 /2RT] + k_; exp [-F7 /2RT]

(a) Condition of low coverage of the surface by MUH: @ <K 1

Under these conditions, the first step I may be

regarded as being in equilibrium so that

k

DroR] = [067] g exp [Fy/Ru] = {OH] Xy exp [F7/RD]
and 1f

klk' [0H™] exp [F/2RT) << k_ exp [~F7/2RT]
Hence

v = k2k12" [0H™]% exp [2F- /RT] [16]
and

1 = k' exp [2F7/RT]
and |

d”%/din 1 = RT

oF




(B) Condition of high surface coverage by MOH: @ —l

Thls could be the condition obtaining under a larger
applied overpotential“y .
In this case

k_y exp [-F7/2RT] <K kyk' [OH™] exp [F-y/2RT]

Also the equilibrium expression for [MUH] is no longer valid
so that neglecting the term k_;, exp [-F+//2RT] in equation [15]
and simplifylng we find

W

v = =2 [MOH] [17]
k.
n
K

i = [MOH]

which is an activation controlled liﬁiting current when
[MOH] — [MOH]sat. for the completely covered surface.

Other possible a values for the particular mechanism
proposed above are a = 1/2 for step 1 rate-controlling end
a = L for step 3 rate-controlling. In this way the Tafel slopes
for most of the plausible mechanisms of oxygen evolution under
certain limiting condltions have been calculated and
tabulated (5). In some cases two or more mechanisms may
exhibit the same Tafel: slopes and further criteris for
differentiation of the mechanism must be obtained by some

other means,

(111) Quasi-equilibrium Treatment for Derivation

of Tafel Slopes .
It 1s possible to calculate, as pointed out originally




- 13 =

by Parsons (7), the limiting Tafel slope values for any given
mechanism simply by assuming that all steps preceding the |
rate-confrolling step are :almost in equillibrium. This latter
method is more rapid and can yield limiting results identiecal
with the Christiansen method in most cases. In fact, the
assumptions required to simplify the complete Christiansen
expression into one of a slimple exponential relationship are
equivalent to regarding all the steps preceding the rate=-
controlling step as effectively in equilibrium,

This method may be applied to the reaction scheme

already discussed as follows

OH + M gﬁ MOH + e I

2 MCH ﬁ? MO + M + H20 II

V3 .
2 MO ;:3 2 M + O2 III

Recombination of MOH is again assumed to be rate-controlling,

The overall forward veloclty may thus be written

—.

= = | 2
v = v, = ka[MOH]

If reaction [I] is assumed to be in equilibrium
(HoH] = [ [oA") Dm) exp (77 /me]
-1

and 1f the surface is sparsely covered, @ <K 1
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[MOH] = ¥ [0H"] exp [F4 /RT]

where Ki is an equilibrium constant.,

Therefore
- '
v o= K, K [oH"]12 exp [2F /Rr] (18]

which is identical with equation [16].

However, since one cannot arrive at the exact general
rate expression in thils way, the effects of surface coverage
are not as readlly recognized (e.g. cases of activation controlled
limiting currents can arise) as they are with the more elaborate

Christiansen treatment:

(¢c) Tafel Slopes from E M.F, Décay Measurements

(1) General

The most dlrect method of evaluating the Tafel: slope
b, and thus the transfer coefficlent a, is to measure the
electrode potentlal as a function of current density under
direct d.c. polarization. This method, &l though satisfactory
in many cases, is subject to possible errors due to concentration
polarization, IR drop in solution, local heating in iz solution
etc., as well as to more fundamental difficulties which arise
when the surfdce condition of the electrode can change with
time due to bulld uwp of surface films; this is particularly
the case in anodic processes where oxide films can be formed

and both the potential of the electrode and the reaction mechanism
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may depend on the degree of oxidation., Such examples are
discussed later in this thesis with reference to anodic
processes at the nickel oxide electrode,

An alternatlve method for obtalning b, which largely
eliminates these undesirable side effects, involves measuring
the rate of decay of e.m.f. following interruption of a
polarizing current (8,9,.10).

(14) E.M,F, Decay from High Overpotential

We consider here the case of lions belng discharged
at an electrode solution interface by a polarizing current:
Following interruption of the current, the potential difference
across the interface will tend to be maintained by the
capacitance of the electrical double-layer and ions will
continue to be discharged. The rate of passage of ions across
the interface at eppreciable overpotentials is given by an

expression of the form

1 = 1, exp {=azF 7 /RT] {19]

From elementary electrostatios we may also write
a7 -
-C 1 [20]

where C 18 the capacitance of the double=-layer assumed in this
derivation to be independent of potentlial (cases where it can
be a function of potential are discussed in the "Discussion"

section of this thesis)., Since only the flow of lons
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(1.e. of charge) can discharge the double-layer capacitance,

we obtain from equations [19] and [20]

- j = - d7/
1, exp [ azF”V/RT] ¢ EEL
c . . =
- 7 exp [agF7 /RT). 47 = 4t
o
Integrating we have
- a—:%—,- . g— exp [azF7 /RT] = ¢t + @ [21]
o

where 8 is the constant of integrétipn having the units of
time. _
For the boundary condition t = 0, let 77= 27', the

overpotentialfduring polarization when the éteady current was

flowing,
Then
RT C '
-~ 257 i-o- exp [O.ZF")] /RT] = @
but

1, exp [-azFy ' /RT] = 1

the initial polarizing current.

Therefore
(5] ,-z‘% f—,— [22]

Taking logarithms and rearranging equation [21] we have

_  RT -RT C RT _ C_ R
/Ty In &5 £ t F o [; q! asz (23]
From equations [9a] and [9b] - gégﬁﬂz = b the Tafel slope,




therefore
' B b C | |
7] = & = b log Z_t o —— [2ha]
K 2.3 1'~l 2
or
“a' | 3
7] ="a =-Dblog [t + @] [24b]

We may hence expect that a plot of 7/ versus log (t + @) will
result in a straight line whose slope is equal in magnitude
but opposite in slign to that of a conventional Tafel slope.
Some of the advantages and limitations of this method for
obtaining Tafel slopes will be discussed in the Discusslon
Section of this thesis. |

(iii) E.M.F. Decey Near the Reversible Potential

As the reversible botential is approached (e.g.
’7 < 20 mv.) the back reaction can no longer be neglected
and one must write for the passage of ions across the interface

{ = 1 [exp [-aaF/RT] - exp [azF 7/R1] [25]

From this equation 1t can be seen that 1, the net forward

current, will rapidly approach zero as 47 approaches zero

¥ gince </ is a finite quantity when t = 0, i.e. when the
steady polarizinpg current is still passing prior to interruption,
1t 18 seen that under these conditions the logarlithmic term must
be finite and.equal to log [0], 1.e. @ has the significance of
that time requlred for the E.M.F. of the electrode to decay from
a hypothetical infinite value to the value ' , the initial

steady polarization immediately prior to interruption of the
polarizing current,
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and the electrode potential, as expected, can fall only as low
as the thermodynamic reversible potentlal of the system. It
will in fact approach the reversible potential asymptotically
with time. The same, of course, must apply to an electrode
recovering ffqm & polarization applied in the other direction

from the reversible potential,

(d) consecutive and Alternatlive Reactions: Changes of

Mechanlsm

Since different mechanisms for an overall electrode
reaction usually have a different dependence of rate upon
potential, the mechanism which is favored at one potential at
a given elecfrode might no longer be- favored at a different
potential, In this way a cﬁange in the mechanism of an overall
reaction may occur as the overpotential for the reactiog is
varied (104). Such a change may occur in one of two ways:'

(1) the elementary stcps in the overall reaction can remeain
the same wlth the rate-controlling step shifting from one
elementary step to another ("series" change of mechanism);

(11) one or more of the elementary steps hay become relatively
less favored as thé‘e;ectrode potential 1s changed than an
analogoué-step operating alternatively to it ("parallel" change
of mechanism - these terms are used by analogy with the case

of "series" or "parallel" combination of conductances)., When

a chenge of mechanism, series or parallel, occurs there will be
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a change in the slope of the Tafel line for the reaction.
This must occur since the change of mechanism arises because
of the assumed difference of potential dependence (the Tafel
slopes b) of the rates for the two mechanisms. If the change
;s a "series" change,the Tafel line will take on a higher
slope at higher overpotentials while for a "parallel" change
the slope will become lower at higher overpotentials. This
is best seen by considering Figures Ia and Ib,

The lines I and II represent hypothetical Tafel
lines for two different reactions in an overall electrode
reaction, If these two reactions operate in "series" the
overall rate will be governed by that of the slower reaction
and the Tafei line for the overall rate, represented by the
full line (Figure Ia) will have a "concave" inflexion with a
higher slope at higher overpotential., If, on the other hand,
these reactions operate in "parallel", the overall rate will
be governed by the faster reaction, as indicated by the full
line in Figure Ib, and the slope will be lower at the higher
potentials, the line then exhibiting a "convex" inflexion.
Thus when a change of Tafel slope 18 observed éxperimentally,
it 1s immediately,evident* whether the change of mechanism

involves consecutive (series) or alternative (parallel) reactions.

*  Under certain rather special conditions of surface coverage

where the isotherm for the adsorbed intermediates passes from
the Langmuir to the Temkin form due to interactions in the
surface phase, changes of slope of Tafel lines for a given
single mechanlsn have been predicted., However, in most cases
either limitingly high or limitin%ly low surface coverages

by intermediates are involved (11).




Figure la =

Figure 1b =

Change of mechanlsm f'or the case of

congsecutlve reactions,

Change of mechanism for the case of

alternative reactions,




CHANGES OF MECHANISM

(A) CONSECUTIVE REACTIONS I
(SERIES)

LOG iol LOG 'tol[
LOG i —»

Process I is slower tnan II but its rate depends more on
potcntia]_. than does thet of II.
At high potentizls II becomes rate-deteruining even though

1 > 1.
o11 °r

B R

(B) ALTERNATIVE REACTIONS 711
(PARALLEL) S/

LOG o, LOG iop
LOG i —

At high potentials, if I and II arc alternative, I passes

more current than II ever though 1 < 1 .
°1 °11




(e) Simultaneous Anodic and Cathodiec Processes

Hitherto, we have been concerned with proéesses
occurriné in one dlrection only at an electrode-solution
interface. A number of electrode processes, however, such
as metal dissolution, corrosion and the self-discharge of
oxide electrodes such as the one studied in the present work,
involve anodic and cathodic processes which occur simultaneously.
In order to form a basis for quantitative discussion of self-
discharge effects to be examined subsequently in the "Discussion"
" in relation to experimental results obtained in the present
work, we shall briefly treat the behaviour of such electrode
systems involving both anodic and cathodlc processes. of
particular interest 1s the e.m.f. of such a system, under
steady-state conditions, when no external current is applied,
Under these conditions the overall cathodic reaction and the
overall anodic reaction must occur at equal rates, The géneral
treatment of processes under such conditions was first |
formulated quantitatively by Wagner and Traud (12).

In FPigure IIa are represented hypothetical Tafel
lines for an anodic and a cathodic proceée having comparable
currents and which are assumed to occur simultaneously at an
electrode. In the steady-state, both processes must occur at
equal rates given by the abscissa of the point of intersection
of the two Tafel lineé, and thus the potential will be fixed

at a point intermedlate between their reversible potentials,




Flgure IIa -

Figure ITb =

Figure IIQ. -

The mixed potential when the anodie
and cathodlc processes have comparable

exchange currents.

The mixed potential when the cathodic
process has a much larger exchange

current than the anodie process.,

The steady state potential is
determined solely by the much faster

cathodie process,
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Thls steady-state potential is usually referred to as the
"mixed potential™ of the two processes.

In the foregoing case the respective reverse
reactions for each of the anodic and the cathodiec processes
K have been neglécted since both are considered polarized
well away from their reversible values, If, on the other
hand, the exchange current for one process 1s much greater
than that of the other it may be necessary to consider the
reverse reaction of the former. Such a case is 1llustrated
In Figure IIb, It is evident that the '"mixed potential in
Figure IIb will be at the point of intersection of the anodiec
Tafel line with the line (dotted) representing the net forward
velocity of the cathodie process (i = Z#- ;3 and not with
the line repreéenting the forward reaction velocity only.

The case of one reaction having an exchange current
overwhelmingly greater than the other is illustrated in
Figure IIc. In this case the steady-state potential will
essentially be the reversible potential of the reaction having
the higher exchange current,

It will be shown in the "Discussion' section how
mixed potentials can be set up at the nickel oxide electrode
by simultaneous)self-reduction of the higher valence oxide with
liberation of oxygen at anodic sites; this situation i1s the
converse of that existing when a metal dissolves, suffering

oxldation with liberation of hydrogen as the cathodic process.
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2. ELECTROCHEMICAL OXYGEN EVOLUTION

(a) -Behaviour at Electrodes other than Nickel Oxide

The noble metals, because of their resistance to
anodic dissolution and to oxidation (except for superficial
oxide film formation), have been the most extensively used
electrode materials for oxygen evolution studlies (13-18),

In recent years some of the baser metals have also recelved
some attention; in particilar Tafel slopes have been measured
on the oxides or oxide covered surfaces of lead (19,20),

iron (21), cobalt (18) and nickel (22-2;). Many of the early
workers in the rigld of electrochemical oxygen evolution did

not fully realige the importance of adeqﬁate solution -

purification (16) and this, coupled with the time variation
observed at many types of electrodes, has led to discrepant
results,

on Pt in H,SO,solution, Tafel slopes d7/d log 1

2
ranging from 0.13 to 0.050 have been reported depending upon
the experimental conditions. Low slopes, (€2,060) however,

appear not to be very reproducible on Pt in acid solution,

Thder conditions of ultra-purity the Tafel lines for anodic
oxygen evolution becomé more reproducible giving a slope of
approximately 0,10 (16). This value is characteristic of an
ionic discharge step being rate-controlling; it can be shown

that this step may be the initial discharge of H,0 or OH™ on
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a sparsely covered surface or alternatiwly it may be a subsequent
step occurring on a surface fully covered with the first
intermediate of the overall reaction produced in the initlal
discharge step. From a determination of the stolichlometric
number , Bockris and Huq have concluded that the initial
discharge from H,0 (vize H,0 — OH 4, * H +e ) ona

sparsely covered surface must be rate-controlling on Pt in sacid
solution. Platinum in alkaline solution exhlbits a lower

Tafel slope of approximately 0.045 (15,18). This value has

also been meported for oxygen evolution on gold (17)and iron (21)
in alkaline solutlon. The only mechanism to be proposed in
explanation of this value of 0.045 1s_oﬁe given bj.Hackerman
for oxygen evolution on 1ron; This mechanism will be discussed
further below. An analogous case of a slope of 2.3 RT/F (0.058)
has been discussed by Bockris, Pentland and Sheldon (25):in
relation to surface diffusion controlled radical recombination
in hydrogen evolution. A first order surface recomblnation ‘
leading a slope of 2.3 RT/F was first discussed by Laildler (26)
and examined further by Bockris, Pentland and Sheldon in the
work mentlioned abdve.'

Wade, and Hackerman report that on passivated iron
good Tafel behaviour for anodic oxygen evolution is exhlblted
in both acid and alkaline solution (Hasou and NaOH). The
values of b obgerved are 0.030 at pH 2.5, 0.040 gtlpH o0 and
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0.05l. at pH 1llj.5.
are the following:

at pH 2.5 (b = 0.030)
4 OB~ . — L M=0H + le
L MOE — 2MO + 2M + H,O
2 MO — 2mM + 0,

at pH 1.0 (b = 0.040)

2 OH - 2 MOH + 2e

2 M0 + 2 H,0 + 2e

2 MOH + 2 0H  -— .

2 MO — 2M + 0,
at pH 1.5 (b = 0.05l)

2 MOH — MO + H,0 + 2e

MO + 2 MOH — IM+ H20 + O2 + 2e

The mechanisms proposed by these suthors

I
I1 (rate=-controlling)
III

I
II (rate-controlling)
III

I
II (rate-controlling)

This latter mechanism, for b = 0.05L4 involving

simultaneous discharge and dehydration of two neighboring

adsorbed ions bearing the same charge appears to the present

‘author to be an unlikely path in oxygen evolution.

Lead dioxide in stou solution presents an Interesting

case in that on a-PbOZ;a Tafel slope of 0.15 is observed while

on B-Pboz the slope is 0.075 (20). No mechanisms have been

proposed to explain these results but it would appear that the

value 0,15 may be due to a slow discharge mechanism (theoretical.

0.12). The value of 0.075 has no simple theoretical explanation.
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Conway and MacDonald (27) have examined the klnetics
of oxygen. evolution at palladium~gold alloys in ultra-purified
aqueous sulphuric acid and sodium hydroxide solutions and find
slopes varying from 0,045 for gold (17) to 0.l12 for palladium
in the acld solutions depending on the alloy composition., In
alkaline solutions the slopes at higher current densities are
higher than 2.3 RT/F when non-ohmically conducting oxide film
formation is occurring. Under those conditions, activation
controlled electron or lon transport in the oxlde film 1s
probably involved and leads to anomflous high slopes as
discussed by Thirsk (28). Such processes are, of course, well
kmown in the behaviour of zirconium and tantalum oxide
electrodes where the activation controlled charge transport in

the oxide film leads to very high polarizatlons.

(b) Oxygen Evolutlion at Nickel Oxide

When nickel is polarized anodically in alkaline
solution, an oxide layer 1s formed on its surface before
oxygen can be liberated (22); thus anodic evolution of oxygen
must be consldered as occurring on an oxlde of nickel rather
than on the nickel metal itself. However, since both the
state and extent of oxidation remain unchanged during prolonged
polarization (i.e. at high current densities a passive film
if formed), the oxlde may be considered as simply a catalytic

surface on which the process of oxygen evolution occurs. In
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proposing mechanisme for anodic oxygen evolution on nlckel,
some authors have preferred this latter view (23) while
others have written mechanisms Involving the formation of
unstable higher oxldes of nickel which subsequently
decompose - (22,2l4)« The distinctlon is somewhat academic,
since an oxygen or a hydroxyl radical chemisorbed at a
surface (e.g.ion Pt,) can equally well be considered as
constltuting an oxidized state of the metal at that surface.
Likewlse, intermediates involved in the oxygen evolution
reaction and adsorbed on nickel oxlde may be considered as
constituting a higher oxidation state of the surface or
simply as adsbrbed radicals. |

| The Tafel slopes réported by various workers for
oxygen evolution on nickel oxide are in agreement only Iin
so far as two Tafel regions of different slopes are found -
but the actual values are discrepant. At low current

6

densities (10™° to 1073 am./cm?) slopes of from 0.027 to

0.040 are observed (22); at high current densities (D 1072
amp/cm?) values varying from 0.095 to, 0.18 are reported (23).
This latter slope im more difflcult to measure accurately,
since at the qpfrant d@nsities required to obtain a region
of sufficient length in logarithmic cprrent denslity, ohmic

potential drops in the solution and concentration

polarization effects hecome appreclable. Thls will have the
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effect of making the slope appear greater than it really is.
- . Por the lower slope, Fiseiskl and Tur'yan have found

a value of 0.027 volts for pure metallic nickel in 7.5 N. XOH

solution. Thls they explain on the basis of the following

mechanisn.
LOH™ += LOH + Le I
L OB + 2 N1,0, = L N0, + 2 Hy0 I
L N102 == 2 N1203 + 02 IIX

which, they state, predicts a limiting Tafel slope of 0.029
(2.3 RT/2F) for reaction II as the rate-controlling mechanism.
A similar scheme has been proposed by Elina, Borlssova and
Zalkind (22), Wwho have reported expefimental Tafel slope
values ranging from 0.035 to 0.040 volts.

These latter authors write the following reactlon
scheme?: |

1/2 N1203 + OH — 1/2 Nizou + 1/2 HZO I
Niaou = Ni,0;5 + 1/2 0, II
In which they assume the decomposition of Nizou in reaction II
to be rate-controlling. On this basls, they assert that the
theoretical limiting slope will be 0.029 i.e. 2.3 x RT/2F and
that the experimental values of approximately 0.038 are in

"adequate agreement" (sic). These conclusions appear to be

oversimplifled since reaction I cannot bve considered as
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elementary and involves. the making and breaking of "bonds" in
the oxide which camnot occur simultaneously with the passage
of one ion across the electrode-solution interface. In any
case the slope of 0,038 (viz. 2.3 [2/3] RT/F. which arises
in redical=ion desorption on a partially covered surface)

i1s well authenticated and observed also in the present worke
If the reaction mechanism is rewritten in a form where each
step 1s elementary. (1.e. writing reaction I as two separate
elementary steps) then it can be readlly shown that a slope
of 0.015 (i.e. 2.3 RT/4F) will result if the decomposition
of "Niaou" (path II above) 1s slow. Thg assumption of
distinct stoichiometric chemical specles such as "Niaou"
mist in any case be regarded as unsatisfactory since the

nickel oxide involved is probably (see below) a non-stoichlo=-

metric mixed valency oxlde whose formal composition depehds

on 1ts previous history and degree of electrochemical oxidation..

On the other hand, Volchkova and Krasil'shchov,:.

who also report a slope of 0,038, propose the following scheme

OH w=m OH + e I
OE + OH , & H0 + 0 II
oo = 0 + e III
0 + 0 — 0, v

and they assume reaction III to be rate-controlling. It is

not entirely clear how these latter authors have arrived at
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the conclusion that rate-~controlling III will yleld a theoretical

value of 0,038 (2.3 [2/3] RT/F) for the Tafel slope; on the
baslis of the Christlansen treatment, a value of 0.023

(2.3 [2/5] RT/F) is predicted. If reaction II, however, is
gssumed < be rate=-controlling, the experimentally observed
value of 0.038 can in fact be predicted as suggested in the
present work.

At higher current densities the experimentally
observed slope of 2.3 2RT/F 1s characteristic of slow-
discharge of OH 3lons. Unfortunately, when this is the case,
on & bare surface or on one completely coversed with the
preceding intérmediate e.ge MOH, it is not possibie to make
any further direct conclusioﬁs regarding the nature of the
subgequent steps in the reaction. However, as dlscussed in
a later sectlon of the thesis, the analysls of E.M.F. debay
curves can,under some condlitions,lead to further Information
on the nature of the reactlon path 1f adsorbed intermediates‘

are Involved in appreclable concentrations on the sutface.

3. THE NICKEL OXIDE ELECTRODE

(a) Nature of tﬁé Nickel Oxide Electrode

In spite of the fact that the nickel oxide electrode
has served as the posltive plate 1n alkaline storage batteries

gince the turn of the century, much remsins uncertain about both
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the chemistry and the electrochemistry of the system. As
used in alkaline storage batteries, the electrode consists of
finely dlvided nickel oxide in Intimate contact with a
metallic conductor (usually nlckel or graphite). An
experimerntal model, having essentlially the same characteristics
as the battery electrode, may be prepared by anodically
polarizing metallic nickel in glkaline solution, in the presence
of hypochlorite or hypobromite (29). One of the major
difficulties in this fileld has been that of ldentifying and
characterizing the reaction products of the electrolytic
oxidatlion resaction.

Invfhe reduced state, the gctive material is
presumed to be hydrated nickelous hydroxide Ni(OH)2 in very
finely divided, almost amorphous, foomj; in the oxidized state
this becomes a higher valence hydrated oxide in which nickel
has a mean formal valence of approximately three. A controversy ‘
concerning the stoichiometry of the electrolytic oxidation=-
reduction reaction was started in 1906 between Zedner (30,31,32)
and Foerster (33,34,35) and, despite numerous papers since that
time, there is still not complete agreement on the subject.
Much of this lack of agreement is attributeble to the nature
o’ the higher oxldes of nickel particularly those formed
electrolytically, which are very lll-defined both in structure
and compositlon, a fact which 1s also probably related to the
discrepant electrqde-kinetic results in the literature.

referred to above,
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(b) Oxides of Nickel

The divalent oxide and hydroxide of nickel are well
mown and well characterized. Nickel hydroxide Ni(OH)a, is
readily prepared by precipitating divalent nickel from
solution with ammonia or alkalil hydroxide solutlon. In its
freshly prepared form :, nickel hydroxide may contain some

that corresponding to
loosely bonded water in excess oﬁ/Ni(OH)a, but these water
molecules are readily lost by oven drying above 100° ¢ (36,37).
Anhjdrous nickel oxide NiO may be prepared in stoichlometric
form (in vacuo) by the pyrolysis of Ni(OH)2 above 200° C in
high vacuum (38). Thermal decomposition of nickel nitrate
alsgso ylelds ﬁhe anhydrous oxide but whén prepared'in this way
it conteins oxygen in excess'of the stoichiometric amount (39).
Although reactions of the nickel oxlde electrode are frequently
written as though involving anhydrous nickel oxlde NiO,rthis
material is not electrochemically active (l1.8., it cannot be
oxidized or reduced electrolytically to any significant
degree (l10)). The hydroxide,on the other hand,can be oxidized
electrolytically and, in fact, it is thils material which is
used as the active material in the (unchargec?) positive plates
of nlckel~cadmlum batéeries.

The constitution of the higher oxides of nickel has

been the subject of a great deal of controversy. Oxides in

which nickel has a valence of three or more may be prepared
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by a variety of methods including precipitation from nickel
nitrate solutions with NaOCl or NaOBr in alkall (h41),
Precipitation with K,S,0q in alkall (42), fusion of nickel
with Naaoz and electrolytic oxidation (43). The oxygen
content of these oxides frequently exceeds that corresponding
to an oxlide of trivalent nickel, but it does not reach a
composition corresponding to quadrivalent nickel. Reports
that stoichiometric (or very nearly stoichiometric) Ni0,

had been prepared (4)i) have never been well substantiated
(45,46) .

