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SUMMARY 

Differential capacitance studies at a and, --p-PbO 2 electrodes in a number of 

ultra pure aqueous electrolyie solutions established that, in general, the electrode 

interphase is complicated by adsorption. In KNO solutions, however, the PbO 32 

electrode is relatively uncomplicated by adsorption and, after allowing for surface 

roughness effects, behaves as predicted by the Gouy-Chapman theory. The pzc', 

estimated from the measureme'nts in KNO3 solutions, occurs at 1 . 07 + 0.01V for 

crPbOj and 1 . 15 + 0.01 V for P-PbO 2' 

The kinetics of the exchange reaction at a and p-PbO 2 in alkaline, 

perchlorate and sulphate solutions has been investigated using the galvanostatic and 

faradaic impedance techniques. The overpotential - current density data was inter- 

pretted in terms of two'rate control I ing'charge tra nsfe r'me chan isms'. At potentials not 

too distant from the*equilibrium potential, the charge transfer process involves a simul- 

taneous two electron transfer whereas at higher overpotentials two consecutive -single 

electron transfers are involved. The impedance measurements are interpretted in terms 

of a'simultaneous two'e'lectron transfer but the overa , 11'exchange"reaction rate is con- 

siderably greater than that estimated from the galvanostatic measurements. An explan- 

ation of the enhanced reaction rate-is given involving apparent lattice activation by 

application of repefitim potential stimuli. Measurements obtained from both tech- 

niques confirm that the exchange reaction involves adsorbed intermediates at the 

electrode. 

Linear sweep voltamrýetric studies in NaOH and H2 so 4 solutions indicate that 

the Pb(IV)/Pb(II) reaction in botý--elecirolytes involves diffusion processes in solution. 
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CHAPTER I 

INTRODUCTION 

The study of the electrochemical behaviour of solid metals is of fuýdamental 

importance in the understanding of electrochemical energy conversion devices. In 

recent years relaxation techniques, successfully developed using amalgam electrodes, 

have been applied to the study of solid metal electrodes. It is desirable to extend 

electrochemical studies to oxide electiodes since these are the cathodic counterparts 

of metals and form important electrodes in certain energy storage systems. Although 

many oxides are non-conducting and diffic'ult to study electrochemical ly'a class of 

oxides exists which possess a certaindegree of electronic conduction. Of these lead 

dioxide, which forms the positive active. material of the le'ad-acid cell, has pronounced 

metallic characteristics and is amenabLe for electrochýmical study. 

Due to its importance in the lead-acid cell a considerable amount of work has 

been reported concerning . the lead dioxide electrode. In general investigations have 

involved long time polarization and equilibrium studies' and the. use of relaxation 

methods has been fairly limited. Recent work has emphasized sev*eral'unresol vied 

problems: - 

(i) The behaviour of lead. dioxide is compli. cated by the existence of more than one 

polymorphic form and results indicate significant activity differences between the forms. 

(ii) It is fairly well established that the lead dioxide/aqueous solution interphase is 

complicated by adsorption of-speoies from solution however the exact mechanism of 

the adsorption and its effectlon the electrode kinetics are as yet unresolved. 

(iii) Exchange current densities observed for the lead dioxide (Pb(IV)VPb(I I) exchange 

reaction in aqueous solution is small (in acid solution Jones' reports values of 

1- 10-1 mA cm -2 ). In ge'neral, other electrode systems used in energy conversion 



2,10-10 3 
mA devices have shown large exchange current densities (e. g. Pb/Pb(II) 

cm 

It was decided to study the electrochemical behaviour of lead dioxide in a 

number of aqueous solutions, using relaxation techniques and obtain further, information 

concerning the above problems. 

VF - VF 

The Lead Dioxide Electrode 

A full review of the lead dioxide electrode is given in Appendix 1,. In this 

review attention is given to the-reported work more, relevant to the present studies. ' 

There are at least three different crystallographic forms of1ead dioxide, 

orthorhoMbic (a) 3-5 
, pseudo-tetragonal (6) 6 

and tetragonpl 
7. As yet little is- 

known of the 6 form and most of the reported work has been concerned with the a 

and p forms. a -Lead dioxide has the orthorhombic structure of columbite and p-lead 
8 dioxide the rutile structure. It was first shown by Paul ing and Sturdivant , that a close 

relationship exists between the two lattices. In both cases the Pb(IV)- ion is 
-at 

the 

centre of a distorted octahedron. The essential difference, in structure is in the way 

that the octahedra are packed. In p-lead dioxide neighbouring octahedra share opp- 

osite edges, which results in the formation of linear chains of, octahedra. In a-lead 

dioxide neighbouring octahedra share non-opposing edges in such a way that zig-zag 

chains are formed. In both cases each chainjs connected with the next one by shared 

corners. 

It is, fairly well established that lead dioxide is a non-stoichiometric compound. 

Several attempts to prepare stoichiometric lead dioxide have been unsuccessful . The - 

non-stoichiom 
I 
etric compositions have been determined by a number of workers 

10-12 
as 

PbO 1 . 83 -1 . 98 and PbO 1 . 95 - 2.0 for a and , fl? -Iead dioxide respectively. 

(2) 



Lead dioxide has a high electrical conductivity, 
7,13-16 

comparable with that 

of some metals. This property is important in its use in the lead-acid cell . Kittel 14 

and Thomas 7 
carried out Hall effect measurements on electrodeposited samples and 

concluded that the observed conduction was due to electron mobility, and was closer to 
20 - 21 

the conductivity, of metals than semi -conductors. Electron densities of , 10 -10 

-3 3,2 -1 -1 cm were reported with ionic mobilities of 10 cm Vs It was assumed that 
7 

the free elect'roni'were due to an effective deficiency of oxygen. According to Thomas 

the temperature coefficient of the resistance is positiveAn the temperature range - 100 0C 

to IOOOC and the sign of the thermoelectric power negative. Later work by Mindt 15 

-3 showed that films of both 'a and" fl-lead dioxide show low resistivities (a; 10 C)-Cm, 

-4 21 -3 15 10 f)-cm) and electron densities of , 10 - cm . Mindt suggested that the 

free electrons were due to either the non-stoichiometry or to the inclusion of hydrogen 

ions in the oxide lattice. 

17-19 Nuclear magnetic resonance studies have shown relative shifts of 0.48 for 

the a-form and 0.63 for the A -polymorph with respect to 207 P b'. Piette and Weaver 17 

concluded that the chemical shift was a qualitative measure of the conductivity and was 

due to conduction of electrons. 

The above evidence indicates that a -lead dioxide is a better conductor than 

P-leaddioxide. 

Thermodynamically both polymorphs are very'similar. Jable 1 .1. summarizes 

some of the more important thermodynamic functions. 

- Surface area determinations 21,26-30 ' have not conclusively shown whether 

a or fl-lead dioxide has the greatest surface area but most of the work reports a greater 

surface area for, # -PbO 2* 

The lower oxides of lead are of interest since they are possible products of the - 

reduction of lead dioxide ý Two polymophs of the next lower oxide, PbO, have been 

(3) 



Table 1 .1 .- 

Some thermodynamic properties of lead dioxide. 

a-PbO 2 -PbO 2 Reference 

in 4.4 mol I Electrode potential E , , 
0 H2 so 4' 25 C, vs NHE 

1 . 708 V 1 . 715 V 20 

Standard potential, E 1.697 V 1.687 V 22,23 
0 

1 . 691 V- 1 . 682 V 24 

Temperature coefficient of potential in - 0.36 mV -0.20 MV 
4.62 mol IH SO 24 

0 C-I 0C -T 1 25 

Standard, free energy of formation, G0 

per mol. - 218 W - 220 W 25 

Standard beat of formation, AH 0, per mol - 265 U - 261 W -24 
Standard entropy -76.44 24 

10C -1 

Molar heat capacity 
10 -1-, 64 JC 24 

Free energy of reaction, A G R' inH 2SO4' 
333. '5 - 343.5' 1 

per mol. U W 24 

Heat of reaction in H SO AH 2 4' R' 
354 U -343.5 

per mol U 24 

Entropy of reaction in H2 S04 per MOI 69.6 U 38.6 W 24 

-31 - reported, in the literatUre, tetragonal and orthorhombic. Olin has shown, from a 

potentiometric study of the hydrolysis of Pb(II) in perchlorate electrolytes, thalt there 

is good evidence for a Pb(OH) + 
complex. Pb(OH) 2 also exists and is stable in elec- 

trolytes of high pH,. 
_ 

Very little is known of Pb(IV) hydroxy complexes and the exist- 

ence of Pb(IV) ions in solution is uncertain 
32. 

With the development of the lead acid battery by Plante in 1859 considerable 

attention has been focused on the lead dioxide/H 2 SO 4 system. The generally a-ccepted 
33 

thýory for' the reactions taking place in the cell can be conveniently expressed as 

(4) 



PbO2. + P6 +2H2 SO 42 PbSO4 +2H2 0- 

or: -ý 

PbO2 +4 H+ + SO 2- 
+ 2e PbSO4 +2H (1.2) 42 

The picture is complicated by the participation of two electrons in the overall reaction 

and the involvement of two solid phases, PbO 2 and PbSO 4. It is also difficult to formu- 

late a mechanistically satisfactory picture of the dynamic equilibrium between lead 

dioxide and Pb(II) ions in solution because trivalent lead is relatively unknown and te'tra- 

valent lead has not 6een detected in solution. Consequently the exchange mechanism 

and reaction steps involved in the overall reaction are not well established. 

The discharge properties and discharge mechanism of the t3-lead dioxide electrode 

in H2 so 4 solutions have been studied by a number of workers 
25,34-37. As yet there is 

some uncertainty concerning the exact mechanism. Studies of the discharge mechanism 
28,34 28 of a-lead dioxide are few 

. Wrk suggested that the discharge mechanism in dil- 

ute H 2SO4 (< 0" mol 1 -1) may be different'for the two polymorphs; PbSO 4 formed on 

discharge of a-lead dioxide remains on the undischarged electrode as an adherent film 

but on ý gHead dioxide as widely dispersed nuclei. - 

The formation of lead dioxide by the anodic oxidation of lead or PbSO4, has been 

investigated by a number of workers. . Feitknecht and Gauman 38,39 
showed that the pass- 

ivation of lead in H 2SO4 resulted in the formation of /*-lead dioxide by the oxidation of 

plumb6us ions: - .II 

Pb(II) +2 OH = P-PbO 2+ 2H 

40 however, Sparhbier found that the reactions occurring during the formation of j? -lead 

dioxide could be summarized as: - 

H0=H++ OH 2 ads 
(1 . 4) 

Pb(I 1) +H 20 = Pb(OH)4+ + H+ 

(5) 



At present it is generally accepted that the passivation mechanism includes the OH 

ion discharge, adsorption of the hydroxyl radical at the electrode surface and immed- 

iate oxidation of the Pb(OH) 2 formed to give one or both polymorphs of lead dioxide. 

The possibility of the participation of the plumbic, ion in the'eXchange reaction 

has been suggested 
32,41 

, but Bone et al 
42 

showed that plumbic ions were not involved 

in the oxidation process and that the total exchange between plumbous ions in the sol- 

ution and lead dioxide is very rapid. 

The deposition of cr-lead dioxide was investigated by Fleischmann and Liler 
43 

who suggested the mechanism: - - 1ý I 

OH -e= OH 
ads 

(1 . 6) 

Pb(11) + OH OH- -e Pb(OH) (1 . 7) 
ads 

+2r 

Pb(OH) = PbO 2+ 2H + (1.8) 

where reactions 1 .7 and 1 .8 are the rate determining steps. 

The lead dioxide/Pb(II) exchange reaction in acid perchlorate electrolyte solu-7 

tions was investigated by Jones et al 
11 44-47. For the a-polymorph the exchange was 

shown to be complicated by an a/, g interconversion process. At potentials close to 

the equilibrium potential, the exchange reaction involved the transfer of two electrons, 

simultaneously, but at potentials more removed from the equilibrium two consecutive 

single electron transfers. The presence of H+ adsorption was inferred from the abnormal 

experimental charge transfer coefficients observed. 

The mechanism of oxygen evolution on lead dioxide electrodes has attracted con- 

siderable attention since the charging of the lead-acid cell occurs at appreciable over- 

potentials. The published data 20,21,48-55 
is in agreement with a Tafel slope of 

... 0.12 - 0.14V per decade of current for p -lead dioxide and - 0.05 - 0.07 V for 

(6) 



a-lead dioxide. 

56-60 Impedance studies of the lead dioxide electrode have been relatively few 

56,57 Kabanov from differential capabitance studies, reports fhe potential of zero 

charge at 1 . 78 V in H 2SO4 and KCIO 4(0 . 01 mol I solutions, shifting to more neg- 
I11 61 

ative potentials with decreasing acid concentration. Hardness measurements were in 

agreement with this value for the pzc. Surface modification has been inferred from both 
55,56 61 -i- capacitance and hardness measurements . An equation to explain such a modifi- 

cation was proposed- 

s 
true 'ý Slimit + (a + bt) r 

0.5 (1 . 9) 

where a and b are constants, T is the time of electrode/electrolyte contact and t the 

temperature., From these results it was also suggested that adsorption of SO 2- CIO 4,4 

and H2 S04 occurs at the electrode. 

Kokarev et al 
59 has proposed several equivalent electrical circuits to represent 

the electrical double layer at the lead dioxide/aqueous electrolyte interphase, how- 

ever, these experiments were performed in the oxygen evolution region. They concluded 

that the overall equivalent circuit included impedance terms due to the capacitance of 

the double layer, diffusion, adsorption and the resistance of the electrochemical reaction. 

(7) 



CHAPTER 2 

THEORETICAL PRINCIPLES 

2.1. The Electrode -Electrolyte Interphase 

Electrochemical processes take place within a thin surface layer at the inter- 

phase between an electrode and a solution. Thus, in order to understand the mechanism 

of electrochemical processes, it is essential that the structure of the electrode/electrolyte 

interphase is described. 

At a metal/solution interphase a region exists where the electric field strength 

differs from zero and an electrical double layer is formed. The formation of an electrical 

double layer at a metal/solution interphase is. a. general phenomena and consists of two 

layers of electric charge of opposite sign and equal magnitude separated by a distance 

of the order of Angstrom units. The existence of an electrochemical double layer depends 

on an inhomogeneity in the system and is always closely associated with a phase boundary. 

The two layers of charge may be situated one in each phase, separated by the phase 

boundary, in which case there is a net charge in each phase. Alternatively, the two 

layers may be situated within one phase but close to the interphase. It is also possible 

that the two types of double layer may co-exist. 

In general, metal/solution interphases can be theoretically divided into: - 

(a) ideally polarizable, 

(b) non -polarizable. 

An ideally polarizable interphase can be defined as a system for which potential excur- 

sions from equilibrium do not cause passage of charge or faradaic reactions across the 

interphase. In the case of non-polarizable electrodes either the presence of a potential 

determining ion in either or both phases causes concentration chang'es at the electrode 

for potential excursions according to the Nernst equation, or, faradaic reactions cause 

(8) 



passage of charge across the interphase. 

The earliest model of the electrical double layer at an electrode/electrolyte 

interphase was proposed by Helmholtz 62 
in which the interphase was considered to 

consist of two layers of equal and opposite charge, one layer situated on the electrode 

and the other on the solution side of the interphase, approximatilng to a parallel plate 

condenser. From thermodynamic considerations such a system is not stable and more- 

over, values of the differential capacitance, calculated using this model did not agree 

with experimental results. 

Gouy 63 
and Chapman 64 

independently modified the above model by considering 

the thermal motion of the ions in the electrolyte and developed the concept of the 

diffuse layer rather than the compact layer of Helmholtz. Their calculation was very 

similar to the ionic atmosphere theory of Debye and Huckel; 65 
the solution side of the 

double layer effectively acts as an ionic atmosphere of the electrode. The theoretical 

predictions of this theory fitted with experimental results at low electrolyte concentra- 

tions and potentials close to the electrocapillary maximum. 

Both the above theories assume: - 

(i) a continuous incompressible ideal medium, 

(ii) non-polarizable point charges, 

(iii) no specific adsorption. 

By considering ions to have a finite distance of approach to the electrode and taking into 

account specific adsorption of ions, a closer agreement of theory with experimental 

results is obtained. Stern 66 
was the first to subgast the concept of a plane of closest 

approach for ions and considered the electrical double layer to consist of two parts, a 

compact layer and a diffuse layer extending into the solution. Grahame 67 improved 

the Stern model by considering specific adsorption of ions and represented the double 

layer as: - 
(9) 



Fig 2.1 possible structure of a metal electrolyte 

interface (Bockris et al., 1963) 
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(a) the inner Helmholtz plane which is governed by the plane of closest approach of 

the solvent dipoles and specifically adsorbed ions. 

(b) the outer Helmholtz plane which is determined by the plane of closest approach 

of the solvated cations. 

Fig. 2 .1. shows, schematically, a model of the electrode/electrolyte inter- 

68 67 
phase . Using a similar model Grahame showed that the total double layer cap- 

acitance is represented by: - 

II+I 
cLz 

diff 
Z! 

comp. 
(2 . 1) 

where CL is the double layer capacitance, C diff the capacitance of the diffuse layer and 

C 
COMP. 

the capacitance of the compact layer:. a relationship for the diffuse layer capac- 

itance is given by: - 

zFc 2-5 c 3\ 
I- rl 

(2.2) 
inh sq n) 2 rl RT L 

Co sh 
2RT cc 

where C2-s is the dielectric constant in the diffuse layer, C S, the bulk concentration of 

the electrolyte and qn the charge on the electrode. This expression predicts that as qn 

passes through zero the diffuse layer capacitance goes through a characteristic minimum 

(since cash 0=I and cash y>I for all other values of y near y= 0) . Also, C 
diff 

decreases with decreasing bulk concentration of electrolyte near the potential of zero 

charge, Ez. Thus for electrolyte solutions of sufficiently low concentration, the meas- 

ured capacitance vs potential curves approximate to the diffuse layer capacitance curves . 

Other workers have proposed further corrections to the above double layer theory 
69,70 

which mainly concern (1) the finite size of the ions in the diffuse layer (2) die- 
71 72 lectric saturation , (3) polarisation of the components of the system , (4) the assoc- 

( 0) 



73 74 iation effect , and (5) the self atmosphere effect . More recently Barlow and 

Macdonald 75 
and Levine and Bell 76 have considered the discreteness of charge effect 

on the double layer but as yet this has only been Interpretted for the diffuse layer. 

77 
, 
The importance of the pzc has been discussed by Frumkin . As was shown in 

I 
equation 2 . 2., the value of the, pzc can be obtained from the differential capacitance - 

bias potential curves for low electrolyte concentrations, and plays an important role in 

determining the extent of adsorption at an electrode (determines charge on the electrode). 

The charge on the electrode is determined by the quantity E-E which is termed the 
z 

rational potential, E 
rat. * At positive E 

rat. 
a dsorption of negative ions is favoured 

while at negative E 
rat. positive ions are attrncted-to the electrode. When E 

ra . 
is 

small adsorption of neutral ions or molecules competes favourably with ionic adsorption. 

Thus a knowledge of the pzc is an important precursor to the studylof the kinetics of an 

electrode reaction. 

2 ý2. Adsorption at Electrode 

Many electrode reactions and coupled chemical reactions take place via 

adsorbed species on the electrode surface. The adsorbed species may be the starting 

material, an intermediate, the product, the electrolyte, the solvent or other species 

such as hydroxyl or hydrogen radicals. The presence of adsorption can be detected in 

a number of_ways: - --11, 
(i ) Fractional orders of reaction with respect to a particular electroactive 

species. 

(ii) In cyclic voltammetric studies, a plot of peak current vs v is linear for the 

reduction oi oxidation of adsorbed species (cf. diffusion controlled reaction 

where peak current VS Iv is I inear) 

(M) The measured current - time transients, for potentiostatic measurements, 

show higher currents than calculated theoretically. 

(11) 



(iv) Rapid changes in the'differential capacitance 'with concentration of a 

particular species. 

!n studies of the kinetics of a heterogeneous process involving adsorbed species 

it is necessary to replace the bulk electrolyte concentration terms by surface concen- 

tration. This necessitates the use of adsorption isotherms which relate the concentra- 

tion of adsorbed species at the electrode, rA with the bulk concentration, a. In 

non-electrochemical adsorption, the isotherm is a function only of the bulk concentra- 

tion but in electrochemical adsorption an additional electrical variable is present, 

which determines the state of the system. 

Adsorption isotherms are based on molecular models and the model that is nor- 

mally used assumes that the adsorbed species forms a monomolecular layer immedia'tely 

adjacent to the electrode surface. The equilibrium between the adsorbed layer and the, 
78 bulk solution can be conveniently considered as a partition between two phases the 

bulk solution and the surfdýe I phaýe however, in determining which isotherm fits the, 

experimental data a definition of activity must be made. Since equilibrium prevails 

across the whole system, the chemical potential of the adsorb ate, pA, must be uni- 

form. Thus one may write; - 

pA (soln. ) = pA (ads. ) (2.3) 

where pA(ads. ) and pA(soln. ) are the standard chemical potentials of adsorbate in the 

adsorbed state and in the solution respectively. 

If the. configuration entropy of the adsorbed ions is expressed -in terms of R In 

assuming ideal behaviour of the adsorbed film, equation 2.3. becomes: - 

pA(ads. ) + RT In -I 
ql 1, 

Iq' mclx I 
z FKq, +ZAFq, = pA(soln. ) + RT Ina A (2.4) 

(12) 



where KP 
u vi, lq' I is the amount of charge specifically adsorbed, q, u 

is the 

potential drop across the inner layer and 4, i is the potential at the adsorption pion e 

(assumed to be a fraction of the total potential drop across the inner region). It is 

possible that equation 2 . 4. is incorrect due to the non-ideality of the adsorbed film 

and because the micropotential at the adsorption plane changes radically with dilu- 

tion due to changes in the imaging forces in the diffuse layer. Also equation 2 . 3. 

may not be the correct thermodynamic description of the adsorption equilibrium. The 

uncertainty introduced by changes in the micropotential at the adsorption plane cannot 

be removed except by exposing this effect through the isotherm parameters. The 

equilibrium to which equation 2 . 3. refers is: - 

A (ads) (2.5) 

where A is the adsorbed species. If equation 2.5. is correct, the concentratiom, 

variable in the adsorption isotherm can be equated to the mean activity of the salt, 

a+ 

If the adsorbed species is charged then in order to keep the interface electro- 
80 

neutral the adsorption of an anion must be accompanied by the corresponding 

adsorption of a cation and vice versa, and the correct concentration variable is thus 
2 In a+, instead of In a At constant'electrode charge the inclusion of one Faraday 

of anions in the inner layer results in corresponding changes in the diffuse layer. For 

each Faraday of X- ion adsorbed, r+ Faradays of Y+ are absorbed, and r Faradays 

of anions in the diffuse layer are desorbed, where T is the transport number of the 

81,82 
anion and cation respectively in the double layer, and is defined in this case by 

r+ 
dqD± 

(q DI (2.6) d(q 
n+ q') -ýý 

) 

qn 

(I 3) 



where qD is the charge on the diffuse layer and qn is the charge on the electrode. 

The adsorption of one Faraday of anions in the inner layer is then accompan- 

ied by the disappearanceof r+ equivalenft of salt from the solution, and the equil- 

ibrium to be considered is: - 

YX (aq) "' 'r +YX (ads) 
(2.7) 

'and implies that the adsorbed species is the ion pair XY 

In recent work, Horanyi et al 
83,84 investigated the adsorption phenomena on 

platinized platinum electrodes, and suggested that the adsorption of Cd 2+ ions from 

sulphate and perchlorate solutions was accompanied 6y the adsorption of anions (in 

this case CIOý.. and HSOý). Thus Schiffrin 78 
suggests that the correct term in the 

adsorption isotherm should be r log a2 

A number of isotherms have been used to describe adsorption of ions and mole- 

cules at electrodes, each characterised by certain assumptions and each applicable to 

certain experimental systems. Table 2 .1. lists several possible equations of state for 

adsorption and the corresponding adsorption isotherms. The isotherm corresponding to 

each equation of state gives the form of the activity of the adsorbed species in the 

bulk electrolyte, I, as a function of the surface concentration r, or alternatively, cA A 

the surface pressure pr represents the maximum surface concentration of the AM' 
r, adsorbed species and 0A YrAM' 

To deduce the nature of the particle - particle interactions in an adsorbed 

layer it is necessary to compare experimental adsorption with that predicted by the 

above isotherms. These isotherms are based on the assumption of constant electrical 

state. There seems to be little question that the electrical variablewhich should be 

held constant is the electric field operative in the adsorbed . layer. Parsons 
53 has 

suggested that measurements at constant charge are appropriate pointing out that such 

(14) 
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a state corresponds to the case of non-electrochemical adsorption sincei in such systems 
168 

the value of'charge density is always zero-. ' Damaskin . on the-other hand, has pref- 

erred to hold the potential of the electrode constant. 

The question of which of the two electrical variables, q or E, should be held 
n 

constant to keep the electrical state of the adsorption layer constant is not completely 

resolved. At the pre'sen'i staqeý it would'app'ear' that the co'nstan't charge isoth 
. erm prov- 

ides a more convenient starting point for interpretation of adsorption since under such 

conditions the electrode -particle interaction should be approximately constant so that 

the interaction parameters derived from the isotherm are a true reflection of the 

particle-particle interaction. 

In assigning a particular isotherm to, experimental data several methods are 

available. Gileadi and Conway 91 
pointed out that the dependence of 0 on the poten- 

tial was not very sensitive to the-type of isotherm applied to the system. The depend-7 

ence of the adsorption p'Seudocapacitance, C 
ps; , on the potential was found to be very 

sensitive to the exact form of the-isotherm. More recently, Parsons 
90 

showed that a 

plot of 0 vs log (fl a A) was not very sensitive to the isotherm employed, but some 

distinction between isotherms could be observed, from, plots of 
d0 

-T vs TO-gTfl aA 
log (fl aA) and that a suitable techniquie for obtaining values of 0 is from, capacitance- 

bulk concen, tr9tion curves at constant charge. 

2 . 3. Charge Transfer Kinetics 

For a simple electrode process the rate determining step can be identified with 

the over-311 reaction: - I 

0+ ze = (2.15) 

The free energy barrier for such a reaction has been fully discussed by Vetter 92 
and- 
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Delahay 93. For such a process occurring at an electrode, the current " overpotential 

relationship was derived by Erdez-Gruz and Volmer 94: 
_ 

az F (11 -a )z FF 
0 

[exp 
- RT 17 D exp ( 1- 

-RT 17 D 
(2.16) 

where i0 is the exchange current and depends on the concentration of the reactants 

and products as: - 

i zFk (C ) I-a 
. (C 

R 
)a (2.7) 

17D is the charge transfer overpotential, a is the charge transfer coefficient, ko the 

heterogeneous rate constant, C0 and CR the concentrations of 0 and R respectively 

and z, Rj, F have their usual significance. 
95 

Equation 2.16 was verified by Horiuti and Polanyi using a quantum mechan- 

ical treatment. Marcus 96 has shown that the charge transfer coefficient is a function 

of several terms which are dependent on potential, however, if the effects due to the 

double layer are small and the potential is not too far removed from the equilibrium 

potential (+ 250mV) a becomes independent of potential . 

Double layer effects can be reduced by carrying out the experiments in the 

presence of an excess concentration of supporting electrolyte.. 

For low overpotentials (17D <7 mV) the current - overpotential curve reduces 

to a linear relationship which on differentiation gives: 

di zF 
RT o jnD) 

17 D"* 0 

(2 18) 

Since the above current density - overpotential quotient is constant, its reciprocal, 

termed the polarisation resistance, is directly analogous to a simple electronic resis- 

11 AN 



tance and can be tredted as such. Thus the charge transfer resistance, R D' is given 6y: - 

R RT 1 
D7* Ti 

From equation 2.17 

In i0= In zFk 0+ 
(]-a) In C0+a In CR (2.20) 

and hence maintaining one of the components, 0 or R, constant wKilst varying the 

other will lead to a linear plot of In i0 versus In C from the slope of which a may be 

extracted. 

Thus: - 

ýln i0 
=n- 

Rc0 

Bin i 
0 (2.22) 

In Co 

c R' T 

At higher overpotentials (17D :* 50 mV) the rate of theieaction opposed bj 

the overpotential is reduced to negligible proportions and the second term in equation 

2 . 16 can be ignored, hence for cathodic overpotentials: - 

i=i exp azF (2.23) 
0 RT 17 D 

and 

In i in i, , azF 
0 R-T 17D (2.24), 

(17)--- 



Rearranging equation 2.24 gives: - 

RT Ini -H Ini (2.15) 17 D zF 0 azF 

i. e. '7 Da blogloi (2, ý26)_ 

97 Equation 2 . 25 is termed the Tafel equation 'For a 6affibdic process: -' 

a=2.303LT log, i (2.27), 
azF 00 

T b 2.30*3 L 
a zF 

For an anodic process - (I -a) replaces a 

(2.28) 

The possibility that the exchange reaction mechanism may change as the over- 

.ýIi,, 98 99 
potential increases also exists. Gerischer and Mehl and Bockris found that the 

deposition of Ag from AqCIO 4 is controlled by surface diffusion at or near the reaction 

Vquilibrium potential but that at high overpotentials charge transfer becomes rate det- 

ermining. 

At solid metal electrodes several fa c tors favour such a process change as over- 

potentials increase: - 

(a) the fraction of the active growth sites may increase with increasing potential 

resulting in a decrease in the effective distance through which adspecies have 

to. migrate; th6 rate of suffade d 'iffusion- increases alld, thusdecreases the lend- 

endy for rate con: trol by surface diffusion. 

(b) at high cathodic overpotentials the rate of the anodic process decreases and 

the time spent on the surface after charge transfer, -by a reduced species and 

the probability of that species reaching an atomic step and being incorporated 

at a growth site increases. The result of this is to increase the rate constant 

for sufface diffusion which ceases to be rate controlling. 

(18) 



The participation of adspecies in the rate controlling step can be precluded 

if the 17 D-i data obeys the charge transfer e'quations over the whole potential range. 

There also exists possible changes in charge transfer mechanism with increasing 

overpotential . The probability of electrons exchanging in pairs has attracted consid- 

erable attention. Conway and Bockris 
100 

showed that the heat of activation for a 

simultaneous two electron transfer exceeds 400 U mol resulting in an exceedingly 

small rate constant. It seems more probable that charge transfer reactions occur as two 

consecutive single electron transfers over the whole potential region but wi th the time 

interval and activation energy difference between the electron transfers becoming 

greater as the overpotential increases. , Consequently, due to limitations in the experi- 

mental procedure, it may only be possible to distinguish between the two charge trans- 

fer steps at high overpotentials. 
101 

The theory for consecutive electron transfer reactions is wel I established 

and has been verified experimentally 
102. 

The reaction mechanism for a two electron 

transfer between 0 and R involving two consecutive single electron transfer steps and 

an intermediate S can be represented as follows: - 

0, -, +ýes (2.. 29) 

SR (2.30) 

Each step has its own characteristic apparent exchange current (ioa and i ob) and 

transfer coefficient (a 
a and a b) The exchange currents can be defined in terms of 

concentration of electroactive species and corresponding standard rate constants,, 
92 ko 

0a cz a i 
oa 

Fk 
aC0acs. 

(2.31) 

i=F ko C "b C"b (2.32) 
ob bsR 

119) 



By writing for each step a charge transfer equation (equation 2.16) and eliminating 

terms connected with the concentration of the intermediate species, Vetter 92 
obtained 

the expression: - 

exp -(a + 
F77 

exp (2 - aa -a b) 
F? 7 D 

a b) ýý 
"M- 

exp (I -a 
F '7 D+L exp (-a F 77 D 

(2.33) 

a) TT- i b) - 0b0 RT 

At high oVerpotentials this equation gives plots o vs n, Tafel plots) having a' f '71) 1 

aF /RT) for the cathodic and anodic bra-nches respectively. slope of /RT) and ((' "OF 

The corresponding rectilinear parts of these'curves intercept the 17 D'ý- 0 axis at 2i 
00 

and 2i 
ob * 

Current - overpotential characteristics corresponding to equation 2.33 have 

been computed. by Hurd 102 for a number of i 
oc/'obra 

tios. It was confirmed that the 

curves passes through the origin (17 D ý= 0' i= 0) with the slope predicted by: - 

RT (1-7Z7rD 
=- (2.34) 

F 
oa ob 

, 'n D z-- o 

which can be obtained by differentiating equation 2 . 35 with respect to i and setting 

17 D=0. Vetter and Thiemke 
104 

calculated i 
oa 

and i ob 
for the TI(Ill)/Tl(l) reaction 

from the intercepts of the cathodic and anodic branches of the Tafel-curves and showed 

that the slope calculated from equation 2.34 agreed with that- observed at 0 

This evidence confirmed the view that the TI(Ill)/Tl (I) exchgnge involves two consec- 

utive one electron transfer steps within the potential range investigated. 

For the case of a'two electron transfer involving consecutive single electron 

steps in which one step is slow and rate determining, Lovrecek 105 has shown that the 

slopes of the cathodic and anodic branches of the linoar - logarithmic regions are 

given by: - 

(20) 



aln icF 
nc + aj) 

a 
KT- 

17 D 

and 

aln 'A Fn 
a 77 

D 
TT A 

(2.35) 

'(2.36) 

where nc (and nA) is the ordinal number of the slowest step in a multistep cathodic 

(or anodic) reaction, and ai is aa or ab (equation 2.29 and 2.30). For the two step 

mechanism, if nc =I then aI=aa and if nc = 2, 'i =%* Similarly when nA = 

CL = cb and when nA = 2, a acl. Equation 2.35 and 2.36 are derived more 
i- 

fully in appendix 2. 

Expressions equivalent to equation 2.35 and 2.36 can be obtained from 

equation 2.33 by putting either i 
oa or i ob respectively equal to infinity. This has the 

effect of ensuring that the other reaction, for which i0 is finite, controls the reaction 

(e. g. considering equation 2.29 and 2.30 for ii is finite and reaction oa ob 
2.30 controls). Four a In 

17 D 
)va 

lues (two cathodic and two anodic) are'obtained 

corresponding to nc or 2, and nA =I or 2 using the appropriate value of the transfer 

coefficient in each case. 

Determination of the reaction order by observing the dependence of the rate of 

reaction on the concentration of the reaction components is well established. This 

method has not been applied to studies of electrode reactions. -to any great extent, with 

the exception of the work by Vetter 92 
, Gerischer" and their collaborators, who have 

used the method exclusively to elucidate electrochemical reactions at mercury and 

amalgam electrodes. The basis of this method is that at sufficiently high cathodic over- 

potentials the cathodic current flowing at a fixed potential is a function of the concen- 

tration of those electroactive species directly involved in the cathodic reaction. Con- 

(21) 



versely, at high anodic overpotentials the anodic current is a function of the concen- 

tration of reduced species. For comparison of these reaction -rates (current densities), 

potentials must be referred to some standard and in this work the reference potential 

chosen is that corresponding to arbitarily selected solutions of fixed composition . 

The above reasoning is only applicable if either the anodic or cathodic ex- 

change reactions can be suppressed by application of high overpotentials. In some 

cases such overpotential measurements are not feasible but reaction orders may still 

be deduced from the dependence of the exchange current on the concentration ion 

using equations of the type equation 2.31 and 2.32. 

2.4. Faradaic Impedance 

The theory of faradaic impedance was developed by Randles 106 
, Gerischer 

107 

and Grahame 108 
and first used by Dolin and Ershler'09 for the determination of the 

rate of ionization of hydrogen at platinum elec . trodes . 

The basis of the method is to represent the ac impedance of the electrode as a 

model impedance network. The components of the network may or may not exist indep- 

endently of the network, e. b. frequency dependent resistors and capacitors and neg- 
110 

ative resistance The electrode is subjected to a low amplitude (7 mV peak to peak) 

sinusoidal voltage and, for the general reaction equation 2.15 when controlled by 

ch arge transfer and diffusion in solution, Randles; 106 
proposed the equivalent circuit 

shown in figure 2.2., where RE is the electrolyte ohmic resistance, CL the double 

layer capacitance which varies with the dc voltage depending on the concentration 

and nature of the electrolyte. RD is the charge transfer resistanc-e and is related to the 

exchange current density by equation 2.19. The Warburg impedance, W, (due to 

diffusion or mass transfer) in the abbreviated form, can be represented by: - 

I 
6-ýý (I (2-37) 

(22) 



Fig 2.2 Electrical' analogue of the -electrode 'intýerphase' 

for the case- OU charge transfer and diffusion 

control. 

e"ý 

Fig 2.3 Theoretical impedance curves for the case of 
charge transfer and diffusion control. 
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where a is the Warburg coefficient, W the angular frequency and i =1 -1 . The 

Warburg coefficient can be expresssed as: - 

RT 

z2F2 r2 

TL 

Cil ID 
i 

(2.38) 

where CI is the surface concentration of the i th species and DI is the diffusion coeff- 

icient. 

The faradaic impedance due to the electrode reaction is itself a combination of 

capacitance a nd resistance terms corresponding to various reaction steps. For a reaction 

consisting of only charge transfer and diffusion processes, it has been shown that 
106 

:-, 

R RT 2+ (2.39) 
rz 2F2AC 

LJ 

wD k 
0 

CrW! (2.40) 
RT v2 

where A 
__is, 

the ele 
. 
ctrode area, 

_ 
Rr and I/w Cr ar 

.e 
the equivalent resistance and react- 

ance respectively, and C and D the geometric means of the concentrations and diffusion 

coefficient respectively. Thus a plot of Rr and I/ wC r versus w-4 should be I inear; 

the latter passing through the origin whilst the Rr line intercepts the R axis for 

(d = at: - 

RI- RT 'I. 
r Cr -FXC 

Laitenen and Randles III have shown how the impedance due to the faradaic reaction 

(C 
r and Rr) can be obtained by successive series to parallel and parallel to series cir- 

cuit transformations (appendix 3). The elucidation of these parellel- series transform- 
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ations requires known values of the double layer capacitance and the electrolyte res- 

istance. In general these parameters ýre not known for solid metals or oxide electrodes 

and the circuit transformations are performed with the use of a computer program using 

C are selected values of CL and RE until the requisite'parallel plots of Rr and 11W 
r 

obtained. ' 

2.5. Linear Sweep Voltammetry (L*. S. V. ) 

The principle of L. S. V. is the application of a potential, varying linearly with 

time, on the working electrode. As the potential increases the substance reacting at 

the electrode is progressively rem`avýd in the vicinity of the electrode causing current 

limitations. As this limitation becomes more severe, the current potential curve devel- 

cps a maximum the magnitude of which is proportional to the concentration of the 

species controlling the current flow at the electrode. 

In discussing this technique it is necessary to distinguish between single sweep 

and multi-sweep methods. In single sweep methods the current - potential profile is 

recorded once and the system then allowed to return to its original state. In multi 

sweep me6eds the current - potential profile is continuously recorded. In the latter 

method, boundary value problems and the. concentration distribution of the reacting 

species may vary markedly from those of the former case. 

For the reversible formation of an insoluble substance by a cathodic reaction 

Berzins and Delahay 112 
, assuming linear diffusion, applied the general theory of 

Randles 113 
and Sevcik 114 

and obtained the relationship: - 

7 /3F3/2 
F2 -lF' z '/ ' .1A. .0 (X) I IF =] 'A 

.D2aC. 
V2 (2.42) 

T72 

where 

e- xp (-x 2) fo'x 
exp (p 2 dp (2 

, 
. 43) 
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and 
ýZFV E-Rj) (2.44) ýR -Ti) L RT 

I is the peak current density, v the potential sweep rate, E the potential 

of the system at a particular point in time, Ei the initial potential of the potential 

sweep, C the species bulk concentration and D the diffusion coefficient. When e-, (x) 

passes through a maximum the current density, 1, shows a maximum, Im, which at 

0 112,115- 25 C is given by: - 

3.67 10 5zDC 
vi- 

(2.45) 

Similar equations can be deduced for the anodic reaction. The theory assumes re- 

versibility of the system and that the activity of the insoluble product is unity. 

Hence equation 2.45 only holds for solid electrode. metal ion systems where only 

diffusion overpotential is present. Quantitatively, use of equation 2.45 is compli- 

cated by uncertainties concerning the true concentration of the reacting species at 

the electrode and the diffusion coefficient of the species controlling the current flow. 

For the reversible formation of a soluble product at the electrode the peak 

current is given by: - 
112,115 

Im=0.452 A D' C vl (2.46) 

or at 25 0 C: - 
115 

5211 1m=2.72 x 10 . zy .A. D. C. v (2.47) 

For totally irreversible electrode processes Delahay 116 
, using a method developed 

by Wagner 117 
, obtained the expression for the peak current: - 

(25) 



11- 4ý 
IM = 112 Z"FaA, P2 .D; -C .x. 

(pt) (2.48) 

where x t) is a variable function and 

azFv 
RT 

At 250C*: - 

1 3.01 x 10 -5. z (a-, z )I A DI C VI (2.49) 
ma 

where z is the number of electrons involved in the rate determining step. 

The expressions for I of a reversible and irreversible process differ in that the 
m 

peak current for an irreversible process is proportional to the'product z (a z, )' 
instead 

of Z"/"as in the case of a reversible process. Since a is smaller than unity and z is 

generally smaller than z, peak currents for irreversible processes are smaller than the 

values one would expect in the case of reversibility. 
_ 
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CHAPTER 3 

EXPERIMENTAL TECHNIQUES 

3.1 . Electrolytes Soluition 

All electrolyte solutions were prepared k6m A. R. grade chemicals and water 

twice distilled from deionised 'Stock. Analysis of solutions, (appendix 3), 'was carried 

out before and after experimental runs. All glassware was thoroughly cleaned by 

standing in a mixture of concentrated nitric and sulphuric acid (50: 50) for one week to 

remove impurities, then thoroughly washed in bidistilled water, soaked in bidistilled 

water f6r 24 hrs and finally dried in an oven at 120 0 C. At all times care was taken to 

handle 'surfaces that would be in contact with electrolyte solutions with clean paper' 

tissues . 

Continuous purification of the electrolyte solutions, over specially prepared, 
118, 

activated charcoal , (appendix 3) using a nitrogen pump (white spot N2 passed over 

heated copper to complete deoxygenation and humidifed by passage through a water 

trap) was employed. The electrolyte purity was judged by the stability of the ac, 

impedance of a sitting mercury drop. In general, at least 5 weeks circulation was'con- 

sidered necessary to achieve a satisfactory level of purity. 

3.2. Test Electrodes 

PbO2. electr. odes were prepared by electrodeposition of a layer of the required 

polymorph onto an etched (50: 50 concentrated nitric: sulphuric acid mixture) platinum 

mount - The electrode mount was the cross section of a platinum rod (geometric area 

4.9 x 10 -2 cm 
2) 

sealed into a lead free (lead glasses deteriorate in perchlorate sol- 

utions) soda glass sleeve. The end of the mount was cut square, polished with emery 

paper and diamond powder until microscopic examination of the platinum-glass seal 
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showed no microcracks and the platinum surface no scratches. 

a-PbO 2 was deposited by electroperoxidation of alkaline sodium plumbite 

solution 
119 (2 mol 1-1 NaO. 4 saturated with PbO) at 0.8 rrA cm -2 and 25 0C using a 

lead cathode and the platinum mount as the anode. p-PbO 2 was deposited by electro- 

peroxidation of lead perchlorate solution 
120 (2.25mol I-') at a rate of I mA cm -2 and 

25 C. Comparative x-ray diffraction measurements, using a Phillips diffractometer 

(type P. W. 1051), were made'in order to establish the freedom of each deposit from 'the 

unrequired polymorph. 

3.3. Electrolytic Cells 

All cells were made from borosilicate glass and cell fittings were lubrication free 

ground glass joints. The cell used for impedance studies is shown in figure 3.1 . The 

counter electrode was of large area platinum gauze and the reference electrode a satur- 

ated calomel electrode (wick type). The test electrode was as described above. The 

cell used in the galvanostatic studies is shown in figure 3.2 . The test, counter, and 

reference electrodes were of identical material with the counter electrode having a 
2 

geometric area of -2 cm . For the L. S. V. studies the cell is shown in figure 3.3. 

The test and counter electrodes were of identical material and the reference electrode 

was a sditurated calornel electrode (wick type). 

3.4. Electrical Circuits 

The electrical circuit used in the impedance studies is shown in figure 3.4. A 

modified Schering-bridge 121.1122 
was used to match the interphase as a series combin- 

ation of resistance and capacitance. For zero out of balance currenh- 

ZZ2 
(3 . . 1) T- -Z 

cel 14 
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Fig. 3.1. 

Q 

Cell for foradoic Impedance studies 

A- Reference electrode compartment 
B -Test electrode compartment 
C- Counter electrode compartment 
D- Purification limb 
E -Glass f rits 



Cell used for galvanostatic studies 

A- Purification limb 
B-Giass frit 

A- 

F ig. 3.2. 



Fig. ý. 3. 

Cell used for linear sweeP 

voltommetry studies 

A-Test electrode compartment 

B -Reference electrode comparment 

t-Counter electrode compartment 

D- Luggin capillary 



Fig 3.4 Electrical circuit for impedance 
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The a. c. was applied to the bridge by an audio frequency generator (Advance type HI) 

via a screened 65: 1 isolating transformer (Radio Spares 'Hygrade' mike transformer). 

The amplitude of the a. c. was -5 mV peak to peak. The out of balance signal was 

passed via a filter (Muirhead, type D-925-B), set to reject 50 Hz, to a tuned amplifier 

(General Radio type 1232A). The amplifier was continuously tunable in the frequency 

range 20 - 20 000 Hz. The dial accuracy was 3% and the meter sensitivity IVF. S. D. 

The bridge was polarized symmetrically and during all experiments the test electrode 

was connected to earth in order to avoid screening difficulties. Ac and dc were separ- 

ated by a 40 Hz choke. Potential measurements were made using an electrometer 

(Keithly type 610B), the input impedance of which was effectively infinite (> 10 12 

Before any measurements were made the frequency response of the bridge was 

tested by measuring the impedance of a high stability resistance and a standard capacit- 

ance in series over a range of frequencies. The discrepancies between bridge readings 

and known values are shown in Table 3.1 . 

Table 3.1 . Response of Impedance Bridge 

Frequency Range 30-500 Hz 500-1000 Hz 1-5k Hz 5-10k Hz 10-20k Hz 20k Hz 

Error % + 10 +1 +2 +5 +9 >+ 10 

The bridge had a satisfactory response over the frequency range 30 Hz - 10k Hz. 

For galvanostatic measurements the circuit was as shown in Figure 3.5. The square 

wave current pulse was obtained from a pulse generator, (Solartron type g. 0.1377) the 

output of which was of continuously variable amplitude to a maximum of 40 mA into 

2500 f) . It was necessary to introduce a load resistance into the circuit in order to red- 

uce the output since microelectrodes were used. The current amplitude was calculated 

by measuring the potential developed across a standard resistance in the pulse circuit 

by an oscilloscope (Hewlett Packard type 130C). The potential response of the test 
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Fig 3.5. Electrical circuit for galvanostic technique. 

C -Counter. electrode 

W- Working electrode 

R- Reference electrode 

S- Standard resistance 

L- Load resistance 

PG-Pulse generator 

CRO-Cathode ray oscilloscope 

__J 1__ 



electrode to the current pulse was measured between the test electrode and reference 

electrode by an oscilloscope fitted with a camera (Hewlett Packard type 1963). To 

-1 minimize iR drop the electrolyte solution was kept at 3 mol I uný-univalent ionic 

strength with a carrier electrolyte. The rise time of the current pulse was , 0.5ps 

and potential measurements could be madd to an accuracy of + 0.01 mV in the range 

up to 2 mV, and + 0.05 mV in the range up to 10 mV. Current measurements were 

accurate to + 3%. 

L. S. V. studies were carried out using a linear sweep generator in conjunction 

with a potentiostat (Chemical Electronics Limited). The resulting current-potential 

curves were recorded by an X/Y recorder (Bryant Instruments). There was no parasitic 

interaction between the potentiostat and the chart recorder. Each experimental pot- 

ential sweep was repeated several times and the average peak current and potential 

recorded. Reproducibility was + 10%. 
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CHAPTER 4 

THE ELECTROCHEMICAL BEHAVIOUR IN NITRATE ELECTROLYTES 

4.1 . The Electrical Double Layer 

Preparation of test electrodes and the experimental procedure were as described 

in Chapter 3. 

Experimental Results 

Figure 4.1 . shows typical faradaic current - bias potential curves for HN03 

solutions indicating experimental polarizable regions of ,1 . 47 -1 . 97 V for a-PbO 2 

and -- 1 . 47 - 2.03 V for p-PbO2. Neither polymorph was ideally polarizable, the 

experimental polarizable limits being governed by oxygen evolution at the positive 

extremity and lattice dissolution at the negative limit. The potential of zero faradaic 

current fI ow was ,1 . 63 V for a -PbO 2 and -1 . 67 V for p-PbO2 * 

Figures 4.2 . and 4.3. show differential capacitance - bias potential curves for 

a-PbO2 and P -PbO 2 respectively. For potentials within the polarizable region 

stable impedance readings were obtained within 5 hrs of electrode/electrolyte contact 

time for a-PbO 2 and 4 hrs for P -PbO2 - Hysteresis of the impedance measurements 

was small for potential excursions within the polarizable region. Potential excursions 

outside these limits caused serious irreversible changes at the electrode and impedance 

readings never returned to their original values. Replicate impedance measurements 

indicated a 10% variation about a mean. 

Figures 4.4. and 4.5. show typical frequency dispersion of the capacitance 

curves which amounted to , 30% for a frequency change 120 Hz - 500 Hz. 

Figure 4.6. shows typical faradaic current - bias potential curves for KNO 3 

solutions indicating experimental polarizable regions of, P. 65 - 2.00 V for a-PbO 2 

(3) 



Fig 4.1. Faradaic current-bias potential curves 'for 

PbO.. in HNO 
3 electrolyte. 

0.0 

C4 

E 
u 

C 

a. ' C.. 
C.. 

U 

U 

13 
't) 
0 
L 

a LL 

0.09 

EMHEý 
I v 



Fig 4.2 Dif f erential capacitance - bias potential curves 

for z -PbO. in HNO 3 eletrolyte. 
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Fig 4.3 Differential capacitance- bias potential curves 
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Fig4.4 Typical frequency dispersion of differential 

capacitance- bias potential curves for 

(-PbO. in HNO, electrolyte. 
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Fig 4.5 Typical frequency dispersion of differential 

capacitance- bias potential curves for 

P-PbO., in HN03 electrolyte 
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and, 0.65 - 1.95 V for p -PbO 2* Ideal polarizability was never observed; the 

extent of non-polarizability was similiar to that observed for some solid metal elec- 
123 trades (e g. Cu) The potential of zero faradaic current flow was 1 . 12 V. for 

a-PbO 2 and 1 . 17 V for p -PbO 2* Potential excursions outside the experimental 

polarizable region were subject to hysteresis of the impedance measurements, partic- 

ularly at the positive limit where oxygen evolution eventually occurred. 

Figures 4.7. and 4.8. show differential capacitance - bias potential curves 

for a and p-PbO 2 respectively. Stable impedance measurements were obtained after 

I hr. electrode/electrolyte contact time. Readings taken at very short contact times 

showed a certain amount of variation but once stability had been reached the system 

remained stable for at least 24 hrs. Replicate impedance measurements showed a 7% 

variation about a mean. 