A survey of the literature reveals that a considerable
amount of woﬁk has been done In an attémpt to elucidate the
structure and composition of the various hydrates of nickel
using analytical, calorimetric, X-ray diffraction and electron
diffraction technigues (47-53). As a result of this work a
variety of oxides of nickel have been reported some of which

are listed below:

Ni02 - Evidence in calorimetric studies - also
postulated because of the high oxygen content
often encountered in oxides of nickel (as
high as Niol.B)'

a~Ni0O0OH - Identified by X-ray diffraction - prepared

from with
by precipitation /- KZNi(CN)h_/V K58,0g in
alkali.
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8=Ni00H - Identified by X-ray diffraction - prepared.
by oxidation of Ni(OH)2 by NaOCl or NaOBr.

y-Ni00H - Identified by X-ray diffraction-prepared
by fusion of N1 with Na202, followed by
careful hydrolysis.

N12°2(0H)u - Identifled by X-ray diffraction - prepared
by fusion of Ni with Naaoz, followed by
careful hydrolysis.

The formulae given for these various oxldes rmust not
be taken too literally since chemical analysis rarely supports
such ideal stoichiometry. Usually there is found an excess or
a deficiency of oxygen along with an excess of water. It has
been the custom to ascribe these deviations from ldeal
stoichiometry to the presence of one or more other oxldes of
nickel but this does not appear entirely satlsfactory. Thé
results of X-ray diffraction work are likewise somewhat
inconclusive since only a few diffuse lines appear. This 1is
particularly true for oxides formed by electrolytic oxidatlion
of nickel hydroxide where an almost structureless materlal
is indicated. The lines that do appear indicate that, as
electrolytic oxidation proceeds, the basic structure of nickel
hydroxide (a hexagonal layer lattice) is dlstorted to
accommodate the greater relative proportion of oxygen but

no new well~ordered structure is formed. The modern consensus
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of opinlon appears to be that the hydroxide can be oxidized
continuously without formation of definite intermediate
compounds (e.g. Ni Oh or Ni (OH)h in the modern formulation).
The end product is generally assumed to be the B-=N100H
ldentified by Glemser and Einerhand but even this compound is
probably not as simple as implied by the formula, Much of

the difficulty 1s no doubt due to the almost amorphous nature
of the material so that the composition of the surface phase,
which may be different from that of the bulk, contributes
measureably to the overall composition and properties of the
electrochemically active material.

The kinetics of the decomposition of the higher
oxides of nickel, formed by the action of alkalins NaOCl on
Nisoh solution, have been studied by Howell (L41). This agthor
observed a high rate of oxygen loss in the initial stages of
decomposition followed by a much slower rate at longer times.
Howell has explained this behaviour by postulating the
simultaneous decomposition of two oxldes of nickel, N102 and
N1 03, where the peroxide Nio2 decomposes rapidly snd the
Pesquioxide Niz 3 evolvqs oxygen only slowly. He has further
concluded from his results that Nio2 decomposes directly - to
Ni(OH)2 and not to N1203; also that the hydroxide is oxidized
similtaneously to the sesquioxide and to the peroxide. Howell
also maintsins that the formation of the peroxide does not
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involve the sesquioxide as an intermediate and that NaOCl
cannot, in fact, oxidize the sesquioxide to the peroxide.

It has also been observed by this author that with increasing
relative conceptration of the alkali used for precipitation
the amount of active oxygen in the precipitate increases and
is proportional to the extent of adsorption of alkall by the
precipltate. This latter observation is in qualitative
agreement with the observed adsorption of KOH during
electrolytic oxidation of nickel hydroxide (54) and with the
known tendency for lower rates of self-discharge (with oxygen
evolution) of nickel oxide electrodes in the presence of high

concentrations of alkall (55).

(¢) Electrochemical Behaviour of the Nickel Oxide

Electrode

(1) Stoichiometry of the Oxidation=-Reduction

Reaction

Much of the early work on the nickel oxlde electrode,
in particular that of Zedner and Foerster, was concerned with
establishing the stoichiometry of the oxldation and reduction
reactions. These two ;uthors, using mainly chemical analysls
of reaction products and steady-state measurements of the
dependence of e.m.f. on electrolyte concentration, arrived at

rather different conclusions regarding the nature of the




overall reaction. Both agreed that water was liberated during
the oxidation reaction and consumed during electrolytic
reduction but disagreed regarding the stoichiometric amount

of water involved, as well as the degree of hydration of both
the oxidation and reduction products. Using an isopiestic
method, Zedner (31) determined the number of water molecules
of hydration in the higher oxlde and found that at 8°C the
hydrate N1203-3H20 was stable from 3 mm. Hg of HZO downi to the
lowest vapor pressures that could be reached using Hasou. Oon
the basis of e.m.f. measurements agalnst a hydrogen electrode
as a function of KOH concentration (and thus of H20 activity),
Zedner arrived at a value of 1.1 for thé number of water
molecules consumed per electron in the reduction of the higher
oxide., From these two results he concluded that the overall

reaction must be
which for the half-cell reaction gives
N1203.3H20 + hHao + 26 — 2Ni(0H)2.2H20 + 2 OH

Foerster, on the other hand, from chemical analysis
of the oxidlzed and th@ reduced active materials in the
electrodes, as well as by studying concentration changes in
the electrolyte of an Edison accumulator during charge and

discharge, arrived atithe following half-cell equation




- 39 =

P -
N1203 l.2 H20 + 1.8 H20 + 6 = 2 Ni(OH)2 + 2 0H

The experimental conditions used by Foerster in this work were
quite different from those of Zedner, particularly in that
Foerster worked with positive plates from Edison accuwmulsators
(containing 22% graphite) whereas Zedner used electrodes
conslsting of anodically formed nickel oxide on a platinum
dishe In view of these differences of technique, it may be
expected that the particle size of the active material in
Foerster's and Zedner's electrodes might be different. It
was later shown by Erschler and co-workers that this could
affect the "gpparent" consumption of water during electrolytic
reduction (Sl). ’

The latter guthors measured the concentration changes
in the KOH electrolyte when a nickel oxide slectrode was
charged against nickel counter electrodes. They observéd'
that the concentration of KOH decreased on charge as expected
from Foerster's and Zedner's equations. However, no definite
stoichlometric relationship could be found for the amount of
water taking part in the reaction; the caleculated quantity
of water was found to depend upon Initial KOH concentration
(decreasing with increasing concentration) and it also depended
upon particle size of the active material, being greater for
Tinely divided material. These results led Erschler et al. to

suppose that KOH was being adsorbed on the electrodes during
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charging and released during discharging. In order to test
thls hypothesis, they conducted a number of experiments
using, in addition to KOH, certain reference ions in the
electrolyte (e.g. C17, COST. These experiments did in fact
confirm that KOH was adsorbed to an Important degree during
charging but their results lacked the preclsion necessary
for a quantitative assessment of the effect. The fact that
the reference ion might also be adsorbed (cf. effects at the
Hg electrode) appears to have been overlooked by these workers.
More recently Kornfell (56), essentially repeating
the work of Erschler, made more precise determinations of
reference ioh end KOH concentration ghénges during charging
and discharging of the nickel oxide electrode. From the
.results of this work, Kornfell has proposed the followling

half-cell reaction:
2Ni OOH.xH,0 + 0.84 Hy0 + 2" = 2N1i(0H), xH,0 + 20H + 0,067 KOH.

Kornfeil claims that the varlation of e.m.f, values of
electrodes with KOH concentration, messured after long perlods
of time on open-circult, 1s qulite accurately predicted by

the above equation ba;ed on analytical determinations of
concentration changes during charge and discharge. However,
the above equation does not agree with data obtained in the

present work, nor with the results of Zedner, as will be
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discussed further in Chapter IV of this thesis.

(41) Mechanism of Electrolytic Oxidation - .

and Reduction of Nickel Oxide

Tn contrast to the case of the lead oxide slectrode (57),
there is strong evidence that the oxldation of nickel hydroxide
occurs in the solid state. Thus Kuchinskii and Erschler (58)
have shown that oxidation and reduction do not take piace_by
solution of the oxide followed by reaction at the metal-
solution Interface and subsequent deposition of the product.

A B0lid state mechanism of oxlidation 1s further supported by

the fact that only divalent nickel has been observed in solution:
in fact the higher oxides are the oni& known simple compounds of
nickel where a valence state greater than two is exhibited.

According to the views expressed by Foerster (33):.
nickel hydroxide is first oxidized to "Nioz" and this material
subsequently reacts with more Ni(OH)2 to give "N1203" or
decomposes, with loss of oxygen, to form "N1203". This
mechanism was postulated by Foerster to account for the
high anodic potentials, relative to the steady state
potential of the electrods, which are necessary 1in order
for oxidation.%o proceed at mn appreciable rate.* Foerster

did not consider, however, that "NiOZ" was Involved in the

In terms of modern views, this observation simply implies
an appreclable polarization In the charging reactions, as
discussed in more detail below.
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discharge reaction. More recently (L4LO) it has been postulated .

that some oxidation to the Niu+ state is necessary* in order

to endow the oxide with electronically conducting

properties so that oxidation can proceed within the bulk of

the oxide. The work of Kuschinskii and Erschler (58), in

which the oxldation and reduction of a single grain of

nickel hydrcxide was observed/gégzzroscope, has shown that

the oxidation process begins at the Ni(OH)e-metal contact

point and from there proceeds into the bulk Ni(OH)z. It is

clear that oxidatlion can proceed into the lattice only if

the oxide is electronically conducting. Stoichiometric

nickel hydroxide itself 1s a relatively good insulétor but with

the additlon of excess oxygen'its conductivity is readily

increased (39,59). There 18 no firm evidence, however, that

the quadrivalent state of nickel, proposed by wynne-JoneQ,'is

necessary for good electronic conductivity (see footnote below),
Kuchinskil end Erschler also found that by using

very rapid rates of discharge, it 1s possible to reduce the

oxide completely to Ni(OH)2 near the metal contact while

the bulk is still largely oxidized. In this way an insulating

layer of Ni(OH)2 is ingerposed between the oxidized material

and the metal contact and thus the remaining material 1s no

longer available for dlischarge. Whille thils effect is most

* It would appear to be equally possible to have electronic

conduction in a mixed N1*¥/N1**T oxiae,




- 43 -

pronowmnced under conditions of high discharge rates, 1t occurs
to some degree even at the lowest rates of discharge. Thus

it is not possible to reduce the oxide to stoichliometric
Ni(OH)2 electrochemically once it has been oxidized beyond
this state sin;e it must be left with sufficient "excess"
oxygen to make 1t conducting. This explains why cathodle
reducfion does not restore to the electrode the original

green appearance of Ni(OH)a.

(111i) Previous Work on the Process of Self-Discharge

The first account of the self-discharge behaviour
of the nickel oxide electrode is that of Foerster in 1906 (33).
In this work Foerster observed that a fully ch&rged nickel
oxide electrode on open-circuit will contlnue to evolve oxygen
at a visible rate for as long as 2l hours after cessation of
charging., This loss of oxygen is accompanied by a fall in -
the e,m.f. of the electrode which is at first rapid, then slower,~
but which continues for many days before eventually becaming '
negligible, Although Foerster's electrodes were .commercial
battery plates of the day (1906) consisting of a mixture of
nickel oxide and graphite held in "pockets" of nickel plated
steel, hls e.m.f. resuits are not substantially different from
those obtained more recently by Pitmen and Work (60-63) and by
Conway and Bourgault (él) using more refined techniques.

Foerster's measurements were made using a calomel reference
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electrode and a KCl salt bridge. It was believed by Foerster
that the inltlal drop of e.m.f. corresponded to the decompositién
of Ni0,, (ef. Howell, loc. ¢it.) present in small quantities

at the end of charging, after which the e.m.f, became stabliliged
at the charactéristic potential of N12 3 This latter potentlal

is given by Foerster as

By = 0.i9 V.

Foerster's measurements of oxygen evolution during
self-discharge are unfortunately of little quantitative
significance since they were made on complete nickel-iron
battery units._ Not only does the presence of hydrogen
(1iberated from the negative plates) complicate the measurements
of the net guantity of oxygen evolved but also the presence of
readily oxidizable iron makes it very doubtful that all the
oxygen liberated could be actually collected, This is '
'substantiated by the fact that Foerster himself reports that
the loss of electrical charge, as measured coulombically
by electricel dlscharge, was greater than could be accounted
for on the basis of the oxygen collected. From a qualitative
point of view it is inyeresting to note from Foerster's
results that immediately after cessation of charging, the
gas liberated in a battery consisted of about 50% hydrogen
but after longer times the proportion of oxygen became relatively
greater until at the end of one day it is about 90%. This

‘indicates the practical importance of the self-discharge of
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the nickel-oxide plate since it willl be the limiting factor in
"shelf-life" of a charged nickel-iron accumulator., At the |
end of three days oxygen was 8till being liberated at an
gppreciable rate (approximately three cc. per hour from a
75 ampere-hour’battery.

This work on oxygen evolution was carried out at
one concentration of electrolyte only (2.8 M . KOH), so that
no conclusions may be drawn regarding the effects of KOH or
water activity on the rate of self-discharge.

More recently the kinetics of self-dlscharge of
the nickel-oxide electrode have been studled by Pitman and
Work (63), Using commercial nickel-cadmium batteries, these
authors measuﬁed the rate of oxygen e%olution on openecircult
(following polarization) as a function of electrolyte
concentration. On the basis of their results, they concluded
that the rate of self-discharge (in terms of oxygen evolved)
was proport;onal to the square root of the water actlivity.
This conclusion is not without ambigulty, however, since 1t
was based on the total amount of oxygen evolved over a 12 hour
period (from the first to the thirteenth hour) on open-circult
following polarization‘at a given fixed current density; no
account was tak@n of the potential of the electrode or 1ts
state of oxidation at any time during this decay; nor was it

realised, apparently, that the rate of self-discharge must vary
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considerably during thils period of time as the electrode
potentia; falls., Under the conditions used, the rate of
self-discharge is initially identicsal at all concentrations
(being that of the imposed rate of anodic polarization).

Thus what was heasured, in fact, was the extent of decrease
of rate of self-discharge after a glven time as a funetion of
electrolyte concentration. This cannot be taken as ldentical
with the rate of self-discharge itself which 1s of course a
function of electrode potential, The significant quantities
determining the "rate of self-discharge" are the exchange

current and the Tafel slope for the rate determining process

in the self-discharge of the electrode,

Measurements of the e.m.f. aecay of the nickel-oxide
electrode on open-circult by these same authors have shown
the decay to be approximately logarithmic in time (6l1). :They
have also shown that 1f the log of the rate of oxygen evolution
is plotted against e.m.f. E a plot consisting of two linear
regions is observed. In aqueous KOH of speclflic gravity
1.4 (the only case given) the respective slopes dE/d log [rate]
are 0,105 for the high potential region and 0,035 for the
lower region, The value of 0,035 is in relatively good
agreement with values found previously (22) for anodie oxygen
evolution on nickel oxide. In spite of this important and
relevant fact, however, they conclude that the oxygen evolution

partial reaction is not rate-controlling in thg self-discharge
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prrocess; rather they consider the evolution of oxygen on
self-dlscharge to arise from oxygen adsorbed on 3-Ni0OH;
this is lost by an electrochemical reduction mechanism which
may be wrltten as the sum of two reactions, the first of

which is rate<controlling

(B=NL1OOH), 0,4, + H,0 + 2¢ — 2 B-NLOOH + 2 OH I

2

2 OH — H,O +1/2 0, + 2e Iz

2
It 18 not clear why the authors choose to regard reaction I as
rate-controlling and it is obvious that 1lts associated Tafel
slope cannot be 0,035 (= %-%2. 2.3). Evidence is presented
below from the present experimental work that the (anodic)
oxygen evolution reaction is, in fact, the rate-controlling
partisl reaction in the mixed self-discharge process,

analogous to electrochemical corrosion of a metal,
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CHAPTER II

EXPERIMENTAL

1. SOLUTIONS

{(a) Standard Purification Technique

(i) Potassium Hydroxide

Potassium hydroxide solutions used in a substantial
part of this work were made up from the analytical grade
material using water prepared by redistilling "distilled"
water from alkaline perﬁanganate in a étill provided with
three spray traps. Initial solutions of the potassium
hydroxide slightly more than saturated at 25°C were prepared
in a "seasoned" polyethylene bottle and left to stand,
tightly sealed, at 25°C for the excess potassium hydroxide to
erystallize from solution. Aliquots drawn from this solutibn
were added to the doubly distilled water to provide solutions
as required, Concentrations were checked after each run by

titration against a standard solution of hydrochloric acild.

(11) Nickel Nitrate

Saturated soiutions of nickel nitrate used in the
preparation of the electrodes (section II, 2) were made wp
from the recyrstallized enalytical grade (A,C.S.) reagent

(specified "cobalt low") in the conductance water,
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(b) High Purification Technigue

~In the early stages of the experimental work several
runs were carried out under the most stringent condltions
of purification in order to establish the role of possible
trace 1mpuritiés and to investigate the effects of high
purification and preelectrolysls on the kinetlc resuits.

Experimental details are given below,

(1) Potassium Hydroxide

Analytical grade (A.C.S.) KOH was initially
recrystallized at ~-20°C from a 15 M solution in conductance
water in an all-glass vessel having a sintered glags bottam
for filtering the solution out of contact with air. When an
appreciable quantity of cyrstals had been precipitated at the
low temperature, the mother liquor was forced out througp
the sintered disc under pressure of oxygen &and conductanée'
water was then distilled directly onto the crystals to form
a solution approximately 8 to 10 molar in KOH. This soclution
was then run into an electrolysis vessel (Fig. 3) fitted
wi@h appropriate electrodes and containing triply distilled
mercury in the cathode compartment. Potassium amalgam was
then formed electrolytically at the mercury cathode using a
current density of 0.25 a. em™2, Stirring of the amalgam was
maintained during electrolysis by means of a reciprocating

plunger. The amalgam thus formed was run into a third vessel




Figure III: Electrolysis vesgei used for

formation of potassium amalgem.
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into which condﬁctance water was redistilled in & stream of
COz-free_nitrOgen. In order to assist the decomposition of
the amalgam, an external electrical connection was provided
between the mercury and a platinized platinum electrode
immersed 1n tﬁe solution,

Finally, this solution was passed into the experimental
cell where 1t was pre-electrolyzed with a nickel anode,
purified oxygen* being bubbled into the solution., In order
to avoid the production of H2 in the soliution and conseguent
depolarization of the test anode, a charged (i.e. oxidlzed)
nickel oxlde electrode was made to serve as cathode during
the pre-electrolysls treatment, A pre4electrolysis current
density of 10'2 a, cm? (based on the apparent area of the
anode ) was passed for about 12 hours and the corresponding
charge passed in this time was about 100 coulombs per ml. of

solution,

(11) Nickel Nitrate

Nickel nitrate used In this part of the work was
prepared by two recrystallizations of the analytlical grade,
"cobalt low', reagent from CO,-free conductance water. A
sample of nickel nitrate wes also prepared by dissolving a
plece of spectros¢0pically-pure nickel in pure HNO3 and
twice recrystallizing the product. The results obtained

*  Por more details see "oxygen purification'.
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using this material were insignificantly different from those
found with the nickel salt prepared as deseribed above,

(¢) Potassium Deuteroxide in Heavy Water

Solutions of KOD in D20 were prepared by decomposing
the potassium amalgam in D,0 (99.76% D,0). The amalgam was
prepared in the manner described above using agueous KOH,

The dried amalgem was then reacted wilth D20 in a vessel
sultably equipped with a drying tube to allow the escape of
the liberated deuterium and yet protect the solution from

any exchange with atmospheric water,

(d) Solutions of Nickel Sulfate in Heavy Water

For use in the preparation of plates (see below),
solutions of NiSOh in DZO were prepared as follows: analytlcal
grade NiS0) .6H,0 was dehydrated by heating at 600°C to

constant weight (about Sl hours). The loss of weight corresponded

to apparent removal of more than 6 HZO to an extent of about:
5%. Since the initial hexahydrate was superficially dry,

it was concluded that some 503 was lost on heating and the
residual anhydrous salt hence contained traces of NiO,
However, upon dissolution of the anhydrous salt in D,0 the
residual NiO ébuld be flltered off and a clear solution of

the sulfate in Dao resulted,




2. ELECTRODES

(a) General
A1l electrodes used in this work were similar to
those employed in "'sintered plate" nickel=-cadmium batteries
and consisted essentially of plaques of porous sintered nickel

impregnated with chemically precipitated nickel hydroxide,

(b) Siuccred plaques

The nickel hydroxlde, which is the initial electro-
chemically active material in these electrodes, is supported
in plaques of sintered nickel powder having a real surface

2 2 per cm2 of

area” of about 0.12 meter™ per gram, or 200 cm
apparent surface, The nickel plaques are normally prepared

by heating nickel powder, obtained by the Mond carbonyl process,

to about 800°C for about 15 minutes in w. ‘tmosphere ofT

hydrogen, The aintered plagues used in this work were

obtained from two sources, For the study of the steady state
current-potential behaviour of these electrodes, and for a

few preliminary runs of e.m.f. decay and of oxygen evolution,
plagues manufactured by the Clevite Corporation, and supplied
through the courtesy of the Defence Research Chemlcal Laboratories,

were used. The sintered nickel plaques were 1 mm., in thickness

* This measurement was kindly carried out by Dr. C. Amberg
of the National Research Council using the B.E.T. (Nitrogen)
method,




and had a porosity of about 80%. For the remainder of the

work plaques of 2 mm. thickness and about the same porosity
suppllied by the Edison Corporation were used., For measurements
of rates of open-circult oxygen evolution, rectangular pieces

1" x 3" were cut out from the large plaques desecribed above

and given two cycles of impregnation as desceribed in section (2c).
In the case of experiments conducted in DZO’ plates 0,25"x0,5%
were used., For the remainder of the work involving thermo-
dynamic experiments, steady state polarization studies and

for some control experiments, singly impregnated plates

0.5" x 1" were used,

(¢) Impregnation of Sintered Plagues

Nickel hydroxide was introduced into the pores of
the nickel sinter by the following procedure: the sinter“was
first placed in a pyrex vessel which was evacuated to beiow
1 mm. pressure of mercury. After closing a stopcock connection
to the pump, aqueous nickel nitrate, prepared as described
above, was allowed to flow from an upper bulb into the evacumted
vessel until the sintered plaque was entirely submerged. The
vessel was then openedlto the atmosphere, thus allowing the
externally applied atmospheric pressure to force the solution
into the pores., After standing in the solution of nickel
nitrate for 10 minutes, the sintered plague was removed and

placed in a 25% KOH solution at 70°C, and immediately polarized

meEnTEF
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cathodically at a current density of 0,1 amperes per apparent
cm? of surface area., Plane sheets of pure nickel metal, on
elther side of the‘sintered rlaque, were used as anodes,
After about 20 minutes of this treatment, the potential
across the elgctrodes was observed to rise quite sharply and
hydrogen began to be evolved at an appreciable rate, Cathodie
polarization at the same current density was then continued
for an additlonal ten minutes., The electrode was then removed
and washed in a bath of distlidled water, Washing was continued
with frequent changes of water until the water dripping from
the electrodes showed no sign of alkalinity to litmus,

The electrode was then drigdlin an oven at 75°C for
i hours. By heating at this'temperaturé the initially partially
hydrated Ni(OH), (possibly Ni(OH), 1.5 H,0 (65)) becomes
dehydrated to Ni(OH)Z as shown by Huttlig and Peters (36). .
From the weight galned by the electrode during impregnation,
the amount of Ni(OH)2 taken up could be evaluated,”

All electrodes used in conjunction with the highly

purifiedksolutions dlscussed previously were given surface

* The treatment cmployed up to this stage is based closely on

that employed in the preparation of commerclal battery plates and
has been published previously (66,67). The purpose of the cathodic
treatment during forming is to diminish diffusion of nickel ions
out of the sintered electrode during precipitation of Ni(OH)2

which 18 not immediate owing to the finite time required for“the
KOH to diffuse in, Also, durlng the polarization, reduction of the
nitrate to NH3 (ag.) occurs and enhances the alkalinity inside

the electrode,
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cleaning treatment prior to impregnation. Thils consisted
of washing the plagues In hot carbontetrachloride followed

by acetone and alcoholic KOH and finally & thorough washing

in distilled water, After drying at TSOC, these plagues

were stored in a vacuum desiccator until required for impregnation.

3, OXYGEN PURIFICATION

The oxygen used for stirring the solutlon was
purified by bubbling through a solution of 12 molar KOH using
a sintered disc bubbler., The gas was then passed through a
drying column of crushed solid KOH, and finally through a
trap cooled in a solid Coz-aoetone mixture., In runs carrled
out wnder "standard purification" conditions, the cold trap
was omitted. It will be shown in a later section [Chapter III]
that no significant difference in the results were obtained when
the 'high purification" technique was replaced by the "sténdard“.

one,

ly. CELLS

In order to insure wniform current density at the
electrode surface in dilute solution, a cell constructed as
illustrated ip Figurekmfwas used for most of the work., The
test electrode is situated, as indicated In the figure, at
the center of the cell between the two conical psrtions, each
of which communicetes to a limb where the counter electrodes

are locdted., Directly under the test electrode was located




Flgure IV:

Experimental cell used in oxygen
evolution and e.m.,f. decay

measurements,
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a bubbling tip through which oxygen was supplied both to
saturate the solution with the gas and to provide a means

of stirring the solutlion., Two reference electrodes with
Luggin capillaries (68) were provided at either side of the
cell and their'tips Wwere arranged so as to make contact with
different parts of the eleotrode surface. Stopcocks were
provided so that the portion of the cell containing the

test electrode could be completely closed off during
éollection of oxygen through the exit tube when the electrode
was on open-circuit. In preference to.the use of conventional
metal wires or plates as counter electrodes, it was considered
desirable to use fully charged nickel oxide electrodes of
excess capaclty (see below) as cathodes, This allowed the
test electrode to be polarized anodically for as long as
necessary and yet keeping the entire systenm free of hydrogen,
since the cathodlc process at the counter electrodes was then
only the reduction of Ni III to NiII in the oxide., In
experiments involving DZO’ a cell of the same basic design was
used except that it had a total volume of approximately 8 mi.
as compared with 300 ml. for the oxygen collecting cell
described above, In the case of solutions having a concentration
greater then 1M in KOH, i1t was found that a more conventional
two limb cell with reference electrode, Luggin capillary and
oxygen bubbler could be satisfactorily used., A number of
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experiments in concentrated solutions were carried out in

this type of cell.