Figures 4.9. and 4.10. show typical frequency dispersion of the capacitance 

curves which amounted to , 15 - 20% for a frequency change 120 Hz - 500 Hz. 

Discussion of Differential Capacitance Results 

The capacitance values obtained in HNO 3 solutions were significantly larger 

than those observed in KNO 3 solutions. The shape of the capacitance curves for 

HNO 3 solutions, particularly the absence of a clearly defined minimum developing 

with dilution, suggests that adsorption complicates the electrode. In KNO 3 the diff- 

erential capacitance'curves for p-PbO 2 wer e much flatter than the corresponding 

curves for a-PbO 2. For a-PbO 2a well defined 'hump' in the capacitance curve is 

observed at ,1 .5V which progressed into a distinct minimum at 1 . 06 + MIN with 
' 124 

electrolyte dilution. The curves resemble, in shape, those for H9 in NaF solutions 

For p-Pbo 2 the capacitance min. imum was: less well defined at 1 . 15 + 0.01 V. The 

potential of the capacitance minimum was independent of dilution for both polymorphs. 

In both HNO 3 and Ktý03 solutions the frequency dispersion of the differential 

(32) 



Fig 4.7 Differential Capacitance- bias potential curve 

for a-PbO lin KNO, electrolyte 
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Fig4.8Differential capacitance- bias potential curves 

for - P-PbO,, in ' KNO., electrolyte 
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Fig4.9 Typical frequency dispersion ot differential, 

capacitance- bias potential curves. for CC-PbO, 

in KNO3 electrolyte. 
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capacitance seemed to be an inherent property of both a- and p-Pb02 electrodes 

and is of considerable significance. Since PbO 2 electrodes are nowhere ideally 

polarizable it follows that the impedance measurements are made with a. c. imposed 

on d. c. which in itself can give rise to a frequency dispersion. The extent of the 

foradaic current flow is, however, too small to fully account for the observed disper- 

sion and other possible causes must be considered. In the case of solid metal electrode 

systems, several models have been proposed in an attempt to explain frequency disper- 

sion. Armstrong etal 
123 

suggested that for solid copper electrodes a pseudo-capaci- 

tance, associated with an adsorption/desorption process at the electrode, was the cause 

of a certain amount of the observed dispersion. McMullen and Hackerman 
125 

suggested 

that it was caused by the presence of smal I amounts of impurities on the electrode sur- 

face; the stringent purification proceedure employed in the present experiments would 
126 

minimize such effects. Bockris and Conway proposed that, due to strong adsorption 

forces, the water molecules in the inner Helmholtzdayer are unable to follow the applied 

electrical field resulting in a frequency dispersion of capacitance. Frumkin 127 
CISSOC- 

iated frequency dispersion with irregularities and cracks in the electrode surface creat- 

ing paths of different resistance for different areas of the electrode which have different 

time constants resulting in a frequency dispersion of the capacitance. Ramaley and 

Enke 128 
and Tsa and Jofa 129 

proposed a similar model to that of Frumkin 127 
suggesting 

that different areas of the electrode have slightly different capacitances such that the 

electrode analogue becomes a parallel network of series resistance-capacitance units. 

Dol in 130 
suggests that high surface heterogeneity would cause limited adsorption of H+ 

and OH on different areas giving rise to a frequency dependent capacitance. For the 

present measurements it is not-considered that defects in the electrode construction are 

a major cause of dispersion since microscopic examination of the electrode indicated no 

crevicing. 

(33) 



It seems most probable that for PbO 2 electrodes the frequency dispersion may be 

associated with surface roughness in the sense of De Levie 131 
. The electrochemical 

response of a "rough" e lectrode differs from that of an ideally "smooth" one due to the 

finite solution resistance and/or finite diffusion resistance, both of which favour the 

flow of current to protruding parts of the electrode in preference to recessed parts. 

Such effects lead to a frequency dispersion of the capacitance. There is ample evid- 

ence to show that the electrodeposition of PbO 2 produces a surface of considerable 

roughness and such effects would readily account for the magnitude of the dispersion. 

The time stability of the impedance data for both a and p -PbO 2 in KNO 3 solu- 

tions indicated little or no development of. the electrode surface with electrode/elec- 

trolyte contact time. In this respect the system differed from the 6ehavlour in HNO 3 

solutions where an initial increase in the capacitance with time indicated some surface 

modification as observed by Kabanov 56,57 
. 

For KNO 3 solutions the capacitance curves, figures 4.7. and 4.8., can be inte- 

grated to give the surface charge on the electrode as a function of the electrode pot- 

ential since, from the definition of the differential capacitancei- 

dE + const. 

where E is an arbitary potential and Ez the pzc. The integration supposes that the value 

of the surface charge is accurately known at a particular potential so that the constant 

of integration can be ascertained. In the present case this constant cannot be fixed by 

separate experiment, it is assumed that the potential of the capacitance minimum in the 

most dilute solutions represents the pzc and since q ?. 0 for E>Ez, the capacitance 

curves were integrated from this point, i. e. from 1 . 06 V for a-PbO 2 and 1.15 Vfor 

p -PbO2 - The results of such an integration are shown in figures 4.11 . and 4.12 . for 

a- and, 6-Pbo 2 respectively. Comparison of these curves with similar curves for Hq 

(34) 



R94.11- Charge-rational potential curves for a-PbO,, 

in KNO., electrolyte. 
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Fig4.12Charge- rational potential curves for P-PbO,. in 

KNO, electrolyte. 
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in non-interacting electrolytes 
124 

show that if a roughness factor of 5-10 is assumed 

for the PbO 2 electrode surfaces then the form of the curves is similar. 

The effect of concentration changes on the differential capacitance follows 

from the Gibbs adsorption isotherm which for solutions of simple electrolytes at con- 

stant temperature and pressure can be expressed as: - 

- dy =q dE 
++r 

dp (4.2. ) 

where V is the interfacial tension, q the surface charge, p the chemical potential of 

the electrolyte, rT the surface excess of the anion or cation and E+ is the potential 

of the electrode in combination with a reference electrode reversible to the cation 

(E+) or anion (E ). 

Since equation 4.2. is a complete differential it follows that: - 

DE +/ F, -( ar ) (4.3) 
P)q 

'P 

It is convýnient to write equation 4.3. in terms of the charge in the solution due to 

anions and cations, q+, and since: - 

(4.4) 

and 

RT aln as (4.5) 

where a. is the activity of the electrolyte, it follows that: - 

RT (4.6) In asýj ým F 
q /q + 

in which a. is equated to a+ for a binary electrolyte. The potential, E R' of a cel I in 

(35) 



which the test electrode is combined with a reference electrode of constant electrolyte 

activity and constant junction potential, can be written as: - 

EEH In a+ const. R+± zF + 
(4.7) 

Combining equation 4.5. and 4.7. for the condition when q=0 and for a 1: 1 electrolyte: - 

2 /, 
3q 

(4.8) 
=+"[( 

8'+ )+i] 

a ln a:, q-F, 
"f 

In the absence of specific adsorption limiting values of aq 
)a+ 

and 
(aLl-/,, 

Cl) 

follow from the Gouy-Chapman theory 
63 , 64 

.. - 

Charge (a 
q+/a q)a+ a+ 

High positive 0 
charge 

Zero charge 
High negative 0 

charge 

Values of "ýýR-Z 
a 1n a-) 

at hig 

.h 
positive, zero and high negative charge are 

F+q 
then I, 0 and -1 respectiveFy. 

Figures 4.13. and 4.14. show plots of potential, referred to Ez, as a funclion of 

activity at constant charge, and verify that the above limiting values of 

obtain (approximately) for the present experimental results. Some 
1n aa) +q 

divergence from the behaviour observed in the case of mercury and expected from the 
63,64 -f Gouy-Chapman theory is apparent. In particular the magnitude charge corres- 

ponding to particular slopes of the E R- 
log a lines are much less than the presently 

measured surface charge densities. 

(36) 



Fig413- Rational potential as a fUnction of activity at 

constant charge for a-PbO,, in KNO, electrolyte, 
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Fig4.14. Rational potential as a function of actiyity 

at constant charge for P-PbO., in KNO, 

electrolvte 
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This apparently arises since the Gouy-Chapman treatment was for a smooth uni- 

form electrode whereas the PbO 2 electrode is fairly "rough". At the higher electrode 

charge densities the magnitudes of the slopes increase. Delahay 132 has pointed out 

tiiat even for the Hg electrode at high charge densities, deviations occur due to defects 

in the Gouy-Chapman theory and because the contribution of the diffuse layer is relat- 

ively minor at higher charges. The symmetry of the family of curves, figures 4.13. and 

4.14, and the satisfactory slopes of the E- log a lines at potentials not too far removed 

from the proposed EZ support the choice of the pzc. 

For the case of H NO 3 solutions it is evident from the form of the capacitance 

curves, figures 4.2. and 4'. 3., that adsorption from solution occurs for potentials within 

the experimental polarizable region. It can be concluded from the results for KN03 

solutions that the adsorption of the NO 3 is unlikely, however, the presence of the H 

ion obviously influences the adsprption process. For HNO 3 solutions the direct adsorp- 

tion of the H+ ion is unlikely because of the positive rational potential of the experi- 

mental polarizable region; adsorption of HNO 3 molecules is a possibility. The adsorp- 

tion of molecules in preference to ions has been observed by other workers for some 

similar systems, as discussed in Chapter 2 .2. Consequently it is proposed that for PbO 2 

electrodes in HNO 3 solutions adsorption of HNO 3 molecules occurs at the electrode 

surface. 

4.2. The Exchange Reaction 

The galvanostatic experimental procedure was as described in Chapter 3. Measure- 

ments were only made at low overpotentials (17D <7 mV) in order to study the PbO 2ý 

Pb(II) exchange reaction at potentials close to the equilibrium potential of the system. 
Electrolytes 

were maintained at 3 mol 1 -1 equivalent univalent salt concentration 

with added KN03 
. Experiments were commenced after 15 min. electrode/electrolyte 

(37) 



contact time. Results were reproducible to + 5%. The ohmic overpotential was gen- 

erally < 5% of 17 D. Two series of experiments were performed. In one series 

[ Pb(I 1) ] was varied at constant ( H+ ] and in the second series ( HI varied at con- 

stant 

Experimental Results 

Figure 4.15. shows a typical overpotential - time transient for a-PbO 2 in 

nitrate electrolyte solutions. The transient shows an initial steep rise, due to the 

double layer charging process, followed by a steadily increasing linear region from 

which 1 '7 D results by extrapolation to zero time. Figures 4.16. and 4.17. show typical 

faradaic current - overpotential data for a and ,,, -PbO 2 respectively, in electrolytes 

of varying [Pb(11)] and constant [H + ]. Complementary curves for electrolytes of 

varying [H+] at constant [Pb(11)] were also obtained and were of similar form to 

those shown in figures 4.16. and 4.17. The exchange current density for both anodic 

and cathodic processes, calculated from the slope of the '"D curves at the origin 

using equation 2.18., were identical . Figures 4.18. and 4.19. show the variation 

of the exchange current with (Pb(11)) for a and P-PbO 2 respectively and figures 

4.20 and 4.21 . complementary plots for [H+I. 

Figures 4.22 . and 4.23. show the effect of temperature on the exchange current, 

in the form of Arrhenius plots. 

Discussion of Golvanostatic Results 

-1 -2 The magnitude of the exchange current, io- 10 mA cm , confirms that the 

reaction is slow and therefore concentration polarization is relatively small during the 

time of each experimental pulse (70 ms). Linear extrapolation of the 77 -t curves to 

zero time, in order to separate 1 
133. In the work of 77 D' is therefore justified 

Jones et al 
45-47 

a reaction mechanism for the PbO 2, /Pb(II) exchange, in acid solution, 

(38) 



N94-15. Typical overpotential- time transient 

for PbO, in nitrate electrolyte 
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Fig4.16. Faradaic current- overpotential curves for 

CC-PbO, in nitrate electrolyte 
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Fig4.17. Faradaic current- overpotential curves for 

P-PbO. in nitrate electrolyte 
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Fig 4.18. Variation of exchange current with (Pb(I 1)) 

for (x-Pb02 in nitrate electrolyte 
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Fig4.19. Variation of exchange current with (Pb(Il)) 

for P-PbO in nitrate electrolyte 
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Fig4.20 Variation of exchange current on 

f or (x-PbO. in nitrate electrolyte 
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Fig4.21 Variation of exchange current with 

for P-PbO, in nitrate electrolyte 
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Fig4.22. Variation of exchange current with temperature 

for oL-PbO., in nitrate electrolyte 
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Fig 4.23. Variation of exchange current with temperature - 

for P-PbO.. in nitrate electrolyte 
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was proposed. At low overpotentials, the exchange proceeds via a two step mechanism: - 

PbO2 + 2H ++ 2e Pb(OH) 2 (4.9) 

Pb(OH) 2+ 2H+ Pb(I I) + 2H 20 
(4.10) 

where reaction 4.9. may occur as two consecutive single electron transfer steps. Using 

this mechanism to describe the present exchange process and applying the rate equation, 

equation 2.19, to reaction 4.9., assuming [PbO 21 and [H 203 constant, gives: - 

10 z'-F k4 ýi +12 (1 - cc) ( Pb(OH)2 I" 

. Incorporating reaction 4.10: - 

izF H+] 2(l -a) -2a Pb(I 1) (4.12) 

where k4 is a constant. 

Hence: - 

10910 io 
2- 4a 

loglo [ H) [ Pb(II) 3,0, Tj 

'a 
log] 

oio 
Z2 cc 

3 loglq E pbl 
(H T 

Table 4.1 . summarizes the experimental exchange current dependencies on the concen- 

tration of electroactive species. Substituting these values into equation 4.13. and 

4.14. for p-P60 2 gives a value for the apparent charge transfer coefficient, a, of 

0.35. Similarly, for a-PbO 2, the experimental exchange current dependencies shown 

(39) 



U 

in Table 4.1 . indicate a value of 0.5 for the apparent charge transfer coefficient. 

Table 4.1 . 
Exchange current dependencies on concenfration of electroactive species. Electrolyte 

total equivalent uni-univalent salt concentration 3 mol 1 -1 (with added KNO 3)' 

P-PbO 2 a-PbO 2 

-Lo 310 '0 
0-51+ 0.1 ýa log, 0 [Pb(11)11, p., T 

0 loeý 0 io 

a lo- (11)) 010 
(Pb 

If [H+] 
, p, T 

0-35 0-1+9 
. 

Consideration of the experimental charge transfer coefficient does not conclus"wely 

show that adsorption of solution species at the electrode is absent, although the value of 

0.5 obtained in the case of a-PbO 2 does suggest a simple symmetrical electron transfer 
25,45-47, 

process. The possibility of adsorption must not be neglected; previous work 
134-135 has shown that the PbO electrode is generally complicated by adsorption of 2 

solution species. In general, reported adsorption has involved the H+ ion but, at the 

present experimental potentials (positive rational potentials), direct adsorption of H 

ions is unlikely. There still exists the possibility that H+ ions may be involved in an 

adsorbed Pb(II) complex. 

In later work, chapter 5-7, adsorption of neutral Pb(I I) species at the PbO 2 

electrode is suggested. In order to test the present results for similar adsorption it 

was decided to attempt to fit the present data into the calculations used for the perch- 

lorate system data (since the present acidic electrolytes are more in common with the 

perchlorate solutions). 

(40) 



A sequence of reactions that may describe the electrode process is: - 

PbO2 + 2H+ 2e Pb(OH)2 
ads 

(4.15) 

Pb(OH) 2 ads 
Pb(OH) 2 aq 

(4.16) 

Pb(OH) +2H+ Pb(I 1) + 2H 0 (4.17) 2 aq 2 

By applying a Freundlich type isotherm of the form: - 

CP4 A 

to describe the possible adsorption (reaction 4.15), and incorporating this into 

equation 4.11 . gives: - 

II+2 (1 -a) 2a p i0 z'F ký [H 
P4 Pb(I 1) a4 (4.19) 

where ký kýfl 

From equation 4.19: - 

a log, 
0i0a P4 (4.20) 

a loglo ( PbOl H+l T 

a log, 0 io 
2(1-a) -2aP4 (4.21) 

a log, 0( H) [Pb(II)l T 

Substituting the values of Table 4.1 . into equations 4.20. and 4.21 for P-PbO2 

a P4 = 0.35 and 2 (1 -a) - 2a P4 = 0.54 (4.22) 

(4fl 



Thus a=0.35 and P4 approaches 'un i ty indicating that little or no adsorption of the 

Pb(II) species occur at the electrode. Similar reasoning for a -PbO 2 indicates values 

of a=0.46 and P4 approaches unity. Hence a-PbO 2 behaves in a similar manner to 

-PbO 2 and adsorption of the Pb(II) species is absent. 

Temperature Dependence of Exchange Current 

The magnitude of the enthalpy of activation the Arrheniuv-plots, figures 4.22. and 

4.23, is 27.7 U mol -1 for j9 -PbO2 and 35.6 U mol-1 for 
11 
a -PbO2 . Both of these 

values approximate to the activation enthalpies obtained for other charge transfer re- 

actions however such values are of only limited significance because of an unknown ther- 

mal junction potential . 

Conclusions 

It is clear from the differential capacitance measurements, that both a -and 

-PbO 2 electrodes in aqueous KN03 solutions behave very much like Hg electrodes 

in non-interacting electrolytes 
124 

, provided that surface roughness effects are taken 

into account. Serious divergencies from "Hg like" behaviour occur in the non ideal 

polarizability, the magnitude of the* frequency dispersion of the capacitance and the 

divergence from linearity of the ER-1 09 a+ curves at constant charge. 

In the case of HNO 3 solutions the differential capacitance curves indicated the 

presence of adsorption at the electrodes and it is suggested that this adsorption may 

involve the HNO 3 molecule. 

The galvanostatic measurements indicate that the PbO2/Pb(II) exchange reaction 

is slow and that adsorption of neutral Pb(II) species at the electrodes does not occur. 

(42) 



CHAPTER 5 

THE ELECTROCHEMICAL BEHAVIOUR OF Pb22 IN ALKALINE ELECTROLYTES 

135 
Thermodynamically a-PbO2 is the more stable polymorph in alkaline solutions 

Interest in the behaviour of P60 in alkali exists since, in the interior of the positive 2 

plates of lead -acid cel Is during their manufacture, basic conditions prevail 
136 

and re- 
136,137 

cent work has established the existence of a -PbO 2 in positive plates. Other 

investigations also have shown that ---PbO 2 is the main constituent of the anodic 

co rrosion product of lead. 

Investigations of the reactions of PbO 2 in alkali and their influence in the lead- 

141,142 
acid cell are limited. Chartier and co-worKers studied the reduction of a and 

-PbO 2 in alkal, and, for -PbO 2 it was suggested that the electrode reaction involves 

two steps: - 

(a) a solution reaction: - 

p-Pb02 +H+ 2e =H PbO -+ OH - (5.1) 20 2 

a solid phase reaction: - 

P-Pb0 +H0+ 2e = Pb0 +2 OH- (5.2) 22 

A mechanism for the electrode reaction at the a -Pb02 electrode was not proposed. 

5.1. The Electrical Double Layer 

The preparation of test electrodes and experimental technique were as described 

in Chapter 3. 
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Results 

Figure 5.1 . shows typical faradoic current - bias potential curves for r. t and 

4bo 
2 in NaOH solutions. The electrodes were nowhere ideally polarizable. The 

experimental polarizable region, extending from - 0.5 -1 .3V for a -PbO 2 and 

, 0.5 - 1.35 V for P -PbO 2, is limited by oxygen evolution at the positive extremity 

and lattice dissolution at the negative extreme. A small difference in the- potential of 

zero faradaic current flow occurred, - 0.66V for a-PbO 2 and - 0.75V for P -PbO 2 

Figures 5.2 . and 5.3 . show a series of differential capacitance-bias potential 

curves for a- and j6-PbO 2 respectively. Stable impedance measurements were 

obtained within 2 hrs. of electrode/electrolyte contact time for a -PbO 2' however, 

for fl-PbO 2,10 hrs. contact were required. Once stability had been achieved the 

a -PbO 2 electrode remained stable for potentials within the polarizable region for at 

least 24 hrs. without significant change; - the p-PbO 2 electrode was stable for only a 

relatively short period (, 5 hrs. ). Replicate electrode impedance measurements showed 

a 5% variation about a mean for both polymorphs. Hysteresis of the capacitance 

measurements for potential excursions within the experimental polarizable region was 

negligible, but when the potentials'were forced outside these limits serious irreversible 

changes occurred at the electrode and it was found impossible to return to the original 

condition. 

Figures 5.4. and 5.5. show typical frequency dispersion of the capacitance curves. 

The extent of the dispersion, which was similar for both polymorphs, amounts to , 10% 

for a frequency change I kHz - 500 Hz. 

Discussion of the Differential Capacitance Results 

The capacitance magnitudes observed for NaOH solutions were significantly greater 

than those for KN03 solutions but smaller than the capacitance values recordid in. HN 03 

solutions. In general, the capacitance curves for a -PbO 2 were flatter than the corres- 
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Fig. 5.1 Faradaic current-bias potential curves 

for PbO. in NaOH electrolyte 
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Fig. 5.2. Differential capacitance- bias potential curves 

for cc-PbO,, in NaOH electrolyte 
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Fig. 5.3. Differential capacitance -bias potential curves 

tor P-PbO., in NaOH electrolyte 
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Fig. 5.4. Typical frequency dispersion of differential 

capacitance- bias potential curves for 4, -PbO, 

in NaOH electrolyte. 
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Fig. 5.5. Typical frequency dispersion of differential 

capacitance bias potential curves for P-PbO,. 

in NaOH electrolyte. 

1 

C( 
0E 

u 
LL 

U 
C 

U 

a. 
o C-) 

0-5.0.9 1-3 

E(NHEI/V 



ponding curves for p-PbO 2. The minimum in the capacitance curves, obtained at 

1 . 15 V for p -PbO 2' corresponds to the potential of the estimated pzc in nitrate 

solutions, however, the rather broad minimum in the present -case indicates that the 

electrode/electrolyte interphase is probably complicated by adsorption (e. g. OH- 

ions). In the case of a -PbO 2, the flatter capacitance curves and the absence of a 

clearly defined minimum indicates that the electrode appears to be more complicated 

ýy adsorption than for the g -PbO2 electrode. Consideration of the species present 

in the solution suggests that the adsorbed species is the OH- ion . That adsorption 

appears to be greatest at the a-PbO 2 electrode does not seem unreasonable since it 

has been suggested that the electrodeposition of p -PbO 2 depends on the adsorption 

of H+ ions, 20,134 
then the deposition of a-PbO 2 may well depend on the adsorption 

of OH ions at the electrode. 

The lower capacitance vatues observed for both polymorphs in NaOH solutions, 

compared with those of acid solution, indicates that the adsorption pseudocapacitance 

associated with the OH- ion is less than that of the H+ ion. Alternatively, in NaOH 

. 
solutions the PbO 2 electrode may be covered by a film of the lower oxide. 

5.2., The Exchange Reaction 

The galvanostatic experimental procedure was as*described in Chapter 3. Measure, 

ments were commenced after 15 min. electrode/electrolyte contact time. Overpotential 

- current density data were obtained corresponding to electrolytes based on 3 mol-1 

equivalent uni-univalent salt concentration, maintained with added KNO 3' Two series 

of experiments were performed, -- in the first [Pb(II) ] was varied and (OH-] kept 

constant and in the second [OH varied at constant ( Pb(11)]. 
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Experimental Results 

The differential capacitance results indicated that in Pb(II) free solutions p -PbO2 

electrodes exhibit a certain degree of stability. In Pb(II) containing solutions p-PbO 2 

electrodes progressively deteriorated, mechanical strength and adhesion were affected, 

the deposit tended to disintegrate and it was not possible to obtain rellable faradaic 

current -overpotential data . In al I the experimental electrolyte solutions a -PbO 2 

electrodes were stable and reproducible overpotential - faradaic current data were 

obtained. 

Figure 5.6. shows a typical overpotential - time transient for a -P60 2. Such 

transients were characterized by an initial steep rise in overpptential, corresponding 

to the double layer charging process, followed by a steadily increasing region, due to 

concentration overpotential effects (extrapolation of which allowed 77 ) values to be 

obtained). Figure 5 . 7. shows typical faradcLic current r-overpotential data corres- 

ponding to measurements at low overpotentials for electrolytes of varying [ Pb(I 1) ] 

at constant [OH_ 1. Complementary data for electrolytes of varying ( OH_ ] and 

constant [ Pb(II)l were also obtained and were of similar form to that of Figure 5.7. 

The exchange current density, calculated from the slope of the i- 'n D curves at the 

origin using equation 2.18, were identical for both tile anodic and cathodic processes. 

Figures 5.8. and 5.9. show the variation of the exchange current with ( Pb(l 1) 3 and 

[OH-1 respectively. 

Figure 5 . 10. shows the effect of temperature on the faradaic current - overpot- 

ential data from which the Arrhenius plot, figure 5.11 ., was obtained. 

Figures 5.12. and 5.13. show typical faradaic current 7 overpotential data, 

corresponding to measurements at high overpotentials (Tafel curves), in electrolytes of 

varying [Pb(II)l at constant ( OH-] and varying (OH-] at constant (Pb(II)l res- 

pectively. The kinetic parameters, transfer coefficient and apparent exchange current, 

obtained from the slope and intercept of the I inear curve, are summarized in Table 5.1 . 
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Flg. 5.6. Typlical overpotential- time transient 

for c(- PbO. in alkaline electrolyte 
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Fig. 5.7 Fcradaic current- overpotential curves for 

U-Pbo, in alkaline electrolyte. 
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Fig. 5-8. Variation of exchange current with (Pb(Il)) 

for cx-Pbo, in alkaline electrolyte 
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Fig. 5.9. Variation of exchange current with (OH') 

for CC-PbO, in alkaline electrolyte 

- 
O-g 

-0-6 

01-N 

0-7 

-0.8 

Log,,, i 
cý - 0-76 0 Loglloýr) 

0 

0 

0 

-0.9 ELECTROLYTE: 0-0008 m. oll 
I Pb(II) 

3 moll" K+ (WITH KNO3) 

-1"0 II 

-0-4 -0-2 0 
Lo g.. ((O 11) /M 



Fig. 5.11. Variation of exchange current with 

temperature for CC-PbO. in alkaline 

electrolyte 
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Table 5.1 . 

Characteristics of the Tafel Plots 

a-P602 electrodes in alkaline electrolytes at 23 0 C. Total ionic concentration 

3 mol I-' with added KN03 * 

Concentration Cathodic Coeff. Anodic Coeff. -2- 0(2i mAcM Intercept at 17 (Mol 1 -1) o D 
2.3 RT alogloi 2.3 RT alog, 01A 

Pb(I 1) OH- 
0 F- F Cathodic Anodic 

8'7 D 3 77D 

0.039 0.68 0.29 0.20 0.209 0.275 
0.021 0.68 0.29 0.19 0.174 0.240 
01.011 0.68 0.28 0.19 0.162 0.200 
0.0067 0.68 0.28 0.19 0.123 0.145 
0.0052 0.68 0.29 0.19 0.126 0.120 
0.0008 1.22 0.30 0.20 0.324 0.631 
9.0008 1.04 0.30 0.21 0.310 0-. 563 
0.0008 0.82 0.30 0.20 0.287 0.501 
0.0008 0.64 0.28 0.20 0.259 0.363 
0.0008 0.57 0.28 0.20 0.245 0.282 
0.0008 0.37 0.28 0.20 0.214 0.209 
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Figures 5.14 and 5.15. show the variation of the appareilt exchange current with con- 

centration of (Pb(l I)] and (H +] 
respectively. 

Figures 5.16. and 5.17. show the variation of the anodic'foradaic current,, at 

constant potential, obt3ined from Figures 5.11 . and 5.12., with [ P6003 and [H +I 

respectively. No variation of cathodic faradaic current with concentration of electro- 

active species was observed. 

Table 5.2. summarizes the estimated differential capacitance from the overpotential 

time transients. The reasonably constant double layer capacitance, are satisfactory, 

,. considering the accuracies with which current and overpotential could be measured. 

Discussion of Galvanostatic Results 

The instability of p-Pb 02 electrodes in Pb(II) containing solutions is unexpected 

in view of its satisfactory stability in the absence of Pb(II). Introduction of Pb(II) into 

the PbO2/OH- system has the effect of establishing an exchange process between 

Pb(IV) ions in the electrode lattice and Pb(II) ions in solution. A possible cause of the 

instability of p -PbO 2 is that the Pb(II) species after oxidation, is laid down preferen- 

tially as a-PbO 2. (Considering the respective structures of the two polymorphs this 

simply requires the occupation of different octahedral positions by Pb(IV) ions in the 

close packed oxygen structure after the exchange. ) Such a p-PbO 2/ a -PbO 2 inter- 

conversion process could lead to disruption of the p -PbO 2 lattice causing the observed 

instabi I ity. 

Potential measurements at zero faradaic current flow indicate: - 

( aE 
-3) 

:- "* -29 mV (5.3) 
alogio [OH 

[ Pb(11) 1, i=o, p, T. 

aE 29 mV (5.4) 
a I-oglo [Pb(11) OH- T. 

-, 

(48) 
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Fig. 5.16. Dependence of anodic current density on (PbOlý 

for CC-PbO, in alkaline electrolyte 

i- 

- 

4 

U 

> 
4-I 

U., 

1"4) 

0.5 

4-, 
C 

L 
L. 

U 

U 

0 
C 
a 

il 
cm 

0-5 

ELECTROLYTE; 0-68 moll-' OW 

3 moll-' K*(WITH KNOS) 

E: 0-54 ý, ý 

E--0-515Vý, ý 0 

6L0g,,, i = 0-48 
6LO9, fPb(Il)) 0 

-2-0 
Log�, ([Pb(II)y 

1 niol 1-%) 



Fig. 5.17 Dependence of anodic current density on (OH") 

for a-PbO, in alkaline electrolyte 
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Table 5.2. 

cL estimated from galvanostatic measurements. 

Electrolyte total equivalent uni-univalent salt concentration 3 mol 1-1 (with added 
KNO 3)' 

Concentration o1 -1 
-2 C 

Pb(I I. ) OH- 
I LuF cm 

0.039 0.68 80.1ý 

0.021 0.68 81.2 

0.011 0.68 79.7 

0.0067 0.68 79.9 

0.0052 0.68 80.3 

0.0008 1.22 82.1 

0.0008 1.04 81.5 

0.0008 0.82 81.7 

0.0008 0.64 82.0 

0.0008 0.57 80.1 

0.0008 0.37 79.7 
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corresponding to the involvement of one molecule of OH and one molecule of 

Pb(II) in the equilibrium electrode reaction. The equilibrium electrode reaction can 

be written: - 

Pb02 +2 H2,0 +2e Pb(OH) 3+ OH - (5.5) 

The exact formulation of the Pb(II) species in solution has not been considered in the 

present work however Olin 31 
considers that in alkaline solutions Pb(II) exists as 

Pb(OH)3 3 

The orders of reaction, determined from the dependence of the anodic and 

cathodic current densities on the concentration of the electroactive species at constant 

potential, indicate that the rate of the cathodic reaction is independent of both 

Pb(II) ] and (OH-1 
. Thus, for a-PbO 2' the cathodic reaction is truely zero order, 

which is required if the electrode does not undergo modification under the influence of 

the electrolyte, i. e. no change in electrode activity occurs with electrolyte concen- 

tration. It follows that the cathodic reaction does not involve the hydroxyl (or 

hydrogen) ion. 

For the anodic reaction, the dependence of the anodic current density, "A , on the 

concentration of electroactive species may be written: - 

i 'A k5 [ Pb 
aq 

1 [OH-] Y 
e- 

(5.6) 

where k is a potential dependent rate constant, ( Pb ) represents the measureable aq 
Pb(I 1) ] in the solution and x and y are the orders of reaction. At high anddic pot- 

entials the faradaic current approximates to iA (Chapter 2) and the anodic orders of 

reaction follow from the slopes of the log i vs log concentration plots, figures 5.16 and 

5.17., which give: - 
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a log, 0i=0.48 (5.7) 
alog 10 [Pb(I I)] 

OH E, T 

10 

rPb , (11) 3, 
- 
Elp ,T=1 

. 49 (5.8) 
a loglo COH 3 

and substituting in equation 5.6. allows values of 0.48 and 1 . 49 to be obtained for x 

and y respectively. 

At least one molecule of Pb(ll) must be involved in the charge transfer step; if 

more than one molecule were involved a complex reaction would be indicated which is 

unlikely. The experimental value of x (0.48) is significantly less than unity, however, 

a low order of reaction with respect to the Pb(II) ion has been observed for the anodic 

oxidation of Pb(II) in other electrolytes. Fleischmann and Liler 43 
observed a value of 

0.26 forýthe deposition of w-PbO 2 from acetate solutions and explained this in terms 

of adsorption of Pb(II) at the electrode. Hampson et al 
47 

observed a reaction order of 

0.8 for the anodic reaction of-a -PbO 2 in acid perchlorate solutions and proposed 

adsorption of H+ ions. At the present experimental potentials, negative of the pzc, 

adsorption of FJb(OH) 3 is unlikely and H+ is not present to any sibnificant extent for 

adsoiption. 

It is possible that neutral'PbO molecules may readily be adsorbed and a sequence 

of reactions to represent the electrode process, involving adsorption of PbO species, 

can be formulated as: - 

PbO2 + H20 + 2e Pbo + 20H- (5.9) 
ads 

PbO 
ads 

Pbo 
aq 

(5.10) 

Pbo 
aq 

+ OH +H20 Pb(OH)3 (5.11) 

(51) 



where PbO 
ads and PbO 

aq represent PbO adsorbed at the electrode and in the solution 
144 - 

respectively. Such a mechanism conforms to the ideas of Gerischer in that a neutral 

species crosses the double layer in preference to a charged species. 

An estimate of the adsorption of Pb(ll) species, using the method described in 

Chapter 2, is shown in figure 5.18. in the form of a plot of loglo 0 vs loqjO[ Pb(11)] 

where 0 is approximated to Cps for alkaline electrolytes. The adsorption pseudocapac- 

itance, Cps, was obtained by subtracting the estimated capacitance from the overpoten- 

tial-time transients at t=0 ms from the estimated capacitance at t =. 2 ms(when adsorp- 

tion affects were assumed complete). The curve is of the form: -* 

1C)glo 0p5 1091OP5a + const. (5.2) 

where P5 is a constant less than unity, p5 is the adsorption coefficient, a the activity 

and 0 the surface coverage by the adsorbed species. A similar isotherm can be derived 

thermodynamically from the Gibbs isotherm assuming that the adsorbed layer obeys an 

equation of state of the form: - 

FAnRT (5.13) 

A similar approach for obtaining the isotherm which best fits the experimental 
98 data, using estimated adsorption pseudocapacitance was used by Gerischer in a study 

of Ag(II) ion adsorption from CIO 4 solutions. A similar isotherm to equation 2.15. was 

found to apply. Hickl ing 145 
also considered that for the adsorption of hydrogen on metals 

.. 
a form of this* isotherm applied and recently Schiffrin 78 found that for the specific 

adsorption of F- ions on mercury, a Freundlich type isotherm described the surface 

pressure of the adsorbed ionic film. 

* Footnote: - Pb(II) was used rather than activity since in the present concentration 

-the activity coefficients are expected to be constant. 
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Applying a Freundlich type isotherm oF the form: - 

kCP5 
5f 

to describe the adsorption of PbO: - 

[pbo k5f ( PbOa Ip5 
ads 

Iq 

(5.14) 

(5.15) 

where k 5f is a constant and P5 an exponent less than unity. It has been assumed that 

the main Pb(II) species in solution, Pb 
aq , 

is the singly charged hydroxy complex 

Pb(OH) 3 
31 

which dissociates as equation 5.11 . or more simply as: - 

Pb 
aq = PbO 

aq 
+ 01-1- +H20 (5.16) 

and in dilute solution, assuming [H 2 0] constant, an expression for PbO 
aq can be 

substituted into equation 5.15. to give: - 

[PlbO 
ads 

]k 5f [Pb 
aq] 

P5 
/ (5.17) 

[OH ]p5 

For reaction 5.9., in the anodic direction: - 

I [OH_ 32 (5ý18). 5 'A ký IP'Oads 3 

where kI is a potential dependent rate constant. 5 
4. -- 
Combining equation 5.17. and 5.18. gives: - 

1k [Pb ]P5 PH-] 2-P5 (5.19) k5 
5f 'A aq 

comparing equation 5.6. and 5.19: - 

x+y2 (5.20) 

(53) 



which is verified by the experimental values of x and y. 

From the low overpotential measurements, applying the rate equation (equation 

2.17) to the exchange reaction, equation 5.9., assuming [PbO 21 and [H 203 are 

unity: - 

i0= zF [P 0 
ads 

)a OH - 2a 

where kII is a rate constant. 5 
Substituting for [PbO 

ads 
] from equation 5.17: - 

i=Fk 
11 k [Pb ]P5a [OH ,2a 
5 5f aq 

e- 

-A 

(5.2) 

(5.221 

from which: - 

&loglo io alog, 0i0 
(5.23) 

+2a 
[Pb glo [OH alog 10 aq [ OH ], p, T[ Pb(1 1)] 

ju ,T 

From the slopes of the variation of the exchange current with concentration of electro- 

active species, figures 5.8. and 5.9., the experimental values: - 

(a logio io )'20.25 (5.24) 

cl 
log [Pb 

aq [OH- 1, p, T 

(a 
log 10 i00.76 

(5.25) 
a loglo [OH 3) 

[Pb 
aq 

1, m, T 

are obtained. Substituting the experimental values into equation 5.23. gives values of 

a=0.5 and P5=0.5. The value for P5 indicates significant adsorption of PbO at the 

electrode. 
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For the measurements at high overpotentials, the mean values of the anodic and 

cathodic Tafel coefficients, Table 5.1 ., are 0.2, and 0.291respectively. In the case 

of the charge transfer reaction indicated at low overpotentials (i. e. a symmetrical two 

electron transfer), the expected numerical sum of the Tafel coefficients is unity. The 

experimental values at high overpotentials are significantly different to suggest that 

the charge transfer at high overpotential differs from that at low overpotentials. Further 

evidence for a change in charge transfer mechanism is shown in the form of the Tafel 

curves. If anodic and cathodic reactions wereýthe same then the anodic and cathodic 

Tafel slopes should be of the some order which is not the case. 

In Chapter 2 thermodynamic considerations of -charge transfer were discussed in 

which it was suggested that for a two'electron transfer, a mechanism involving two con- 

secutive single electron transfers'is more favourable than a simultaneous two electron 

transfer. An the present case, the high overpotential measurements indicate that the 

charge'transfer process most probably involves two consecutive single electron transfers. 

Applying the theory of Lovrecek 
105 

for the case of t'wo consecutive single elec- 

tron transfers, as discussed in Chapter 2, 'to the present high overpotential measurements, 

allows the transfer coefficients for both electron transfer steps to be extracted. Thus: - 

Cathodic Tafel coefficient (n -I+a i) =0 . 2q (5.26) 
C 

where n* is the rate determining step in the cathodic direction and a. is the transfer 
c 

coefficient of the rate determining step, 

when n* a. =a0. D. 9 
cIc 

(5.27) 

(ii) Anodic Tafel coefficient ri* - a. = 0.2.. (5.28) AI 

where riý is the rate determining step in the anodic direction and ai is the charge 

transfer coefficient of the rate determining step, 

when ný ýIa-, = aA = (5.29) 
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The charge transfer process at high overpotentials can therefore be written: - 

Pb02 +H 20 +e=[ Pb0 (OH)2 1- (5.30) 

[ PbO(OH) 21 
-+e= Pb0 +2 OH- ' (5.31) 

in which the unstable intermediate [PbO(OH)2 3- is proposed and the charge transfer 

coefficients are as calculated above. The formation of a Pb(Ill) intermediate has also 

been suggested by Varypaev and Fedot' ev 
143 for the slow step in the electodeposition 

of PbO 2 from Pb(NO 3)2 solution, however, schemes based on a Pb(Ill) intermediate 

are more open to objection than those based on a transitory low charged intermediate. 

In the above mechanism the formation of a hydroxyintermediate is suggested and the 

i species that crosses the double layer is the neutral PbO thus conforming to Gerischers 

144 
ideas of charge transfer 

The transition of the charge transfer mechanism from a one step process at low 

overpotentials to a two step mechanism at high overpotentials is similar to the behaviour 

observed by Hampson et al 
45-47 

for PbO 2 electrodes in perchlorate electrolytes. 

Apparent Exchange Current 

The calculation of the exchange current by extrapolation of the linear - logar- 

ithmic n a- 
i da ta to '7 D=0 assumes that no mechanistic change occurs in the region 

over which the extrapolation is made. Since in the present case a change does occur, 

exchange currents can only be interpreted hypothetically. On this basis the variation 

of the apparent exchange current with concentration'of electroactive species was as 

shown in figures 5.14 and 5.15 from which: - 

(a 
log 10 i oa = 0.15 (5.32) 

a loglo[Pb(11)]) 
[OH-], T, p 

(56) 



( alog 10 i oa j= 0.45 
alogl() [OH 3)[ 

Pb(11) ], T�v 

a log 10 i ob =0 . 30 
a loglo[Pb(11)]) 

[OH-] , T, p 

(a log10 'ob 

1) 
= 0.95 

a 1091()[ OH [ Pb(1 1) ], T, 
ju 

(5.33) 

1 

(5.34) 

(5.35) 

Applying the theory of consecutive single electron transfers 
05 (Chapter 2, equation 

2.31) to the present cathodic transfer, equation 5.30, and assuming CH2 0] and 

PbO 2 constant gives an expression for the apparent exchange current: - 

00 =Ka (PbO(OH)2 I" C (5.36) 

from which: - 

(a 109 10 ioc, 
=a C( 

a loglo[Pb(11)] 
(5.37) 

a log�) [Pb(11) ]) [ OH- li, Tip a logl()[Pb(11)] 

) 

[OH-] T�u 

a log, 
0i oa aa 

loglo Pb(11) 
(5.38) 

loglo [OH-11 
Pb(11) 1, T�y 

C(a loglo [OH-] 

) 

[OH-] J, 

The L. H. S. of equation 5.37. has the numerical value 0.15 and together with the pre- 

viously determined value for aC of 0.15 (equation 5.27) gives: - 

[Pb(111)] 
(5.39) w" ii 

a 10910 [Pýiii; 
-, 

) 

PH-1, Tfp 
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The L. H. S. of equation 5.38 has the numerical value 0.45 giving: -- 

aloglo [Pb(111» ( 

aloglo [OH-] 

)[ 

Pb(11) 1, p, T=3 

(5.40) 

In the case of the anodic reaction, equation 5.31 

ik PbO(OH)- -a a [PbO] 'a (OH-1 2a 
a ob a2 

from which 

(5-42) 
aloglo i 

ob 
a loglo [Pb(IIIE' 

= O-aa)( + aa 
aloglo [ Pb(II) 

OH-] , u, Ta 
loglo [Pb(llý 

[OH-] 
, uT 

O'c'910 i ob 
-Ct 

aloglo (Pb(Ill)] (5.43) 

+ ýaaý -( 
aloglo [OH 

ý 
]) [ Pb(11)] , JJJ 

aa loglo [OH I) (Pb(II)l , p, T 

,, 
The L. H. S. of equation 5.42. has the numerical value 0.30 which with the previously 

. 
determined value for a of 0.65 (equation 5.29) gives: - a 

Pb(I 11) OCI 10 
-1 (5.44) 

aloglo Pb(Il)] 
11 1 COH ], p, T 

and the L. H. S. of equation 5.43 has the numerical value of 0.95 giving: - 

a loglo [Pb(Ill) 
(5.45) 

a log, 0 OH-) (Pb(11)] T 

The cathodic results, equation 5.39 and 5.40, indicate an increase in the concen- 
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tration of the Pb(III) intermediate with increase in the concentration of OH and 

Pb(ll)-. 'Increasing the concentration of OH- and LPb(II)]would, in effect, alter the 

electrode potential to more negative potentials and so enhance the cathodic reaction, 

. 
i. e. increase [Pb(Ill)] . Similarly for the anodic reaction, equation 5.44. and 5.45. 

suggest that increasing the concentration of Pb(II) and OH- decreases [Pb(Ill)) In this 

case increasing the concentration of Pb(II) and OH- alters the electrode potential to 

more negative potentials. thus inhibiting the anodic reaction and formation of Pb(III) 

species. 

The above results are further evidence that the charge transfer mechanism involves 

two consecutive single electron transfer steps at high overpotentials, but this must be 

considered in conjunction with the earlier evidence for a single two electron step at low 

overpotentials. The charge transfer can be considered in terms of potential energy dia- 

grams. Figure 5.19A and 5.19B relate to the low overpotential and high overpotential 

conditions respectively. In figure 5.19A the reaction path (dotted line) does not cross 

the energy curve for the Pb(Ill) species, there is no transitory intermediate and a two 

electron charge transfer step occurs. In figure 5.19B the cathodic polarization raises 

curve A to curve C and the Pb(II) energy curve is intersected producing, in the overall 

reaction path C-D, a stable region (E) in which the Pb(Ill) intermediate can exist, with 

the result that the charge transfer process now involves two consecutive one electron 

transfer steps . 

Temperature Dependence of the Exchange Current 

From the Arrhenius. plot, figure 5.11 , two distinct linear regions are indicated. 

The values of the activation enthalpy, A H*, are - 40 W mol-1 at ýthe low temperatures 

(< 35 Q and, 8W mol-1 at higher temperatures. These results are similar to those 
45-47 

observed by Hampson et al in acid electrolytes. A satisfactory explanation for 

such a change in enthalpy with temperature is not evident. It is interesting to note that 
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Augstadt et al, for PbO 2 in H 2SO4' observed a pronounced change in slope of the 

electrode potential vs temperature curves for a-PbO 2* 
I 

5.3. Fast Linear Sweep Studies 
I 

The experimental procedure was as described in Chapter 3. 

Results 

Figures 5.26. and 5.21 . show typical cathodic potential sweep curves for a-PbO 2 

and P -PbO 2 respectively. The experimental potential limits were governed by hydrogen 

evolution at negative potentials and oxygen evolution at positive potentials. For a-PbO 2 

two clearly defined current peaks (a and b) occur within the potential sweep limits. The 

potential of peak a corresponds to the PbO2/PbO reduction potential .A slight negative 

shift of the potential of peak a-was observed for increased sweep speeds indicating some 

irreversibility of the reaction. The potential of peak b corresponds to the Pb/PbO red- 

uction potential and represents the reduction of PbO to P6. Continuous potential 

cycling within the experimental potential limits did not significantly alter the form of 

the curves. 

Figure 5.22. shows the effect of sweep rate on the maximum peak current, I 
mr 

of peak a. A linear relationship between Im and Iv was observed within the experi- 

mental concentration range and the curves passed through the origin indicating that the 

, -current limiting reaction at peak a involves a diffusion reaction in solution. 

Figure 5.23. shows the variation of I with (OH aI inear relationship was 
m 

not observed. Figure 5.24. shows the Im- COH -] data in the form of a log - log plot 

which gave a linear relationship of slope 1 . 4. 

For peak ba non-linear relationship between the pea*k current height and Iv 

was observed indicating that the peak does not correspond to a simple diffusion reaction 

but may involve a complex reaction system, possibly depending on prior reactions. 
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Fig. 5.22. Cathodic peak current--Isweep rate ý for the 
i 

electrodes in, '11ý'ý, formation of PbO on d, -Pbo2' 
NaOH electrolyte. 
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Fig. 5.23. Cathodic peck current- [OH-1 fo"r PbO formation 

, 
on cL-PbO,. electrodes in NaOH electrolyte. 
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Fig-5-24-Variation of I with (OH-) for cL- PbO., in 
94 A 

NaOH electrolyte. 

1- 

ELECTRODE AREA 4.49x 10-3' cm 

*5 8- 9 mV s-' 

* 29 mV s-' 

* 12 mV s-' 

! 11-ý I, - ý. & ý 
4 

H 
0 

0 
-J 0 

0 

0 

A 

Log,, O: 
I, 1-3 

Log,, COH') 

0-2 0-4 
Log, 

060 
H-)/Mo, 



For 19-PbO 2 three current peaks occur within the experimental potential limits, 

(c, d and e of figure 5.21). The potential of peak e corresponds to the Pb/PbO redox 

potential and peak d to a potential which corresponds to the potential of peak a in 

figure 5.21 . indicating the presence of some a-PbO 2 on the electrode surface. Peak 

c was only observed for p-PbO 2 and can be assumed to be due to the p -PbO2/PbO 

redox potential. Continuous cycling within the experimental potential limits showed a 

decrease in peak c and an increase in peak d indicating some modification of the 

p -PbO 2 electrode surface to T, -PbO 2* 
Linear relationships between Im and 4*v were 

not observed for any of the peaks- due to the continual modification of the electrode 

surface . 

Discussion of L. S. V. Results 

Since the Im --fv curves for a-PbO 2 Pass through the origin, figure 5.22 ., a 

diffusion process in solution is indicated. By considering the species present in the 

solution it seems reasonable to assume that the diffusing ion is the OH_ ion. From the 

slope of the log Im - log ( OH-3 curve, the order of reaction with respect to the OH_ 

ion is 1 .4 and, since a whole number must be involved in the reaction, the results 

indicate that the reaction may be complicated by intrusion of adsorbed species, con- 

firming the galvanostatic results. The electrode reaction sequence con be represented 

by equation 5.9. - 5.11 . Calculation of the diffusion coefficient using equation 2 . 47 

and the slope of the Im-, fv curves, figure 5.22, yields a value of - 10 -7 which is too 

small to be the true diffusion coefficient of the OH- ion in aqueous solution (accepted 

value 
147 

5.23 x 10-5 ). There are two possible explanations of the abnormal diffusion 

coefficient: - 

diffusion of the 01-1- ion occurs through a layer of cathodic products and the diff- 

usion coefficient is that of the diffusing ion in the product phase (an incomplete Pb(ll) 
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oxide film). 

(ii) diffusion of the 01-1- ion occurs through an adsorbed layer at the electrode. 

It seems in this case that the presence of an adsorbed layer, through which the OH 

ion diffuses, is better supported by the galvanostatic results than the postulation of an 

incomplete oxide film. 

Conclusions 

In aqueous NaOH solutions (Pb(II) free) the differential capacitance curves for 

p -PbO2 exhibit a broad minimum at 1 . 15 V indicating that the interphose is complir 

cated by adsorption. For a-P60 2 the capacitance curves show a very broad minimum 

over a fairly wide potential range indicating greater adsorption for a -P60 2. 

The exchange reaction PbO/Pb(II) in alkaline solution is complicated by adsorp- 
2 

tion of PbO at the electrode. At potentials near the equilibrium potential the charge 

transfer mechanism involves a simultaneous two electron transfer. At higher overpoten- 

tials the reaction becomes two consecutive one electron transfers involving a reactive 

Pb(III) intermediate. 

The cathodic reduction of a -PbO 2 to PbO in aqueous NaOH involves mass trans- 

port control by diffusion of 01-1- ions i'n the solution but is complicated by the adsorption 

of products at the electrode. The cathodic reduction of p -PbO 2 is further complicated 

by modification of the surface to a -PbO 2* 
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. CHAPTER 6 

THE ELECTROCHEMICAL BEHAVIOUR OF PbO, IN ACID PERCHLORATE SOLUTIONS 
4 

6.1. The Electrical Double Layer 

Test electrode construction and experimental procedure were as described in 

Chapter 3. 