5. REFERENCE ELECTRODES

A1l e.m.f. values were measured against a mercury-
mercuric oxide electrode in the same solution as the
experimental nickel oxide electrode., The reference electrodes
were made up from purified redistilled mercury and yellow
mercurlc oxide (4.C.S, analytical grade). Use of the Hg/HgO
system as a reference electrode has been criticised by
Knobel (69) who claimed that a variation of e.m.f. with time
of up to 6 millivolts can occur over & period of one week,
This he attributed to & spontaneous cqnfersion, in alkaline
solution,‘of the red oxide to the more soluble yellow form,
However, more recent work by Samuelson and Brown (70) has
indicated that with very pure materials, a reproducibilit§~
of better than 0.1 milliveolt is possible and, moreover, no
appreciable time variation is then observed. These latter
authors alsoc report that by using standard "chemically pure"
materials and red or yellow mercuric oxide obtained from
various sources, potentials within ¥ 1.0 millivolts of those
attained with q;ectrodés of more highly purified materials
could be measured., These results are in good agreement with
the earlier work of Ming Chogé(agga%easured the em.f, E of

the cell,

NaOH Hg Hg0

Je
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in solutions of NaOH from 0.3 molal to 0.001 molal, and
found that E was constent” at 0.926l. volts over the entire
range of concentrations, with a reproducibllity of better
than 0.1 villivolt.

In the present work it was found that using the
red form of mercuric aoxide the reproducibllity between
electrodes was within : 0.5 millivolt. However, by using
the yellow oxlde, somewhat better reproduciblility could be
achisved; the agrecmcnt between electrodes was usually
within 0.1 millivolt and it was never observed to exceed
0.5 millivolt. The constancy of any one given electrode
was found to.be within 0.1 millivolt-ovér a perioa of =
weeke

The e.m.f. value measured against the hydrogen
electrode in 1 molar KOH was found to be 0.9260 i‘.OOOS"volts,
which 1s in reasonable agreement with the theoretically
calculated value of 926l reported in the literature. This‘
agreement 1s entirely adequate for electrode kinetic work
where reproducibility of overpotentlal values rarely exceeds

10 mv., although 1t must be stated that with the present

The expected dependence of E on water activity is too
small to be of significance in this work since the activlty
of water in NaOH solutions is insignificantly different
from unity in the dilute solutions studied by this worker.
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large surface electrodes, overpotentlals were often
reproducible to better than 5 mv. (see Chapter III,

gsection 1 a).

6. CURRENT SUPPLY AND ELECTRICAL MEASUREMENTS

() Constant Gurrent Supply

As a source of current for anodic or éathodle
polarization, a bgnk of storage batteries with a terminal
voltage of 60 volts and an electrical "capaclty" of about
75 ampere hours, was used 1ln all instances. This insured
that the source would give a stable pure d.c. Control of
current was achieved entirely by ser;eé resistors, thus
maintaining a maximum impedence in the circult and minimizing
the effect of any changes of back e.m.fs or of impedence
which might occur during measurements or during charging of
the electrode in the cell under study. With this arrangement,
it was found that the current could be maintalned to better -

than 1% with only an occasional manual adjustment.

(b) Current Measurement

Currents were measured with a "Sensitive Research
Instrument Corporatioﬁ" milliammeter having ranges from
10 microamps to 1 amp for full scale deflection. The guaranteed
accuracy of the instrument based on the manufacturers calibratlions

was 0e5%.
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(c) E.M.F. Measurements

Potential measurements were made using the following
instruments: (1) A Philips high impedence recording
electronic potentiometer especially equipped with ranges of
0-100, 100=200, =======, 500600 millivolts full scale.

The absolute accuracy of this instrument was better than

0.5 millivolt on all ranges. The major portion of the work
was carried out using this instrument. (ii) A manual
Tinslej potentiometer capable of reading to 0.1l millivolt
(in the ranges of potential used in this work). This
instrument was used to check the recording potentiometer and
in the study.of the reproducibility of the referehce electrodes.
It was itself calibrated by means of & Weston cadmium cell.
(111) A Hewlett-Packard cathode ray oscillliscope equipped
with a Polaroid Land camera was used to obtaln short pe;iéd
decay curves in studies of e.m.f. decay on open-circuit.
(Long period decay curves were obtained on the recording
pctentiometer). The oscilloscope y-axis was calibrated by

means of a standard cell.

7. OXYGEN VOLUME MEASUREMENTS

Rafes of oxygen evolution on open-circult were
measured using an automatic recording constant pressure gas
coulometer developesd for this purpose. A detalled description

of this instrument 1s given below.
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(a) Design of the Apparatus

The apparatus shown in Figure Va conslsted of the
electrochemical cell C provided with a capillary exlt tube T
which was joined by means of further capillary tubing to the
measuring burette B and to a manometer M with electrical
contacts E and E‘ which formed part of a feed-back circult
for maintenance of constant pressure. The right-hand slde
of the manometer M was closed at a known pressure with the
mercury just making contact with the platinum probe P. A
circult was made between the probe P and the electrical
contact E'through an electronic relay R as shown in
Filgure Vb. ﬁpon closing the circult by a rise of the
mercury on the right-hand side of M, owing to build up of
pressure in the apparatus C, the contact at P was closed and
the relay R was actlivated and supplled current to a powérful
small motor MO which drove a screwed shaft S at a rate of about -
1 r.p.me The pitch of the thread on this shaft was about '
0.5 mm. The shaft was provided with an accurately machined
nut which carried between guldes, a clamp holding a small
reservoir of mercury connected to the lower end of the gas
burette B by means of small dlameter pressure tubing. So
long as there was excess gas pressure in the burette B, the
manostatic circuit between the manometer and the motor provided
e drive which decreased the height of mercury in B until a

constant pressure was restored in B equal to “that in the




Flgure Va.

Figure Vb,

Apparatus for the automatic measurement

of oxygen volumes.

Electrical circult for the apparatus

shown in Pigure Vae.
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closed right-hand 1imb of M. The gas was thersfore collected.

continuously at a constant pressure in B. The whole apparatus

except the moior, shaft, and recorder was maintained in an alr
thermostat at 25 + 0.45°.

Automatie recording of the volume of gas 1n B was
achieved as follows. A fine platinum wire (0.001 inch in
diameter) was stretched longitudinally down the centre of the
burette B and sealed at each end to the glass wilthout contact
with the glass at any point along 1ts length except at the ends.
The upper- ernd was connected to about 0.5 inch of thick platinum
wire of negligible resistance which completed the seal through
the glass and eliminated end-effects. The fine élatinum wire
was connected in serles Witﬁ a 12-V battery and a 5000 ohms
variable resistance. The fine platinum wire had a resistance
of about 15 ohms, i.e. very small compared with the 5006 ohms
with which it was in series. An electronlc recording
potentiometer was connected as shown in Figure Vb in parallei
across the fine platinum wire in the burette. Thils wire then
acted as a potential divider giving a potential difference
proportional to the amount of wire exposed above the level of
the menilscus of mercuﬁy in the burette. When the meniscus was
g moved. sdutomatically by the manostatic feed~back clrcuilt as more
gas was collected at constant pressure, the output potentlal

difference across the wire gave a trace on the recorder.
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Calibration of the burette and adjustment of the current in
the circuit by the variable resistance R' then enabled the
full-scale displacement (20 mV.) on the recorder to be made to
correspond to. the volums of the burette between the meniscus
of mercury at its lowest level and the upper thick platinum

contact.

(b) Sensitivity and Accuracy

The gensitivity of the instrument depended upon (1)
the diameter of the burette i.e. upon the ratio Al/AV where
Al was the length of wire in the burette corresponding to
a volume AV (i1i) the applied voltage v or the current passing
1n the eircult from the babtery; (iiil) the channel sensitivity
on the recorder, 1.e., the p.des required to cause full-scale
deflection of the pen; and (iv) the dead space in the apparatus.
Magnification of any range of volumes to be measured in the
burette could be readily achieved by increase of the voltage
v or of the channel sensitivity. In the apparatus actually
constructed, 2 ml. was the maximum volume measurable in the
burette at fullescale on the recorder and changes in volume
of 0.01 ml. could be ‘detected and recorded. Burettes larger
than 2 ml. cdﬁld obviously be used in other applications. The
dead space varied from sbout L tc é ml. depending on the volume
of gas collected.
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The accuracy of the instrument depended malinly on
the closeness with which the pressure could be followed by
the manostat and motor drive. The feed=back differential in
the apparatus constructed was equivalent to about 0.005 to
0.01 ml. but could be decreased by use of a more sensitive

magnifying manometer, for example, of the inclined type (T71)

(c) Results

Some typical records of volume measurements and of
the recorder response are shown in Figure VIa and VIb,
Figure VIa, which 1s a reproduction of a recorder tracing,
shows that very satisfactory lineasrity of response is achileved
when there ié a continuous linear increase in voiume with time.
This test was made by running the drlve motor disconnected
from the menostat so that the mercury in B fell at a constant
rate, Figure VIb shows the response during an actual ﬁihetic
run in which oxygen was being evolved during self-discharge
of a nickel-nickel oxide electrode on open-circuit (6l.). Tﬁe
halts in the response correspond to changes of volume somewhat
less than 0,01 ml., The instrument could therefore record
changes as low as 0.0l ml. of oxygen. Pre-saturation of the
solution with. the gas-whose volume 1is being measured is of
course necessary for the most accurate results and was carried
out in the present work. However, if the electrolyte 1s
concentrated (> 1 or 2 N) solubility of evolved gases is small

owing to salting=-out.




Plgure VIa.

Figure ’Ib.

Recorder tirace showing linearlty

of response in the case of a uniform
rate of change of volume of gas in

the burette.  Upper line: increasing
volume with time. Lower line:decreasing

volume wilth time,

Recorder trace qf'oxygen evolution during

gself~discharge of a nickel oxlde electrode.
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8. TEMPERATURE CONTROL

The gpparatus for measurement of volumes of oxygen
evolved was entirely contained in a large alr thermostat
illustratgd in Pigure VII. Temperature control was achieved
using a mercury type thermoregulator connected to an
electronic relay, wnich in turn controlled a hundred watt
light bulb inside the alr bath.

Tor runs done at high temperatures, (e.ge 60%¢)
some additional heating was supplied continuously by means of
a large heating element made of nichrome wiré. Thls element
was loosely wound over insulated rods so as to cover the two
end walls as well as the floor of the box, thus uniformly
supplying heat over all regions of the box. Because of the
large area for the heat exchange, a temperature of 6000, could
be easlly maintained although the temperature of the elemént
1tself did not exceed 100°C. Circulation of the air was
achieved using a five inch fan operating continuously.

In addition, a coll of copper tubing, through
which cold water could be circulated, was located directly
in front of the fan thus providing a means of cooling if
necessary. With this arrangement a constancy of temperature
of 0.1°C could be readily achieved at any given point in box
with a maximum temperature variation with both time and locatlon

in the box of not more than O.2°C.







- 71 =

. In all experiments conducted at temperatures of ZSQC
or higher, the experimental cell shown in Figure VIII, was
housed in this air thermostat and connected to the oxygen
measuring device described above, For experiments carried out
at temperatures lower than room temperature, the experimental
cell was immersed in a thermostatted, refrigerated liquid bath.
For oxygen evolution measurements at the lower temperatures,
the evolved oxygen was conducted from the cell in the
refrigerated bath to the measuring device in the air thermostat
by means of a piece of fine caplillary tubing about eight inches
in length. The temperature of the refrigerated bath was

maintained constant to better than 0,1°C.

9. EXPERIMENTAL PROCEDURES

(a) Fully Charged Electrodes

(1) Polarization Decay and Oxygen Evolution

Meagurements

In this part of the work,‘the purpose was to study
the rate of decay of e.m.f. and the corresponding rate of oxygen
evolution on "fully"voxidized* nickel oxide electrodes following
cessatlon of'pharging, i.e, anodic polarization. Measurements

of rates of e.m.f. decay and oxygen evolution were made as a

* he degrees of oxidation achieved in the "fully  oxidized"
electrodes referred to here are discussed in Chapter III
and given 1n Table I. -







function of alkall concentration and temperature.

. A fully impregnated, dry electrode containing
approximately one gram of Ni(OH)2 was placed in the anode
compartment of the test cell. The two reference electrodes
were freshly prepared and a potassium hydroxide solution of
the appropriate concentration was added, In the two cathode
compartments were placed two fully oxidized nickel oxide
electrodes, each having about three times the electrochemical
"eapacity" of the test electrode. These counter electrodes
had been charged previously in a separate vessel containing
a potassiﬁm hydroxide solution of the same concentration
and purity as that used in the experiment under consideration.
The cell was then placed in the thermostatted bath and allowed
to stand with oxygen bubbling continuously for 6 to 12 hours.
Sufficient time was thus allowed for the solution to become
saturated with oxygen, for the equilibrium to be attalned and
for the potentials of the reference electrodes to become
stabilized,

The electrode was then charged for 30 hours at a
rate sufficient to provide four times the quantity Q of electricity
required to o;idize fully the Ni(OH)2 present; the quantity Q
is calculated on the basis that the electrochemlcal reaction
involves oxidation of the nickel in the hydroxide from the di-
to the trivalent states; it is also assumed that the weight gain

during impregnation corresponds to addition of stolchiometrie
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Ni(OH)Z. The quantity of electricity 4Q corresponds to a
current.density of 38.5 milliamps per gram* of Ni(OH)2 passed
for 30 hours., At the end of the 30 hour period, charging was
discontinued_and the anode compartment of the cell was
completely sealed off except to the oxygen collecting
apparatus by closing and opening appropriate stopcocks.
Simul taneous measurements of volume of oxygen evolved and e.m.f.
were then made automatically by means of the two separate
recording electronic potentiometers. The first e.m.f. decay
readings could be recorded after about 2 seconds following the
cessation of charging; the oxygen volumes, however, were not
obtainable at times shorter than about'30 secondé} This was
due to the finite time required for manual closing of stopcocks
and for initial establishment of pressure equilibrium in the
oxXygen measuring apparatus, :

This decay of e.m.f. with simultaneous oxygen

evolution was followed for about three days after which the |

* Here and elsewhere the current density 1s expressed as

current per "gram" of electrochemically active material as
discussed in previous publications (55,6l.). The necessity of
using these units arises from the uncertain real area of the
surface of the wet hydrous nickel oxide in the sintered
electrodes. B.E.T. area determinationsmade on the diigd
material showed a real surface area of about L0 meters® per
gram of Ni(OH)2 [see Chapter III section 3b]. It is of course

quite probable that the surface area changes somewhat during
drying.
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electrode was discharged at constant rate to zero volts

with respect to the Hg/HgO reference electrode., The discharge
rate was chosen such that the theoretical capacity (based on

a state of oxidation "NiOl.SW'would be discharged in five hours,
This rate will henceforth be referred to as a "five hour rate",

a term familiar in battery technology.

(11) Steady State Current-Potential Behaviour of

Fully Charged Electrodes

In thls part of the work, smaller electrodes
containing approximately 0,05 gram of Ni(OH)2 were used. These
were glven three charging and discharging cycles at 25°C before
beling used fér the poiarization measurements, Tﬂé first
charging cycle was for 30 hburs at a current of 38.5 mA. per
graﬁ of Ni(OH)Z. After allowing the electrode to stan? for
about 2 hours, it was discharged at a "five hour rate" to
zero potential with respect to the Hg/Hpg0 reference electrode.
The two subsequent cycles were carried out at the same "five
hour rate" on both charge and discharge, using a charging time
of 10 hours (i.,e. with a five hour overcharge period) and
discharging finally to zero volts, [This preliminary conditioning
of the electrodes was.found to improve the reproducibility of
the current-potential behaviour (Tafel lines)]. These electrodes
were then transferred to the experimental cell containing

freshly prepared reference electrodes and KOH solution. They
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were then polarized anodically, first at 38.5 mA./g. (to
charge or oxidize the previously discharged electrode) for
30 hours, then at various higher and lower current densities;
at each current sufficient time was allowed for the e.m.f.

to reach a séeady value,

The criterion of what constituted a "steady value”
was dependent upon the current density involved. At high
current densities (e.g. 300 mA, gtl) the e.m.f., was considered
conatant when it changed at a rate not greater than 10™2 mv.

1 a rate

per sec. However at current densitlies of 3 mA. g
of change of e.m.f., of 10'u millivolts per second can be quite
significant.  This arises from the following conslderations:

The total current, iT, passing into fhe electrode may be
considered as consisting of two distinguishable components.

In going from a lower to a higher e.m.f. value, (i.e. increasing
the current density) a portion of the current, 102, will be
consumed by oxygen evolution, and the remaining current, ig,
will go to charge the surface capaclty (see Chapter III

seoction 3) assoclated with the electrode.

Thus we may write

T O2 c
or
— av
ip = 15 * CF
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The relevant quantity in an e.m.f. - log current density

study is iOZ; what is measured experimentally is, of course,
iT' The experimentally measured current density i1p will be

equal to 1, when the quantity C3f 1s negligible in

359
comparison wilith io « FIrom these considerations it can be
currz=ht

readily appreciateg that at low/densities (l.e. at small ip)
one must walt for a much greater constancy of e.m.f., with
time (i.e. a low value of %%) than would be the case at
higher currenﬁ densitiles,

At the highest current densitles used, the value of
av*
dt
At the lowest current densitiles, howevér, several days were

required for the value of C %% to become less than 1% of 1ge

In order to overcome this difficulty, the value of C %%»was

C became negligible in comparison to iT in a few minutes,

evaluated at various +times and when it reached a value less

than 10% of iy this correction was applied/f; thus giving the

relevant quantity 102.*%
Several e.m.f. decay and oxygen evolution measurements

were made for comparison on electrodes having the same

¥ The capacitance C of these electrodes is very large, (of the::
order of a few hundred farads) so that the pg%ential must be
quite constant in order for the quantity C T to be negligible.

Methods of evaluating C will be discussed Iin a later section,

%le

Allowing for a possible error of 10% in the evaluation of

C %%, the error introduced in the estimation of the value of io ’
2

when 1, = 1,/10, was 1%.




preliminary conditioning as those used for the above currente

potential measurements,

(b) Polerization Decay at Partially Charged Electrodes

Here the decay of e.m.f. from anodic and cathodic
polarigation was studied on nickel oxide electrodes having
a controlled formal state of oxidation corresponding to Niol.ZS
l.e. at a state of oxidation half way between N1 II and Ni III,
The electrodes were initially charged in solutions
of KOH of various concentrations, at a rate 38.5 mA. per gram
of Ni(OH)2 for thirty hours at 25°C. The electrodes were
then left to stand on open-circuit to allow the surface pseudo=-
capacity (see Chapter III section 3).t§ become discharged or
- reach a steady state of chafge, The remaining bulk electro=-
chemical capacity was then determined by discharging with
constant current at the "five hour rate'". The observechharge
held by the electrodes agreed with that expected theoretically
to within 10% (this deviation 1s not unexpected.since the '
higher oxide of nickel is known to be non-stoichiometric (40,49)
and seldom corresponds exactly to the formal state of
oxidation Niol.s). On the basis of this determination, &
charging ratejie waS‘éhosen such that the electrode would be

oxidized to 50% Ni T

III
- Ni (1.e. Niol.as) in one hour.
The charging was interrupted and the decay of potential was

followed on opene-circult for 24 hours or more on a recording
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potentiomeber. The charging was resumed at the rate ic for
two hours; after decay on open-clrcuit for several hours
(to again discherge the surface capacity assoclated with
oxygen evolution), discharging was commenced at the rate - ic
for one hour’so thet the electrode regained a state of
oxidation of "Niol.ZSH' The discharging current was
interrupted and the potential decay ffom the cathodic
polarization was followed for 2l hours, after which the
remaining bulk electrochemical "capacity" was checked by
complete discharge with the same current, - ic.

This sequence of operations and the corresponding
eai.f.'s are shown schematically for a typical experiment

(in 7.3 M KOH) in Figure IX.

(¢) Quasi-Eguilibrium Potentials

In this series of measurements, electrodes wé;e
allowed to stand on open~-circult in 0,001 M aqueous KOH until
the degree of charge corresponded to an approximate state of
oxidation of "Niol.ZS"‘ The electrodes were then transferred
to other potassium hydroxide solutions by the following three
alternative procedures:

(a) Six electrodes were transfefred directly into
solutions 1ly.6, 11.0, 7.3, 3.7, l.46, and 0.146 M in KOH,
respectively, which were stirred by bubbling purified oxygen.

The e.m.f. of the electrodes was followed as a function of time
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(versus a Hg/HgO eiectrode) for one week,

(b) Six electrodes were transferred from the 0.00i M
KOH to a solution of 1.6 M KOH where they were allowed to stand
for about 2li hours; they were then transferred to solutiomns of
0.07, 0.146, 0.73, 1.6, 7.3, and 11 M KOH respectively and
again the e.m.f., was recorded at regular intervals of time,

(c) (i) An electrode was taken from the 0,001 M
KOH solution and then allowed successively to equilibrate in
0.07, 0.7, 3.65, 7.3, 11.0, and 1,6 M KOH solutions for
periods of two hours during which the e.m.f. became constant
to better than 0.5 mv per hour. A reverse series of
measurements was then made by transferring the electrodes back
from the concentrated to the more dilute solutlions.

(11) A simllar series of e.m.f. values Were obtained
by transferring the electrode from the 0,001 M KOH directly
to the strongest (1.6 M) solution and thence successively
to the more dilute soclutlions and back agaln to the more
concentrated ones,

From these measurements, the reversibility of the
e.m.f.»changes‘with changes of concentration could be judged.

The degree ‘of oxidation of the electrodes was
measured afté} the e.mf. runs by discharging the electrodes

at a controlled current.




Figure IX,

Charging and discharging cycle used in
polarization decay studies of partially

charged nickel oxide electrodes,
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CHAPTER IIT

RESULTS

1, BBEHAVIOR OF FULLY OXIDIZED ELECTRODES

8) Openecircult Behavior

(1) General

In order to study the mechanism and to determline the
kineties of the processes involved In the self-discharge of
the initially fully oxidized nickel oxide electrode on open-
circult, the e.m.f. (vs. the Hg/HgO electrode) and the volume
of oxygen evolved were simultaneouély observed as a function
of time after cessation of anodic polarization, Measurements
were made at concentrations of KOH ranging from 0.01 So 15.4
molar and at temperatures of -25°, 1,0, 25 and 60.5° C. The

experimental procedure used has been described in Chapter II,

(1i) Decay of E.M.F, with Time

The expected behavior of the e.m.f. with time after
cessation of anodlc polarization has been discussed previously
in the Introductlon ‘section (L.c). Thus a plot of e.mn.f. VS,
log (time +.O) (where 8 is the semiempirical constant discussed
previously) will normally result in a straight line for
a given electrochemical mechanism of discharge of the

double-layer or surface capacity., The slope of this line will
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be 1dentical 1in magnitude but opposite in sign to that of the
Tafel . slope  for the rate-determining mechanism involved in
the discharge of the double-layer or surface capacity,
provided thﬁt this capacity 1s constant in the range of
potentials over which the polarization decay occurs.

Results of such plots of e.m.f. vs. log (t + 9)
are shown in Figures X, XI, XII and XIII., It will be noted
that a single straight line is observed for all concentrations
of KOH at =25° G as well as in the more concentrated solutions
at 1,0° and 25° C. However, in the more dilute solutions at
1.0° and 25° ¢, as well as at 60.5° C, a change of slope occurs
in the semi-logarithmic e.m.f., decay lines, which then exhibit
two distinet linear regions a&s shown in Figures XIIa and XIIIa.
The position at which this change occurs depends markedly upon
the KOH concentration, appearing at higher potentials and at
shorter times for the more dilute solutlions.

At 60.5° C the decay lines do not display the expected
idea) Tafel behavior (viz, constant slope equal and opposite
to that of the Tafel polarization equation) but show some
curvature particularly in the more concentrated solutions

(Figures XIIIb).

(111) Oxygen Evolution on Open-circuit

From the experimentally determined volumes of gas

liberated as a function of time on open-circult, the true




Flgure X = Decay of e.m.f., on open-circult at
-25° ¢ 4in 4.5, 8.2 and 11.8 molar
KOH solution.
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Figures Xla, ’
XIb, = Decay of e.m.f, on open-circult at
1.0° c.

(2) 0,10 and 1.0 molar XKOH
(b) 7.0 and 8.6 molar KOH,
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Figures XII a,
XII b, - Decay of e.m.f. on open-circuit
at 25° ¢,
(a) 0.015, 0.15 and 2.9 molar KOH
(b) 7.1, 9.4 and 1.6 molar KOH,
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Flgure XIII a,
. XIII b, « Decay of e.m.fs On open;circuit

at 60.5° C.

(a) 0.15, 1.0 and 1.5 molar KOH
(b) 7.0 and 1l.l molar KOH.
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volume of evolved dry oxygen at N.T.P. was calculated at
various ‘times. The vapor pressure of water over the solution
at various concentrations of XKOH at the various temperatures
was calculated from the data of Akerld8f and Bender (72). A
plot of these corrected volumes ys8 time was then made for each
electrode, and rates of oxygen evolution were then calculated
from tangents drawn to the volume-time curves at various times.
These values of rate of oxygen evolution expressed

l. could then be converted to rates of self-diacharge

in ml, sec”
expressed in terms of amperes by multiplying by the factor zF/V:M
where z 18 the number (four) of Faradays F required to liberate
the gram molécular volume Vﬁ of oxygen gas, where‘Vﬁ 1s
expressed in ml, N

The e.m.f. values corresponding to these rates could
be obtained readily from the e.m.,f, = time measurements:which
were taken simultaneously as described above, In Figures {7V,
ZV, XVI and XVII are shown the logarithm of these rates of |
oxyzen evolution, expressed in terms of amperes per gram of
nickel hydroxide (see page 7. ), plotted against the corresponding
e.n.f. These results were obtained simultaneously and on the
same electrodes as thése of e.m.f. decay shown in Figures X, XI,
XII and XIII.

It will be noted that single straight logarithmic

rate lines are observed wherever the e.m.f. - log [time] lines




Figure XIV

Rates of evolution of oxygen on open=
cirecuit as & function of e.m.f. at
-25% ¢ in 4.5, 8.2 and 11.8 molar KOH

solutlons.
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Figure XV a,

XV b, - Rates of evolution of oxygen on

(a)
(b)

open-circulit as a function of

e.m.f. at l.0° Ce

0.10 and 1.0 molar KCH
7.0 and 8.6 molar KOH.
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Figure XVI 8 = Ratesyof evolution of oxygen on

open=circult as a function of e.m.f.
at 25° ¢ in 0,015, 0.15 and 2.9 molar

KOH solutlions.
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Figure XVI b - Rates of evolution of oxygen on
open~circult as a function of e.m.f,
at 25° C in 7.1, 9.4 and 1l.6 molar
KOH solutions, |
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Figure XVII a - Rates of e volution of oxygen on
open-circult as a function of e.m.f.
at 60.,5° ¢ in 0,15, 1.0 and 1.5

molar KOH solutions,.
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Figure XVII b - Rates of evélution of oxygen on
open-circuit .as a function of e.m.f.
at 60.53° C¢'in 7.0 and 1L.L molar

KOH solutlions,.




b sdwp Ammmv %607
| - c- ¢- - G-
T I T oe-
MI Nm.
u\x - ve-
P%e ‘
7 . v Vv
&X“X 3 vy’ - mm
A7 |
.x\ ‘ \\4&4\
xsx Qﬁ - g¢-
X
5 \4\%
sX \0\4 .
7 ot
\ v —x
5 HOMW g _ 9 .
0609 — L

v

OBH /BH 'SA SLTOA JW3




are also linear (i.e., at low temperatures at all concentrations
as well as at high concentrations at 25° ¢). Moreover, the
conditions that produce a change of slope in the e.m.f. decay
lines likewise produce a change of slope in the ploﬁs of log
rate of evolution of oxygen versus e.m.f. Contrary to the
predictions of simple theory [Chapter I section 1, cl], the
slopes of the e.m.f. log rate lines do not, however, always
have the same values as those for the e.m.f. decay lines,
This difference arises from the fact that the "capacitance"
assoclated with the electrode surfaée is in fact not always
constant in the region over which the decay of e.m.f. occurs.
This point will be discussed in more detail in Chapter IV

(section 1, b).

(iv) Decay of E.M.,F, in Potassium Deuteroxide .

Solutions in D2

In order to obtain experimental criteria which méy
assist in the distinction between anodic oxygen evolution
processes and cathodlc proton transfer steps as rate 1limiting
partial reactions in the overall process of self-discharge
of the nickel oxide.electrode, (i.e., to distingulsh between
Yanodic control" or "eathodic control” in the corrosion type
of reaction occurring) deuterium isotope effects were

investigated.
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Measurements of e.m.,f, decay similar to those
described above were hence also made using electrodes contalning
Ni(OD)2 as the initial electrochemically active material and
using KOD in D20 as the electrolyte. In the preparation of
electrodes for these experiments, nickel sulfate rather than
nickel nitrate was used for impregnation as described above
Chapter II (section 2, c). However, each experiment made
in D20 was duplicated by one in HZO where all controllable
conditions, including impregnation with nickel sulfate, were
kept 1dentical. Oxygen evolution measurements were not possible
here siqce the use of DZO required that the experiments be
conductéd on a much smaller scale whefe the oxygen liberated
could not be measured with any degree of accuracy.

Results of the e.m.f, decay studies in DZO solutions
0.93 molar in KOD are shown in Figure XVIII where they are
compared with data from control e xperiments in H20 solutlon.
Each line 1s based on points which are average of data
obtained in two experiments. It 1s seen that the slopes are
almost the same in both cases and have the characteristic
values normally observed at this concentration and temperature
(cf. Figure XII 6). The line for e.m.f. decay in D,0, however,

falls somewhat below (i;e. less anodic to the reversible oxygen

potential*) that for H,0. Since these decay lines are the

* Here it should be noted that under the conditions of measurement

of e.m.f, using the Hg/HgO half-cell as a reference electrode the
reversible oxygen potential measured with respect to this half-
cell is independent of the isotopic nature of the solvent since
the stolchiometric reaction is simply Hg + 1/2 0, = HgO and
hence does not involve HZO or D20 activity.




Figure XVIII - Decay of e.m.f. on open-circuit in D20
solution 0,93 molar in XKOD compared with

s control in HZO solution.
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analogues of corresponding Tafel lines, this indicates a higher
exchange current for oxygen evolution in the case of the |
deuterated material in D20 solution than in the case of the
analogous H-containing system.

(v) Effects of High Purification and Pre-electrolysis

on the Kinetlcs of E.M.F. Decay

The effects of high purification and pre-electrolysis
on the kinetic parameters for oxygen evolution were examined
in several experiments involving decay of e.m.f. after
cessation of anodie polarization. The results obtained using
the high purification techniques outlined in thpter II sectlion |
(1, b) were found to be insignificantly different from those
obtained using the standard purification technique. In
Figure XIX is shown & comparison of typical data obtained in
runs made under the above two conditions of purification. The
small difference observed (-5 mV.) in Figure XIX 1s no greater
than normal variation* (¥ 5 mV.) between runs done at the éame
degree of purification. Moreover, no definite trend of the
results, due to ultra-purification, could be established since

the highly purified. solutions gave decay lines which showed

L

¥ T4 should be noted that in the present and other anodic studies
(17,27) the degree of reproducibility of polarizatlon results

is substantially better than in analogous cathodic studles and
moreover the results are also much less dependent on ultra-
purification of solutlons,




Figure XIX - Effect of ultra-purification and
pre-electrolysis on the E.M.F. decay
of the nickel oxide electrode in 0.92

molar KOH solution.
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sometimes higher and sometimes lower polarization than the
corresponding control runs made in the solutions prepared
under the "standard conditions" of purification., The fact
that high.purification and pre-electrolysis has little or
no effect on the kinetics of processes at these electrodes
may be attributable to the very large real surface area
existing in these electrodes., Furthermore, in an anodic
process i1t would not necessarily be expected that the same
large effects due to trace impurities which are found (73)
in cathodic processes would be observed, since trace cations
which can poison cathodes by electrodeposition cannot
similarly affect anodes. Anionic.iﬁpurities would not have
the same tendency to deposit (and remain deposited) and thus
poison (or activate) the surface and could presumably'only

act as depolarisers at low current denslties.

b) Steady State E.M.F. under Anodic Polarization:
Tafel Lines '

(1) Nickel Oxide Electrodes in Agueous KOH

Solutions

?he steaay state e.m.f. a3 a function of current
density (1:e. the Tafel behavior) on nickel oxide electrodes
was investigated at 5 temperatures, (1.8, 11, 25, L0 and
60.5° ¢) in 7 molar KOH solution. Plots of e.m.f. versus the

-1

logarithm of cufrent density (in amp. g —~3.¢fe P T4 ) gave
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good straight lines which are shown in Figure XX, The lines
were found to be nearly parallel having decadic logarithmic
slopes of approximately 0,049 V. at 25° C. These 11nes, of
course, are not expected to be perfectly parallel at the
different temperatures since the theoretical slope of each line
will be temperature dependent, viz. g%. The "trensfer
coefficient", a, will depend upon the mechanism of the rate
determining reaction as discussed above in Chapter I. If a

is independent of temperature the slope will vary directly

as the absolute temperature. Here, as seen in Flgure XX, this

i1s observed only qualitatively in so far as the polarization

lines at higher temperatures have somewhat higher slopes.

(1) Nickel Metal in Ordinary Agueous and in

Deuterium Oxide Solutions

As has been stated above, the exchange curfeht for
oxygen evolutlon on self-discharge of the nickel oxide e;ectrode
was shown to be greater in D20 solutions. In order to
complement the above mentioned results, steady state polarization
measurements were made on plain nickel metal electrodes in the
form of wires in HZO and D20 solutions of KOH and KOD
respectively, The solutlons used in these experiments were
prepared from the potassium amalgam as described in Chapter II
(section 1, b) and were pre-electrolysed using nickel oxide

electrodes initially containing Ni(OH)2 and Ni(OD)2 respectivelye.
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Figure XX =~ Tafel lines for oxygen evolution on
nickel oxide at 1.8, 11, 25, L0 and
60.5° C.
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[The high purification technique was used here in order to
avold possible contamination effects which could be more
important on the small area (0.l cm?) wire electrodes used
in this part of the work]. The results of these experiments
are shown in Figure XXI. The reproduciblility, which weas
equally good in H20 and D20 solutions, may be assessed by
inspection of the three sets of points corresponding to three
different experiments shown for the D20 solution,

Owing to the much smaller real areas of these nickel
wires as compared with tliose of the sintered nickel oxide
electrodes used in the remainder of the work, the lowest
current densities examined here pofresponded approximately
to the highest current densities used in self-discharge
experiments. The slope of 0.06 observed here in the low
current density reglon is somewhat higher than that found on
the oxide electrode (approx. 0.045). However, it 1s clear
that as in the case of self-discharge on open-circult the
exchange current 1s greater in the D20 than Iin the HZO
solutions. There are also indications here of a limiting
current at higher current densities followed, by & second Tafel
region at the highest current densities., However, since the
examination of this effect was not the main objeet of this part

of the work, no further attempt was made to characterize or to

interpret: these phenomens.




Figure XXI =
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Steady state.polarization measurements
(Tafel lines) on plain nickel wires

in D,0 and HZO solutions,

2
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Measurements of e.m.f. decay on these nickel wire
electrodes gave good straight lines when plotted seml-
logarithmically in the usual menner. A typical decay curve
is 1llustrated in Figure XXII. The slope is observed to
be about 0.060 m.v., corresponding to the lower potential
reglon of the Tafel lines obtained from d.c. polarization
measurements. In these experiments with plain wire electrodes
the e.m.f. decay from higher overpotentials (corresponding
to the upper reglon in Figure XXI) was very rapid owing to the
relatively high real current densities used and no attempt

was made to study this region in detail.

2, BEHAVIOR OF PARTIALLY OXIDIZED ELECTRODES

a) Decay from Anodic and Cathodic Polarization in Agqueous

Potassium Hydroxide

In Chapter I, section 1l,c, 1t has been shown that
when polarizatlion of an electrode is interrupted the eleétrode
process occurring prior to the interruption will continue for
some time at a progressively diminishing rate. The current
required for this continuation of the process is supplied by
discharge_pf the dEuble-layer or surface capacity assoclated
Wwith the electrode. In the semi-oxidized electrode at a state
of oxidation "Niol.ZS" the process occurring during anodie
polarization is oxidation of Ni(OH)2 in the electrode itself,

Conversely the process occurring during the cathodic polarization
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Figure XXII - Decay of e.m.f. on open=circuit on

a8 plain nickel wire electrode,
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is reduction of the higher nickel oxide. Thus, by studying
the kinetics of e.m.f. decéy following the interruption of
either anodic or cathodiec polarization at & semi-charged
electrode, 1t is possible to gain some Insight into the
kinetic parameters involved in the electrolybtic oxidation

and reduction of the nickel oxide electrcde. The Tafel

slopes for the oxidation and reduction processes cannot be
obtained by the usual method.of measuring the steady state
e.m.f. as a function of current density, since at no time
during the charging or discharging is the e.m.f. truly
constant., During charging (i.e., anodlc polarization at
constant>currentL the e.m.r', rises continuouély until complete
oxidation 1s reached followed by oxygen evolution ("overcharge"
region); likewise, during discharging (cathodic polarization)
the e.m.f., falls continuously until the higher oxidé is
completely reduced. Thus e.m,f. decay measurements appeared
tc be the most satisfactory method of obtaining information

on the kinetic parameters for oxidation and reduction of the
nickel oxide species,

The decay of e.m.f, from anodic and cathodlc polarization
has been~measured on semi-cherged electrodes and the results
are shown plotted semi~logerithmically in t plus @ for a number
of KOH concentration in Figures XXIII and XXIV. The
significance of 9, the semiempirical constant, has been

discussed previously [p. 17]. In order to establish the effect
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Figures XXIII a, XXIIT b, XXIII ¢, XXIIT d. =-
Decay of e.m.f, from anodic and cathodic

polarization on partlally charged electrodes.

(a) 0.0L molar KOE solution
(b) 0,10 " " "
(¢} 1.01 n " "
(d) 7.3 " " "
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Figures XXIV a, XXIV Db = Decay of e.m.f, from
anodlc and cathodic polarization on

partially charged electrodes

(a) 1.6 molar KOH solution
(b) 0.08 molar KOH + saturated KF electrolyte.
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of varying water activity at a constant KOH activity, one
experiment, the results of which are shown in Figure XXIV b,
was conducted In a solution saturated in KF and 0.08 molar in
KOH., The water actlvity of this latter solution was
determined by a differentlal vapor pressure measurement at
25° C and found to be 0.30. The activity of the 0.08 M KOH
in the KF solution was estimated from its concentration by
assuming that the relevant activity coefficient for the KOH
was that for a solution of KOH having the same water activity
(0.3) as thet of the saturated KF solution.” The electrodes
. used for these measurements of e,m.f. decay were charged to

a formal state of oxidation "N10, ,_" (i.e., 50% N1t - NiIII)

“1.25
(cf. Chapter II section 9, b). Very good straight lines

Wwere observed for the seml-logarithmic decay of e.m.f. with
time from cathodic polarization at all KOH concentrations
except the highest and also in the mixed KF - KOH electrolyte.,
However, the e.m.f. decay lihes from anodic polarization showed
Inflections in all but the most dilute solutions at times of
the order of 3 x 103 seconds, The slopes in the early region
of these latter e.m.f. decay lines, (i.e., at times less than

3 x 103 seconds):were taken as those relevant to the oxidation

* This approximation 1s justified since at very high ionlc
strengths, activity coefficients are mainly determined by ion-
solvent interaction. This 1s borne out by the fact that at
these high concentrations activity coefficients are much
greater than one and rise very rapidly with increasing
concentration (70).
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of the nickel in the oxide from the II to the III-valent
states for reasons which will be discussed in detail in

the following chapter, where it is shown that the infleetion
arises from kinetic competition between the oxygen evolutlon
process’and the electrochemical oxidation of NiII. This has
the effect of making the e.m.f. fall more rapidly than it
would if only the process corresponding to oxidation of NiII'

iIII occurred. The results obtained from the experiments

to N
in very concentrated KOH and in the mixed KF - KOH
electrolyte, Flgure XXIV b, present a somewhat different

. problem of interpretation., In these cases, éhanges in the
relative concentrations of KOH and Hzo within the porous
sintered electrode can be shown to cause the observed
departure from the theoretically expected behavior. This
point is treated in further detall in Chapter IV, (Section

2,c, ii),

b) Decay from Anodic snd Cathodlie Polarization in

Potassium Deuteroxide Solution

Anodlc and cathodlc e.m.f. decay measurements similar
to those described in the previous section were made on
Ni(OD)2 electrodes in KOD-D20 solutions prepared as described
in Chapter II , section l,c. The results are shown in
Figure XXV where they are compared with corrésponding

measurements on control electrodes in aqueous KOH solution.




Figure XXV
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Decay of e.m.f. from anodic and

cathodlc polarization on partially
charged electrodes in KOD in DZO

solution compared with a control electrode

in ordinary agueous solution,
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Both the Ni(ODJ2 and the Ni(OH)2 control electrodes used in
these measurements differed from the electrodes used in the
remainder of the work in that they were prepared from NiSOh
rather than N1 (N03)2. 6 H,0 and the density of Ni(OD)2 and
Ni(OH)2 in the sinter was less by a factor of from five to

ten than that in the regular Ni(NO3)2.6 H,0 prepared electrodes,
It will be noted that both the anodic decay and cathodic
recovery lines are displaced to lower potentials in the
deuterium contalning electrodes and Solutions as compared

with the control Ni(OH)2 electrodes in H,0. The decay lines,

however, show no significant difference of slope,

¢) Quasi<Equilibrium and Reversible E.,M.F. Values

(1) Reversible E.M.F. from Anodic and Cathodie

Decay Lines

The anodic and cathodic decay lines discussed above
cannot of course continue straight to infinite time but ideally
will curve as the reversible electrode potential is approached
becoming asymptotic to the reversible potential at very long
times. This behavior is analogous to that for anodic and
cathodlie Tafel lines. for a given electrode process where the
intersection’ of the extrapolation of the stralght regions of
each line gives a point, the coordinates of which arpe the
reverglble potential and the logarithm of the exchange current.
Thus, from the point of intersection of the extrapolated straight
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reglons of the anodic and cathodic decay lines shown in
Figures (XXIII and XXIV), the reversible potentials at a

state of oxidation 50% NiIl o yg I

may be evaluated at the
various concentrations. In the most concentrated solution
(1.6 molar), concentration changes coupled with slow
diffusion of water out of, and of KOH into, the electrode’
cause: distortions in the e.m.f. decay lines making an extra-
polation from short times Impossible. However, since in this
case the e.m.f, Ef at long times tends to a value less anodic
than the oxygen reversible potential, "Efﬁ may be taken as

the reversible potential without the possibility of kinetic
complicatibns arising from simultaneéus oxygen évolution which
occurs in the more dilute 'solutions at the reversible (N:I.II -
NiIII) potential., This matter will be discussed in more
detail in Chapter IV (section 2, c) where self-dischérge
effects and mixed potentials are dlscussed., In the KF - KCH
solution, concentration effects are also important,again méking
extrapolation from short times of doubtful significance.
Moreover, the potential approached from anodiec and cathodic
polarigation at long times 1s higher than the reversible

oxygen potential so that the "Ef" value reached at very long

times actuaelly corresponds in this case to a mixed potential,

*  For more detalls see Chapter IV, sectlon 2, c.
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However, from considerations to be discussed later (Chapter Iv,
seotipn 2, ¢) 1t can be shown that the mixed potential in |
KF =« KOH solution will be quite close to the true reversible
potential for the electrode In that solution.

The above considerations in relation to the data in
Flgures XXIII and XXIV enable the true reversible potentials
for the "Niol.25" electrode to be expressed as function of
KOH and water activity and hence allow: a formal Nernst equation
to be evaluated and a corresponding stoichiometric redox
equation to be formulated. This is further discussed in
Chapter IV where the theoretical aspects of this matter are

examined more fully.

(11) Quasi-Equilibrium or Mixed Potentials at

Long Times

From the foregoing, it is clear that except in the

strongest KOH solutions the potentials measurzd on: open=
circult after long periods of standing will not be the t rue
reversible potentlals but rather steady state quasi~equilibrium
of mixed potentiasls, In this section, these potentials determined
after long periods of standing are related to KOH and water
activities gnd cOmpéred with the true reversible potential of
the electréde deduced by the kinetic analysis involving e.m.f.
decay discussed above.

| The potentials obtained by the procedure ¢, (ii)

(pe 80 ), desoribed in section 9 under "Experimental"
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(1.e. after having been allowed to equilibrate, an electrode

is transferred Successively into KOH solutions of decreasing
concentration, then 8uccessively back into more concentrated
solutions each time measuring its equilibriwm potential)

are shown as a logarithmic function of molar concentration

of KOH In Figure XXVI, The results obtalned from "backward"
Successive Immersions (dilute to strong) in various KOH
solutions agreed satisfactorily with those obtained by "forwarg"
immersion (strong to dilute) as shown in this Figure but some
irreversibility occurred when the sequence of operations
(procedure C, 1, page 80 ) was carried out by immersing

the electrode initially in the dilute solutions followed by
8uccessively more concentfated solutions and thence returning
to the more dilute solutions., The valueé attained in;tially

in the dilute solution wWere somewhat less positive thén'those
reached upon "return" from the concentrated solutions, The
latter values obtained upon return from the concentrated
solutions were in good agreement with those obtained by
procedure ¢, ii, Likewise values obtained by procedure b, (i,e.
8lx electrodes initially transferred to the strongest solufion
and thence d;rectlyito solutions at six different KOH
concentrations), were in good agreenent 4ith those obtained

by procedure c, il, Procedure a (p. 79 ) (i.e. six electrodes
transferred directly from the 0,001 M KOH solution to solutions

at six different KOH concentrations)gave poténtials in agreement
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Reversibility of e.m.f. of the nickel
oxide electrode with successive changes
of concentratioﬁ. Arrows indicate
sequence of changes for an electrode
initially put in the strongest solution
after belng mainteined in 0,001 M KOH,
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with those obtained by the other methods in concentrated
solutions but somewhat lower and less reproducible potentials
in the dilute solutions.

;n Figure XXVII comparison is made between the data
obtained by procedure b described in section 9 Chapter II
(six electrodes transferred from the strongest solution to
six different KOH concentrations) {(crosses) and the polarization
decay method (circles). It is seen that the polarization
decay method gives values significantly more positive (ca. 15-30
mV.) to the Hg/HgO electrode than those obtained by procedure b,
This is In fact to be expected since the values cbtained by
the latter'procedure are the mixed pbtentials and will be
depressed from the correséonding true reveraible potentlals
by the small cathodic polarization impressed on the electrode
by virtue of its finite rate of self-discharge by the corrosion -

type of process discussed previously.

3., Surface Capacitance of the Nickel Oxide Electrode

2) Definition
When considering the nickel oxlde and other similar

electrodes, which are capable of storing energy electro-
chemically-;ome care must be taken in the definitlion and use
of the terms "capacitance" and "capacity". In battery
technology thé term "capacity" or "electrochemical capacity"

conventionally refers to the quantity of electricity, expressed
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Figure XXVII - Comparison of e.m.f. values obtained
from "stationary' potential measurements
(crosses) and from appropriste extra-

polation of logarithmic decay lines (circles).
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as the product of current and time, which can be drawn from
the electrode on discharge or conversely, the quantity of
electricity required to charge the electrode. The "capacity"
used in this sense is usually expressed in units of ampere-
hours or coulombs (ampere-seconds) and is hence not truly a
"capacitance" in the electrostatic sense.

The capacitance, on the other hand, relates the
potential of a system or body to the charge which has been
commmicated to it. The "differential® capacitance G of a

System may be defined simply as

= 49
¢ aB

where q 1s the quantity of electricity and E is the potential,
If q is measured in coulombs and V in volts, the capacitance
will be expressed in farads. The capacitance C need not
necessarlly be constant over a range of E values and in fact
this case 1s encountered with regard to the double=-layer
capacitance of an electrode interface., The origin of the ionie

double-layer capacitance has been adequately discussed elsewhere

(7).

b) Origin of Electrochemical Surface or Pseudo-Capacitance

At an ideal polarizable electrode (7l ) such as mercury,
the potential of the electrode can be raised with corresponding
chenge of net surface charge upon the metal and of ionic charge

in the solution adjacent to the metal surfhce; during this
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process, no net transfer of charge takes place across the
interface., Under these conditions, the interface behaves
electrically like a condenser and it is hence possible to
speak of the "capacitance!" of the double~layer of charges at
the surf;ce. In a similar way, electrodes at which a limited
amount of pure species can be deposlted on the surface to
form an adsorbed fllm also behave llke electrical condensers
over & limited range of potentials, In this case, some charge
transfer must occur to bulld up the film but this process is
distinct from continuous!electrolysis. It is usually found
that these surface film capsacitances are larger by a factor of
5.50 than that observed for the ionic double-~layer capacitance
at mercury although of course the vdl ue of this capaclty
depends on the electrode potential (75). In some cases, e.g.
with regard to the surface film capacitance due to adsorbed

H at Pt (76), these two types of capacitance can be distinguished
but, depending on the potential at which the ad«species 18
formed or removed at the interface, this distinction may not
always be possible or at least not facile (cf. Bockris and
Devanathan, 76).