Experimental Results 

Figures 6.1 . and 6.2 . show typical faradaic current - bias potential curves for 

a and q -P60 2 in HPO 4 and NaCl 04 solutions respectively. Electrodes were nowhere 

ideally polarizable in either electrolyte, but a region existed where the faradaic current 

flow was small and approximated to polarizability. The experimental polarizable reg- 

ion, extending from 1 . 45 - 2.1 V for ý-: -PbO 2 and 1 . 45 - 2.03 V for, ' _P602 in HCIO 4 

and 0.35 - 1.85 V for ýu -NO 2 and 0.65 - 1.85 V for '-PbO 2 in NaCIO 4 solutions, 

was governed by oxygen evolution at positive potentials and lattice dissolution at neg- 

ative potentials. 

Figures 6.3., 6.4., 6.5., and 6.6. show a series of differential capacitance - 

bias potential curves for a and p. -. PbO 2 in the respective electrolyte solutions. In both 

electrolytes an initial time instability of the impedance readings was observed for poten- 

tials within the experimental, polarizable region. Stable impedance readings were 

obtained after electrode/electrolyte contact times of 3 hrs. for -PbO 2 and 5 hrs for 

n -PbO 2 in HCIO 4 and 2 hrs. for ,,, -PbO 2 and 3 hrs. for c: -PbO 2 in NaCIO 4 solutions, 

readings thereafter remaining stable for at least 12 hrs. Potential excursions within the 

experimental polarizable region caused negligible hysteresis of impedance measurements, 

however, when potentials were forced outs ide these limits, serious irreversible changes 

occurred at the electrode and the impedance measurements never returned to their 

(63) 



Fig. 6-1. Faradaic current - bias potential curves for 

PbO,, in HCIO,, electrolyte 
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Fig. 6.3. Differential capacitance bias potential curves 

for a-PbO,, in HCIO 
4 electrolyte 
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Fig. 6.4. Differential capacitance- bias potential curves 

20C 

for P-PbO,. in HCIO 4 electrolyte 
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Fig. 6.5. Differential capacitance bias potential curves 

for cc-PbO. in NaCIO,, electrolyte 
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Fig. 6.6. Differential capacitance bias potential curves 

for P-PbO,. in NaCICý electrolyte 
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original values. Replicate impedance measurements showed , 7% variation about a 

mean for both electrolytes. 

Figures 6.7., 6.8., 6.9. and 6.10 show typical frequency dispersion of the 

differential capacitance curves. The extent of the dispersion for a frequency change 

Ik Hz - 500 Hz amounted to , 30% for HCIO 4 solutions and , 20% for NaCl 04 

solutions 

Discussion of Differential Capaditance Results 

The initial time instability of the impedance data for both electrolytes can be 

associated with an electrode surface modification process. An initial rise in capacitance 

magnitude with time was also observed by Kabanov 56 for P60 2 electrodes in HCIO 4 

solutions and was associated with swelling of the PbO 2 lattice and change in the crystal 

structure consequently increasing the true surface area of the PbO 2. That e-PbO 2 

showed the greater time instability may be due to the equilibrium process: - 

.H+-H+ 

-PbO2 4---* Pb (R) -. -- , -FbO2 (6.1) 

which occurs in acid solutions 
47 

. 

In all the capacitance curves a clearly defined minimum was absent indicating 

that the interphase is complicated by adsorption at the electrode. Measurements for 

HC104 solutions showed greater capacitance values than for NaCIO4, and since a 

significant variation in capacitance with concentration of H ion was observed, indi- 

cations are that the H+ ion is involved in the adsorptiorr process . Direct adsorption of 

H+ is unlikely due to the experimental positive rational potentials but adsorption of 

HC104 molecules is a possibility (cf HN03 solutions). In NaC'04 solutions the lower 

capacitance values may be due to the lower concentration of H+ ion present, reducing 

the possibility of adsorption of HCIO 4; in this case the adsorbed species is probably 
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Fig. 6.7 Typical frequencý dispersion of differential 

200 

capacitance curves for cL-PbO, 'in HCIO 

electrolyte. 

ELECTROLYTE 0-0098 moll"' HCIO 4 

120 Hz 

300 Hz 

500 Hz 

1000 Hz 

160 

E 
u 120 
LL 

u 

u a cl 80 a u 

1-5 2-0 
E(N H E) 



Fig. 6.8. Typical frequency dispersion of differential 

capacitance curves for P- PbO, in HCIO 
4 

electrolyte. 
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Fig. 6.9. Typical frequency dispersion of differential 

capacitance curves for cý-PbOj in NaCIO 4 
electrolyte. 
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Fig. 6.10. Typical frequency' dispersion of differential capacitance 

curves tor P- PbO,, in NaCIO, electrolyte 
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the CIOý ion or HC104 preserit to a much less extent than, in the HCIO 4 solutions. 

The magnitude of the experimental polarizable region was significantly smaller 

in the acid solutions. The concentration of H+ had most effect on the potential of 

lattice dissolution. 

6.2. The Exchange Reaction 

(a) Galvanostatic Measurements 

The galvanostatic experimental procedure was as described in Chapter 3. Measure- 

ments were commenced after 20 mins. electrode/electrolyte contact time in electrolytes 

maintai ned at 3 mol 1 -1 uni-univalent salt concentration with added NaCIO 4* Reprod- 

uci6ility was + 5%. The ohmic overpotential was generally < 5% of t7 D* Two 

series of experiments were performed; in the first ýP6(11) I was varied and (H +] kept 

constant and in the second Lr H varied at constant r Pb(l 1) 

Experimental Results 

Figures 6.11 . and 6.12 . show examples of typical overpotential -time transients 

curves for a and , '-PbO 2. At higher current densities an initial gap is observed which 

represents the pseudo-ohmic overpotential due to the electrolyte resistance. Both 

transients show a steep rise initially representing the double layer charging process 

followed by a steadily increasing linear region from which "D results by extrapolation 

to zero time. 

Figures 6.13. and 6.14. show typical faradaic current - overpotential curves for 

a and, 7 -PbO 2 respectively corresponding to measurements at low overpotentials 

? 7D <7 mV) for electrolytes of varying [Pb(II) I at constant [H+j . Complementary 

., and constant rpb(Il)] were also obtained and curves for electrolytes of varying (H +L 

were of similar form to those shown in figures 6.13. and 6.14. The exchange currents 

for the anodic and cathodic processes, calculated from the slope of the i- il D curves 
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Fig. 6.1l. Typical overpotentlial- time transient 

for PbO,, -in perchorate electrolyte 
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,- Fig. G. 12. Typical over potential -time transient 

for PbO,. in perchlorate electrolyte 
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Fig. 6.13. Faradaic current- overpotential curves for 

-k-PbO, in perchlorate electrolYte. 
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Fig. 6.14. Faradaic current overpotential curves for 

f- PbO., in perchlorate electrolyte. 
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at the origin, were identical . Figures 6.15. and 6.16. show the dependence of the 

exchange current on the concentration of the electroactive species for :ý -PbO 2. The 

corresponding curves for --PbO 2 are shown in figures 6.17. and 6.18. 

Figures 6.19. and 6.20. show the effect of temperature'on the exchange current 

in the form of Arrhen ius plots for and . 
'ý -PbO 2 respectively. 

Figures 6.21 . and 6.22. show typical i- 17D data for ý., -Pb02 corresponding to 

potential measurements at high overpotentials (Tafel curves). Complementary curves 

for , --. -PbO 2 are shown in figures 6.23. and 6.24. The kinetic parameters, transfer 

coefficient and apparent exchange current, obtained from the slope and intercept 

(17 
D= 0) of the linear curves, and summarised in Tables 6.1 . and 6.2. for a and 

P-PbO2 respectively, 

Figures 6.25. and 6.26. show the variation of the apparent exchange current, 

extracted from the Tafel curves, with concentration of electroactive species for 

a _P602 * Figures 6.27. and 6.28. show corresponding curves for , l-PbO2 * 

Figures 6.29 and 6.30 show the variation of the anodic current density, at con- 

stant potential, with concentration of electroactive species for a -PbO 2 in the Tafel 

region. Figures 6.31 . and 6.32. show the variation of the cathodic current densities 

with concentration of electroactive species. Complementary curves for -5 -PbO 2 are 

shown in figures 6.33. - 6.35. Little variation of the cathodic current with 

Pb(11)] was observed. 
4 

Discussion of Galvanostatic Results 

Potential measurements at zero faradaic current flow, figures 6.21 .-6.24. 
indicate that both polymorphs obey the relationship: - 
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Fig. 6.15. Variation of exchange current with (PbOO) 

for DL-PbO. in perchlorate electrolyte from 

galvanostatic measurements. 
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Fig. 6.16. Variation of exchange current with (H*j 

for c4-PbO. in perchlorate eletrolyte from 

galvanostatic measurements. 
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Fig. 6.17 Variation of exchange current with (Pb(Il)) 

for P-PbO,. in perchlorate electrolyte from 

galvanostatic measurements. 
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Fig. 6.18. Variation of exchange current with (HI 

for P-PbO,, in perchlorate electrolyte from_ 

galvanostic measurements. 
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Fig. G. 19. Variation of exchange current with temperature 

for , L-PbO., in perchlorate electrolyte from 

'galvanostatic measurements. 
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Fig. 6-25. Variation of apparent exchange current with 
(Pb(Il)) for ot-Pbo., 'in perchlorate electrolyte. 

Galvanostatic measurements. 
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Fig. 6.26. Variation of apparent exchange current with (H') 

for t-PbO. in perchlorate elecirolyte. 

Galvanostatic measurements 
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Fig. 6.27 Variation of apparent exchange current 

with (PbOO) fo. r r-PbO,, in perchlorate plectrolyte' 

Galvanostatic measurements. 
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Fig. 6.28. Variation of apparent exchange current with 

CH")'for p-PbO., in perchorate electrolyte. 

Galvanostatic m6asurements. 
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Fig. 6.29 Dependence of anodic current density on (Pb(ll)) 

for ci. -PbO.. in p6rchlorate electrolyte. 
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Fig. 6.30. Dependence of anodic current density on 

for A-PbOa in perchlorate electrolyte. 
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Fig. G. 31. Dependence of cathodic current density on Pb (11 

for d, -PbO in perchlorate electrolyte. 
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Fig. 6.32. Dependence of cathodic current density on (H) 

fo r . 4-PbO. in perchlorate electrolyte. 
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Fig. 6.33. Dependence of anodic current density 

on for P-PbO., perchlorate electrolyte. [Pb (10) n 
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Fig. 6-34. Dependence of anodic current density 
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Fig-6-35. Dependence of cathodic current denslity on 

for O-PbO,, in perchlorate electrolyte. 
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Table 6.1 . 

Characteristics of the Tafel Plots 

a -PbO 2 electrode in acid perchlorate electrolyte at 23 0 C. Total ionic concentration 

3 mol I-' with added NaCl 04* 

Concentration Cathodic Coeff. Anodic Coeff. mA cm -2 Intercept at rj 0(2i 
l I-, I 

D o ) (Mo logloi 2.3RT C 2.3RTalog i 10 C 
Pb(I 1) + H " 

- 
FD Cathodic Anodic 

D 

0.397 0.901 0.81 0.15 0.200 0.870 

0.24 0.901 0.83 0.14 0.200 0.692 

0.095 0.901 0.83 0.14 0.182 0.340 

0.044 0.901 0.83 0.14 0.200 0.151 

0.006 0.901 0.82 0.14 0.105 0.145 

0.006 0.52 0.82 0.15 0.120 0.174 

0.006 0.11 0.84 0.15 0.110 0.159 

0.006 0.044 0.83 0.14 0.074 0.151 

0.006 0.002 0.81 0.14 0.105 0.145 

(67) 



Ta6le 6.2. 

Characteristics of the Tafel Plots 

P-PbO 2 electrode in acid perchlorate electrolytes at 230C. Total ionic concentration 

3 mol I-' with added NaCl 0 4* 

Concentration Cathodic Coeff. Anodic Coeff. 0(21 cm -2 Intercepts at '7 mA 
(Mol I-, ) 1) a 

l 2 3RT 2 l 3RT al a oqjoiCý ! . . oglo A 
Pb(I J-1 3 F8 77D , F a7D Cathodic Anodic 

0.397 0.901 0.65 0.15 0.252 0.631 

0.24 0.901 0.65 0.15 0.224 0.389 

0.095 0.901 0.66 0.16, 0.200 0.240 

0.044 0.901 0.67 0.16 0.162 0.159 

0.006 0.901 0.65 0.15 0.121 0.108 

0.006 0.52 0.65 0.16 0.100 0.120 

0.11 o. 64 0.15 0.081 0.100 

0.006 0.044 0.65 0.15 0.059 0.072 

0.006 0.009 0.65 0.15 0.078 0.058 

(68) 



aE + 118 mv (6.2) 
aloglo (H [P-b(Il)] i=o,. u, T 

I 

29 mV (6.3) (aloglo[Pb(li)]), 

(H + i=o, p, T 

Thus the equilibrium electrode reaction involves one molecule of Pb(II) and 4 molecules 

of H The equilibrium electrode reaction can be written: - 

PbO + 4H ++ 2e Pb(II) +2H0 (6.4) 22 

The orders of reaction were obtained from the dependence of the cathodic and anodic 

current densities on the concentration of the electroactive species at constant potential, 

as discussed'in Chapter 2. For reaction 6.4. the dependence of the cathodic current, 

iCj, on the concentration of electroactive species can be written as: - 

ic=k 6C [H +, x (6.5) - 

and for the anodic current: - 

iA = k6A [Pb(Il)] Y [H+) z (6.6) 

where 
.k 

6C and k 6A are potential dependent rate constants, and x, y and z are the 

orders of reaction. Table 6.3. summarizes the experimqntal reaction orders obtained 

from figures 6.29 - 6.35. 

Thus equation 6.5. and 6.6. can be rewritten as: - 

for a-PbO 2 

ic=k 6C ( H+] 
1.5 

(Pb(I 1) ] -0.2 (6.7) 

(69) 



Table 6.3. 

Experimental orders of reaction estimated from galvanostatic measurements 

Electrolyte total equivalent uni-univalent sal t concentration 3 mol I-' (w I th added 

NaClo 4 

a-PbO 2 P-PbO 2 

ea log 10 iC 
-0.1 8 0 

a log, O(Pb(11) 
E 

a log, 0 ic 
a1 0010 [IV*] [Pb(ll)lp ps B 

1.52 1.1 

(a I ogi OiA f) 0.54 0.52 
cl log 

io 
[Pb(11)1" [11+], ps Ts E 

(a log 
10 

1A ' ) 

-o. 48 -0.52 
(Pb(11)1, u, T, E a log 

10 
(11+3 

(70) 

p 



'A =k 6A [H+] 0*6 [Pb(11)] 0.5 (6.8) 

for P-PbO2 

iC = k6C ( H) (6.9) 

iA = k6A [H+l 0*5 Pb(I 1) ] 0.5 (6.10) 

For the cathodic reaction, equation 6.4., iC should be of zero order with res- 

pect to ( Pb(I 1) ], however, for a rPbO 2 an order of -0.2 is observed indicating that 

the activity of the a-PbO electrode decreases with increasing [Pb(I I) It is well 2 

established that in acid solutions p-P60 i's the more stable polymorph22-24 and con-, 2 

sequently under,, the conditions of. the exchange reaction the proportion of p -PbO 2 

, 
(the less reactive) in the a-PbO 2 surface may increase with increasing C Pb(11)] and 

exchange current (-z -PbO 2 has a higher positive E0 value than p -PbO 2 
24 

and hence 

modification of a -PbO 2 to Ia -PbO 2 at the electrode surface will represent a decrease 

in activity). 

For the charge transfer step, at least one molecule of P6(11) must 6e involved; 

more than one would indicate a complex reaction. The order of reaction with respect 

to Pb(II) for both polymorphs is significantly less than unity. Several explanations for 

the occurrence of a similar low reaction* order, observed by other workers in similar 
43 +- 

electrode systems, have been suggested including Pb(II) adsorption and H adsorp- 

tion 
45-47 (discussed inore fully in Chapter 5). In the present case direct adsorption 

of positive ions is unlikely due to the positive rational potentials involved, but it is 

possible that the adsorbed species may be in the form of neutral Pb(II) complex contain- 

ing H+ ions. For the low overpotential measurements, the experimental results indi- 

cate, the exchange reaction involves a simultaneous two electron transfer. - Hence at 

potentials close to the equilibrium the charge transfer reaction may involve the 

(7) 



following sequence of reactions: - 

PbO + 2H ++ 2e [Pb(OH) (6.11 
2 23 ads 

Pb(OH) 2 31 
ads 

[Pb(OH)2 3 
aq 

(6.12) 

Pb(OH)21 
aq 

+2 H+ Pb(I I) +2H 20 (6.13), 

where ( Pb(OH) 2] ads and [Pb(OH) 23aq represent the Pb(OH) 2 species adsorbed at 

the electrode and in the solution respectively. In this mechanism a neutral entity, 
144 

Pb(OH) 2' crQsses the doubte layer conforming to the ideas of Gerischer . Due to 

the low pH of the experimental electrolyte solutions the involvement of one or more 

hydrogen ions in the initial adsorption and charge transfer process, i. e. 

PbO2 +H++ 2e PbO2H (6.14) 

PbO2 +3 H+ + 2e Pb02 H3+ or PbOH ++H20 (6.15) 

must not be.,. neglected, but this is unlikely since it would involve the transfer of a 

charged species across the double layer in preference to the neutral Pb(OH )2 . Also 

reaction with three hydrogen ions is unlikely since consideration of the collision 

theory, as applied to the liquid phase, indicates that multiple collisions as precur- 

sors to reactions are rare. 

- From the available thermodynamic data it seems unlikely that Pb(IV) ions exist 

in solution 
32 

and hence, in the overall reaction, the Pb(IV) species must be involved 

at the electrode surface either as part of the lattice or in the adsorbed state . The 

proposed species, Pb(OH)2 , may be considered to arise as a surface species formed as 

(72) 



the product of weakly adsorbed H ions and lattice oxygen atoms on the surface, 

weakening the bonds between the surface lead and the underlying fully co-ordinated 

oxygen atoms of the PbO 2 and enhancing the reduction to Pb(II). 

An estimate of the adsorption of Pb(I 1) species is ihown in figures 6.36. and 

6.37, for a and fl-PbO 2 respectively, in the form of a log, 0o vs loglo [ Pb(l 1) 

plot where o is approximated to C. + 
ion are ads * 

Complementary data for the H 

plotted on the same diagrams.. The adsorption pseudocapacitance was obtained in a 

similar manner to that used for alkaline electrolytes and was greatest for the Pb(II) 

spedies. The adsorption behaviour approximates to the relationship: - 

loglo 0=p61, '_qlo pe + const 

which can also be written as: - 

k 
6f C6 

v 
Combining equation 6.17. and 6.12. gives: - 

11 Pb(OH) 2 3ads Ik 
6f 

[ý Pb(OH)2 3 
aq]P6 . 

(6 1 
. 18) 

where k 
6f is a constant and P6 less than unity. Substituting for [Pb(01-1)ý 

aq 
from 

equation 6.13: - 

Pb(OH) 17kI (Pb(I 1) 1p 
32P (6.19) 2 ads I 6f 6/ ( H+ 6 

For reaction 6.11 . at high overpotentials in the anodic direction: - 

k6 F( Pb(OH)21 
ads 

+1 -2 (6.20) 

(73) 



Fig. 6.36. Estimate of adsorption of Pb(II) and H", 

Cit a(-PbO., from perchlorate electrolyte. 

Galvanostatic measurements. 
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Fig. 6.37. Estimate of adsorption of PbOO and H* Lit PPbO.., 

from perchlorate electrolyte. Galvanostatic 

measurements. 
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where k6 is a potential dependent rate constant. Combining equation 6.19. and 
4- 

6.20: - 

iA =kk1 [Pb(11)1P6 [H+] -2(1-p 6) (6.21) 6 6f 
f-- 

Comparing equation 6.6. and 6.21 . indicates that: - 

-P 6 (6.22) 

from the experimental anodic reaction orders; table 6.3.: - 

yz1.02 (6.23) 

P6 0.98 (6.24) 

Allowing for experimental inaccuracies P approximates to unity indicating that 6 

Pb(II) species are not adsorbed at the electrode to any appreciable extent under the 

present experimental conditions. Similar reasoning for 17 -PbO 2 indicates that P6 

approaches unity and consequently I ittle or no adsorption is involved at the electrode. 

At low overpotentials the magnitudeof the exchange current, which is slightly 

larger for a than O, -PbO 2, indicates that the exchange reaction is slow. Applying 

the rate equation, equation 2 . 17, to the exchange reaction, equation 6.11 ., and 

q? i3uning [ PbO 21 and (H 2 0] are unity gives: - 

zF 0 Pb(OH +3 2(1- a) (6.25) 
0 

ý6 [j )23 
ads 

7 

substituting for [ Pb(OH) 2 3ads from equation 6.13.: - 

1 2(1 -a) -2 aP zF k6o [ H+ 6 [Pb(II) a P6 (6.26) 6 

(74) 



al og 10 0ý= 2-2 a- 2a P6 (6.27) 
d og 10 H+J, (Pb(II) I, 

ju 
T 

a loglo io 
I-a, P6 (6.28 

aIc? gl 0[ Pb(I 1) 1/ ( H) T 

The experimental concentration dependencies, obtained from figures 6.14,6.15,6.16. 

and 6.17, are summarized in Table 6.4. 

Table 6.4. 

Exchange current dependencies on concentration of electroa. ctive species estimated 

from galvanostatic measurements. Electrolyte total equivalent uni-univalent salt 

concentration 3 mol I-' (with added NaCl 04) 

a-PbO 2 P-PbO 2 

a iog, 0 io 
0.05 0.26 

a log 10 
[H+I) (Pb(ll)lt pp T 

(a log 10 10 
0.1 0.13 

a log, O(Pb(11. 
) 

T 

- Substituting the experimental values for ': -PbO 2 into equation 6.27. and 6.28. gives 

values of ý, - = 0.87 and P6=0.115 indicating the presence of adsorption of Pb(II) 

species at the electrode. Similarly for -PbO values of a=0.74 and P=0.176 can 26 

be extracted. 

Hence, although at high overpotentials PbO 2 electrodes appear to be relatively 

uncomplicated by adsorption, at low overpotentials Pb(OH) 2 is adsorbed, the extent of 

If 
7 



which is slightly greater at c.. --PbO 2 electrodes. The reason for the absence of adsorp- 

tion at high overpotentials may lie in the greater potentials at the electrode. 

The kinetic parameters of the reaction at high overpotentials are summarised in 

To bl es 6.1 .a nd 6.2. for aa nd " -PbO 2 respectively. Mean values of the anodic 

and cathodic Tafel coefficients are 0.14 and - 0.82 for a -PbO 2 and 0.16 and - 0.65 

for 8 -PbO 2- The results indicate that in the Tafel region the exchange reaction 

differs from that involved at low overpotentials and probably involves two consecutive 

single electron transfers. Evidence of such a mechanistic change is found in the diff- 

erent apparent exchange current densities for the anodic and cathodic processes at high 

overpotentials and also the anodic and cathodic Tafel slopes differ. 

Interpretation oF the Tafel region data using Lovrecek's theory 
105 (Chapter 2), 

allows rational values for the charge transfer coefficients, corresponding to the first 

and second charge transfer reactions, to be obtained. In a similar manner to that for 

alkaline electrolytes, the first charge transfer step in both the anodic and cathodic 

directions emerges as the rate determining step. 

Applying the expressions obtained by Lovrecek to the present experimental 

results for I- -PbO I- 2' 

Cathodic Tafel Coefficient (n* I+a0.82 (6.29) 
Cc 

where n* is the rate determining step in the cathodic direction and a is the transfer 
cc 

coefficient of that step. 

when n* =I, a= al = 0.82 
cc 

(6.30) 

Anodic Tafel Coefficient = nX -aa= 0'. 14 (6.31) 

where nX is the rate determining step in the anodic direction, and aa is the charge 

transfer coefficient of that step. 

0-0% 



when ný = I, a. =a2=0.86 (6.32) 

Similar analysis for 
.. 
3 -1`60 2 yields, aI=0.65 and a2': -- o. 84. 

The charge transfer reaction at high overpotentials may involve the following 

sequence of reactions: - 

PbO2 +2 H+ [ Pb(OH)2+ (6.33) 2 

(Pb(OH) 2-k 
+e[ Pb(OH) + (6.34) 

22 

[Pb(OH)ý] (6.35) '+ +e Pb(OH)2 

Pb(OH)2 +2 H+ Pb(I 1) +H 20 (6.36) 

(Pb(OH) 2+ 
23 is formed as a surface species. The slow, rate determining step is con- 

sidered to be reaction 6.34, in which the reactive hydroxyin termed iate, [Pb(OH) + 
23 

is formed. The existance of a Pb(Ill) intermediate species was discussed in Chapter 5. 

It is also possible that the Pb(I 11) intermediate may exist as rLPbOOH or 

[PbOH. H 0 but, if this was the case, the transfer across the double layer would 2 

involve charged species which is less favourable than transfer of neutral species. 

Apparent Exchange Current 

Table 6.5. summarizes the experimental apparent exchange current dependencies 

on the concentration of electroactive species obtained from figures 6.25. - 6.29. 

Lhing a similar analysis to that used in the case of alkaline electrolytes, the apparent 

cathodic exchange current at high overpotententials for the charge transfer process can 

Ii be expressed as: - 

(77) 



i 
oa 

= k6a [ Pb(I 11) 1 fa [ H+ 3 
2(l - rý a)- (6.37) 

For the charge transfer reaction in the anodic direction, equation 6.35.,: - 

i= '6 (Pb(III) 11-cb [Pb(Il)] "b [H+l -2 ab (6.38) 
ob 'b 

Table 6.5. 