In tgeicase of the nickel oxide electrode, high
capacitagées are observed (see below Table I). These large
values have been attributed by Lukovisev and Temérin (77)
to a surface layer of adsorbed intermediates (esge OH or O

radicals). Thig suggestion appears to be entirely plauslible
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since B.E.T. measurements” made on the dried materiels, reveal
a surface area of }0 mg per gram of active nickel oxide in

the charged state and 32 m? per gram in the discharged state,
Assuming the surface of the material in the original wet

state to‘be at least of comparable magnitude, 1t is readily
shown that less than a monolayer of O or OH radicals can

account for the capacitance values observed,

(c) Evaluation of Surface Capacitance

(1) Capacitance of the Electrode from the Quantity @

In Chapter I an expression was derived relating the
e.m.f. Of an electrode to the time elapsed from the moment of

interruption of the polurizing curfent. It was shown that

.l
E = a = Dblog (t + @)

!
where E 1s the potential at any time t and a , b and @ are
constants, It also has been shown (p. 16) that the constant -
9, which has the umlts of time, 1s related to the capacitance,

C, of the electrode by
bC

o = 0
2.3031

3

These measurements were carried out through the kindness of

Dr. C. Amberg of the National Research Cowncil,
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where b 1s the slope of the e.m.f, decay line and 1' is the
polarizing current passing prior to the interruyption of
polarization, Since b, i' and @ are experimentally measurable
quentities, C may be readily calculated, The evaluation of @
is usualiy made empirically from e.m.f. loz (time) plots
simply by adding to the measured time t that constant value of
time, @, which gives an initially (and continuously*) linear
em,fe = log (£ + @) plot., Such a plot is shown in Figure
XXVIII, An alternative method of evaluating &, which
eliminates any arbitrariness, has also been used in this work
in order to verify the accuracy of tﬁe empirical method just
described, This alternative metpod is based on a relationship
which maj be derived as'followst

If the e.m.f, 18 related to the time by the expression

Z = a b log (t + @) - [26]

'}hen differentiating

dE _ . =-b
3 "3t +ay [27]
and
_ ~b dt
p+ e = 3.3 af [28]

Substituting this value in equation [26] we have

E = a' - b log [- E%Eggﬁa [29]

* Except where changes of mechanism are involved as the
potentlal falls, )
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Figure XXVIII « Comparison of a plot of e.m.f. ¥S
log (t) with that of e.m.f. ¥v8
log (t + @) for a typical nickel

oxide eleectrode,
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which may be approximately written as

E = a.,- b log f‘é—;—?—g—ﬁ Ai] [ 30]

and for small, constant decrements of e.m.f.-AK

n

E = a = blog (At) [31]

where the quentity At refers to the increments of time requlred
for constant successive decrements of E.,M.F. AE to occur during
the overall decay of E,M,F, with time.

In Figure XXIX 1s shown such a plot of e.m.f. versus
log AV where At 18 the time required for a constant decrement
of emm.f. AE. In this way the slope of the e.m.f. decay line
may be obtalned independently of the value of @, At long times

(.e. t 100 9), t may be taken as approximately equal to

(t + ©); hence, knowing the slope b as well as the coordinate
of one point on the decay llne at long times, it is pbssible.
to draw the line representing the expression

1]
E = a -blog (t + &)

The value of © may then be obtained graphically as the difference
between the experimentally measured time at a given value of E
and the cprrespoﬂding value of (t + @) at the same value of E,
Values of @ determined in this way were not significantly
different from those obtained by the empirlcal method : i~

described above, Moreover, no real galn in accuracy was
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Figure XXIX - Plot of e.m.f. ¥8 logarithm - of the
Interval of time required for each
.0 millivelt drop of e;m.f. during
seif-discharge on open circult,
(Data 1s based on the same e.m.f.
decay run as that referred to in'

Figure XXVIII),
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achleved by using this more laborious method except in those
cases when a change of glope, due to a change of mechanisﬁ,
occurred after short times. The above method was hence used
only as a check on the emplirical method and in those cases
where soﬁe dlfficulty was otherwise experienced in obtaining
8. The precision attainable by both methods was approximately
¥ 10%.

If the e.m.f. decay equation given previously is

bC )
17y
2.3 1

valid (viz. E = a = b log (t + ©) where 0 = then two
conditions will be fulfilled:

(a) the decay lines for various initial polarizatioﬁ
currents-on a given electrode will coincide although having
differenﬁ values of 8 .

(b) the values of @ should be inversely proportional
to initial polarizing cufrents,

Flgure XXX shows plots of e.m.f. vs (t + @) for three
successive decay runs on an electrode, where the initial
polarizing currents 1' were respectively 20, 3 and 1
milliampere, The small differences between these lines
are due to the effects of ageing rather than to different
1' values, In the example illustrated in Figure XXX the decay
lines wer; taken on the same electrode in the order 3 M.A,

1l M.,A and 20 M,A, for the initial polarizing currents i'.
Flgure XXXI shows that @ is in fact satisfactorlly linear

with 1/3.l and the line passes, as i1t should, through the origin,
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Figﬁre XXX ~- Test for condition (a): The slopes
and intercepts of e«m.fs decay lines

are 1independent of current density.
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Figure XXXI = Test for condition (b): The quantity
e ié linear with the reciprocal of the

initial polarizing current.
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i.e. condition (b) is likewise fulfilled. Thls serves as .
experimental proof that the analysls of e.m.f. decay is
fundamentally correct and that the addition of @ to the

time on open~circuilt 1s legitimate and not Just a device

to straighten an otherwise curved line. (It may also be noted
that © has the significance of that time required for the
electrode potential to fall from an initial hypothetical

value of infinity to the actual starting potential.)

(11) Capacitance from Charging Curves at

0xidized Electrodes

" When an anodle or cathodic polarizing current is
applied fo a nickel oxide electréde, there 1ls no instantaneous
departure of the potential from the open-circuilt value., The
electrode potential, in fact, rises (or falls) relatively
slowly from the initial open-circult value in a manner analogous
to the bahavior of a condenser of abnormally large capacitance.
When a partiaslly charged nickel oxide electrode is polarlzed
at constant current, the potential at first rises almost
linearly and then curves into a reglon where the electrode
potential is almoét independent of quantity of charge passed
and oxida;ion of the oxlde takes place. When oxldation of the
Ni(OH)2 has proceeded to "completion" (i1.e. approximately to the
state “Niol.s") another sharper rise of potential is observed

until a potpntial is reached where steady state anodic oxygen
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evolution occurs at a rate correspondlng to the whole

polarizing current. Unhder these conditions, the potential

then becomes constant, This behavior is illustrated by the
upper (charging) curve in Figure IX. If,on the other hand,
the electrode is initially in s state of oxidation corresponding
to Niol.S’ the potential, on anodic polarization, will rise
directly to the potential for steady-state oxygen evolution.
Thls behavior is illustrated in Figure XXXII, In these
experiments, electrodes were fully charged and then left
on open-circult for about 2l hours in order to allow the
potential to approach a steady value.* They were then
anodicaily polarized at constant éurrent and the e.me.f, was
followed as a function'of time by means of an electronic
recording potentiometer, Initially, since the e.m.f. was
too low for any appreciable oxygen evolution to océur, the
current could be assumed to go almost entirely to charge thé
apparent capacltance of the electrode, |

As higher potentials were reached, oxygen evolution
did of course begin to occur at an appreciable rate taking up
a progressively larger portion of the total polarizing current

until finally the e.m.f. became constant with time and only

¥ The nature of these steady values, which are In fact mixed
potentials, 1s discussed in a later section,
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Figure XXXII - Charging of the surface on nominally
"charged" "Ni0, 5" nickel-oxide

eleetrodes,
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oxygen evolution occurred. (This behavior is formally similar
to that observed in the cathodic polarization of mercury where
initially the lonlc double-layer capacitance is charged up

and at’high negative potentials the current corresponds

almost entirely to the Faradaic process of hydrogen evolution.]
In the range of potentials where the rate of oxygen evolution
is negligible in comparison with the polarizing current, the
capacitance dq/dE is directly obtainsble from plots such as
those shown 1in Figure XXXII. In solutions of low and
intermediate concentrations of KOH, the rise of e.m.,f. with
the number of coulombs passed was inltially linear, curving
off at potentials where the rgté of oxygen evolution became
appreciable, This behavior, observed in solutions having
concentrations less than 3 molar In KOH, is exemplified by

the d.c. charging curve shown in Flgure XXXII for a 0,015
molar KOH solution, In the concentrated KOH solutions

(7 to 14.6 molar), the charging curves were more complicated

exhiblting some dependence of capacitance upon potential,

(i11) Capacitance from Simul taneous Measurements

of E,M.F. and Volume of Oxyzen Evolved

Measurements of volumes of oxygen evolved on open-
circuit as a function of e.m.f. may also serve as a measure

of electrode capacitance, Since the volume of oxygen evolved

Vo

is a direct measure of the quantity of electricity
2 .
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consumed (in self-discharge) over a given range of potentlal

decay, we may write

where k is the factor Eifgﬁ for converting ml. of oxygen
at N.T,P., to coulombs,

Plots of volumes of oxygen evolved corrected to
N.T.P., and corrected for the partial vapor pressure of
water over the solutions used, are shown in PFigures XXXIII,
XXXIV, XXXV and XXXVI, The corresponding capacitence at
any given potential will be given by the reciprocals of the

slopes of the lines multiplied by =mmiiw. The capacitance
52400

at the beginning of the self-dlischarge process (i.e. at the
highest anodic potentials) should be the same as that which
glves rise to the quantity "0" previously discussed, In
fact, values of capacitance obtalned from these oxygen volume
measurements are in relatively good agreement with those
calculated from @ and those obtained from the d.c. charging
-ourves, A comparative sumary of capacitance obtained by
these methods at various temperatures and KOH concentrations

is giveh in Table I, Also inecluded in Table I is the state
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Figure XXXIII = . Volume of oxygén evolved on open-
circult as a function of electrode
potential at -25° C, The electrode
capaclitance (inversely proporfional-
to the slope) is observed to be.
quite constant in this region.
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Figure XXXIV -
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Volume of oxygen evolved on open-
circuit as a function of electrode
potential at 1.0° ¢, Some dependence
of capacitance on the electrode

potential is evident.,
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Flgure XXXV - Volume of oxygen evolved on open-
| circult as a function of electrode
potential at 25° C. There is 8 very
marked increase of capacitance as the
electrode falls to lower potentials

in the more dilute XKOH solutions.
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Figure XXXVI = Volume of oxygen evolved on open=
circuit as a function of electrode
potential ét 60.5° ¢, Capacitance
increases with falling potential at

all concentrations of KCH,
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of oxidation Q expressed as the ratlo of electrochemlcally

active oxygen* to nickel rsached by the electrodes

immediately after charging. Values of Q were determined

by measuring the number of coulombs required, at constant

current, to discharge the electrode to gero volts with

respect to the potential of the Hg/HgO electrode. The

last column in Table I refers to the quantity of charge,

again expressed as a ratio of active oxygen to nickel,

which is lost on self-discharge during the flrst

2l hours on open-circuit. The latter values are based on

the measured volume of oxygen evolved from the electrode

during this period.

3

That is, the stoichiometric excess of O in the oxlde above

that corresponding to the formal composition "NiO" (ecf.
Forster, 33).
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Table I

Surface Capacitance and Active Oxygen Content of Electrodes

as o Function of Temperature and KOH Concentration

Temperature conc. Surface Cape. F.g.'l Active Oxygen Atom
% M/1liter Fiom g From dECdOZ*% Tnigizlgtom gist =
(f15%™) (215%™) first 2l
(£.03%) . (¥.0057;
-25 °¢ L5 170 210 0.l2 0.015
8.2 170 130 0.442 0.010
11.8 130 - 130 W | 0,010
1.0% = 0,10 300 210 0.43 0.030
1.0 300 230 0.49 0.035
740 230 1,00 0.1i6 - 0.022
8.6 180 210 0.43 | 0.020
25°¢ 0.015 320 230 0.4 0.035
0.15 250 300 0.l 0,032 -
0.93 1,00 600 0143 0.035
2.9 330 380 0.148 0.926:
740 330 1480 0.52 © 0.028
9.l 280 300 0.51 0.025 .
a6 180 24,0 0.57 0.020




Table I - continued.

60,5 2 0.15
1.5
7.0

1’4.011- -

15.4

150
160
200
220

280

13 -

130
160
260
240
320

0.28
0.39
0.57
0.67
0.66

0.050
0.035
0,028
0.035 °
0.035

+*

The margins of error indicated are the maximum deviations.

from the mean values observed between replicate mms done under

the same conditions of temperature and concentration,

¥* Dhe values recorded here are of ™nitial" capacitance (cf.
pe 133) at the highest anodic potential at the beginning of
the E.M.F. decay. Substantially higher values arise at lower

E.M.F.'s after the decay has proceeded for some time

particularly in the more dllute solutionsat higher temperatures,
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CHAPTER IV

DISCUSSION

1. KINETICS OF SELF-DISCHARGE

&) Nature of the Self-Discharge Process

The oxidlzed nickel oxide electrode in aqueous
solution must be considered as thermodynemically unstable
since, as has been shown above, the electrode pq%ential of

I i1z in alkaline solution is somewhat

the system [N1] NiTT - w1
more positive than that of the reveraible oxygen electrode
in the samé solution. The situation is analogous to that of
a metal higher (i.e. less’noble) than hydrogen in the
electromotive series In aqueous solution. If, in the case
of a metal, the half-cell potential for the process

Mt ¢+ e — M

1s more negative (International Stockholm Convention) than
the half-cell potential in the same solution for the reaction

+

H +e—>l/2H2

then dissolution or:corrosion of the metal will tend to occur
with evolution of hydrogen,
This dissolution or corrosion will proceed by an

electrochemlcal mechanism; the anodic process

M — M + e
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will supply electrons for the corresponding cathodic process

-+

H + e — 1/2H

2

and the overall rate will be controlled mainly by the slower

of elther ‘the anodic or the cathodic partial processes (12),
Similarly, an electrode system lying at a potential

anodic to the reversible oxygen electrode (i.e., lower than

oxygen 1n the electromotive series) will become reduced

electrochemically with evolution of oxygen provided that two.

conditions are met, The first 1s that the anodic reaction
j oHT — 0, + 2 H,0 + e

can occur at a finite rate on the_eiectrode sufface at the
potential involved and thé second 1s that a cathodic process
can occur simultaneously that will take up the electrons
liberated by the anodic process mentioned above, '

| The oxidized nickel oxide electrode can be gulte
readily discharged cathodically as demonstrated by 1ts usé as
a battery electrode; thus the cathodic process required for a
"ecorrosion" type mechanism of self-discharge 18 certainly
possible, The anodic process of discharge of OH  to liberate
oxygen can';ikewisé proceed without excessive activation
polarization during "overcharge" (i.e., during anodic
polarization after the electrode has become fully oxidized),
Moreover, it is well known that the higher oxide of nickel
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is more stable in the dry state than it is in contsct with -
water (33)., We must look therefore, for an eleetrochemical
corrosion type of mechanism in the self=-dlascharge of the
nickel oxide electrode in aqueous solutions; it will be shown
that the present work provides strong evidence for this
viewpoint and allows a detailed electrochemical analysis
of the processes occurring to be made, In this treatment
of the corrosion type of process, we have therefore to decide
from the observed kineties: &) whether the anodic or the
cathodlic partial process is rate-determining and (b) having
established this, determine what individual mechanism(s) in
the net aﬁodic or cathodic process determine 1£s rate,

In order to obtgin information which will enable
the above mechanistic problems to be elucidated, the following
techniques have been used, as described in detail above in
Chapter II, section 9: (a) Steady-state polarization
measurements (Tafel lines); (b) rates of self-discharge on
open~circuit by oxygen evolution measurements and (c¢) rates of
‘decay of e.m.f. on open-circult using fully and partially
charged electrodes.

The aims bf the measurements have been: (a) to
evaluate the rates of self-discharge and oxygen evolution as
a function of KOH and water activity; (b) to establish, for the
purpose of indlcating reaction mechanism(s), the slopes of the
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anodic and cathodic polarization lines; (c) to evaluate the
mixed potentials; (d) to complement the above studies by
determination of the direction of the H/D isotope effect in
the self-discharge process,

Before we can make kinetic interpretations of
polarization and e.m.f. decay slopes in terms of reaction
mechanisms it will be necessary to examine the fundamental
significance of the decay slopes and it will be shown that,
for the present electrode systems, the simple analysis of such
s8lopes published previously (8,9) are applicable only under
certain limiting conditions,

b) Significance of E.M.F. Decay Lines

(1) Origin of the.decax,law and assumptlons involved

+In Chapter I the expression

7 = a' -=blog (t + @)
was derived and it was shown that b, the sémi-logarithmic’
slppe, could be equal in magnitude but opposite in sign to
the Tafel slope for the process, This e.m.f. decay method has,
in faet, been suggested by a number of authors (8,9,78) as &
convenient means of obtaining e.m.f.~log current density
relationshigs (Tafel slopes) for electrode reactions., From
data avallable from the present work, it 1s possible to
examine critically this method of obtaining the Tafel slope and

to determlne some of the conditions under which 1t may or may
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not be valid. The significance of applications to the nicksl
oxide will then be clear.

In the derivation of the above expression relating
eemefe to log (t + 0), two basic assumptions are made:
(a) 1t is assumed that the same Faradalc process which was
occurring prior to the interruption of polarization continues
to occur on open-circult at a diminishing rate determined by
the potentlal difference across the interfacial double=-layer;
(b) the charge held in the electrode-solution interfacial
capaclitance 1s assumed to behave like that in an ideal condenser
(1.es the capacitance is independent of potential*).

(1i) COritical examination of the first assumption

’The first assumption (thaf the séme Faradaic process
which was occuﬁring prior'to the Interruption of polarization
continues to occur on open-circult) is unambiguous if the
charge residing in the electrode-solution interface ié pur ely
"electrostatic" in nature (i.e. electrons in the metal and 1on$
in the solution). If, on the other hand, the charge arisés from
chemisorbed intermediates on the electrode surface, it is no
longer obvious that the process occurring on open-circuit is
identical with that ocecurring during polarization. The
1ntermediaygs alreaﬁy present on the surface may recombine
or be otherwlse desorbed (e.g. by an ionic mechanism) as they
_didhduring‘polarization but they need no longer be produced

* That the capacitaﬁce could be a function of potentisl has

been previously recognised (10) but the kinetic consequences
of this possibility have not hitherto been developed
explicitly. ' :
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in significant amounts* as was required during steady-state
polarization. Thus the e.m.f. may fall owing to the
disappearance of these intermediates (79), but now not all
the steps ;n the overall procesas need occur in order to account
for the observed decay of e.m.f.

Thls may be illustrated by reference to the following
example concerning cathodic hydrogen evolution. Let us assume
thaéﬁi metal, (e.g. Pt) the processes

H + e + M — HM I

and

HM + HM — Ha + M ‘ II
are occurring consecutively with II rate~determining during
polarization (b = 2.3 RT/2F). Upon interruption of the cathodiec
polarizing current, I and II will continue to occur at a
diminishing rate as the double-layer capacitance is diséharged.

However, the capacitance due to charges in the double-layer

(H30+ on the solution side and electrons in the metal) will,

We may note that owing to continuing discharge of the ionic
double-layer on open=circuit, a small amount of ad=species
will in fact continue to be formed. Since, however, the ionic
double-layer capacity is usually 10«50 times smaller than the
surface pseudo-capacity due to adsorbed films (75) the number
of adsorbed species arising from continuing discharge of the
ionic double-layer may be neglected in comparison with the
number already present on the surface at the moment of
interruption of the current.
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in the case considered, be much smaller than that associated
with ‘H adsorbed on the metal. This latter pseudocapacity
can, however, be effectively "discharged" simply by the
recombination reaction II continuing to occur (without
involving I and the "electronic" double-layer capacity)

with an associated decrease of surface coverage by H and a
consequent decrease of the potential difference across

the double-layer. It i1s thus in this sense that when
consecutive reactions involving chemisorved intermediates are
proceeding, the decay processes occurring on open-circult do
not necessarily involve the same overell process (viz, I
followed Ey IT in the present example) as that.occurring
during polarization. ‘

In the present work, the rate of oxygen evolution
observed during self-discharge measuresunambiguously khé true
rate of the process occurring on cpen-circult as a function of
potential., It 1s in fact observed that if this rate, expfessed
in amperes per gram, 1s plotted logarithmically as a function
of potential, straight line regions generally result (Figures
XIV-XVII) and the slopes of these lines are identical with
those obtained froﬁ results of steady-state polarization
measurements, Thus, plots of results obtained by these two
methods in 7.0 molar KOH solutions at 25° C are shown in

Figure XXXVII. The lower line (full:circles) representing the
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Figure XXXVII: Rates of self-discharge obtained from
(a) measurements of oxygen evolution
on open=-circuit (0), and (b) steady
state polarization (X). [Similarity of
Tafel parameters is strong evidence that
the same process 1s rate-determining in

the two cases].
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rate of self-discharge on open-circult was obtained from
measurements of rates of oxygen evolution on a freshly
prepared electrode after a single cycle of charging. The
points rep?esented by circles are from open-circuit
measurements on a similar electrode which was given three
rrevious charging and discharging cycles and finally the
rate of oxygen evolution was followed after the fourth-charge,
The points represented by crcsses are from results of steady-.
state polarization measurements made on electrodes which had
been given three prior charging and discharging cycles.*
Results obtained from the steady-state polarization and the
oxygen evolution measurements on opeh-circuit are in agreement
to within 5 m.v. if the experiments are conducted under
comparable conditions. This agreement is well within
experimental error for work of this kind and must be regarded
as quite satisfactory.

This result shows that the process occurring on
open-circult is kinetically indistinguishable from that
occurring during steady-state anodic polarizatlon and thus

the first assumption made in the derivation of the decay

¥ In these’'series of measurements it was found that the

electrodes which had been given several cycles of charging and
discharging gave more :reproducible results. This may be
attributable to the opportunity thus provided for crystallites
of the hydrsted oxide to reach equillibrium states by processes
analogous to those occurring during digestion of precipitates
in gravimetric anaiycis,
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equation 1s in fact experimentally justified. As we have

shown above, this does not necessarily imply however, that

the processes occurring during steaty-state polarization and
during open-circuit oxygen evolution are identical in all
respects, The rate-controlling step must, of course, be the
Same but steps preceding it which are essentially in equilibrium
need not proceed in a net forward direction (under the
conditions assumed above for the surface capacity) in the case
of open-circuit decay as they must during steady-state

polarization,

(111) Critical examination of the second assumption

As shown previously (Results section 1, (a) i1) the
slopes of the e.m.f. decay lines are not always ldentical with

those of the e.m.f. - log [dV, /at] lines., Since the.rate of
2 o

OXygen évolution measures directly the true rate of self-
discharge, the potential dependence of the rate obtained by
this procedure must be accepted as correct and corresponding
to the true, kinetically significant, Tafel slope b, In the
cases where the slope of the e.m.f. decay line and that of
the oxygen evolution line are not in agreement, the origin
of the discrepancy must therefore be sought in the assumptions
involved in the e.m.f,~decay method,

We have mentioned above that the second assumption

made in derlving the e.m.f. decay expressiop_is that the




- 152 =

surface capaclitance is constant over the full range of
potentials covered during the decay of e.m.f. This implies
that |

- QL -
3k constant

| ]
where q 1s the quantity of electricity consumed during self-
discharge and E is the varying electrode potential observed

during open-circuit decay. Since (see also section 3, c, iii)

1
q = kV

o. (k& = L4F/22400)
2

where Vba is the volume of oxygen in ml, at N,T.P. evolved
during a certain degree of decay of e.m.f. E, the assumption
of constant cepacitance leads to

dV02

~3E~ = constant
and thus a plot of e.m.f. ys., volume of oxygen evolved should -
be linear, the slope of this line then being inversely
proportional to the capacltance., An examination of Figures
XXXITII, XXXIV, XXXV and XXXVI shows that this behaviour is in
fact observed only uader certain conditions. Thus at =25° c,
(Figure XXXIII) the e.m.f, is oYserved to be directly
proportionai to the quantity of oxygen evolved so that the
capaclitance is constant. We can therefore expect that the

eam.f.~log (t + &) and the e.m.f,~log [av, /dt] 1lines will
2
have equal and opposite slopes. An examina?ion of Flgure XXXVIII
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E.M.F, decay line compared with the

true Tafel line (from oxygen evolution
measurements) for an electrode in 8,2
molar KOH at -25° C. The dotted line
represents the hypothetical Tafel line
(Tafel analogue) which would be obtalned
from decay measurements assuminé the
decay slope to be numerically identical .
with the Tafel slope. '
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shows this to be true., In Figure XXXVIII these two lines are
represented, together with the Tarfel analogue* of the e.m.f,.
decay slope (shown by a dotted line) for the case of an

8.2 molar-solution at -25° ¢, It is in fact observed that

the slopes of the e.m.f.-log (t + ©) and that of e.m.f.-log
[dVOZ/dt] have numerically equal slopes in this case.

At other temperatures, however, the capacitance 18 observed

to increase as the e.m.f. decays to lower values (ef. Figures
XXXIV, XXXV and XXXVI), TUnhder these conditions, we can no
longer expect that the slopes of the e.m.f.-log [t + @] and of
e.m.f.~1log [dVOZ/dt] plots will be equal in magnitude since

the assumption. of constant capacitence no longer holds,
Experimentally it 1s found that in these cases the slopes are
in fact different. An examination of Figure XXXV shows that

' the capacitance in the 0.15 molar solution at +25° C.ié a
function of potential and when the e.m.f.=log [t + 8] and

the e.m.f.=log [dVoz/dt] slopes are compared for this case (see
Figure XXXIX) they are seen to be significantly different, The
slope of the e.m.f.-log [t + @] line is lower than that of

the corresponding e.m,f.-1og [dvoa/dt] line. This is the

We refer here to the "Tafel analogue' of the e.m.f. decay
slope as that Tafel line whose parameters io and b are the

same &8 those determining the slope and position of the decay
line whose double layer or surface capacitance is independent
of potential,
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EM.F, decay line and its Tafel

analogue compared with the true Tafel
line (from oxygen evolution measurements)
for an electrode in 0,15 molar KQH

solution at 250 C.
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direction expected for an increase of capacitance with
decreasing e.m.f,; thus, for a given rate of self-discharge,
the e.m.f. will fall less rupidly if the capacitance gets
progressively larger, than it would if the capacitance
remained constant., A quantitative examination of the effect

of varying surface capacitance is given below,

(iv) Relation between E.M,F. decay slopes and

oxygen evoluti on slopes

In those cases where the capacitance involved in
the e.m.f, decay is not constant, it is frequently found that
an exponential relationship exists between the volume of
oxygen evolved V02 and the electrode potential E. Such 1s
seen to be the case for the results shown in Flgure (XL);
where the e.m.f. 1s plotted against the logarithm of the
volume of oxygen evolved for three experiments at différent
concentrations and temperatures,

The theoretically predicted open-circuit e.m.f.
decay behavior under these conditions may be arrived at from
the following considerations. If the charge q lost during

a decrease of potential of an electrode is an exponential

function of the potential LI, being of the form

q = ae 2P [32]

where A and beare empirical constants,and b2 may have a
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Figure XL: Plots of the logarithm of the volume

of oxygen liberated on open=-circuit as
a function of the E.M.F. of the

electrode..
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positive or a negative value, then we can express the

discharge rate in terms of % as
3 A
1 = .g% = E—g—exp [/7 /v,] a7 /at [331]
Moreover, we have from equation [8](Chapter I) that
i = 1, exp [7/b,] [34]
where b3 is the Tafel slope [-ang/RT] for the rate-determining

process.,

Equating [33] and [3Y4]

by o [7/05) G = 1, e 17 /03]

which upon integration leads to
b,b . b.,=b
bé_f ._._.i_b2 2 exp | / (-—-3--——.0 = 2) = t+ 9 :[351]
20 3772 2”3 '
Taking logarithms and rearrenging [35] gives

. b_b

7 = A + b———-ze_b In (t + @) [36]
372

The e.m.f. decay slope (bl) is thus glven as

b.b
by = b"i'-_l-ba [37]

. _ )
For the boundary condition t = O, 447 will equa1’7

the initlial overpotential and i will equal 1' the initial

polarizing current., Therefore
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: b.b " 71 (b,=b,)
_ A 2 7" \Py 2]
oA 2 | "
L 5 P e
but
q = A exp [7/v,]
and '
%%L = ¢ = %; exp [ 7/b,] [39]

Combining equations [34], [38] and [39]
6 = 9-:- .;2—:%-— [LO0]
1 372

where C' is the capacltance involved in the self-discharge
process at t = 0. It wlll be noted that evaluation of @
for a range of potentials (and hence initial current
densities) éould lead to a means of determining C as a
function of potential. |

In form, equation I36] is basically the same as -
one derived by Lukovtsev and Temerin (77) who assumed the
electrode potential E to be related to the degree of
oxldation or charging of the bulk oxide by the Nernst

expression

q -

) ox

E = E° + b, log [41]
. 2 Yred

where Ux and %.9g 2re the degrees of oxldation and reduction,
respectively of the bulk oxlde. We have suggested above
that a surface pseudo-capacity*-arises from adsorbed

O=containing radicals. In order to affect

3* -
Footnote: aee over.




F

NSO X, AU S e e 2 e B M 2 P £ e e

The evidence in support of the view thet the self-discharge
effects and the capacitance lnvolved refer to the surface phage
rather than to the bulk may be summarised as follows:

a) The volumes of oxygen evolved on open=circult up to quite
long times, eege 7 days, are from 2 to 5 ml, at N.T.P. and with the
BeE.T. surface area of the dry material of L0 mg gtl of actlve
"nickel III" oxide, these volumes correspond to coverage of less
then a monolayer of O or OH on the nickel oxlde particles. We
believe we are hence justified in speaking of the "surface pseudo-
capacitance®,

b) The volumes of oxygen evolved on self-discharge over a
potential range of ca. 150 mV. correspond only to 5=8% of the total
"active oxygen" in the bulk material;. ‘

| c) The dependence of E.M.F. upon the logarithm of the volume
of oxygen evolved on self-dlscharge ls determined by an apparent
Nernst coefficient which is no simple fraction of RT/F‘(see Fig.XL)
and varles with KOH concentration and temperature as might be '
expected for a non-stoichiometric surface phase and as discussed
by Ruetschi for electrochemically adsorbed H and O bearing partial
charges (79).

¢) The variation of polarisation with time during a long
galvanostatic pulse is quite extended both at the fully and the
semlcharged electrodes, Iindlcating the presence of an effective
capacitance in parallel with the current input to the bulk material
as discussed previously (¥¥). This capacitance is of the same
magnitude as that deduced from @ and from the slopes of the E.M.Fe-
02 volume plots bﬁt is much less than the mean capacity associated

with the bulk materiale.




3

- 160 =

charging of the bulk, or oxygen evolution, this capacity

must first be charged up and it is this capaclty (in parallel:
with the smaller ionic double-layer capacity) which is
involved in the processes leading to decay of e.m.f. on
ppen-circult, Hence, we require for the interpretation of
em.f. decay behavior, when C is not constant, a relation
such as equation [41] between E and 9%, for the surface
layer rather than for the bulk. As we have seen above, 1t

is experimentally found that E under certain conditions is a
linear function of V02 the volume of oxygen evolved (see
Figure XXXII) whilst under other conditions the relationship
between E and V02 is more mnearly an exponentlal ‘one (Figure XL ).
Since we can write (Voa)t as proportional to [(qo)s - (qt)s]’
the difference between the charge (qo )S assoclated with a
surface phase in a more highly oxlidized condition at ¢ = 0
(corresponding to a certain degree of coverage by adsorbed
radicédle) and the charge (qt)s corresponding to some less

covered or oxidized surface phase, 1t follows that under

certain conditions (Figure XL)

E o log [lqy)g - (ay)g] (42]
and wder other conditions (Figure XXXII)

E oo llgy), - (ay),] [43]
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When equation [L3] holds, -b, and b, should be

1 3
identical, This is found experimentally, for example as shown
in Figure XXXVIII, where the Tafel line equivalent to the E.M,F,
decay,assuming the same b values (dashed line),is identical
with the line based on experimental points ( circles ) obtained
from direct measurements of oxygen evolution rates during

E.M.,F, decay, 1.,e, from the true experimental Tafel line
obtained during decay on open circuit, When equation [42] holds
(dilute solutions and/or higher temperatures), -by # by and b,
can be obtained empirically as the coefficient dE/d log

[(q,o)8 - (qt)s]’ The slope b1 can thep be compared with
b2b3/b3-b2 (equation [37] as shown in Figure XXXIX where the
experimental E.M,F, decay line is shown for 0,15 M KOH solution
at 25° C, and compared with (a): its Tarfel line equivalent

based on the same b values for each part of the inflectéd‘line

and also (b): the true experimental Tafel line determined

during E.M.,F, decay by kinetic microvolumetric oxygen
measurements, It may be seen from Figure XXXIX that the lines
for E.M.F. ys log (t + @) and for E.M.F. ys log [current density]
(calculated from the open-circuit oxygen evolution rates) both
show inflectigns at a:more or less characteristic potential,

The inflections in the E,M.F, decay lines are therefore not
artifacts due, for example, to changes of capaclty, and hence
may legitimately be examined in terms of changes in rate-

determining mechanism of oxygen evolution. However, since the
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Slopes of the E.M.F. decay lines are now (when C is f£(E))
not identical with those of the kinetically slgnificant
true Tafel Lines based on oxygen evolution rates,
mechanistic conclusions should Strictly only be mede from
the slopes of the latter lines shown in the grephs in
Figures XIV to XVII, This limitation will hold only when C
is not a constant with varying potential,

Quantitative comparison between E.M.F. decay slopes
and the "true" Tafel slopes based on rates of oxygen
evolution on open-circult are shown below in Table II for
various experimental conditions of conpentration and
temperature,' The slope data have been divided iﬁto three
regions for convenience, cofresponding to the three main ranges
of values of slopes encountered under various conditions.

In most cases, the changes of slope of E.M.F. decay linés'
are quite abrupt and experimentally unambiguous values of
b1 may be essigned to each region.

In those cases where E 18 a logarithmic function
of volume of oxygen evolved Figure XL, evaluation of b1 from

b2 and b3 gives the values listed below in Table III.
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Table III

Relationship between b1 end b3 when C 18 not constant with E

Conc,./temp. Region -b, by -by(Cale.) =L (Obs.)
0.15M/25% II 0.06 0.045 0.026 0,03l
0.15M/25°C IIT 0.06 0.022 0.016 0.0L7
0.15/60.5°C II 0.0l 0.051 0,022 0.035
0.15/60.5%C IIT 0.042 0.027 0.016 0.018
1.5/60.5°% II 0.022  0.0LY 0.015 0.02)
1.5/60.5 IIT 0.022 0.021 0,011 0.011
Mean deviation between calec. and obs, -blt 0.,005(5)
Mean % deviation between calc., and obs, b, 3 ' 19%

It 1s not possible to test the relation between the slope
constants bl’ b2 and b3 over a very wide range of temperatufes
or concentrations since at lower temperatures or higher
concentrations or both, E becomes linear with volume of oxygen
evolved, 1.e, C is constant with falling E.,M.F. on open-circult
and -bl = bBJ(See Fiéure XXXVIII).

We may speculate that the origin of the variation of
capaclity with potential under some conditions, and its
constancy under othérs, 1s connected with the degree of surface

coverage @ of the oxlde by adsorbed oxygen. -The isotherm for
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adsorption of oxygen can be written (cf. 80) as
o 1/ ) '
in ['i:-g—] = 1n [p02] /2 - AGP/RT - k @ (k]

where k'O represents an interaction term (ef. Temkin)
correspondfng to falling heat of adéorption with coverage 9,
p02 is the pressure of molecular oxygen and AG° the standard
free energy of adsorption,

At low or high coverage of eleciromotively active
radicals, when the variation of the logarithmic term in & with
8 can exceed (cf., 80) that of the linear term with o, (Langmuir

behavior) equation [4l;] may be rewritten in terms of e.m.f. as

B = E, + b, In [y (451
which 1s formally identical with the Lukovtsev and Temerin
equation (equation l41) if we now regaerd the oxldized form as
surface radicéls and the reduced form as vacant surface sites, -
The degree of surface coverage @ will be directly proportional
to q the charge required to deposlt the O-containing radicals
on the surface, It is clear, therefore, that the surface
charge q will vary with the e.m.f. in the qualitative manner
shown in Flgure XLI. The assoclated surface capacitanqe

dé/dE, also shown schematically in Flgure XLI, will initially
inecrease with increasing potential wntil at @ = 0,5 it reaches
i1ts maximum value after which it declines, Three limlting

cases of surface coverage may be considered:




Figure XLI: Schematic diagram of the course of

and -C with inereasing

Avor MOH
potential .
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Case (1) Surface completely covered or surface

completely bare

For the extreme cases when the surface coverage
is essentlially complete, or alternately when the surface is
essentially bare, the capacitance arising from adsorbed
radicals tends to zero (see Figure XLI), Under these
conditions the capacitance of the electrode is determined
almost entirely by the ilonic double-layer capacitance., In
the e.m.f. regions corresponding to these conditlons of
coverage we cén therefore expect the capacitance to be

approximately constant and in general to be substantially

smaller then in regions of intermediate coverage.

Case (i11) Low but significant coverage

In the reglon of coverage O < 8 € 0.5 we can see
from Figure XLI that the surface pseudo-capacitance increases
with inereasing e.m.f., For the region where 9 < 1 equation [45]

approximates to

/
E = E + by,1in o (L6l

so that zn exponential relationship i1s predicted between the
e.n.f« and the quantity of charge needed to deposit the
radlicals or the surface. Under these conditions b, is a
positive quantity and therefore bl > b3. (see equation 37).
Clearly this is not the situation encountered in the present
work since in &ll cases b1 was smaller than or equal to b3

(see Table II).
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Case (11i) High surface coverage
In the potential reglon where 0.5 { 8 { 1 we have

a sﬁrface capacitance which decreases with increasing e.m.fe

(see Figure XLI). For the condition that € — 1 equation [U45]
becomes
o _ \ 1
E = E, + b, log [T:§] [47a]
or ‘
E = B, - by log [1-6] [4To]

since we can write @ = k (qt)s where 9 is the quantity of

charge associated with the surface radicals at any time t,

E = E, = bylogll-k (ag)q (48]
Iﬁ at t7= 0 the‘surface is almogt'completely covered so that
k (qo)s % 1 we may rewrite equation [4B] as
B = E, = b, log [k(a,)y - k(qy),] [19a]
or | :
B = B' - bplog [(gp)g = ()]  yob]
= E; - b; log [V62] [49c]

which is the relationship corresponding to the conditions for
which equatlon L32] applies. It will be noted, however, that
-b; in equation [L9¢] corresponds to b2 in equation [32]. In
this case by {equation 37) will always be smaller than b3. It
will be noted from the data given in Table II that the obgerved

values of b, are always less then the corresponding 'b3 values

in all cases where C 1s not constante.
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It 1s therefore reasonable to conclude that under
those eonditlons where the surface capacitance of the nickel
oxide electrode 1s not conatant (i.e., for high temperatures
and dilute. KOH solutions),we are dealing with a surface
which 1s initially nearly completely covered with adsorbed
radicals. The reglon of constant capacitance observed at
low temperatures (Figures XXXIIIand XXXIV ) 1s more difficult
to explain in terms of surface coverage. In this region the
capacitance is approximately the same as the initial
capacitance (i.e. the capacitance at t = 0) for those cases
of exponentially increasing capaciténce (see Table I).-
Since, mofeover, the region of constant capacifance occurs at
the higher (more anodic)'potentials,this lends support to the
view that we are here in the region of "effective" full
coverage and that the capacitance is no more than anfionic
double~-layer .capacity as discussed above in case (1).

However, B.E,T. measurements of surface area on.the
charged material reveal a surface which is too small by nearly
a power of ten to account for the magnitude of the capacitance
observed. The effects of drying the material are, however, not
known so that, in épite of the B.E,T, results, ome cannot
eliminate the possibility of having a surface large enough
in the "wet" state to account for thgse results on the basis
of a simple double=layer capacity. Alternately we must

assume that the em.f. in this region is a linear functlion of
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surface coverage., Casea of this nature have been reported
by Ruetschl et al (79) and by Byrne and Rogers (81)., These
latter authors were dealing with a low surface coverage of
silver on a gold electrode so that their case is probably
not comparable to the present system where we have reason
to suspect high coverage. The behavior reported by
Ruetschi (79) for adsorbed radicals on lead and that observed
in our own work lmply Temkin adsorption behavior under these
conditions (80)., Under other conditions, when C varies with
potential, we have Langmulr adsorption behavior, The reason
for these different types of behavior by the adsorbed
radicals-under different sets of. conditions ié not clear,
Equation [Uli] becomes equivalent to a Temkin isotherm
if @~ 0,5 and variations of 1ln [§/1-8] with @ are less than
those of k'@ with 8, Under these conditions the actual free
energy of the surfece phase (proportional to 1ln [ poall/é
for the pressgure po2 of oxygen in equilibrium with 1t) and
hence the assoclated electrode potential will be linear with 0.
This could give rise to a constant capacity in a reglon where
© was neither tending to zeronor to unity. Analogous results
may be obtained b§ a kinetic treatment as follows:

Case (1) Low surface coverage by intermedlates

If the oxygen evolution process in self-discharge

occurs e.g. by & mechanism such as the followlngs:
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M + OH —~ MOH + e I
MOH + OH™ — MO + HZO + e II
MO + MOH ~— M HO2 ITI
M H02 + MOH - M + MO + 02 Iv

with e.g. II rate-determining and significant coverage of M
(the conducting particles of bulk nickel oxide) by adsorbed
OH radical intermediates, it 1s readily shown by the usual

steady state method (ecf. 5§ ) that at low coverage @ of MOH

QMOH is given as a function of the overpotential /? approximately
by

Syog = K [0H"] exp [ F/RT] ~ [50]
and

where d0H is the associated charge required to remove.or

deposit MOH entities; the corresponding pseudo-capacity CMOH )

is hence also an exponential function offy « The velocity

v, of II is then (efa 6)

——

v, = kx[0E1% exp. (1 + ) F/RT [52]

When Oy g < 1, I 1s in quasi-equilibrium and with

Cuon = ayop)/a) = Aldyog)/Easy (53]

and on open-circuit self-discharge of the pseudo-capaclty

—

_ 4
1 = 2F vy, = = Cyop 'd_g' [5h]
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so that

2F kf[0H™)2 exp (14)7) F/RT = - & [08™] & explqj¥/me] $2- (55]

5
k
k'

and combining all constants into (including constant [OH]™

and T)
- k” exp. = [Bﬂ]F/RT]. d’7 = dt [56]

Integrating and taking logarithms, we may obtain the E.M.F. decaV -
slope d/l?/d log (t + Q) as

d’?/d In (t + 8) = <RT/BF. [case I] (571

i.e. a value different from the numerical value of the corresponding|
Tafel Bloﬁe which, from equation [52], is RT/(1 + B)F i.,e. 0,038
with B = 0.5. In general, with

Aoy = ¥ € 7/°2 . (581

where b, is some positive multiple or fraction of RT/F and by.
18 the Tafel slope of the rate-determining process (e.g. as
in equation [58] above) in open-circuit decay, we then obtain

the general decay law as
b -b2 . bzb
In [ - k/1_ b,] + (z2—=2)7+ 1n [2=2-] = 1n (t + @) (59]
o 2 ‘b,b b,=b
-~ 372 372
glving an E.M.F. deceay slope b1 of

b, = d47/d in (t + 0) = b2b3/[b3-b2][0a8e I} [60]

where @ 1g defined by
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' bob :
e = & (3*2:33—), [61]
i 3 2

1
C is the initial capacity at the starting potential in decay
cqrresponding to an initial polerizing current density of i'.

Case (i1) Limiting case of full coverage by

Intermedliates

When the surface is fully covered with MOH and
resction II then proceeds with a Tafel slope of RI/BF (5),

C — 0, since AoH is independent of potential and the

MOH
apparent electrode capacity 1s then simply the ionlic double~
layer capacity G4 5 « The usual analysis (8,9) of E.M.F,

decay rates then holds and the decay slope wlll be
d7/in (t + 8) = oRT/BF [Case II] [62]

the same as the numerlocal value RT/BF of the correspeonding
Tafel slope under these conditions, i.e. 0.116 with g = 0.5,
Case II will hold over a range of potentials down to a
potential where the adsorption capacitance begins to be
comparable with the lonic double layer caspacity. Below such

a potential, case III (see below) will hold.

Case (i11) High, but not full coverage by intermediates

When Svon approaches, but is less than wnity, and is
hence still a function of %7 , the Cyqm will decrease with

increasing 7 in a complex way eventually becoming gero as
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e

mog — 1 (the limiting case II) since @y,y is then given by

o - k, [0H"] exp [ByF/RT]
MOH I, [0B"] exp [pyF/RT] + k_y exp [-pyF/RT] + k, exp [p7F/RI]

and no simple decay law results from the kinetic treatment.
A more explicit result for thls case follows from the quasl-
thermodynamic treatment of adsorption isotherms already given

above,

v) 38ignificance of E,M.F. decay measurements at

partlially charged electrodes

For the purpose of evaluating the polarization
parameteré for electrodes in a staté of partiai charge (i.c.
formal degree of oxidation lower than that corresponding to
the formula "Niol.S") the normal method of measuring the
dependence of rate on e.m.f. (viz., steady-state polafization
studies ) was not possible for the reasons previously discussed
(section III, 2 a) and hence the e.m.f., decay method offered
the only satisfactory alternative. The varlation of surface
capacitance*'over the range of potentlals involved in the
decay of e.m.f. was checked by d.c. measurements and found to

be small. ‘In'thesé experiments used to investigate the surface

* The origin and nature of this concept of surface capacitance
has been discussed in detail in Chapter III, 2 d (i).




capacitance, a constant polarizing current, anodic or cathodic,
was applied to the electrode and the change of e.nm.f, was
followed as a function of time., When the e.m.f., reached a

¢ of the

value such, that the rate of oxidstion or reduction’
bulk material became comparable with the polarizing cﬁrrent,

the direction of the current was reversed. Typical results

of thils type of measurement are shown in Figure XLII from

which it 183 clear that the cepacitance determined from the

mean slope of the charge-potential curves is not grestly
dependent upon the potentlal over a range of at least 70 mV.;

1t was not possible, however, to eliminate completely the
oxidation-or reduction of the bulk material while charging or
discharging the surface cﬁpacitance. Part of the hysteresis
observed in Figure XLII at high positive and negative potentials
may be due to this leakage current (see p. /77 for fuil'
discussion of the significance of this current) corresponding

to oxidation or reduction of the bulk material. However,‘even

when this is taken into account" some cuwrvature of the charge-

*  The e.m.f, necessary for an appreciable rate of oxidation of
the bulk may be estimated from charging curves (c¢f. Figure IX)
at very low current densities,

# Here we ‘anticipate the result (see p.2¢7 ) and estimate the
leakage current at any given current density from a Tafel line
drawn up from e.m.f., decay data on partially charged electrodes,
The Tafel slope 1s obtained as the e.m.f. decay slope and the
Intercept 1s fixed from the known e.m.f. and corresponding
current denslty at gero time,
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Figure XLII: Estimation of the surface capacity on
partially charged electrodes by constant
current charging and discharging near

the "steady-state" potential.
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potential lines remains indicating that the charging and
discharging of this surface capacitance is itself not a
completely reverslble process, This curvature does not imply
that the capacitance 1s a functlon of potential since the
curvature 1s convex in one direction of charging and concave
in the opposite direction, thus indicating hysteresis,
Moreover,'thé mean capaclitance shown by the dotted line in
Figure XLII is satisfactorily constant over the range of
potentials investigated,

It can be seen thatvit is not possible to determine
very accurately the surface capacitance of partially chargzged
electrodes at any given potentialj; ﬁbwever, the measurements
described here indlcate that_the capacitance does not change
by more than a factor of about two over the range of potentlals
examined, In fact we can probably assume (see Figuré XLII)
that the variation is much less than this. Assuming this
maximum variatlion of capacltance to be operative during the
e.m,fs decay measurements, the value of the resulting e.m.f.
décay slope would be in agreement with the corresponding
theoretical true e.m.f. polarization slopes to within ten or
fifteen percent. Aithough the certainty of these slopes 1s
hence not as good as could be desired, 1t will be shown
(section 2 c) that the values obtalned do give some insight
into the type of mechanism which is operative in the self-
discharge of. the nickel oxlde electrode.
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¢) Electrical Analogue to the Processes of Charging

and Oxygen Evolution: Relation between bulk charge-

discharge processes and the self-dlscharge mechanism,

We have shown above that the nilckel oxide electrode
responds go a polarizing current as though a very large
capacitor were in parallel with the current input. As current
1s passed Into the electrode and the potential is disturbed,
oxidation (or reduction) of the bulk material will occur and
at slightly more anodic potentials oxygen evolution will (visibly)
take place.* The overall electrochemical behavior of the nickel
oxide electrode may hence be qualitatively represented by |
the electrical analogue shown in Eigure XLIII where C, is the
surface capacitance, Cp the "electrochemical capacity" of
the active bulk material, R02 the non~ohmic resistance
corresponding to the reclprocal of the rate of electrochemical
oxygen evolution and RNi that corresponding to the reciprocal
of the rate of oxidation or reduction of the bulk material,

When constant current flows anodically into the
system through the t wo schematic terminals at the top of the
eircuit (Figure XLIII), Cg 1s first charged and the potential
across the terminals increases until the flow of charge
through RN; and RO becomes equal to the input current. If

2
the bulk material i1s in the reduced state, charge will

* oIt must, of course, occur at a finite rate at any potential

anodic to the oxygen reversible potentisal,
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Figure XLIII: Electrical Analogue to Processes
occurring at the nickel oxide

electrode.
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initially flow mainly through RNi’ resulting in oxidation

of Ni(OH)a, with only a small leakage through Roa, giving
oxygen evolution., When the bulk material has been fully
oxidized (1.e. Cg can no longer accept significant charge)
the potential must be raised in order to maintain flow of
current which then passes entirely through the more difficult
path, Roz, and steady~state oxygen evolution then occurs,

If the input current is interrupted at this stage, current

from Cs will continue to flow through R, and the potential

0]
across the terminals will fall. When thg potential has

fallen to below the reversible potential of the nickel oxide
system (i;e. when the potentlial across the terﬁinals is lower
than the potential of CB)'cathodic current will begin to

flow from Cg through BNi thus tending to maintain the charge
on Gs‘ Eventually a steady-state will be established'ahd the ‘
cathodic current through RNi will become equal to the anodle
current through R02 end this situation will correspond to-

the process of self-discharge with oxygen evolution on

open=-circult which has been described above as a type

of "corrosion" reaction.

d) The Rate~determining Process

(1) TIdentity of the rate-determining process

We have seen previously in section [1, b, 1i] that
the Tafel slope for self-discharge of the nickel oxide electrode
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~as measured by the rate of oxygen evolution is identical

with .that for steady-state oxygen evolution measured by d.c.
polarization methods (cf, Figure XXXVII), This fact provides
very strong evlidence that the rate-controlling process for
self-discharge 1s electrochemical evolution of oxygen on
nickel oxlde. Other experimental evidence that oxygen
evolution is rate-controllihg will be discussed more fully
later but will be referred to briefly here., Summarily, the
evidence is the following: (1) the activation energy for
self-discharge 1s the same (see Fig. XLVIII) as that for
steady state oxygen evolution; (1i) the deuterium isotope
effect is:in the same direction fpr‘the two prbcesses (see
Figs, XVIII and XXI). (i1i) the variations of the oxygen
evolution rate during steady polarization and on open-circuit
with KOH corcerntration are in the same direction. -

It should be noted, however, that these conclusions
are strictly valid only in the reglon of potentials where the
rate of oxygen evolution was measurable, Experimentally it
was not found possible to measure accurately oxygen evolution
rates at or near the mixed potential,

Thus we ére led to the coneclusion that, in the
region of potentials concerned, the self-discharge of the
nickel oxide electrode 1s electrochemical In nature and the
anodlc partial reaction is rate-controlling. In this potential

region we are above the reversible potential of nickel oxide




(ef. this chapter, section 2,c) and thus the cathodic partial
process must be the discharge of the surface capacitance

(e.ge MOH + ¢ — M + OH"), This reaction 1s a rapid one
which proceeds with little activation polarization andl thus

1t will make little 1f any contribution toward limiting the
overall discharge rate., In terms of the electrical analogue,
(Figure XLIII) oxygen evolution is maintained by the discharge
of C, through R(Oa), where R(oa) is the non-ohmic resistance
corresponding to the reciprocal of the rate of oxygen evolution.
Since R02 is then the only barrier to the discharge of Cs’ the
rate of discharge will be governed simply by the kinetlcs of
the oxygen evolution reactlon.