Apparent exchange current dependence on concentration of electroactive species. 

Electrolyte total equivalent uni-univalent salt concentration 3 mol 1 -1 (with added 

. NaCl 04) 

a-PbO 2 P-PbO 2 

a loý; i 0 0.14 0.13 
10 

[Pb(11) 
[11+1., pp T 

a log, 01 oa 

a log, 0 
[H + 3) (Pb(ll)], ps T 

0.02 0.13 

alog 10 
iob 

0.59 0.59 ýaloc- (Pb 
010 (H+11 pt T 

a log, 01 ob ) 0.07 0.16 

I 
ýa lo,, ý 0 

Di +3 
(Pb(ll)]$ Ps, T 

II I 

Both cathodic and anodic expressions contain a term involving the Pb(Ill) species, the 

concentration of which is unlikely to be independent of potential and consequently 

the apparent exchange may only be discussed qualitatively. 

From equation 6.37.: - 

(78) 



(a log 10 
1 

oa a(a 
10,310 ( Pb (111) 1) 

a log 10'[Pb(11)3 [jr 3Ta log 
10 

(Pb(11) 3 
(elo tip T 

and 

(6-39) 

log, 0 aoa 
2(1 -a 0) +aaa 

loglo (Pb(lll)l (6.40) (a 

logi 0 
[11+ [Pb(11)1, lip T log 10 (Pb(ll)lp jjtT 

similarly from equation 6.38: - 

C10ý% 'ob 

VlOG 10 
(Pb(ii) 1"', [H+],, 

jus 
T 

and 

3 log 10 
[Pb(lll) 

ýa lo% [Pb(ll)l ++ 
ab 

(i-i ]� i, 

(a lo-io i 
ob 

-a 
a logio (Pb(lll)l 

2a (6.42) 
ýa logio Lie)) [Pb(U) 1, u, Tb) 

(a 

lo oio 
[H+l (Pb(11)10 pp Tb 

By substituting the e; ý, perimental values, Table 6.5 ., into the respective equations 

gives the experimental. concentration dependencies shown in Table 6.6. 

The cathodic results, for both polymorphs, indicate an increase in the concentra- 

tion of the Pb(II) intermediate with increase in the concentration of Pb(II) and decrease 

in concentration of H +. These concentration changes would, in effect, alter the elec- 

trode potential to more negative potentials and thus enhance the cathodic reaction. 

The anodic results indicate a decrease in the concentration of Pb(Ill) with increase in 

concentration of Pb(II) and decrease in concentration of H The potential changes 

caused by the concentration changes in this case would be expected to inhibit the 

I--,. L 
(79) 



Table 6.6. 

Estimation of the dependence of the concentration of the Pb(lll) species on the concen- 

tration of the electroactive species. 

Electrolyte total equivalent uni-univalent salt concentration 3 mol I-' (with added 

NaCI04) 

Cathodic (i ) Anodic (i ) 
oa ob 

a-PbO 2 P-Pb02 a-PbO 2 P-Pb02 

a lo- [P, 0(111)3 010 ( 0.17 0.2 -0.2 -1.40 
a log, O[Pb(11) Z 

a lo- [Pb(lll)] 
010 ) 

-0.42 -0.81 11.7 8.4 
a lo- [H+1 010 (Pb(11)]s pp T 

anodic reaction. A similar energy profile, as discussed for alkaline electrolytes 

(figure 5.19), will also apply in this case. 

Temperature Dependence of Exchange Current 

From the Arrhenius plots, figures 6.19. and 6.20., two linear regions for 

a -PbO2 exist, but for -PbO 2 only one such region is observed. For a -PbO 2 
-1 0 -1 activation enthalpies for 25.2 U mol v (temperatures< 35 C) and 10 W mol 

(temperatures < 35 0Q were indicated. For 13 -PbO 2 the enthalpy of activation was 

41.6 W mol- The values of the enthalpies of activation and existence of two 

I inear regions for a -PbO 2, are similar to that observed for alkaline electrolytes. 
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Faradaic Impedance Measurements 

The faradaic impedance method and treatment of results was as described in 

Chapter 3. Measurements, taken at the potential of zero faradaic current, were 

commenced after 24 hrs. electrode/electrolyte contact time during which the test 

electrode was kept on open circuit. 

Experimental Results 

As a first step in analysing the faradoic impedance data the measurements were 

represented as a transformation in the complex plane . Such a representation is shown 

in figure 6.38. and 6.39 for a and 3J -PbO respectively. A single straight line is 2 

obtained in each case rather than a circular one, characteristic of kinetic control . 
This indicates that the major rate controlling process is diffusion in solution. It is clear 

from figures 6.38. and 6.39 that values of the electrode capacitance and the electrolyte 

resistance cannot be obtained, however, since such a representation indicates a diffusion 

rate controlling process then it seems feasible to match the impedance data in accordance 

with the method _of 
Randles III described in Chapter 2, i. e. to match the data to the 

correct behaviour of the Warburg impedance. Figures 6.40. and 6.41 . show typical 

sets ofimpedance data for a and 1ý-PbO 2 respectively, treated in this way. Two par- 

allel straight lines were obtained for the in-phase and out-of-phase components in the 

experimental frequency range (40 Hz -5k Hz). Table 6.8. summarizes the double 

layer capacitance required for the correct behaviour of the Warburg impedance - The 

value of the electrolyte resistance, , 240 n cm 
2, 

agreed fairly well with RE values 

observed in the double layer studies. Two series of experiments were performed; in 

the first [H] was varied at constant [ Pb(l 1) 1 and in the second OPb(l 1)) varied at 

constant [H 

Figures 6.42. and 6.43. show the variation of the exchange density with CH+I 

obtained by extrapolation of the impedance plots to infinite frequency and using 
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Fig. 6.38. Complex plane impedance plot for APbO, 3.. 
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Fig. 6.39. Complex plane impedance plot for ffbO.. 

in perchlorate electrolyte. 
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'Fig. 6.40. Typical impedanco curves for . t-PbO,, in 

3C 

perchlorate, electrolyte 
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Fig. 6.41. Typical impedance curves for P-PbO., in 

perchlorate electrolyte. 
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Fig. 6.42. Variation of exchange current with (H*) 

for aL-PbO. in perchlorate electrolyte from 
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Fig-6-43- Variation of exchange. current with CH 
A, 

for P-PbO. in Perchlorate electrolyte f rom 

impedance measurements. 
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Table 6.8. 

CL obtained from impedance measurements 

Electrolyte total equivalent uni-univalent salt concentration 3 mol I-] (with added 

NaCl 04) 

Concentration'(mol 1-1) cLF cm-2 

Pb(I 1) H+ -PbO 2 a-PbO2 

0.068 0.99 184 205 

'0.044 0.99 204 205 

0.015 0.99 163 184 

0.0072 0.99 184 184 

0.0029 0.99. 174 188 

0.001 0.99 174 179 

0.001 0.15 163 173 

0.001 0.063 159 163 

0.001 0.019 154 159 

0.001 0.0054 149 159 
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equation 2.19, for a-PbO 2 and : 3-PbO 2 respectively. Figures 6.44. and 6.45. show 

complementary curves for the variation of (Pb(II) ] 

Figures 6.46. and 6.47. show the variation of the exchange current density with 

temperature in the form of Arrhenius plots. Throughout the whole experimental temper- 

ature range the impedance plots gave two parallel straight lines from which RD could 

be estimated. 

Discussion of Impedance Results 

The value of the frequency independent capacitance shunting the faradaic re- 

action, can be seen from Table 6.8. to be of the order of 150 - 210 
juF cm -2 in the 

case of the a. c. experiments and from Table 6.7., 90 - 115 pF cm -2 from golvano- 

static measurements. These latter values are in agreement with previously reported 
45-47 1 da to Even though a greater degree of uncertainty can be attached to the geo- 

metrically measured data, the difference between the two sets of results is significant. 

Both sets are considerably greater than the value of the double layer capacitance esti- 

mated from double layer measurements in non-interacting nitrate electrolyte solutions, 

allowing for concentration differences. It is clear that in the presence of the exchange 

reaction the double layer capacitance is abnormally high. 

Since the faradaic impedance curves, figures 6.40. and 6.41, show no effects 

that can be ascribed to relaxation processes occurring at the electrode, the Increased 

'apparent' double, layer capacitance can be regarded as an additional froquency inde- 

pendent capacitance due to adsorption, in parallel with the 'true' double layer capac- 

itance and the faradaic impedance. The difference between the double layer capac- 

itance values in the presence and absence of Pb(II) all, ows a value of the adsorption 

ps--udocapacitance, C, to be obtained. Since the adsorption pseudocapacitance is 
ps 

proportional to the coverage of the electrode by the adsorbed species, a guide to the 

form of the adsorption isotherm is given by the relationship between Cps and concen- 
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Fig. 6.44. Variation of exchange current with [Pb(Il)) 

for , L-PbO,, in perchlorate electrolyte from 

impedance measurements. 
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Fig. 6.45. Variation of exchange current with (Pb (11)) 

for P-PbO., in perchlorate electrolyte from 

impedance measurements. 
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Fig-6-46. Variation of exchange current with temperature 
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Fig-6-47 Variation of exchange current with temperature 

tor P-PbO,. in perchlorate electrolyte from 

impedance measurements. 
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tration of adsorbed species in the bulk electrolyte. Figures 6.48. and 6.49. show 

plots of loglo 0 vs loglo [Pb(11)] , where 0 has been approximated to C 
ps 

for 

both polymorphs. The curves obey the relationship: - 

loglo 0= P6 loglO ý6 '+ const (6.43) 

or 

13 6ap6 
(6.44) 

which confirms the use of a similar isotherm in the interpretation of the galvanostatic 

measurements. Using such an isotherm to describe the possible adsorption at the elec- 

trode and the reaction mechanism indicated in equation 6.11 .-6.13. the exchange 

current can be expressed as: - 

0 L[Pb(OH) -a 2(l -a) i0= zFk6 23 ads 
[H+l 

from which: - 

alog 10 i0a 
P6 

aloglo [Pb(11)1 + EH ], pgT 

aloglo io 
+3 

)= 
2(1- a) - 2a P6 

8loglo [H (Pb(II)l T 

(6.45) 

Table 6.9. summarizes the experimental concentration dependencies obtained 

from figures 6.42. - 6.45. 

Using similar analysis to that used for the galvanostatic measurements to extract 

a and P6 from the experimental values of Table 6.8. indicates that for a -Pb02,, 
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Fig. G. 48- Estimate of adsorption of Pb(II) on (-PbO, 
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Fig. 6.49. Estimate of ad. sorption -of Pb(II) on p-PbO., 

in perchlorate electrolyte. Impedance measurements. 
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Table 6.9. 

Exchange current dependence on concentration of electroactive species estimated from 

impedance measurements. 

Electrolyte total equivalent uni-univalent salt concentration 3 mol 1 -1 (with added 

NctCl 04) 

a-p" 

loel io 
ýa log (Pb(11)1) + 

0.255 0.17 
10 (11 1p p, T 

/a lo, - i 
- 

"10 o 0.02 0.25 
ýa lo- 10 (Fb(l1)1t T 

a=0.7 and P6=0.36 and for P -P602 ,a=0.7 and P6 = 0.. 25. 

Hence it can 6e concluded that adsorption of a Pb(II) species at the electrode 

occurs confirming the galvanostatic measurements, however, the impedance results 

indicate less adsorption than do the galvanostatic measurements. 

Examination of the slope of the impedance curves for both polymorphs indicates 

that the Warburg coefficient varies with concentration in the expected manner, i. e - 

slope increases with decreasing (Pb(II) I and CH +], but values are several orders of 

magnitude higher than expected from equation 2.38. It is clear from these results that 

for diffusion and double layer formation at the electrode/electrolyte interphase only a 

fraction of the total surface area is active. An estimate of the electrode area that is 
148 

active can be calculated using equation 6.46. 

Scalc 
a DS 

(6.46) 
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where A is the active area and a the Warburg coefficient. Table 6.10. summarizes 

the estimated active areas indicated in the present studies. Throughout the experi- 

mental concentration range the estimated active area never exceeded 9% of the total 

geometric area. 

The reduction of the apparent surface area may be associated with the presence . 

of a film on the electrode which significantly blocks the electrode reaction and red- 

uces the double layer capacitance, but the high capacitance values and the exchange 

current densities obtained from the impedance measurements contradict such an effect. 

Alternatively, the surface of the electrode may contain a limited number of active sites 

at ývhich the exchange reaction can proceed. Such active sites may be due to partial 

coverage of the electrode by an insoluble film of an oxide or oxy salt of Pb(II) rather 

than PbO which, with a low dielectric constant, would seriously reduce the frequency 

, independent capacitance on the nucleation and thickening of a new phase. 

The linearity of the impedance plots over the whole experimental concentration 

range indicates the absence of . effects due to lattice building (crystal I isation). Under 

the most favourable conditions, relaxation occurs over a spectrum of 100 fold change 

in frequency and consequently there would appear to be I ittle possibil ity of crystal I is- 

ation effects occurring in the present case . The electrode process therefore, is one of 

charge transfer at active sites on the electrode followed by direct transfer of Pb(II) 

species across the double layer and diffusion in solution. 

The apparent greater active area of p -PbO 2 electrodes compared with a -PbO 2 

could be an electrode geometric surface area effect. The double layer studies indica- 

ted that capacitance values for a -PbO 2 on the whole, were larger than for 
jp-PbO 2 

which suggests that the a -form has the larger true surface area . Under the conditions 

of exchange it has also been suggested that the a-form undergoes modification to the 
47 

more acid stable p -form , equation 6.1 ., and such alprocess would also be expected 

to cause a surface expansion. 
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Table 6.10. 

Estimate of the active area of electrodes from Warburg slopes 

Ii, -1 
Electrolyte total equivalent uni-univalent salt concentration 3 mol I (with udded 

NaCI04) 

Concentration mol 1-1 
acal 

a obs 
% 

Pb(I I H+ p-PbO2 ck-PbO2 

0.068 0.99 1.3 2.1 

0.044 10.99 1.3 3.0 

0.015 0.99 3.1 8.6 

0.0072 0.99 5.0 8.3 

0.0029 0.99 2.8 3.0 

0.001 0.99 3.2 7.5 

. 
0.001 0.15 4.1 7.6 

0.001 0.063 3.6 7.? 

0.001 0.019 4.1 7.0 

0.001 0.0054 4.1 6.1 

Temperature Dependence of Impedance Data 

The Arrhenius plots, figures 6.45. and 6.46. indicate one linear relationship for 

both polymorphs - The activation enthalpy obtained from these plots was 15.5 W mol 

for p)-Pbo2 and 34.4 U mol for a -PbO2 * 

Comparison of Galvanostatic and Faradaic Impedance Results 

The experimental values of the exchange current obtained by the foradaic 
I 

impedance method are considerably greater than observed using the gailvanostatic pulse 

technique. The reason for the significant difference seems to lie in the effect of rep- 
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etition of potential stimuli on the PbO 2 electrodes. To test this galvanostatic pulse 

experiments were designed so that the frequency of electrode potential perturbations 

in the a c. experiments were approached by those of the galvanosfatic measurements. 

Figure 6.50. shows the potential response transients obtained for P- -PbO 2 

electrodes to which multiple current pulses have been applied (similar for a -PbO 2 

The magnitude of the overpotential is very significantly reduced as the frequency of 

the square pulse is increased. At a repetition time of 30 min. the transients were 

unaffected, the overpotentials being everywhere a maximum. The maximum value of 

the overpotential (adjusted for concentration overpotential to time = 0) gave a value 

of the exchange current predicted by the present galvanostatic experiments. The overr. 

potential corresponding to the highest repetition rate experimentally available (lowest 

, I) approached the exchange current obtained from faradaic impedance measurements 

in electrolyte solutions of similar concentration. 

The behaviour can be explained as follows. It was suggested for the impedance 

measurements that the P60 2 lattice is not completely reactive but contains isolated 

active sites. Each of these active sites has a life time, -r, and if ti is the frequency 

of the a c. applied, then three sets of conditions may be considered. 

If w >> -rthe exchange current observed, ia T' will be a maximum since all the 

centres will be active. 

2. If w-r the observed exchange current, jo app, 
is much less than iaT since 

not all the centres are active. 

3. If w << r the value of the observed exchange current, io represents the 

equilibrium number of centres. 

In the faradaic impedance method the frequency of the a. c. used (minimum rep- 

etition time of 20 times sec-1) used was much greater than T and the exchange current 
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observed is iaT* It is noteworthy that the impedance curves always showed a tendency 

to depart from "ideal behaviour", at frequencies< 40 Hz. Therefore r must be less 

than -25m s. In the galvanostatic measurements pulse times of 70 ms were used in 

order to extract the required overpotential data, i e. the time span of the experiment 

was much greater than the I ife time of an active site. 

It is the potential excursion which apparently results in the formation of active 

centres for although current was passing across the interphase continually, figure. 6.51 . 

shows that the overpotential ultimately approaches that of the "long time" experiment. 

Thus "activation" is due to potential changes rather than the passage of charge across 

the interphase. 

Conclusions 

In aqueous HCI 04 and NaCIO4 solutions, the differential capacitance curves 

indicate that the electrode/electrolyte interphase is complicated by adsorption. 

The exchange reaction in acid perchlorate solutions is complicated by adsorption 

of from solution. The rate of the exchange reaction, measured by the foradaic 

impedance method, is considerably greater in magnitude than that measured using the 

galvanostatic sing'le pulse method. The general features of the reaction agree well for 

both methods and indicate that the reaction takes place in steps and involves a charge 

transfer reaction involving a simultaneous two electron transfer. For galvanostatic 

measurements at high overpotentials a charge transfer reaction involving two consecu- 

tive single electron transfers is indicated. It would seem that the reason for the higher 

exchange current densities as measured by the a. c . method is due to lattice activation 

by the application of repetitive potential stimulli. 
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CHAPTER 7 

THE ELECTROCHEMICAL BEHAVIOUR OF PbO 2 IN SULPHATE ELECTROLYTES 

7.1 . The Electrical Double Layer 

Test electrodes and experimental procedure were as described in Chapter 3. 

Resu I ts 

Figure 7.1 . shows typical foradaic current - bias potential curves for a and 

-PbO2 in H solutions indicating experimental polarizable regions of, 1 . 25 - 2SO4 

1 . 95 V for a -PbO 2 and -1 . 25 -1 . 85 V for P-PbO2. The potential of zero faradaic 

current flow was slightly more positive for a -PbO 2 than for p -PbO 2. The electrodes 

were no-where ideally polarizable. 

Figures 7.2 . and 7.3 . show a series of differential capacitance - bias potential 

curves for a and P -PbO 2 respectively. For potential within the experimental polar- 

izable region stable impedance measurements were obtained after 24 hrs. electrode/ 

electrolyte contact time for both polymorphs. Initial electrode/electrolyte contact 

was accompanied by an appreciable capacitance rise, being a maximum after - 12 hrs, 

thereafter failing slightly until stable and reproducible results were obtained. The 

initia[rise in the capacitance was accompanied by a fall in the electrode resistance. 

For both polymorphs serious hysteresis of the impedance measurements was observed for 

potential excursions outside the experimental polarisable limits and impedance measure- 

ments never returned to their original values. Potential excursions within the polar- 

izable region resulted in negligible hysteresis. Reproducibility of impedance measure- 

'ments 
showed a 10% variation about a mean. Figures 7.4. and 7.5. show the extent 

of the frequency dispersion of the capacitance curves. The dispersion amounted to 
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Fig. 7.1. Faradaic current-bias potential for PbO3, 

in H,. SO, electrolyte. 
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Fig. 72. Differential capacitance -bias 'potential curves for 
I 

ot- PbO., in H 
XS04 electrolyte 
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Fig. 73. Differential capacitance- bias potential curves 

for P, PbO, in H,. SO 
4 electrolyte. 
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Fig. 74. Typical frequency dispersion of differentiali 

capacitance curves for OL-PbO in H II 2-S94 

electrolyte. 

2000 

1 

E 
u 
LL 

(U 1000 
u c 

u 0 CL a u 

5 

0 
1-4 1-6 - 1-8 2-0 

E(N H E, )/ 
v 

ELECTROLYTE 0'056 moll" HSOt. 



-t 

0 

Fig. 7 5 

.1 

400 

300 

A 
200 

LL, 

U 
C 
a 4-J 

U 
0 
1 
a 
0 

100 

0 

Typical frequency dispersion of differential 

capacitance curves for ý-PbO.. in H,. SO, 

electrolyte. 

ELECTROLYTE 0-031 moll-I H,. SO, 4 

0 120 Hz 
300 Hz 

500 Hz 

A 1000 Hz 

1-4 1.6 1.8 2-0 
E(NHE) /V 



- 40% for a frequency change Ik Hz - 500 Hz. 

Figure 7.6. shows typical faradaic current - bias potential curves for a and 

13 -PbO 2 in K 2S 04 solutions. The experimental polarizable region amounted to 

- 0.5 V for both polymorphs. In both cases the position of the experimental polariz- 

able region was strongly dependent upon pH; at pH 12 the range 0.95 -1 . 45 V was 

available whereas at pH 1 .8 the region had shifted to more positive potentials 1 . 45 - 

1 . 95 V. 

Figures 7.7. and 7.8. show a series of differential capacitance - bias potential 

curves for a and .8 -PbO 2 respectively for the pH range 1 .8-. 12. When potentials 

were confined to within the experimental polarizable region some time variation of 

the impedance measurements was observed within the first 3 hrs. of electrode/electrolyte 

contact, thereafter impedance readings remained fairly stable for , 10 hrs. and showed 

little hysteresis for potential excursions within the experimental polarizable region. 

For potential excursions outside the experimental polarizable region hysteresis was 

observed and impedance values never returned to their original values. 

Figures 7.9. and 7.10. show the extent of the dispersion of capacitance with 

frequency for a and - P-PbO 2 respectively. The dispersion was greatest at low pH . 

Discussion of the Differential Capacitance Results 

The form of the differential capacitance curves in both H2 SO 4 and K2 SO 4 

solutions is completely unlike those obtained in nitrate solutions. The broad capaci- 

tance minimum indicates the possibility of adsorption of solution species at the inter- 

phase. The in-phase (resistive) component of the electrode impedance was fairly con- 

stant throughout the polarizable reg ion for both H2 SO 4 and K2S 04 solutions, indi- 

cating little or no change of the--double'layer structure in this region, however, at the 

extremities an abrupt rise was observed. The positive limit of the experimental polar- 

izable region can 6e associated with the oxygen evolution reaction and the negative 
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Fig. 7.7 Differential capacitance -bias potential curVes 
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Fig-78. Differential capacitance -bias potential curves 

for ffbO, in ' sulphate electrolyte. 
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Fig-79. Typical frequency dispersion of, differential 

capacitance curves for a. -PbO..,. in sulphate 

electrolyte. 
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Fig . 710. - Typical I frequency dispersion of differential 

capacitance curves for ffbO., in sulphate 

electrolyte. 
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limit with the onset of the development of a layer of lead sulphate on the reduced 

electrode. Potential excursions negative of the experimental polarizable region 

caused the capacitance to decrease significantly and, at a fixed potential, the cap- 

acitance was time dependent, inferring a possible thickening of the lead sulphate film 

and capacitance reduction in accordance with the 'parallel plate' formula. 

The form of the capacitance curves is similar for each pH value studied but, in 

H2 S04 solutions, due to the severe breakdown of the electrode at the negative extrem- 

ity of the polarizable region, potential excursions were never made such that a capac- 

itance peak could be observed as for K2 SO 4 solutions. The magnitude of the caPacit- 

ance, and frequency dispersion of capacitance increases as pH decreases indicating 

participation of H+ ions in the structure of the interphase. The direct adsorption of 

H+ ions at the electrode is unlikely since, in the present experiments, the experimental 

pollarizable region is at positive rational potentials. The possibility of adsorption of 
- 2- 

sqý 
I 

HSO 4' or H 2S 04 exists and also reactions of the type: - 

H++S 04 2- 
ads 

HSO 4 ads 

4 HS04- 
ads + PbO2 + 2e = PbS 04 

ads 
+ 3S 04 2- 

+* 2H 20 (7.2ý 

would lead to a pseudocapacitance. The pseudocapacitance peak at negative potentials 

can be associated with reactions of the type indicated in equation 7.2. At high pH 

values, although similar reactions to equation 7.1 . and 7.2. are less favoured, it is 

like'ly that OH- ions will be adsorbed and may even displace sulphate. Under condi- 

tions of high pH the potential of lattice dissolution would be expected to occur at 

increasingly negative potentials as reactions 7.1 . and 7.2 . are suppressed, and this is 

observed in practice (figures 7.7. and 7.8. ) 

The difference between, the, behaviour, of a and p -PbO 2 electrodes in sulphate 
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electrolytes is only marginal . It would appear that the adsorption of sulphate and 

presence of surface reactions of the type discussed above obscure surface structural 

differences between the two polymorphs. 

7.2. The Exchange Reaction , 

Galvanostatic Measurements 

The galvanostatic experimental procedure was as described in Chapter 3. 

Measurements were commenced after 20 mins. electrode/electrolyte contact time in 

. 
electrolytes maintained at 3 mol 1 -1 uni-univalent salt concentration with added 

NaCIO4. Reproduci6ility was + 7% and the ohmic overpotential was generally < 5% 

of 17D. Two series of experiments were performed; in the first ( H+ I was varied at 

constant [50 2- 3 and (P6(l I)] and in the second [SO 2- ] varied at constant 44 
CP6(11)1 and (H + 1. No experiments were performed at varying (P6(11)] due to 

the very low solubility of (Pb(II) ] salts in sulphate electrolytes. 