However, when the potential has reached the mixed
potential,* the cathodic process becomes (predominant}y) the
reduction of the bulk material as discussed in section III (1)e.
This process exhibits appreciable polarization (e.g. see
Figures XXIII, XXIV) and :under these conditions both the

We may note that, in principle, the mixed potential 1ltself
could vary with time owing to loss of charge of the electrode
on open~circult if the reversible potential of the nickel
oxlide electrode (see this chapter, section 2 4, p. 215 ) was
sensitively dependent upon degree of oxidation (but see
equation [iT), For the small degrees of self-discharge
involved in open-circuit measurements at room temperature,
such variations of the mixed potentlal with time can,
however, be shown to be Insignificant.
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cathodic and the anodlc processes are simultaneously involved
in determining the overall rate. In terms of the electrical
analogue (Figure XLIII), charge coming from Cp must pass
through both R(Ni) and R‘Oa) in order for oxygen evolution

to occur. If these two barriers are comparable in magnitude
then both will be involved in limiting the overall rate.

That they are comparable is evidenced by the fact that the
steady state or mixed potential of these electrodes is not
identical with the reversible e.m.f. of nickel cxide, This
point is treated in some further detail in sedtion 2 of this
chapter, A detailed sfudy of self-discharge at or near the
mixed potehtiallwas not possible in fhe presenf work owing

to the difficulties of obtaining sufficiently accurate oxygen-
evolution rates after long periods of time on open-circult
(eege in 7 molar KOH one week or more is required to reach

the mixed potential),

(11) Tarfel Slopes

As has been shown above, the rate-controlling process
for self-discharge in the region of potentials studied is
that of oxygen evolution., The Tafel slopes for this process,
as determined from the rate of oxygen evolution on open~circuit,
are given in Table II along with the corresponding semi-
logarithmic slopes of e.m.f. decay lines. As shown in
Figures XIV to XVII these Tafel lines exhlbit a change of
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slope under certain conditions of temperature and KOH
concentration going, generally, from a reglon of high slope
at high potentials to a region of lower slope at lower
potentials, In Table II the data are listed in three columns
eccording to the magnitude of the slopes and the order of
their appearance starting at the highest potentials., The
first group, region I, are however given in parenthesis and
are included for the sake of completeness only, since these
were observed in only a few instances and they are not
sufficiently well characterized to be of any dlagnostic value,
Moreover, it 1s felt that in one of the two cases where these
occur (i.e. dilute KOH solutions atll.oo C) conditions are
such that concentration pblarization effects arising from
inhomogenelty of concentration Inside the sintered electrode
brought about by the prior anodic polarization, may be -
significant.

Generally the Tafel slopes in the high overpotehtial
region ranged from 0,035 to 0.050 depending upon temperature
and concentration of KOH, In the less‘concentrated solutions
and at the higher temperatures (Less than 3 molar at 25° ¢ and
less than 7 molar at 60° C) the velues of the slopes changed
quite abruptly in the low overpotential region becoming
approximately one half of those observed at higher overpotentials.
The potential at which this change occurred was quite markedly
dependent upon the concentration of KOH, appearing at the highest.
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potentials in the most dilute solutions. It is reasonable. to
assume that these lower slopes would also be observed at the
lower temperatures 1f sufflecient time were allowed for the
e.m.f, to decay to the "transition" potentisl. 4t 1.0° ¢
this would require from weeks to months depending upon the
KCH concentration and an even longer time would be required
at -25° C, In view of the existence of at least two distinct
Tafel slopes 1t follows that the rate of the over-all oxygen
evolution reaction may be controlled by either of two
processes concerned, depending upon the electrode potential,
The order of the appearance of these slopes, from & low to a
higher slbpe with increasing potential, impliés that these
processes must operate in series in the cver-all reaction
scheme, [For a discussion of this point see Intrcductionm,

section 1,d].

(111) Effects of Concentration on Rate

By extrapolating the linear portions of the
experimental Tafel lines to the potential of the reversible
oxygen electrode (0,303 w.r.t. Hg/Hg0 at 25° C), it is possible
to obtain values fpr the exchangee~currents of the rate-
controlling processes, Values for the processes corresponding
to the two commonly obéerved slopes (reglons II and III) are
given in Table IV, Owing to the long extrapolation necessary

(which arises mainly from the low b values involved) to obtain
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Table IV

Ixchange Currents in Amps per gram from

Extrapolation of EM.F.=Log Rate of Oxygen Evolution Lines

Te%?. Conc. Region T Region II Region III
Z25°¢ L.5 5 x 10710
8.2 6 x 10710
11.8 3 x 10730
1.0% 0,10 [8 x 10°73*% 1. x 1078
1.0 (5 x 107°] o5 x 1078
7.0 2.7 x 107
8.6 ' 1.7 x 10'8
25° 0.015 1.6 x 1070 1.5 x 1070
7 0.15 7 x 1077 2.0 x 10711
. 2.9 5.6 x 1077 2.2 x 10710
. 7.0 2.7x10°°
% et 1.2 x 10~8 P
3 1.6 2 x 1077 -
% 0 -6
i 60.5°C 0.15 . 1.4 x 10
- 1.5 5 x 10°
: 7.0 4 x 1072
Ll 8 x 1072
15.4 i L x Il.O"S

st s

¥  These i, values correspond to the two values of b given for
the same conditions in columms 3 and l of Table II,

*¥  Values of i, for concentrations indicated by #%* cannot be
obtained since no second region of the oxygen evolution rate
line appears. This is consistent wlth the e.m.f. decay

behaviour (Figure XII),
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these values of io’ and to some uncertainty in the exact
value of the slopes, apparent differences of io values for
the seme process at different concentrations but at a given
temperatu;e cannot be taken as significant, as shown in
Figure XLIV, There 18, however, at a given concentration

and temperature a significant difference of exchange-current
between the processes whilch are rate-determining in the higher
and in the lower overpotential regions (Figure XLIV). The
process which 1s rate-determining at the lower overpotential
has, in fact, an exchange-current of the order of 103 times
less than that of the process occurring at higher overpotentials.
In order to eliminate some of the_ihherent error of & long
extrapolation to zero ovérpotential, a comparison of rates
was also made at constant finite overpotential as a function
of concentration and temperature, The effect of KOH'
concentration on the rate of self-discharge at constant
temperature and constant overpotential 1s shown in Figurés
XLV, XLVI and XLVII. The rate of oxygen evolution at a glven
overpotential 1s enhanced by increased activity of KOH in
both the upper and the lower potential regions but with a
considerably more bronounced effect in the lower region. 1In
the upper region the rate is approximately proportional to
)l/h whilst in the lower region it is proportionsl to

(akom

(aKOH)l' It should be noted, however, that these relative

retes, which have been calculated for comparative purposes
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Figure XLIV: Log [exchange-current] versus log

[activity of KOH] for the oxygen
evolution process at nickel oxide

electrodes,
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Figure XLV:
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Log [rate of oxygen evolution] versus
log [activity of KOH] for region II
of the Tafel lines at 25°C. Rates are
compared at constant overvoltage of

0,16 and 0,18 volts.
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Figure XLVI: Log [rate of oxygen evolution] versus
log [activity of KOH] for region III
of the Tafel lines at 25°C. '
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Flgure XLVII:
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Log [rate of oxygen evolution] versus

log [activity of KOH] at 1.0°C and
-25000 .
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only, will depend on variastions of the slope b as well &s.
of io (which is, in fact, almost independent of concentration
as we have discussed above, see Fig., XLIV) with KOH
concentration, It must not, however, be concluded from

the above results that the amount of self-discharge of an
electrode in a concentrated solution will exceed that in
dilute solution, In fact, owing to its lower (i.e, less
"anodic") reversible potential (compared with that of the
02 electrode in the same solutlion) in concentratéd KOH
solutions, an electrode at a given state of oxidation will
actually decay the less rapidly the more concentrated the
solution, This point will be discussed in more detall in a

later section (see Appendix).

(Iv) Effect of Temperature on Rates

The dependence of the rate of oxygen-evolﬁtion on
temperature was eveluated for the upper potential region by
comparing rates at a given constant overpotential* (0.18 Ve an)
and constant concentration (7.0 M KOH) as a function of

temperature, Log rates obtained by two independent procedures,

*  Since the reféfence electrode was Hg/HgO a correction for
the temperature coefficient dE/AT for the cell Hg/Hg0 KOHaq./oz
was necessary. (From the thermodynamic date glven by Latimer
(82) this was calculated to be -0.55 x 10~3 volts/degres C.)
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(viz., d.c. polarization and rate of oxygen evolution on
open-circuit) are shown plotted against 1/T in Figure XLVIII.
From these data an apparent activation energy of 15.2 (% 1)

1 was determined. This corresponds, with

kcal, mole”
b % 2.3 (2/3. RT/F), to a heat of activation at the
reversible oxygen potential of 21.l (% 1.6) keal. mole™>.
The fact that the rate of oxygen evolution on
open-circuit and the rate under d.c, polarization have the
same apparent activation energles is further proof that the
rate-determining reaction during open=-circuit decay is the

anodic partial process of electrochemical evolution of oxygen

on nilckel oxide,

(v) H«D Isotope Effects

We have shown above that when the electrode potential
of the nickel oxide electrode lies above the steady state
mixed potential, the rate of the anodic partial reaction.limits
the rate of the overall self-discharge except within about
10 mV. of the mixed potential when the cathodie partisal
reaction will begin to influence the overall rate., The
evidence for these conclusions was based on:

o) the ldentity of the slopes of the e.,m,f.~0Xxygen
evolution rate on open-circult with the slope of the d.c.

polarization lines under the same experimental conditions and
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Mgure XLVIII: Activation energy plots based on

a) rates of self-discharge in

regilon ITI from oxygen evolution
measurements

and
b) direct current polarization

measurements,
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B) the identity of the apparent heats of activation .
for oxygen evolutlion on open-circuit and on steady state d.c.
polarization.,

A further method was employed which involved the
determination of the direction of the kinetic H/D isotope
effects on the rates of oxygen evolution measured by the rate
of e.m.f., decay on open~circult and by direct d.c., polarization
studies., The results for the e.m.f. decay on open-circuit
have been shown in Figure XVIII and those for the d.c. anodiec
oxygen evolution reaction at plaln N1 wires in Figure XXI, both
in aq. KOH and KOD in D O. It is clear that in both cases an
inversefH-D 1sotope erfgct is obsérved. It ﬁay be noted that
although the inverse isbtope effect observed here is unusual,
the reaction concerned 1s anodic evolution of oxygen from
OH;q. and no proton transfer step (which would probﬁbly
involve a normal isotope effect) occurs, The effect is
therefore probably concerned with the relative stabilities
of NiO,0H, HZO and OHaq. compared with those of the
corresponding D analogues, Were the process of self-discharge
to Involve rate-determining cathodlic reduction with proton
transfer.;t is pfobablp that the lIsotope efflect would have
been in the normal direction as, in fact, found hitherto

miversally with electrochemlcal proton/decieron transfer

reactions (83).
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(vi) Reaction Mechanism in the Oxygen Evolution

Process

The actual mechanism of oxygen evolution within the
anodlc partial process, indicated as rate-controlling by the
above criteria, may now be considered by examining the
magnitude of the observed true Tafel slopes,

On the basis of the theoretical considserations
discussed previously (Introduction section 1 b) it is possible
to write mechanisms for the oxygen evolution reaction which
yield limiting Tafel b values of 0.015 [2.3 (RT/LF)],

0.020 [2.3 (RT/3F)], 0.024 [2.3(2RT/SF)], 0.029 [2.3 (RT/2F)],
0.038 [2.3 (2RT/3F)], 0.058 [2.3 (RT/F)] and 0.12 [2.3 (2RT/F)].
Deviations from these 1imit1ng values may arlse when assumptions
concerning the surface coverage @ of the electrode by

adsorbed intermediates (viz, @ is limitingly low or 8 — 1)
break: down at intermediate coverage. Values of the 8lopes ‘
other than those given above will also arise if the potential
barrier for the charge trenafer step is assymmetricsl (i.e. the
symmetry factor B is not 0.5) but such cases are rare except
when AF” 1s small (<5 keal).

"The expérimentally observed mean slopes in the
higher overpotential region for the oxygen evolution process
(viz, 0,042 ¥ 0.005 volts) appear to be associated with the
same mechanism since they are elther almost constant (at -25°C)

or vary in a continuous manner with concentration between these.
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extremes (% 0,005 v.) at the three other temperatures
investigated (see Table IX)., Clearly the theoretical value
having mechanistic significance most nearly in agreement with
these observed values 1s 0.038 1ie., 2.3 TT§§7? when

B = 0,5; the observed mean value of b which is 0,042 ¥ 0,005
would hence be obtained if P were O.,41 rather than 0,5.

Were the rate-controlling step in oxygen evolution one involving
no charge transfer in that step (e.g. surface diffusion of
radicals to recombination sites or the recombination process
itself) the slope should then be an even fraction of RT/F, i.e.
2.3 RT/ nF where n would be 1 or 2 for the two possible cases
suggeste& above and the slopes wpuid not involve the B
whatever value 1t had for the charge transfer step. Whenever
a charge transfer step is involved in the rate-determining
step, the Tafel slope wlll have values of the form :

b = 2.3 EETT 1491
where n can now be 0 (primary discharge step rate-determining),
1 (desorption of lst intermediate by an ion transfer mechanism)
or two etc., and the coverage @ by the intermediates involved
is potential dependent. The fact that for the upper over-
potential"region at the nickel oxide electrode the Tafel

slope 1s

2.3 Rr/2F { b { 2.3 RI/F and b 2,3,% i
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leads to the conclusion, from the above arguments, that a

process involving ion transfer in a desorption step is rate=-

determining and that deviations from the only slope deducible
(viz. 2.3 RT/(1L + B)F) having a value between 2.3 RT/2F and
2.3 RT/F must arise from the fact that B 1is less than 0.5;

the value of 0,41 deduced above 18 not unreasonable since such
deviations of f from 0.5 in simple lon transfer steps e.g. in
hydrogen evolution are known (84,85).

The Tafel slope in the lower region 1s always very
nearly one half (i.e., 2.3 RT/3F) the value of the slope at
higher potentials, However, 1t must be noted that the value
2.3, 2RT/SF (0,024, with P=0.5 and n=2 in equation [49])is
also in the range of the experimental data.

We thus require a mechanism having consecutive steps
which can lead to : Tafel slopes of 2.3 2RT/3F and 2.3 RT/3F
(or 2.3 %- %2 ) depending upon which step 1s rate-controlling

under the particular set of circumstances. The following

mechanism meets these requirements:

M + O -~ MOH + e 1
MOE + OH — MO + H20 + @ 2
MO 4+ MOH =~ MH O2 + e 3
MHO, + MOH — M + H0 + 0, ly

Here M signifies the interface of the electronically conducting
bulk oxide and the indicated radicals e.g. OH, HO2 are regarded
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as adsorbed at the interface of the oxlde at which oxygen-
evolution occurs. The scheme shown sbove is related to
those discussed by Bockris (5) but is actually different

from any ‘one of his schemes in so far as the above seriles

of reactions will be shown to lead to slopes of consecutive
RT
F

decreasing potential, in a given reaction sequence. For

steps in the order 2.3% followed by 2.3 RT/3F with

the series of consecutive reactions (1) to (lt) above the

rates v are glven by

k, [0H™] (1 - ' [wom] - k' [M0]) exp [7F/2rTIF

<
.—l
]

v_y = k_y [MOH] exp [-7F/2mT]

k, [M0H] [0H"] exp [{ F/2RT]

Vo= k., [MO] exp [~ F/2RT]

vy = k3 [MoH] [MO]
Vg = k_y [MHO,]
V) kh_ [MHO,] [MOH]

where [0H"] is the concentration of hydroxyl ions in the

double layer andzk' and k" are constants relating fractional

# Here the usual assumption is made that, at moderate
concentration, the overpotential differs only by a constant
from AF, the potential difference between the electrode and
the outer Helmholtz layer.
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surface coverage by intermediates to their surface concentration.
The s&mmetry factor for the charge~transfer steps is taken

as 0.5 (cf. 87). 1In order to obtain the Tafel slopes for
various rate-determining steps in the above scheme, we

calculate the Christiansen coefficients for each step as

wy = k, [0H'] exp [7F/2RT]

wy = kk [0H] exp [7[F/zmT] + kk'' [087]? K,
exp [3 7F/2RT] + k_; exp [- 7F/2RT]

if [MOH] and [MO] are both appreciable (i.e. i1f (3) is rate-

determining); or if only [MOH] is appreciable (l.e. if (2)
is rate-determining) )
' ' -
W, = Ikk [0H] exp [7F/2RT] + k_; exp [- 7F/RT]

K, is a quasi~equilibrium constant for (2) in the steady state
if (3) is rate-determining. Other w values are
wy, = k, [0H ] exp [7F/2RT]

w_, = k_, exp [~7F/RT]
wy = k3 [MOH]
S

= k MOH] .
If step (2) 1s rate=-determining, the overall veloelty is then
ik, [057]% exp ~F/RT
v =
klk' [oH'f] exp [ F/2rT] + k_; exp [rF/2RT] + k2[0H"] exp [%F/RT
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which at relatively low potentials gives
v = K, [08"]? exp [37)F/2RT]
and if (3) 1is rate~-determining, and at relatively low potentials
v = K%K, ky (00713 exp (39 F/Rr)
where Ki and Ké are the quasi-equilibrium constants for (1)
and (2) respectively. This will lead to & Tafel b constant
of 2.3 (2RT/3F) for (2) rate-determining and 2.3 (RT/3F) for
(3) rate-determining.,
An alternative scheme of equations representing

the overall reaction and giving rise to the sequence of

slopes 2RT/3F and 2RT/5F may be formulated as follows:

M + OH" — MOH + O 1
MOH + OH — MO + HO + e : 2
MO + OH ~— MHO, + e 3a
MHO, + MOH — M + H0 + e L

If reaction 2 1s rate-determining, a Tafel slope
of 2.3 2RT/3F 1s agailn predicted., If reaction (3a) is
however rate-controlling a slope of 2,3 2RT/SF will result
from this scheme of reactions., Since‘the observed values
of the sloﬁé in the lower potential region could correspond
within the experimental error to either 2,3 2RT/SF or
2.3 RT/3F, is not possible to decide which of the above two

gimilar schemes 1s to be preferred,
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2. THERMODYNAMICS OF SEMI-CHARGED ELECTRODES¥

‘é) Introduction

In this part of the Discussion, the aim will be to
examine the results reparted in section 2 on partially
charged electrodes and consider the electrochemical behaviour
of the electrodes under these conditions. It will be shoun
how information can be obtained on the klnetics of the
electrochemical redox processes involved in the charge and
discharge of the electrochemically active material and how
the true reversible potentlials of électrodes charged to a

controlled state of oxidation of ™10 " can be deduced

1.25
and distinguished from mixed potentisls exhibited on open-
circult. Previous work on so=-called "reversible" potentials

has been reviewed in the Introduction.

b) Nature of the Electrode Processes

In the polarization decay studies on partially -
charged electrodes (see sections 2,a) the aim was to disturdb
the equilibriwm between reduced and oxldized forms of the
nickel oxide by passing an anodic or a cathodic current and

then observing the® decay towards the "reversible" potentilsl,

* This part of the work has been published almost in its
entirety in a paper by Bourgault and Conway, Can, J. Chem.,
1960,
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However, from the foregoing discussion 1t is clear that the
instantaneous effect of a current in either direction will be
to change the concentration of the chemisorbed intermediate on
the surface rather than to affect the oxidation state of the
bulk oxide 1tself, These intermediates will subsequently
proceed to combine with the bulk material with resulting
oxidation or reduction of the latter., The process 1s best
visualized by referring to the electrical analogue Figure XLIII
discussed previously. in this chapter,section lc.

This time we are concerned with the case where
polarization 1s interrupted whilst the bulk material is still
in a partially reduced state, (i.e.‘CB in Figﬁre XLIII can
still accept charge). Aéain, when anodlc current initially
flows Into the system, charge is first absorbed by Cs with a
resulting rise of potential across Gs and the input éerminals.
This, In turn, will result mainly in the passage of reacting .
particles (and hence current) over the barrier RNi’ with some
leakage through Roa-producing respectively oxidation of the
bulk materiasl and oxygen evolution. On open-circult, following
ahodic polarization the major portion of the excess charge
on C8 passes throuéh RNi into CB resulting in further oxidation
of the bulk mag;erial. (A very small but at times quite
significant smount of oxygen evolution also occurs.) This
indirect mechanism of charging 1s supported by the direction
of the H/D isotope effect on the polarization on charging and
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discharging (Figure XXV), which is significantly less in D,0
then.in H,0. If H® or DY transfer steps (1,6) vwere rate-
determining in the oxidation or reduction of the bulk oxide
the reverse isotope effect would be expected (83). The
faster rate Iin DZO 1s connected with the expected lower heat
of solvation of OD -than that of OH™ - in the respective
isotopic solvents (88).

Conversely, on cathodic polarization, C8 is discharged
to potentials low enough for current to flow from CB through
RNi sufficient to maintein the current taken from the over-all
system, the oxygen evolution rate then being negliglble at
these more cathodic potentials (it Secames siénificant in some
cases only as the reversible or mixed potential i1s reached,
e.g. In Figure XXIIId). On open-circuit following cethodic

polarization, C_ can be regarded as recharged by the:current

8
through RNi (Less the small current corresponding to oxygen
evolution) and this corresponds to the lower recovery linés
shown In the Figures XXIIXa to XXIIId and XXIVa.

At long times after cessation of anodlie or cathodic
polarization, the potential across éa would become equal to
thet set up across:CB if no leakage occurred through Roz, il.e.
if no self-discharge were taking place, and the reversible

potential of the electrochemically active material constituting

C, would then be measured by the potential &t which the

B
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extrapolated logarithmic decay lines intersect. Inspection
of the e.m.f, decay lines indicates, however, #pat in all but
the most dllute solutions there are inflections in the anodic
lines and .at the hlghest concentrations (1L .6 M) also in the
cathodic line., Thls raises the problem of how the extrapolation
should be carried out, i.e. by extension of the upper lines

in the region of low times (i.e. log [t+8] in the range 1 to 3)
or production of the llnes after the longest periods of time
(1.e. for log [t+8] > ). We therefore now consider possible

reasons for these inflections in the decay lines,

¢) Form of the Decay Lines

(1) Oxvegen evolution on partieslly charged electrodes

The anodic decay lines for concentrations greater
than 0,1 M KOH show an inflection from a low slope to & high
slope with increasing time which is characteristic of |
alternative electrochemical reactions with different Tafel
slopes as discussed by Parsons (10) (see Introduction, section
1 d). From the foregoing, it is evident that the process
alternative to the one with the lower slope could be oxygen
evolutlion., At higher anodic potentials we have examined the
kinetlcs of oxygen evolution (ef. Figures XIV to XVII) and
from these datea it i1s possible to calculate what the rate of
oxygen evolution will be in the range of potentials over which

the polarization decay occurs at the semi-charged electrodes.
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In Figures XLIXb and Lb are shown the Tafel lines for the anodic
oxidation (1) of the semi-charged electrode and for oxygen
evolution (II) in solutions of the same concentration. The
solid lines show the polarization behavior based on io and b
values® for each of the alternative processes and the dotted
line shows the calculated total rates over the potential

range where I and II have comparable rates, Figures XLIXa and La
show the same data plotted in terms of the e.m.f. decay lines,
the dotted reglon corresponding to the total rate similarly
drawn in Flgures XLIXb and Ib and the points the actual e.m.f.'s
obtained during an e xperimental decay run. It is clear from
these figﬁres that between 0.1 M and 7.3 M thehinflections in

the anodic decay lines are adequately accounted for by ths
alternatlve oxygen evolution process which becomes (because

of its higher b value) the predominant process at lo# potentials,
We may note that the cathodic lines in Flgures XXIII a-d show
no significant inflections; this would be expected since fhe
alternative oxygen process 1s much slower at the more cathodie
potentials., Calculations of the rates of the alternative oxygen
evolution process indicate that the inflections in all the

anodlic decay plots up to 7.3 M KOH can be accounted for,

* The method of calculation of these parameters from the decay
lines has been discussed previously (11, 1).




Flgure XLIX:
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E.M.F. decay lines corresponding to
rates of énodic charging and 02
evolution: dotted line is resultant
decay curve; circles represent
experimentai points (0.1 M KOH).
Tafel lines for anodic oxidatiqn of
the semi~-charged electrode and for
0, evolution (0.1 M KOH). Line for

net current density 1s broken.
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E.M.F. decay llnes corresponding to
rates of anodic charging and 02
evolution: dotted line 1s resultant
decay curve; circles represent
experimental points (7.3 M KOH).
Tafel lines for anodic oxidation of
the semi~-charged electrode and for O
evolution (7.3 M KOH). Line for net

current density is broken.
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(11) Diffusion Effects

However, in the 1.6 M KOH solution and in some
experiments carried out at 0° C, the oxygen evolution rate is
too slow by a factor of about 100 to influence the decay, yet
an inflection is observed (Figure XXIVa) and is also present
now in the cathodic line. Furthermore, in the 1l.6 M solution,
the e.m.f. reached at long times 1s below the reversible oxygen
potential to that the oxygen evolution process referred to
above cannot be responsible for depressing the e.m.f. to this
low value.,

The electrochemical charging or Qischarging reaction
causes changes of the relative concentrations of water and
KOH in the sinter which can be shown to bring about a
concentration polarization in the porous electrodg which fealls
off with time on open-circuit owing to diffusion and gives
rise to the inflection in PFigure XXIVa.