Experimental Results 

Figure 7.11 . shows a typical overpotential - time transient for a-PbO . Trans- 2 

ients for P-PbO 2 were of a similar form. The form of the transients for both polymorphs; 

were similar to those observed in perchlorate electrolytes. Values of 77 D were obtained 

by extrapolation of the linear section of the transient to zero time. 

Figures 7.12. and 7.13 . show typica I farada ic current - overpotentia I curves for 

a and P-PbO 2 respectively, corresponding to measurements at low overpotentials 

<7 mV) in electrolytes of varying (H+] at constant [S0 2-3 
and (Pb(II) I. 17D 4 

Complementary data for electrolytes of varying [SO 2- 
at constant ( H+ I and 4 

Pb(II)1 were also obtained. The exchange current, calculated from the slope of the 

i-77 curves at the origin, was identical for both anodic and cathodic processes. D 
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Fig-711-Typical Overpotential- time transient 

for PbO. in sulphate electrolyte 

1 Mv 

10 Ms 

ELECTROLYTE 3 moll" TOTAL EOUIVALENT UNI UNIVALENT 

IONIC CONCENTRATION ( WITH ADDED ' NaCIO,, ) 
(Pb(II)) 0-000018 moll"- 

( W) 0-009 moll" 

03") 0-2 moll" IS 
14 

CATHODIC PULSE CURRENT 0-14 mAcm*2' 

ELECTRODE/ ELECTROLYTE CONTACT TIME 30min. 

ELECTRODE AREA 4-9x 10', 2' c m" 



Fig. 712. Foradoic current- overpotential curves for 

oL-PbO., in sulphate electrolyte. 
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Fig . 713. Faradalc current - overpotential curves for 

P-PbO, in sulphate electrolyte. 
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I 
Figures 7.14. and 7.15. show the variation of the exchange current with EH+] for 

a and P _P602 respectively. No change in the exchange current was o6served for 

varying [SO 2- 
4 

Figures 7.16. and 7.17. show the effect of temperature on the exchange current 

in the form of Arrhenius plots. Throughout the whole of the experimental temperature 

range the anodic and cathodic exchange current densities were alike. 

Figures 7.18. and 7.19. show typical faradaic current - 9verpotential curves for 

a'and ,, -Pbo in electrolytes of varying CH+I at constant [SO 2- 1 24, and (Pb(Il)] 

corresponding to anodic and cathodic measurements at high overpotentials (Tafel plots). 

Complementary curves for varying [SO 2- ] atconstant [H+] and [Pb(Il)) showed 4 
little variation with concentration. The kinetic parameters, transfer coefficient and 

apparent exchange current, obtained from the slope and intercept of the linear curve, 

are summarized in Tables 7.1 . and 7.2. for a and -PbO 2 respectively, 

Figures 7.20. and 7.21 . show the variation of the apparent exchange current 

with H+ for u and -*I -PbO2 respectively. 

Figures 7.22. and 7.23. show the*variation of the anodic current, at constant 

potential, with concentration of H for a and --PbO 2 respectively and figures 7.24. 

and 7.25. the variation of the catho8ic faradoic current at constant potential with con- 

centration of H+. 

Discussion of Galvanostatic Results 

Potential measurements at zero faradaic current flow indicate that both poly- 

morphs obey the relationship: - 

EE 118'm'V 

.. 
a (H+)' [Pb(II) S04, p, T 

(7.3) 

which corresponds to the involvement of 4 molecules of H in the equilibrium reaction. 
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Fig-714 Variation of exchange current with (W) 

for d. -PbO,. in sulphate electrolyte from 

galvanostatic measurements. 
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Fig. 715. Variation of exchange current With (H, 

for ýPbO,, in sulphate electrolyte f rom 

galvanostatic measurements. 
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Fig. 716 Variation of exchange current ýwlt te pera u, hmt re, 

for -t-PbO2 in sulphate electrolyte fro*m 

galvanostatic measurements 
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Fig. 717 Variation of exchange current with tempercituee 

for PbOl in sulphate electrolyte f rom 

galvanostatic measurements. 
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Fig. 720. Variation of apparent exchange current 

with (H"I tor c4-PbO3, 'in sulphate electrolyte. 

Galvanostatic measurements. 

1- 

-1- 

IIIIIIIIII 

ELECTROLYTE 3 mol I" (WITH ADDED No C%014) 

0-2 moll" SO"- 

I 

0-000018 moll" Pb(II) 

0 ANODIC 

0 CATHODIC 

-2-0 -1.0 
Log,,, ((H*)/ 

mol I.. 
) 



Fig. 721. Variation of apparent exchange current 

with [H*) for P-PbO,. in sulphate electrolyte. 

Galvanostatic measurements. 
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Fig. 722. Dependence of. anodic current on (H*) 
) Tafel 

region measurements, for t-PbO,, in 
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Fig. 723. Dependence of anod*ic current on (H4),, 

Tafel region measurements, for p-PbO., in 

sulphate electrolyte. 
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'Fig. 724. Variation of cathodic current with (HI Taf el 

region measurements, for c4-PbO,, in 

sulphate electrolyte. 

2-C 

i. C 
0 

0 
-j 

0 

I-IIIII --r- ,Ii 
ELECTROLYTE 3moll"(WITH ADDED NaCIO,, ) 

0-2 mo I I" S04 

0.000018 moll" Pb(ll) 0. 
-- - 0.4v- 

E. --0*3V 

0 
E. -- 0- 2 V- 

0 

00 

00 

00 log'. 1.4 
ý109LH*)- 

0 

0 

-1.0 
Log,, ([H "Ym 

0 11") 



Fig. 725. Dependence of cathodic current on (H*), 

Tafel region measurements, for P-PbO... 
' 

in sulphate electrolyte. 
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Table 7.1 . 

. 
Characteristics of Tafel Plots 

-PbO2 electrode in acid sulphate electrolytes at 230C. Total equivalent uni-univalent 

i -1 2- ýj 
ionic concentration 3 mol I with added NaCIO 40 [SOý ) 0.2 mol I Pb(l 1) 

0.000018 mol I-' . 

Concentration (mol I-') Cathodic Coeff - 
/2.3RT dogjoic*, ý 

Anodic Coeff. 

2.3 RT e logloi 

F 
'A 

Intercept at 77 D ý' 0 

-2) (2 i0 mA cm 

Pb(II) H+ 
zF 8 77D z 17D Cathodic Anodic 

0.000013 0.0061 0.18 0.81 0.035 0.302 

0.000013 0.013 0.18 0.80 0.069 0.575 

0.000013 0.030 0.18 0.80 0.166 1.01 

0.000013 0.047 0.18 0.80 0.295 1.413 

0.000013 0.099 0.18 0.80 0.616 3.89 

0.000013 0.148 0.18 0.80 0.891 6.31 

(96) 



Table 7.2. 

Characteristics of Tafel Plots 

, 6-PbO2 electrode in acid sulphate electrolytes at 230C. Total equivalent uni-univalent 

ionic concentration 3 mol I-' with added NaCIO . [SO 2- ] 0.2 mol I-' .[ Pb(I 1)] 
44 

1 0.006018 mol I-. 

Concentration (mol I-') Cathodic Coeff. Anodic Coeff. Intercept at '7 D ý'- 0 

.3 RT elog, Oi ý 2.3 RT doglo ' 'A -2) (2i mA cm 0 _ý c I 
Pb(II) H+ zF a 17D zF 8 77D Cathodic Anodic 

0.000013 0.0061 0.16 0.57 0.145 0.054 

0.000013 0.013 0.17 0.58 0.266 0.085 

0.000013 0.018 0.17 0.58 0.479 0.174 

0.000013 0.047 0.16 0.58 0.512 0.200 

0.000013 0.099 0.17 0.58 0.525 0.295 

0.000013 0.148 0.17 0.57 0.759 0.316 
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These results are in agreement with the electrode reaction: - . 

PbO2 +4 H+ +2e= Pb(I I) +2H 20 (7.4) 

The dependence of the cathodic current density for reaction 7.4., ic, on the con- 

centration of electroactive species can be written as: - 

k (7.5) 
7d (H+ 

and for the anodic reaction: - 

iA = k7A [Pb(I 1) ]Y [H +, z (7.6) 

where k 
7c kýA are potential dependent rate constants, x, y and z are the orders of 

reaction. Table 7.3. summarises the experimental orders of reaction obtained from 

figures 7.22. - 7.25. 

As complementary data for the variation [Pb(I I)] could not be obtained c; ful I 

mechanistic picture can not be proposed. Comparison of the H ion orders of reaction 

with the corresponding data for perchlorate electrolytes (Chapter 6) indicates that the 

reaction in sulphate electrolytes has similar characteristics. In perchlorate electrolytes 
i, it was propos&d that the electrode reaction involved diffusion in solution and the present 

experimental results in sulphate electrolytes indicate that a similar process may occur. 

That a diffusion process is involved is in contrast with a number of examples of 

insoluble film formation on solid electrodes which have usually followed a solid state 

nucleation and growth mechanism directly at the electrode surface 
149,150 

. It is also 

interesting that for the formation of PbSO4 on electropolished Pb, Archdale and 

Harrison 151 
suggested that the rate controlling reaction is diffusion of Pb(II) from the 

ele ) ctrode into the solution which forming a weak complex with S02- ions. 4 
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Table 7.3. 

Experimental orders of reaction estimated from galvanostatic measurements 

Electrolyte total equivalent uni-univalent ionic concentration 3 mol I-' (with added 

NaCl 0 ). [S 2-3 0.2 mol I [Pb(I 1) 1 0.000018 mol I 4 Oý 

a-PbO 2 P-PbO 2 

/a log, I 10 c 1.4 0.9 ý-a log + OjOE" I"(Pb(11)19 
pv Tq E 

a lo- i 
.:. 

=I 0a ) -0.46 -0.51 X, 

3 ý. a, 103 10 
be 

p, Ts E 

Thus a reaction mechanism that may describe the electrode process involved at 

PbO 2 electrodes in sulphate electrolytes is that proposed for perchlorate electrolytes 

viz. equation 6.11 .-6.13., involving diffusion of Pb(II) species in solution. 

From the measurements at low overpotentials the values of the exchange current 

densities indicate that the reaction is slow. The apparent charge transfer coefficient, 

obtained from figures 7.14. and 7.15., approximates to 0.5 which would be expected 

, 
of a. symmetric reaction relatively uncomplicated by adsorption, however, more than 

qualitative deductions cannot be made from the present experiments. 

From measurements at high overpotentials the mealn values for the anodic and 

cathodic Tafel coefficients, Tables 7.1 . 'and 7.2., are 0.87 and-0.18 for ct-PbO 2 and 

0 . 58 and-O. 17 for p -PbO 2. The apparent exchange current densities for the anodic 

and cathodic measurements are significantly differeni from each othe r to suggest that, 

(it high overpotentials, the anodic and cathodic processes are different. 
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For the cathodic Tafel curves, although the apparent exchange current densities 

are-different for the two polymorphs, the Tafel coefficients are essentially the some 

indicating that the same cathodic reaction applies for both polymorphs. Comparison of 

the Tafel coefficients for sulphate and perchlorate electrolytes show significant differ- 

ences, 'however, in perchlorate systems the reaction is relatively uncomplicated by in- 

soluble P601) products whereas for sulphate solutions the reaction is complicated by intru- 

sion of insoluble PbSO 4. The PbS 04 may not necessarily intrude on the electrode sur- 

face but may reduce diffusion of Pb(II) species to the electrode resulting in the lower 

Tafel slopes observed. 

At high anodic overpotential, there exists the possi6ility of more than one reaction 

occu I rring at the electrode. The theoretical standard potential for the 0 2/H 20 reaction 

is 
11 

. 23 V and for the PbO. /PbS 04 electrode -1 .7V. Thus thermodynamically water 

should decompose upon contact with PbO 2 and the fact that PbO2 is essentially stable 

in aqueous solutions is due to the slowness of the 0 evolution reaction, which requires 2 

relatively high overpotential to proceed at significant rates. Hence, although at poten- 

tials close to the equilibrium potential the oxygen evolution reaction is slow and has a 

n egligible effect on the overall electrode reaction, as the anodic potential increases 

02 evolution will increase and may no longer be neglected. A further complication 

arises due to the low concentration of Pb(II) present. At high anodic potentials, the 

electrolyte layers in the immediate vicinity of the electrode will rapidly become de- 

pleted of Pb(II) species and diffusion of the Pb(II) species in the solution will become 

the rate determining step. Diffusion of the Pb(II) species will be relatively slow due to 

the 'complex formation of Pb(II) with SO 2-. Thus at high anodic overpotentials only a 4 

I qualitative estimation of the kinetics of the electrode reaction can be made. 

A number of workers have studied the oxygen evolution on PbO 2 electrodes (app- 

- 1. endix 1) and have indicated Tafel slopes of ., -0.14 for'p -PbO 2 'and , 0.07 for a -PbO 2. 
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Both these values approximate to the experimental Tafel slopes indicating that under 

the present experimental conditions the predominant electrode reaction is 02 evolu- 
152 tion. . Ruetschi concluded that the Tafel slope for a-PbO 2 is characteristic of a 

two electron change whilst for g -1`60 2 the rate determining step involves a one elec- 

tron change. a-PbO 2 
behaves to some extent like an oxygen electrode in alkaline 

153 
Sol u ti on but p-PbO 2 3*s similar to mapy metals in acid solutions 

Assuming that a two electron change is involved in the rate determining step in 

, the case of oxygen evolution on a-PbO 2 and that the experimental Tafel slopes corres- 

pond almost solely to this reaction, then an apparent exchange coefficient of , 0.44 

is obtained. Similarly for p-PbO 2' assuming a one electron exchange, an apparent 

exchange coefficient of 0.58 is obtained. 

-, 
Thus the different behaviour observed in the anodic branches of the Tafel curves 

for perchlorate and sulphate solutions may be due to the relative solubilities of the 

Pb(H) products in the respective solutions. In-perchlorate solutions,, the electrolyte 

layers in the vicinity of the electrode will contain sufficient Pb(II) to enable the Pb(IIV 

P6(IV) exchange reaction to-take place in preference to the oxygen evolution reaction. 

In sulphate solutions the low solubility of P6(ll) severely restricts the Pb(IIVPb(IV) re- 

action and the oxygen evolution reaction predominates. 

Temperature dependence of the galvanostatic measurements 

In the low overpotential region, the Arrhenius plots, figures 7.16. and 7.17. 

indicate enthalpies of activation of 46.8 W mol -1 for 0 -PbO 2 and 54.3 U mol-I for 

i a_PbO 2* Both these values compare with values obtained in other electrolyte systems. 

For Tafel region measurements, temperature increases caused an increase in the Tafel 

coefficients for both polymorphs, however, at the higher, temperatures overpotential 

measurements become less reproducible, and measurements unreliable. 
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(b) Faradaic Impedance Measurements 

The faradaic impedance method and treatment of results was as described in' 

Chapter 3. Measurements were commenced after 24 hrs. electrode/electrolyte contact 

time during which time the test electrodes were kept on open circuit. 

Experimental Results 

, 
As a first step in analysing the faradaic impedance results the experimental data 

was represented as a transformation in the complex plane. Such a representation is shown 

10 in figures 7.26 and 7.27. for a and fl-PbO2 respectively. A single line, of slope 45 

is obtained for both polymorphs indicating that the major rate. controlling process is diff- 

usion in solution. Clearly from figures 7.26. and 7.27. values of the electrode capac- 

itance and electrolyte resistance cannot be obtained, however since a diffusion con- 

trolled reaction is indicated, it seems feasible to match the impedance data to the 

correct behaviour of the Warburg impedance, in accordance with the method described 

in Chapter 3. 

Figures 7.28. and 7.29. show sets of typical faradaic impedance data matched to 

, the correct behaviour of the Warburg impedance for a and p-IPbO 2 respectively. Two 

parallel straight lines were obtained for the in-phase and out-of-phase components in 

the experimental frequency range (80 ' 5000 Hz). Two series of experiments were per- 
+ 2- formed, -- in the first [H I was varied at constan t [Pb(Il)] and (SO 4] and in the 

second [S02- I varied at constant (H+1 and [Pb(Il)] 4 

Figures 7.30. and 7.31 . show the variation of the exchange current with [H +I 

for a andp-PbO2 respectively. Exchange current densities were obtained by extrapol- 

ation of the impedance plots to infinite frequency. Figures 7.32 . and 7.33. show the 
2- 

'variation of the exchange current density with CS04 

Figures 7.34. and 7.35. show the variation of the exchange current density with 

(102) 



Fig. 726. Complex plane' impedance plot for' . 4-PbO,, 

in sulphate electrolyte. 
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Fig. 727 Complex plane impedance plot'"for': 

in sulphate electrolyte. 
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Fig. 729. Typical impedance curves for p-PbO2 in 

sulphate electrolyte. 
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F ig. Z30. Variation of exchange current with (1-14) for, 

ol-PbO,: in sulphate electrolyte from Impedance 
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Fig. 731. Variction of exchange current with for 

P-PbO,, In sulphate electrolyte from impedance 

measurements. 
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Fig-733. Variation of exchange current with (SQ, ") for 

(3-PbO,. in sulphate electrolyte from impedance 

measurements. 
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Fig. 734. Variation of exchange current with 

temperature for x-PbOl in sulphate 
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Fig-735. Variation of exchange current with 

temperature for pPbO, in sulphate electrolyte 

from impedance measurements. 
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temperature, for a and (ý-P602 respectively, in the form of Arrhenius plots. The 

i impedance data fitted classical behaviour at all temperatures below 400C howovcr at 

higher temperatures the data was more difficult to match. 

Discussion of Faradaic Impedance Results 

The value of the frequency independent capacitance estimated from faradaic 

impedance measurements, shunting the faradaic reaction can be seen from Toblo 7.5. 

-2 -2 to be of the order of 239 - 300 pF cm for p -PbO 2 and 559 - 770 UF cm for 

a -PbO 2. For the galvanostatic measurements, Table 7.4., capacitance valucs of 

- 130 PF cm -2 for fl-P60 2 and - 140 pF cm -2 for a -PbO 2 were obtained from the 

initial slope of the overpotential - time transients. The value of RE agreed fairly wel I 

with the electrolyte resistance obtained in the previously discussed double layer studies. 

The capacitance values obtained from the galvanostatic measurements are comparable 

with those observed for complementary measurements in perchlorate electrolytes. The 

faradaic impedance values are significantly different from the complementary data for 

perchlorate electrolytes, particularly in the case of a-PbO 2. Both sets of capacitance 

values are considerably greater than those estimated from measurements in non-inter- 

acting electrolytes, (Chapter 4) allowing for the present concentration differences, and 

it is clear that in the presence of a faradaic reaction the double layer capacitance is 

abnormally high. 

Since the faradaic impedance curves do not show any relaxation within the experi- 

mental frequency range the additional 'apparent' double layer capacitance must be re- 

garded as resulting from the presence of an additional frequency independent capacitance 

in parallel with the true double layer capacitance and faradaic impedance 

- The value of the experimental Warburg coefficient, obtained from the slope of the 

impedance curves, is considerably greater than the theoretical value, calculated from 
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Table 7.4. 

cL estimated from the galvanostatic measurements 

Electrolyte total equivalent uni-univalent salt concentration 3 mol 1 -1 (with added 

NaClo 2- 0.2 mol I-', ( Pb(l 1) ] 0.000018 mol I-' . 4)' 
C Soý I 

+ 
cL pF cm-2 

[H I mol I 
p-PbO2 a-PbO2 

0.148 134 149 

o. bgg 131 150 

0.047 131 142 

0.018 126 141 

0.013 128 142 

0.0061 131 143 

Table 7.5. 

CL obtained from impedance measurements 

Electro*lyte total equivalent uni-univalent salt concentration 3 mol -1 it added 

2- -1 1 NaCl 04) * CSOý ) 0.2 mol I, [ Pb(II) 1 0.000018 mol I 

+ 1-1 

CL 
juF cm-2 

(H 1 mol 
fl-PbO2 a -PbO2 

1.41 300 770 

0.51 291 692 

0.17 291 611 

0.064 273 600 

0.021 256 571 

0.007 239 559 
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equation 2.38., particularly in the case of p-PbO 2* Due to the low concentration of 

Pb(II) in the electrolyte, the theoretical Warburg slope is almost independent of H+ 

Table 7.6. summarizes the experimental Warburg slopes observed. 

Table 7.6. 

Experimental Warburg Slopes 

Electrolyte total equivalent uni-univalent sal. t concentration 3 mol 1 -1 (with added 
1 2- NaCI04)., [Pb(11)] 0.000018 mol I-, ( SOý 1 0.2 mol 1 -1 

(H mol I 
Warburg slope Qs- 

-PbO 2 

I 

a-PbO2 

1.41 5100 1490 

0.51 5500 1510 

0.17 5450 1510 

0.064 5800 1525 

0.021 5900 1530 

0.007 6200 1520 

The Warburg slope for fl-Pb is conside 02 rably greater than the theoretic al value and 

shows an increase with decreasing (H + For a-PbO2 the experimenta l Warburg 

slope is approximately constant throughout the experimental concentration range. 

Changes in (So 2- ] had I ittle effect on the slopes. An estimate of the active area' 4 

of the electrode is given by equation 6.46. and indicates that foý P -PbO 2 the active 

area never exceeded -- 22% and for a -PbO 2 -- 70% of the geometric area. 

The magnitude of the exchange current (io ^- 10 1 
mA cm -2 ) density was consid- 

erably larger than those observed in the Salvanostatic measurements. Table 7.7. summ- 

arizes the exchange current dependencies on the concentration of solution species 
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obtained from figures 7.30. - 7.33. 

Table 7.7. 

Exchange current dependence on concentration of electroactive 9pecies estimated from 

galvanostatic measurements 

Electrolyte total equivalent uni-univalent salt concentration 3 mol I-' (with added 

NaCl 04)' LP6(11)) 0,000018mol 1-1 

P-PbO 2 a-PbO 2 

og 
-- 

10 oý. 0-. 34 0.32 
a lo III+],. 

Es 2- 510 0; 1, (Pb(11)1, p, T 

a log io 1 
0' 0 -0.05 

a locio 0.2-3) (Pb(ll)1pEI! +1, p, T 

Although t6 galvanostatic measurements did not show any variation of exchange 
2- 

current with (SO 4), for the faradaic impedance results in the case of a-PbO 2a 

slight reduction was observed for increasing [SO 2- ]. For both polymorphs the 4 
hydrogen ion dependency was less than that observed in the galvanostatic measurements. 

The faradoic impedance results indicate that in sulphate electrolytes, as in 

perchlorate electrolytes, appli. cation of rapidly changing potential stimuli to the elec- 

trode causes an apparent activation of the P60 2 lattice. The linearity of the imped- 

ance plots over the whole range of experimental frequencies indicates that no effects 

due to lattice building (crystallization) were present. The characteristics of the 

electrode process show similarities to the process proposed for perchlorate electrolytes . 
Consequently the process involves charge transfer at active sites followed by direct 
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transfer of a Pb(II) species across the double layer and diffusion in solution. 

The increase in the observed frequency independent capacitance with increasing 

(H+1 can be explained as due to reactions of the type indicated in equations 7.1 . and 

7.2. Activating the lattice by application of ac stimuli promotes these reactions due 

to the increased number of active sites formed, leading to the observed experimental 

pseudocapacitance. The observed capacitance values are in agreement with such an 

electrode process since it is estimated that a-PbO 2 has the larger active surface area 

and the larger frequency independent capacitance. 

The apparent larger active surface area of a-PbO 2 electrodes could be a conseq- 

uence of the a/ý -P6O2 interconversion process. Alternatively, it may be that a-PbO2 

is more reactive than p-PbO 2. In acid solutions the tendency for a-PbO 2 to convert 

to the more stable p-PbO will create surface irregularities which may present the 2 

charge transfer with more active sites 

Temperature Dependence of Faradaic Impedance Results 

The Arrhenius plots, figures 7.34. and 7.35. indicate enthalpies of activation of 

7.3 ki mol-1 for a -PbO2 and 8.4 W mol-I for p-PbO2. These values are considerably 

smaller than those observed in the galvanostatic expefiments and may be a result of the 

apparent lattice activation. 

7.3. Linear Sweep Voltummetry 

Figure 7.36. shows a typical fast cathodic potential sweep curve for a-PbO 2' 

Within the experimental potential limits (determined by oxygen evolution at the positive 

extremity and hydrogen evolution at the negative extremity) three peaks occur. Peak 

a occurs at the P602 ýPbS 04 potential and corresponds to the reduction of a, -PbO2 to 

PbSO4. Peak b occurs at approximately the PbSO4/Pb potential and corresponds to the 
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reduction of PbSO 4 to Pb. At low potential sweep speeds (< 10 mV s-1) peak a showed 

the presence of a current shoulder at the negative side of the main peak indicating the 

occurrence of two reactions at approximately the some potential . Repetitive cycling in 

the limited potential range + 2200 mV to + 1400 mV, allowing negligible rest time 

between each sweep, caused a progressive increase in the magnitude of the current 

shoulder and a decrease of the main peak. Fast anodic sweeps on the a-PbO 2 electrode, 

after an initial fast cathodic sweep (broken line in figure 7.3. ), showed only one peak 

within the experimental potential range corresponding to the oxidation of Pb to PbSO 4 

A linear relationship between IM and Iv for peak a was not observed indicating that 

the reaction corresponding to this peak is complex and does not involve only diffusion 

in solution. 

Peaks b. and c of figure 7.36. were difficult to separate from each other and also 

peak c tended to merge with the cathodic current produced by the H2 evolution reaction. 

Consequently it was difficult to measure true values of V for these peaks and reliable M 

Plots of IM vs Iv could not be obtained. 

Figure 7.37. shows a typical fast cathodic potential sweep curve for 
'S -PbO 2 

Within the experimental potential limits two clearly defined peaks (d and e) are observed, 

Peak d occurs at approximately the PbO2/PbSO4 potential and corresponds to the red- 

uction of S-PbO 2 to PbSO 4' Peak e occurs at approximately the PbSO4/pb potential 

and corresponds to the reduction of PbSO 4 to Pb. 