These diffusion effects can arise in two wayss:

(1) from changes of e.m.f. of the electrode itself due to
changes of KOH and water activity arising from Faradalc
transport and the occurrence of the electrode reaction, and
(11) cbncentration polarization in the electrode arising
secondarily from these concentration changes.

During charging, the water and XKOH actlvities near

the interface of the electrode material will be higher and
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lower, respectively, than those in the bulk. After some time,

a steady-state activity gradient of water and KOH wlll be

set up in the electrods out towards the solution with a
corresponding change 1n the electrode-solution potential
difference. Upon termination of the charging, this activity
gradient wlll fall to zero with attendant e.m.f. changes

which will be superimposed .on those arising from the "activation
controlled" electrode processes discussed above.

It is of interest to make a semlquantitative
calculation to establish if these effects could account for the
obgerved inflection in the decay lines in 4.6 M -KOH.

(a) Model: an infinite slab of thickness h is assumed (18)
with homogenous solutions of concentration Cy at the two
slab-solution interfaces. (The porous electpode approximates
to this since its dimensions were 2.5 x 1.2 x 6.1 cm;). The
integrated solution to the.diffusion equation for this model
1s (89): “

€-¢ _ .8
G oS 2

1 M

_ . H
12 ‘o
+ 3
where C is'the mean concentration of diffusing substance
(diffusion constant D) at time t, Cq the initial concentration
(or in the present case, the mean steady state concentration

of KOH during charging, prior to decay), and v the order of the

terms required in the Fouriler solution of the diffusion equations - °



S

- 211 =

(b) Calculation of concentration changes with time: we
cannot make a rigorous calculation of concentraticn changes
with time owing to the complexity of the diffusion problem in
& real electrode, However, the following method involving two
successive spproximationswill enable an estimate of the
megnitude of the changes of concentration with time to be
calculated, Diffusion will occur as soon as any changes of
concentration are brought about by the electrolytic charging.
At the end of this process, the average concentration in the
sinter will hence be less than that which would have arisen
had there been no diffusion during charging.

As a first approximation, we assume Eypothetically
that the latter condition'cbtains and that this results in a
change of mean concentration AC., The fall of AC (with no
current passing) with time is then caleulated from eqﬁation [63]
and from this plot rates of change of mean concentration daydt‘
can be calculated at various times., A8 a second approximétion,
we then obtain that value of dC/dt from the values discussed
above, which corresponds to the rates of production of water
and removal of KOH, respectively, during charging. This value
of dC/dt will then ge relevant to that time at which the current
is interrupted for decay measurements, In the first
approximation treatment, this rate of change of concentration
would have been reached after a time t'. The subsequent decay

of AC with time t after the actual termination of charging is
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then calculated and plotted against t and this concentration
change AT after the times t would be equivalent to the same
changes of concentration after times t + t' in the first
epproximation calculation. This procedure will thereby
allow approximately for the fact that during electrolysis
some steady state change of concentration will tend to have
been set up which will be less than that occurring 1f no

diffusion took place. Two alternative values of D in

6 1l

equation [63] were taken as 10 - and 3 X 10~7 om? seo
in order to place limits on the resulting e.m.f, varlation
which could arise from uncertainties in the value of D. The
above valﬁes Wwere estimated from daﬁa at low concentration (90)
by correction for the relative viscosity (7r) of 14.6 M KOH
(3& = 12) and after empiriceal allowance for the fact that,
in the porous electrode, the diffuslon path length will probably
be somewhat longer than that corresponding to the free linear
diffusion and the fact that the channel area available for
diffusion out of the electrode will be less than the projected
area of the electrode., ~ The values of D taken are probably of
the right order of magnitude but cennot be regarded as more
precise than this.

From the changes of concentration calculated by the
above procedure, the total change of e.mefe, AEc’ with time,

due to diffusion effects, can be calculated using equation [51]
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(see below section 2e) and the data given by Akerl8f and
Bender (72) for concentration cells in KOH and water,

The calculated values of AE, are shown for 14,6 M
KOH in Figure XXIVa as a function of time during decay andit
is Qeen that AEc is comparable with the total anodic
polarization observed and can hence account fairly well for
the form of the inflected decay line in 1.6 M KOH., Similar
considerations apply to the cathodic line where effects in
an opposite direction will occur. It may be noted that no
value of @ exists which can lead to linearity of the decay
curve in Figures XXIVa or XXIVb, _

We can therefore conclude that the potential to
be taken as the reversible one in 1llh.6 M KOH (Figure XXIVa)
is that corresponding to the intersection of the anodic and
cathodic decay lines after the longest times. The s&mé
conclusions will apply to the results in saturated KF
solution (Figure XXIVb).

Diffusion effects will be much less significant iIn
the more dilute and less viscous solutions since it may
readily be shown that AE, values are much smaller and the
times over'which diffusion equilibration is occurring are much
shorter (owing to the higher diffusion constents) than those
for the 1llt.6 M solutions. For the more dilute solutions, the

inflections arise, as discussed above, from the alternative




- 21 -

oxygen evolution process,

It can be shown that these effects in dilute
solution are operative over periods of time comparable to @
(the time correction applied to allow for a finite charging
rate)., Thus diffusion effects are absorbed in the empirical
assignment of 8. This will introduce some uncertainty in 1ts
value but will have no significant effect on the slope of the
anodic and cathodlc decay lines since © in these cases is

not larger than about 100 seconds,

(111) Mixed Potentials

lFrqm the above, 1t is seen that the potentials
reached at the intersectlon of the decay lineslfor solutions
up to 7.3 M in KOH (or at very long times) must be the mixed
potentials corresponding to a finite rate of oxygen evolution
and self-discharge on open-circuit, These potentialé will
be less anodic than the true reversible potentials, From
the present data (Figures XXIII a=-d) and from the work ‘
deseribed above (e¢f. this chapter section 1 b, iv and vi),
we can obtain the polarization parameters 10 and b for the
cdathodic and anodic partial "eorrosion™ reactions, respectively,
in the self-discharge process; hence, the mixed potentlal and
the net self-discharge rate at this potential may be calculated
as shown in Figure LI for 7.3 M KOH solution. In this diagram,
Em is the steady-state mixed potentiel, Er the i1deal reversible
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potential, and 1; the net rate of "ecorrosion" or self-
dischﬁrge. It is clear that any e.m.f., measurements (cf.
30,33,56) taken on open-circuilt at long periods of time,
except In the most concentrated solutions and at low
temperatures, will not glve the true reversible potential Er
but the steady-state mixed potential Eh! v ich will be
lower than Er by 5=30 mv. Similar figures to LI may be
drawn for the other concentrations of KOH and, except for
the 1.6 M KOH solution, the extrapolated or long-time
potentials will be E_. T

d) Assipgnment of Reversible Potentials

In solutions up to 7.3 M in KOH, the true reversible
potentials Er should be based on extrapolation of the whole
region of the cathodic decay lines and that region of the
anodic line before which oxygen evolution becomes a siénificant
process, i.e, in the first 3.5 decades of t + 8, The values
of Er thus obtained are shown as circles in Figure XXVII whilst
the long-time values or those based on all the decay points
(i.e. the B values) are indicated by crosses. They differ,
as expected, by 5-30 mv. In the derivation of the Nernst
equation for the electrode, it 1s clear that the Er’ and

not the E values as usually nsed (30,33,56), must be considered.

e) The Nernst Equation for the Electrode

From the above assignment of reversible potentials,
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Figure LI: Polarization lings'for the partial
reactions in the "corrosion" or self-
discharge of the nickel oxide electrode
in 7.3 M KOH,
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we obtain & series of Er values at various KOH concentrations,
Using the data of Akerl8f and Bender (72), these E, values can
be expressed as logarithmic fumctions of activity of KOH and
water. Three unlmowns are then involved in the Nernst equation
for the potential-determining electrode process viz., E°, and
the two coefficlents of the logarithmic activity terms. TUsing
the date shown in Figure XXVII for Er, we may obtain three

{or more) simulteneous equations in Er (experimentally
determined), E°, 1n aHBO’ and 1n 8,,, which give, upon
numerical solution, the following Nernst equation at 25° c

for the cell

Hg/Hg0 KOH (a - [N10,08"

KOH)
: i+
HZO (aHQO) \\Ni(OH)2
where the % refers to unspecified and probsbly non-stoichiometric

(22,23,2l1) quantities of associated water and adsorbed KOH3

E, = 0.420 (¥ 0,002) = 0,004 (¥ 0.001) log, olagygl + 0,105

(¥ o.01) 1og10[aHZO], [6l]

which corresponds to the formal reaction

—

[2N10.0H] (0.1h KOH ads.) + Hg + 3.56 H,0 + 2[Ni(OH)2.
1.28 H,0 + Hg0 + 0.1y KOH aq. [65]

It will be noted that in this equation terms both in KOH and

water activity are required to represent the results, i.e.
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the dependence of E on £LO0H concentration cannot be
quantitatively accoznted for through the diminution of water
activity with increasing KOH concentration. Thls residusal
dependence on KOH activity is consistent and in fair

agreement with that deduced from previous work (56) and our

own (see below) using a KOH/KF mixture. Chemically, adsorption
of KOH at the higher oxlide is not inconsistent with the

genersal properties of higher oxlides, which are usually more
acldic than corresponding lower ones,

The dependence on water activity 1s, however, very
much greater than that found in Kornfeil's work (56) and is
.moreover in the opposite direction to that foﬁnd by him,

Our resnults are in qualitative agreement with those of

Zedner (30,31) with regard to direction of the dependence

of e.m.f. on water activity. It is unfortunate that:Kcrnfeil'SA
results are presented in an obscure fashionji thus, no absoluté
values of Er as a function of concentratlion are stated ana the
dependence of e.m.f. upon concentration is expressed oniy as

a fraction of the e.m,f, value for a 0,01 M KOH solution,

i.e. E® is not stated, Kornfeil's equation

E ="E° - 0,029 (0.16 log,, %10 * 0.067 1og ayqy) L66]

also predicts, using the data of Akerl8f and Bender (72), a
minimum e.m.f. at 12 molal KOH, whereas in the present work

and in that of Zedner (30,31) the e.m.f. continues to decrease
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rapidly with increasing concentration at high concentrations
of KOH. Since we have no lmowledge of the actual e.m.f. values:
in Kornfeil's work, it is difficult to seek an explanation of
his anomalous results. It may be remarked, however, that the
procedure used in his work was different to that used here and
involved analytical determinations of the change of KOH and
water-concentrationslrelative to that of/%Cl or KBr reference
electrolyte. The interpretation of results obtained by this
method may be complicated by variation of adsorption of KCl
on the electrode with changing KOH concentration axd electrode
potential, Thus it 1s well known that Cl~ lons are specifically
adsorbed #t electrodes particularly at potentiéls anodic to the
potential of zero charge'(fh).

For the single electrode process at t he nickel oxlde

electrode, equation [65] gives

[2N10,0H] (0.1L4EOH ads.) + 4.56H,0 + 20 F= Z[Ni(OH)a.l.aaﬁéo]
+ 0,1l KOH ag. + 2 OH . [67]
Equations derived by other workers expressed in corresponding

form (cf. 69) to that of equation [54] are

2N10.0H H,0 + LH,0 + 2¢ & 2N1(oﬁ)2.2H20 + 20H" (Zedner) [68]
and
2N10.0H.0.1H20 + 1.8H20 + 2 & aNi(OH)2 + 20Hf (Forster) [69]

from which 1t 1s seen that apart from the XKOH adsorption not




- 220 =

considered in the earlier work, our results with regard to
dependence on water asctivity are in closest agreement with
those of Zedner. Forster's results (33) differ from the
aboié, possibly on account of the use of nickel oxide
electrodes containing graphite; Kornfeilts equation
[2810.0H] (0,067KOH ads.)+0.8HéO+ae = 2N1(OH)§+203‘+0.067KOH
leads to an andﬁalousiy small role of water in the electrode
procegs. Most of the above equations involve non-stoichio-
metric amounts of hydrate water and this is not inconsistent
with available data (36,65,92) which indicate non-stoichio=-
metric ranges of hydrate composition.

As an independent check on the wvalidity of our
equation [6l], the measurements made (Figure XXIVb) in
saturated K¥ containing 0.08 M KOH enabled & value of Er to
be obtained at a low KOH activity (1.3*), and in which

solution the water activity (determined dlrectly by a differential

vapor pressure measurement at 25° G) was also low at 0.30.
The value of Er observed experimentally in the KF/KOH mixture
was 0,362 v whilst that calculated from equation [64] for the
same conditions 1s 0.36l (the agreement i1s thus within the
reproducibility claimed (see Results, Section 3)) in the

present worke.

¥ The activlity coefficient for KOH in the mixed electrolyte
was taken as that for a solutlion of pure KOH having the same
water activity as that (0.3) in the KF solution. This

approximation ls justiflied since, at very high lonic strengths,

the actlivity coefficient is determined to a large extent by
lon=solvent interaction.




CHAPTER V

APPENDIX

CONSIDERATIONS OF PRACTICAL INTEREST IN RELATION

TO BATTERY PERFORMANCE

1. General

Consliderable practical interest exists in the
electrical behavior of the nickel oxide electrode owing to
its use as the positlve plate in the nickel-cadmium accumulsator.
In view of this, some aspects of the behavior discussed above

are reviewed here in relation to their practical consequences:

2. The Effect of KOH Concentration on the Stability of the

Higher Oxide

The shelf-life of the charged nickel-cadmium battery
is largely determined by the rate of loss of oxygen, or self=
discharge, of the nickel oxide positive plate (93). This is
evident from the fact that the gas evolved on open-circult
from a fully charged battery or positive plate electrode
consists almost entirely of oxygen (33). Self-discharge of
the cadmiuﬁ?plate through evolution of hydrogen is a much
slower process, its rate being negliglible in strongly alkasline
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solutions at room temperature (82).* In a practical battery
most- of the actual "self-discharge” of negative plates

(L.e. oxidation of them) occurs indirectly through reaction
with oxygen which 1s liberated from the positive plate

and diffuses over toc the negative plates,

This loss of oxygen from the higher nickel oxide
has been studied in some detall in the present work and the
dgpendence of its rate upon potential, temperature and
conecentration has been discussed. The effect of concentration,
however, merits a few additional comments here, Concentration
of the electrolyte affects the self-discharge rate in two
distinct ﬁays: (a) it will affect the kinetiés of the oxygen
evolution reactionj thus, at a given potential (w.r.t. Hg/HgO)
a higher concentration of KOH would tend to result in a higher
rate of self-discharge; (b) it will determine the reversible
potential of the electrode for a given composition of the
oxide. A higher XKOH concentration will result in a lower
(anodic ) potential (at constant composition of the oxide)
and thus,for this reason,will tend to lead to a decrease in

the rate of self-discharge. These two effects are seen to

* The standard reversible potentlial for the reaction
2e + Cd(OH)2 = Cd + 20H" is -0.815 v. (Stockholm Convention).

This compares with =0,828 for the standard hydrogen electrode
in alkaline solution so that the cadmium electrode 1s
thermodynamically stable in a solution saturated with
hydrogen. N .
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work in opposition to each other but an analysis of the
results shows that the second of the two 18 dominent. This

is particularly evident in the very concentrated solutions,

It will in fact be noted that in a solution of 1.6 molar

KOH the ﬁéversible potential at 25° C of an electrode 50%
oxidized (i.e. "Niol.ZS") is lower than the reversible oxygen
potential and thus the following important practical
conclusion can be deduced, viz. that no self-discharge is
possible under these conditlions if the solution 1s saturated
Wwith oxygen. Very concentrated solutions (12 molar or more)
could perhaps be profitably used where stability of the charged
positive plate is of prime importgnée (e.g. where long perlods
of storage of charged batterles at elevated temperatures are
necessary)., This additional stability would however be
obtained at the expense of a lower open-circuit e.m.f., of
greater polarizaetion during discharge (cf. Figures XXIII

and XXIV) as well as a loss of the advantages characteristic
o7 the battery at low operating temperatures, on account of

crystallisation of the alkall hydrate.

3. Charge and Discharge Characteristlcs

It folloﬁs from the results of experiments on the
decay from polarization at partlally charged electrodes that
the electrolytlc oxidation and reduction of nickel oxide is

by no means a reversible process in the thermodynamic sense,
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In fact the exchange current is not particularly large
(approximately 10~7 amps per gram) and it is in fact, only
because the process exhibits a very strong dependence of
rate upon overpotential (i.e. is associated with an unususlly
low Tafel slope) that the system is practicable as a battery
electrode, In practlcal terms this very low Tafel slope
means that the potential during discharge is not greatly
dependent upon the rate of discharge; thus, changing the
dlscharge rate by a factor of ten will only increase the
polarization by 10 to 15 millivolts. Our results show that
the Tafel slope for the discharge process is lowest in the
more dilute KOH solutions, so that the rate of the discharge
process will exhibit the least potential dependence under
these conditions.*

In addition to having a low Tafel slope fof '
electrolytic reduction, some internal polarization, due to
the "corrosion type™ mechanism of self-discharge referred
to previously, 1s already impressed upon these electrodes on
open~circult and this tends to minimize even further the

"apparent" polarization dwring discharge. The effect is

* This does not take into account any Ohmic IR drop in the
solution which in fact may be gquite significant in dilute
solutions in a practical battery operating at high current
drain,




- 225 «

best 1llustrated by considering the discharge of an electrode
having typical values of exchange current, Tafel slope and
self~-discharge rate., Let these be, respectively, 10'7 amps
per gram,. 0,010 volts per current density decade and Il.O"S
amps per gram respectively. On open-circult the steady-state
potential will be displaced 20 millivolts below thetrue reversible
potentlal due to selfwdlscharge. On discharge at 10'1 amps per
gram (epproximately "3 hour" rate) the potential will be
displaced 60 millivolts below the reversible potential, Thus
the "apparent" polarization at a discharge rate of 10"1 amp8
per gram ls only 4O millivolts. If, however, one charges the
electrode at the same current-density the "apfarent" polarization
will be 80 millivolts. This accounts for the effect frequently
observed experimentally (33,40) that a greater apparent
polarization arises dixring charging than during discharging o?
nickel oxide electrodes.

It will be noted that this effect 1is significaﬁt
even though the rate of self-discharge may be very small,
In the case conslidered above the rate of self-discharge at
10'5 amps per gram is, for example, such that more than one

year would be necessary to discharge the electrode,

li. Effects of Rate of Charge

The results of this work lead to the rather surprising
conclusion that charging will be most efficient at the highest
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potentials and consequently at the highest rates. During
anodic polarizaticn two alternate reactions may occur l.e.
oxidation of Ni(OH)2 to "W1O00H" and evolubtion of oxygen.

The kinetlc parameters of these two reactions are such that

the latter is favored at low overpotential (potentials just
slightly above the true reversible potential) whilst the
former, oxidation of Ni(OH)2 to "NiOOH", is favored at

higher overpotentials, This is most readily seen by considering
Figures L. Here we have represented the Tafel lines for the
Ni(OH)2 oxidatlion process and for the oxygen evolutlion process
in 7 M KOH, As may be seen from the dlagram at potentials
below about 0.l430 volts (w.r.t. Hg/Hg0) more than 50% of the
total current goes toward oxygen evclution while at potentlals
greater then about 0.450 volts more than 90% goes toward
oxidation of Ni(OH)Z. In this particular case a current
density of about 1072 amps per gram can be shown to be required

for 90% efficiency of charging.*

5. The (Possible) Effects of Cycling, Impurities and Additives

It has been mentioned previously (ef. Figure XXXVII)
that subjecting an electrode to a number of charge and

discharge cycles decreases the exchange current for the oxygen

* Tpis figure applies to an electrode which is 50% charged;

at a lower degree of charge the efficiency of charging would

be higher and conversely at higher degrees of charge it would
be less,




- 227 =

evolution process, In terms of the polarization diagram in .
Figure LI this may be indlcated by shifting to the left the
Tafel line for oxygen evolution. This will result in a

lower rate of self-discharge and, assuming the kinetic
parameters for the Ni(OH)2 oxidation process remain unchanged,
a2 higher (i.e. a more positive) mixed potential, The higher
mixed potential in turn will result in a greater "apparent"
polarigation during discharge and smallér Ygpparent"
polarization during charge., The actual measured potential
during charge and discharge will of course remain unchanged.
Although this area has not been explored in this work it would
appear poséible that addition of cheﬁical additives inhibitory
to the oxygen evolution reaction could perhaps prove effective
in further reducing the self-discharge rate. However, 1t must
be kept in mind that the Ni(OH), oxidation reaction (probably)
involves the same initial discharge steps as the oxygen evolution
reaction and care must be taken not %o inhibit the redox '
reaction involving Ni(OH)Z. On the other hand, any additives
that would facilitate the bulk oxidation and reduction reactions
would improve the dynamic characteristics of the electrode.

The effect on self-aischarge would be to increase it slightly -

other things being equali.

6., Deduction of Rates of Self-Discharge

At high degrees of charge the self-discharge rate

can be directly determined micro-volumetrically by measurements of tk.
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rate of oxygen evolution, For the "partially charged"
electrode (degree of oxidation less than "Niol 5") this

; procedure cannot be used but the self-discharge rate can be

| deduced from a polarization dlagram (Fig.-LI) where the

'! Tafel lines are plotted for the anodic and cathodic partial

- reactions which are proceeding during the self-discharge
(this treatment is analogous to that used 1in deducing rates
and potentials of corrosion of metals), From the e.m.f,
decay and recovery lines determined at the partially charged
electrodes and for the oxygen evolution rate lines (expressed
in terms e.m.f.-log [ratel]) determined at more highly charged
electrodes we may construct (as we have shown above ) the
polarization dlagram for self-discharge as shown in Fig, LI,
The point of intersection of the cathodic and anodic partial
current lines gives a point the coordinates of which éive the
self-discharge potential (a "mixed potential"'as in corrosion

of & metal) and the rate of self-discharge directly. Such

diagrams are hence of considerable practical interest in
evaluating shelf-life of battery electrodes and rates of

self-discharge after charging.

7. Corrosion of the Nickel Metal in the Oxide Electrodes

During use of the micro-volumetric technlque (see
Chapter II, 7) for oxygen evolution measurements it was

found that a consumption of oxygen could be detected when the
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unimpregnated plagues were used in oxygen-containing KOH
solutions at room and elevated temperatures. The extent

of oxidation of the nickel amounts to about 5% of the

capaclty obtainable with the fully impregnated electrode

based on a plaque of the same size. The spontaneous (and
anodic) direct oxidation of the unimpregnated nickel plaque

cen be markedly accelerated by trace additions of chloride
ions, Appreciable capacities can be generated in unimpregnated
nickel pleques by this procedure but in all cases Impregnation
with Ni(OH)2 still gave substantially higher electrochemical

capacilties,
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CLAIMS TO ORIGINAL RESEARCH

Tﬁe mechanism of self-dlscharge of the "fully charged"
nickel oxide electrode has been elucidated quantitatively
for the first time.

A new microvolumetrle technique has been developsd which
has permitted the precise measurement of rates of oxygen
evolution on open=circuit.

This microvolumetric technique has enabled the true
kinetic parameters for open=-circult oxygen evolution on
the nickel oxlide electrode to be evaluated and it has been
shoun that self-discharge proceeds by an electrochemical
mechanism involving anodiec and cathodic partial processes.
Studies of (a) H-D 1sotope effects, (b) heats of
sctivation and (c) comparison of the kinetic parameters
for open=circult oxygen evolution wlth those for steady
state de.c. polarization has enabled the rate-controlling
process in the self-discharge of the nickel oxide
electrode to be identified as the anodic oxygen evolution
reaction.

This oxygen evolution process has been shown to proceed
by eitﬁér of two distinguishable rate~controlling
mechanisms depending uppon potential, temperature and
electrolyte concentration. Tafel slopes and exchange

currents for these two mechanisms have been evaluated.
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E.M.F. decay slopes on open-circuit have been measured

and these have been compared with true Tafel slopes
obtained from oxygen evolution studiese. The theoretical
significance of decay slopes has been exzamined and it

has been shown that the values of these slopes will be
1dentical to those of the corresponding true Tafel slopes
only if the electrode has a constant capacltance over

the potentlal range involved. Cases where the electrode
capacltance varies with potentlsl are discussed (see
below). Comparison 1s made between theory and experiment
for cases of potentiasl dependent and potential independent
capacitance and it 1s shown that the direction of variation
of asurface capacitance, i.e. 1ts lncrease or decrease, with
Inereasing potential can‘leadfio information on thé

extent of surface coverage. Linear e.m.fs = log ftime]
lines also result when the capacitance is an exponentlal
function of potential but under suchn conditlons the

e.mefs decay slope wlll not be identical with the Tafel
slope. It 1s shown, however, that true Tafel and
mechanistically significant slopes can be deduced

from such eem.f. decay slopes if the relatlon between

capacitance or surface charge and potential is knowngk
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Techniques used to study the self=-discharge process of’
the fully oxidized nickel oxide electrode (Niol.S) have
been applied to the semicharged electrode (NiOl.ZS) in
order to elucidate the kinetics of oxlidation and
reduction of the bulk material involving NiII and NiIII.
The true thermodynamic reversible potentlal of the nickel
oxlde electrode in a state of oxlidatlon Niol.zs has been
evaluated for the first time. Previously measured
"equilibrium" potentials have been shown to be "mixzed"
potentials whilch, in fact, can differ from the true
reversible value by 20 to 30 milllvolis. Mixed potential
diagramshave been obtained which quantitatively relate

"mixed" or "steady state" potentials to true reversible

-potentials.

The stoichiometry of the oxldatlon=reduction reaction
NiII - NiIII has been evaluated from the dependence of

true reversible potentials upon water and KOH activity.
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