Figure 7.38. shows the effect of sweep rate on the cathodic peak height for the 

P602/P6SO4 reduction process (peak d). At the lowest sweep speeds applied aI inear 

relationship exists 6etween IM and ; v, passing through the origin. Im was directly 

proportional to the concentration of H 2SO4 throughout the whole of the experimental 

concentration range in agreement with equation 2.45. indicating that the foradaic 

current flow is controlled 6y diffusion of a solution species. At higher sweep speeds an 
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Fig. 738. Cathodic peak current -)sweep rate for formation 

of Pb SO on p-PbO, in H,. SO,, electrolyte. 
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abrupt change in the slope of the Im vs -f v curves is observed which occurs at pro- 

gressively lower sweep speeds for increasing H2S 04 concentrations and gives signif- 

icant intercepts on the current axis. 

Figure 7.39. shows ( 8IWa 
ul) vs concentration of H 2SO4 for the peak corres- 

ponding to the P-PbO2/PbSO4 reduction. A straight line was obtained which extrap- 

olated through the origin. From the slope of this I ine the diffusion coefficient of the 

species involved in the rate determining step was obtained using equation 2.45. The 

value obtained, ,2x 10-5 cm 
2s -1 

, is considerably higher than that reported for the 

sulphate ion 147 but may indicate that the electrode is 'rough' as would be expected 

for electrodeposited PbO 2 electrodes. 

It was not possible to correlate Im and v for peak e since this peak corresponds 

to the reduction of more than one substance (a duplex structure of PbSO 4 and under- 

lying 13-Pb 02) * 

When a cathodic sweep was followed by an anodic sweep, with a negligible rest 

time between the two, a trace (broken line of figure 7.37) was obtained that was 

similar to anodic potential sweep traces on polycrystalline Pb (Appendix 6). Only one 

clearly defined peak was obtained within the potential limits and this corresponded to 

the oxidation to PbSO 4 of the Pb previously deposited on the ft-PbO 2 by the cathodic 

sweep . No consistent relationship between Im and v was obtained due to the depend- 

ence of this reaction on the two previous reduction reactions involved in the cathodic 

sweep. 

Discussion of the L. S. V. Results 

7he behaviour of the fl-Pb 02 electrode can be interpreted in terms of two pro- 

cessesoccurring other than charge transfer: - 

2- 
the diffusion of S 04 and HS 04 ions in the solution, 
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the transport of mass and charge through an insoluble layer of PbSO 4 at the 

electrode. 

At low sweep speeds and low concentrations of H 2SO4 current limitation is 

caused by a shortage of anions in the electrolyte layers in the immediate vicinity of 

the electrode. At higher concentrations of H2 so 4 there is always an adequate supply 

of SO 2- ions available at the electrode, however, the progressive growth of the 4 
PbSO4 layer hinders the transport of charge through the electrode and the current den- 

sity is therefore limited. The rate determining process is now the diffusion of ions 

through the layer of PbSO4 at the electrode so that aI inear Im vs , fv relationship is to 

be expected. The concentrations and diffusion coefficients of the reacting species in 

equation 2 . 45. now refer to the solid phase and the slopes of the IM vs 4v I ines under- 

go a change in value corresponding to the change in current limitation mechanism. 

Extrapolation of the IM vs -fv curves, corresponding to the solid phase limitation mech- 

anism, to zero sweep speed does not yield a zero value of Im, but gives a significant 

intercept. The magnitude of this intercept is a measure of the charge necessary to cover 

the electrode with the solid phase of PbSO 4* 

Increasing the concentration of H2 SO 4 in the electrolyte solution should cause 

a progressive reduction in the sweep speed at which the changeover from one mechanism 
2-. . 

of current limitation to the other occurs since limitation due to shortage of SO 41 ons 

* Footnote The solubility of PbS 04 Mien plotted against the concentration of H 2S 04 

shows a maximum of ,6 mg 1 -1 at I mol 1 -1 H2 so 4'- The solubility then progressively 

decreases to a minimum of I mg 1 -1 in -6 mol I-' H2 so 4 thereafter remaining fairly 

0 
constant with further changes in H 2SO4 concentration. The solubility of PbS 04 in the 

present electrolyte will therefore account for the removal of some Pb(II) ions from the 

electrode but this will be relatively minor. 
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becomes progressively more unlikely. This is observed in practise (figure 7.37. ). 

The sweep speed atwhich change over from one mechanism to the other occurs 

is determined by the thickness of the film and the diffusion coefficient as expressed by 

the physical structure of the film. A number of workers have commented on the struc- 

tural changes that occur in the reduced layer at the electrode as the concentration of 

H2 SO 4 increases in the range I-8 mol 1 -1 
, the most marked changes being reported 

at -5 mol I This is in the region at which IM begins to exhibit a marked change 

i in its relationship with concentration, figure 7.37, and it may be that the some 

factor applies in this case. 

It is interesting to note that the apparent changes in the mechanism of current 

limitation occur at concentrations of H2 S04 approximately 2 mol I-' -higher for the 

case of the cathodic reduction of P-PbO 2 than for the anodic oxidation of Pb 

(Appendix 6). It is considered that the reason for this lies in the nature of the products 

of the respective reactions involved: - 

Pb. + So 2- PbSO + 2e 44 

+ So 2- 
+ 4H ++ 2e = PbSO + 2H 0. p -Pb02 42 

For the p-PbO 2 reaction the molecules of H 20 produced during the reduction process 

will cause a change in the concentration of the electrolyte in the immediate vicinity of 

the electrode so that effectively this corresponds to a lowered H 2S 04 concentration com- 

pared with the Pb reaction 

1ý Previous work 
43 

established that in acid electrolytes a-PbO 2 undergoes structural 

modification to give the more stable p-polymorph: - 

a-Pb 
H 

pb(IV) -Pb02 024, ---4 



Also the relative PbO2/PbS 04 reduction potentials for the a- and 0- polymorphs 

show a potential difference of , 0.007 V( a-PbO 2ýPbS 04; + 1.7085 + 0.0005 V 

and 6 -PbO2/PbSO 4; +1.715 + 0.0005 V). 

Results of the repetitive sweeps indicate that the main peak initially observed 

at the PbO2/PbSO4 potential corresponds to the reduction of a-PbO2 to PbSO4 and 

the current shoulder of peak b to the reduction of a small amount of fl-PbO 2 present 

due to the modification of the a-PbO 2 surface. Repetitive sweeps in acid solutions 

would tend to increase the proportion of P-PbO 2 at the a-PbO 2 electrode surface 

until the P- polymorph is the dominant form involved in the reduction process hence 

explaining the shift of potential of the main peak a to a slightly negative potential . 
A tentative but by no means final explanation of the appearance of peak b in potential 

sweeps performed only on a-PbO 2 and not in similar sweeps on fl-Pb02 is the red- 

uction of some lead compound underneath the PbSO 4 layer. It is well established that 

in H2 SO 4 the PbO 2 electrode behaves similarly to the Pb electrode in that immediately 

underneath the PbSO4 layer alkaline conditions exist which would favour the existence 

of at -PbO2 in preference to any modified p- -PbO 2* Consequently peak b may corres- 

pond to a direct reduction of underlying a-PbO 2 to Pb. 

Conclusions 

In aqueous H2S 04 and K2S 04 , the differential capacitance curves indicate that 

the electrode/electrolyte interphase is complicated by adsorption. 

The exchange reaction in acid sulphate electrolytes has similar characteristics as 

determined by both the galvanostatic and faradaic impedance techniques. An apparent 

lattice activation by the application of repetitive potential stimuli is observed. 

The L. S V. measurements indicate the existence of two rate controlling steps for 

the P602/P6SO4 reaction. At low sweep speeds and low concentrations of H2 S04 the 

rate determining step involves diffusion in solution however at higher concentrations of 

acid a solid phase diffusion process 6ecomes rate controlling. 
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CHAPTER 8 

A STUDY OF THE DIFFERENTIAL CAPACITANCE OF THE PbO2/ýQUEOUS 

PHOSPHATE SOLUTION INTERPHASE 

It is fairly well established that additions of phosphoric acid to the normal lead- 

154-157 
acid cell electrolyte result in an enhanced cycle life of the positive electrode 

It is consequently of some interest to understand the behaviour of the phosphate ion at 

the Pbo 2 electrode. 

Early work by Feitknecht and Gauman 38 
suggested that during the charging pro- 

cess in the lead-acid cell intermediate plumbic compounds are formed which are not 

stable in the cell electrolyte (40% H 2SO4) and spontaneously decompose or undergo 

hydrolysis, 

PbS 2- 
+2H0 

lpb(OH)2 
(So 4)23- +2 H+ + 2a 04 +S Oý 2 

rPb(OH)2 
(SO4)2 PbO2 +H0 2S 4+ 504 (2) 

or 

PbSo +s 
2- 

4 Oý = Pb(S 04)2 + 2e (3) 

Pb(S 04)2 +2H 20 = Pb02 +2H 2SO4 (4) 

If a mixture of H2 S04 and H 3PO 4 replaces the conventional electrolyte, analogous 

and relatively stable plumbic salts are obtained. Feitknecht and Gauman 38 
assumed 

that OH radicals are formed which react with the plumbous phosphate to give plumbic 

phosphate. 

(H3) 



OH = OH +e 

or 

H 20 = OH +e+H 

(5) 

(6) 

PbHPO 4+2 OH =H 
[Pb(OH)2 

P04] (7) 

It was suggested that decomposition of the phosphate resulted in an increased 

proportion of cc-PbO 2 on the electrode cis compared with the hydrolysis of the sulphate 

salt due to migration of H+ ions into the solution leaving an alkaline condition at the 

electrode which is conducive to the formation of a -PbO . Several workers have sugg- 2 

ested that a -PbO 2 aids cycle life-of positive plates. 

Results 

Figures 8.1 . and 8.2 . show the extent of the experimental polarizable regions 

for a -PbO 2 and P-PbO2 in H 3PO4 , KH 2 P04 and K2HP04 solutions respec tively. The 

limits of experimental polarizability for a-PbO2 in H 3P 0 4' KH 2PO4 and K2 HP04 

were ,1 .4-1 .9V, ,1 . 15 -1 .8V and -. 0.95 - 1.75 V respectively and for 

P -1`602 , 1.35 - 1.9 V, .1 . 05 -1 . 85 V and - 0.95 - 1.65 V respectively. The 

extent of the polarizable regions increased in the series H3 P04 -K2 HP04 and shifted 

to more negative potentials with increasing pH. 

Figures 8.3. - 8.4. show differential capacitance - bias potential curves for the 

experimental electrolyte solutions. Stability of the impedance measurements was low-ast 

for H3 P04 solutions in which 5 hrs. electrode/electrolyte contact time was required 

before stable impedance readings were obtained. The capacitance - time variation 

, amounted to -,. 20% of the final impedance value. 

Figures 8.9. and 8.10. show typical frequency dispersion of the differential ' 

(114) 
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Fig. 8.3. Differential capacitance -bias potential curves 

for a- PbO in H PO electrolyte. 13 14 
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Fig. 8.4. Differential capacitance -bias potential curves- 

for p- PbO,, in H. PO,, electrolyte. 
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Fig. 8.6. Differential capacitance- bias potential curves 

for 19-PbO.. in K HxPOI4 electrolyte. 
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Fig. 8.7 Differential capacitance- bias potential curves - 
for -L-PbO,,. in K,. HPO, electrolyte. 
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Fig. 8.8. Differential capacitance- bias potential curves for 

P-PbO, in KHPO, electrolyte. 
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Fig. 8.9. Frequency dispersion of differential capacitance 

., 
In HA PO, 4 electrolyte curves for "-PbO. 
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F ig. 8.10. Frequency dispersion of differential capacitance 
curves for r. PbO ý3PQ electrolyte 
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capacitance curves for a-PbO 2 and p-PbO 2 respectively in H3 PO 4 in which disper- 

sion was greatest for the three electrolytes tested. Frequency dispersion is similar to 

that observed in H2 SO 4 solutions and increases with decreasing acidity. 

Discussion of Differential Capacitance Results 

The forms of the differential capacitance curves are similar to those obtained in 

aqueous sulphate, solutions (Chapter 7) but unlike those in nitrate solutions (Chapter 4). 

The form and absence of a minimum, which progressively deepens. with decreasing 

electrolyte concentration, in the capacitance curves indicates that the interphase is 

complicated by adsorption. 

The rise in capacitance at the positive extremity of the polarizable region is a 

pseudocapacitance peak associated with oxygen evolution, and the rise (to a spike) at 

the negative limit marks the onset of the reduction of the PbO 2 electrode to the Pb(II) 

state. The in-phase (resistive component of the electrode impedance is fairly constant 

within the experimental polarizable region indicating little change in the double layer 

structure within these potential limits. 

At potentials more negative than the pseudocapacitance spike in KH 2 PO 4 and 

K2 HP04 solutions, the capacitance decreases markedly as potential becomes more 

negative due probably to the thickening of the Pb(II) film (the form of which was not 

determined). The magnitude of the capacitance variation with concentration is greater 

for K2 HP04 than KH 2 P04 indicating that film formation is favoured by increased pH. 

For H 3P 04 solutions a significant reduction of the capacitance at potentials more 

negative than the polarizable region is absent iýdicatjng that lattice reduction is not 

accompanied by the development of an insoluble layer on the electrode surface. 

The capacitance magnitude, which is considerably greater than observed in 

nitrate solutions, decreases progressively in the series H3 PO 4- KH 2 P04 -K2 HPO 4 

indicating the influen ce of the H+ ion on the system. The direct adsorption of the 
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H+ ion at the present positive rational potentials seems unlikely, however, due to the 

low solubility of lead phosphates, it is likely that PO 3- 
, HPO 2- 

and H- ions 44 2PO4 

are directly adsorbed. It is suggested that the observed high electrode capacitpnce 

values arise from adsorption reactions of the type: - 

+ HP02- PbO2 +2H 3PO4 ads 
+ 2e PbHP04 

ads 
ý 

ads 
+2H 20 (8*8) 

Pb 02 + 4H + 2e 2PO4 ads = PbHP04 
ads 

+H 
2- 

+ 2H (8.9) Poý 
ads 20 

PbO2 + 5H 2- 2e = Poý 
ads 

+ PbHP04 
ads 

H 3- (8.10) + Poý 
ads 

A large number of reactions of this type can be formulated. These reactions (equations 

8.8. - 8.10) are favoured by decreasing the pH of the electrolyte, thus the lower the 

pH (higher [H+) ) the greater the adsorption capacitance as observed in practice. 

The behaviour of both polymorphs was similar in all three electrolytes, however 

any-differences which may have occurred would tend to be obscured by the pseudo- 

capacitance developed as a result of the participation of the H+ ion in the double 

layer structure and reactions of the type of equation 8.8. - 8.10. Overall the magni- 

tude of the capacitance was greater for a-P60 2 than for p-Pb02 indicating that the 

true surface area of a -PbO 2 is possib ly, greater than for fl-PbO 2. 

3- . 2- Comparison of PO and SO, Systems 
, 4-4- 

The significant difference observed between the double layer structure in SO 2- 
4 

and in PO 3- is the absence of an apparent adherent insoluble film in phosphate solu-- 4 

tions for potential excursions negative of the polarizable region. There are two poss- 

ible explanations: - 

(I ) the lead (11) phosphate produced under these conditions has sufficient solubility 
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to leave the electrode. 

(2) the lead (11) phosphate film formed is only poorly held at the electrode and is 

unable to act as a dielectric . 

Conclusions 

The PbO2/aqueous phosphate solution interphase is complicated by adsorption of 

solution species. Reversible redox reactions, involving H+ and phosphate ions adsorbed 

at the electrode, occur within the polarizable region. These reactions give rise to a 

pseudocapacitance. Highly adherent insulating fil ms characteristic of the PbO2/K 2S 04 

system are not developed as a product the reduction of the PbO 2 lattice. 
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CHAPTER 9 

FINAL DISCUSSION AND CONCLUSIONS 

9.1 . The PbO, /Aqueous Solution Interphase 
I-- 

(a) The Potential of Zero Charge 

The study of the differential capacitance of PbO 2 electrodes is restricted by a 

limited potential region in which the electrode is uncomplicated by faradaic reactions. 

This potential region is defined at the negative extremity by lattice dissolution and at 

the positive extreme by oxygen evolution and is strongly influenced by pH, i. e. by 

decreasing the pH the region was significantly decreased. In general the concentration 

of H+ ions had a marked effect on the potential of lattice dissolution. 

The pzc, estimated from measurements in neutral nitrate solutions, occurs at 

1 . 07 + 0.01 V for a r-PbO 2 and 1 . 15 + 0.01 V for P -PbO 2* Thus at the equilibrium 

potential, Eo (, 1 . 69 V22-24), the PbO2 electrode has a positive charge with respect 

to the bulk electrolyte and anionic adsorption will be favoured at the electrode. This 

compares with solid metal electrodes where the equilibrium potential is usually more 

0 158 159 0. positive than Ez, e. g. lead, E 0.126 V Ez 0.60 V silver, E 0.799 

158 160 V, Ez = 0.7 V 

An 'a priori' study of the pzc and the interphasial structure has been shown to be 

important in the present exchange reaction studies where, by consideration of the 

experimental potentials involved, the nature of adsorbpd intermediates and products 

were estimated. 

(6) Double Layer Structure 

In KNO 3 solutions the differential capacitance curves resemble, in form, those 
124 for mercury in aqueous 'NaF solutions . In the most concentrated solutions a well de- 
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fined hump in the capacitance curves was o6tained which, on dilution, progressed into 

a well defined capacitance minimum that was independent of concentration. From a 

comparison of the magnitude of the capacitance of P60 2 electrodes with that for 

mercury electrodesi a roughness factor of -5- 10 for P60 2 electrodes is indicated 

which was further evinced by the observed frequency dispersion of the capacitance 

curves. Allowing for surface roughness, the electrode behaved very much as predicted 

by the Gouy-Chapman theory, specific adsorption of solution species being absent. At 

all potentials the capacitance magnitudes of equilibrated electrodes was greater for 

a -PbO 2 than for P-PbO 2 indicating a greater surface area for the a-polymorph. 

In other electrolyte solutions experimental results show. that the double layer is 

complicated by adsorption. The adsorption appears to be strongly influenced by pH 

In general, the magnitude of the capacitance for a particular electrolyte increased 

with decreasing pH. Since the experimental polarizable regions were generally at 

positive rational potentials the direct adsorption of H+ is unlikely and it is probable 

that H+ is involved in adsorption processes of the type indicated in equation 7.1 .- 

7.2. and 8.8. - 8.10, which are favoured by decreasing pH, and also in the adsorp- 

tion of molecules, e. g. HNO 3' H2 SO 4, HCIO 4* 

(c) Surface Equilibrium 

Investigations of the differential capacitance of a number of solid metals have 

shown that, in contrast to amalgam electrodes, considerable variation of the electrode 

impedance invariably occurs with electrode/electrolyte contact time before stable 

values are obtained. It has been suggested that the pretreatment of a solid metal elec- 

trode probably produces a surface of different metallurgical configuration from that 

corresponding to an equilibrated electrode. The initially observed electrode activity 

is probably due to a rearrangement of the surface to produce a surface of minimum 

surface area (for differential capacitance measurements can only take place by self 
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diffusion of metal ions on the electrode surface). 

In the case of PbO 2 electrodes, a variation of the electrode impedance with 

electrode/electrolyte contact time was observed, in contrast to solid metal electrodes, 

the magnitude of the capacitance rises with contact time (accompanied by a decrease 

in electrode resistance) until stable values were obtained. Time instability was greatest 

for low pH electrolytes. Two processes may account for such time instability: - 

(1) the electrodeposited PbO 2 has a high initial surface energy and in order to achieve 

a more stable lower energy the electrodes undergo a surface expansion process. In 

the case of a-PbO 2, the electrode is further complicated by a surface modification 

of the type: - 

H+H+ 
-PbO2 ý-- Pb(IV) - fl-PbO2 (9-1) 

which would possibly cause further surface expansion. 

(2) the adsorption processes occurring at the PbO 2 electrode are time dependent. Also 

adsorption will tend to hirider surface expansion and thus lengthen the equilibration 

time. The effect of adsorption on the equilibration time is illustrated by the lowest 

time instability being observed for the case of KNO 3 solutions, where adsorption 

was absent. If adsorption does involve ! on pairs or molecules, as indicated by the 

capacitance measurements in acid solutions, then it may be expected that adsorption 

will be slower than ionic adsorption. 

It seems most probable that the initial equilibration period is connected with both 

the above effects. The exact degree to which each effect is involved cannot be ascer- 

tained with accuracy. Kabanov and co-workers 
52,55-58, 

considered that the initial 

instability was due solely to a surface expansion. Since in the present experiments time 

instability was smallest for KNO 3 solutions, in which adsorption is consirJered absent, 
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and greatest in solutions of high H+ concentration, the conclusions of Kabanov and co- 
ads Ott 4-t on 

workers are not fully justified. In the present case it is apparent that/certainly plays 

an important role in determining the stability of the electrode. 

(d) Relative Surface Area of a and e -PbO 2 

Capacitance values obtained for PbO 2 electrodes on immediate contact with 

electrolyte solutions were generally greater in magnitude for ý-PbO 2 than for the 

ot-form, however, after equilibration the reverse is true. Thus, for PbO 2 electrodes on 

immediate contact with the electrolyte, the surface area of the fl-polymorph is greater 

than that of the a-form, however, for equilibrated surfaces the surface area of a -PbO 2 

is larger. The reason for this may be related to a higher surface energy of a-PbO 2 or 

due to an increased adsorption causing a -PbO 2 to show a larger adsorption pseudocap- 

acitance; a number of workers have sugges ted that a -PbO 2 adsorbs to a lesser extent 

than P -PbO 2' Thus it appears that a -PbO 2 is deposited with a higher surface energy 

than p -PbO 2* The possibility of surface modification of a-PbO 2 electrodes via re- 

action 9 .1. cannot be neglected as a possible cause of the larger surface area of 

equilibrated a-PbO 2 electrodes but, since equilibrated a-PbO 2 electrodes in alkaline 

solutions showed greater capacitance values than p-PbO 2' this cannot be the dominant 

factor. 

9.2. The Charge Transfer Reaction 

(a) Under Galvanostatic Conditions 
100 

For the case of exchange reactions at solid metals, Bockris and Conway estab- 

lished that the most probable path of metal deposition reactions from calculations of 

the free energies of the various possible reaction paths. They indicated that the most 

probable mechanism involved consecutive single electron transfers and estimated that 
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the most probable reaction path is the transfer of an ion to a plane surface site, 

diffusion to a step site, diffusion along the step to a kink site, and finally, incorpor- 

ation into the lattice accompanied by electron transfer. Calculations by Hush 161 
1 

Mott and Watts-Tobin 162 
, however, showed that direct electron transfer between the 

surface of the metal and a hydrated ion could not be ignored. 

In the present exchange reaction studies, it is considered that the charge transfer 

process in both acid and alkaline electrolyte solutions at PbO 2 electrodes involves 

transfer of electrons on the surface of the electrode with surface Pb(IV) ions to form 

adsorbed Pb(II) species which are then directly transferred across the double layer as 

neutral Pb(II) species. The transfer of a neutral species across the double layer is in 

agreement with ideas of Gerischer 144 
who suggested that the most likely species to 

cross the double layer would be a neutral or low charged species. 

The charge transfer reaction is slow and a change in the charge transfer mechan- 

ism is indicated as potential excursions from the equilibrium potential are increased. 

At high overpotentials the chorge transfer process involves two consecutive single 

electron transfers in preference to a single simultaneous two electron transfer at low 

overpotentials. It is probable that even at low overpotentials the exchange reaction 

involves two consecutive single electron transfers, however, at such potentials the 

time interval and the energy of activation difference between the two electron trans- 

fers is small . Due to the experimental limitations, e. g. current pulse times employed, 

ii was not possible to distinguish between the two processes. 

It would be of interest to compare the exchange reaction at the PbO 2 electrode 

with that at other oxide electrodes, but comparison with all oxides-is not possible due 

to the unique metallic characteristics displayed by PbO 2 compared with most oxides. 

For the oxides closest in resemblance to PbO 2; AgO, MnO 2, VO 2 and TI 20 3' it is 

clear that some similarities exist; thus there is a possible intermediate valence state 

between reactant and product of a reduction reaction. For A90 it has been suggested 
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that a solid state reaction predominates, 
163 

the rate controlling step being the diffusion 

of Ag +- 
or OH- ions in the oxide'lattice. In the case of MnO 2, in neutral electrolyte 

solutions, the reaction involves an intermediate Mn(III) species, 
36 

viz.: - 

MnO 2+H+, +e- MnOOH (9.2) 

which then undergoes further reaction to give the Mn(II) oxide. The rate determining 

step is the diffusion of Mn(II) ions in the solid phase. Discharge mechanisms similar to 

that for MnO 2 have also been proposed for T1203 
36 

, in which the unstable TI(II) is 

36 involved and diffusion of TI(11) ions in the solid phase is rate determining. For TiO 2 

the reaction is considered to occur in the solid state, however, no intermediate valence 

state between reactant and product exists. Thus P60 2 cannot be satisfactorily compared 

with these four oxides since whereas for P60 2a solution reaction is involved in the case 

of the above four oxides the reaction occurs in the solid phase. The possibility of the 

existence of unstable reaction intermediates seems to be a common feature of the ex- 

change reaction of all the oxides excppt VO 2 where no possible intermediate valence 

state exists. 

(b) Under Conditions of Repetitive Potential Stimuli 

The general kinetic characteristics of the exchange reaction, L. e. concentration 

dependencies of the exchange current and the 6xchange mechanism, were similar for 

both galvanostatic and faradaic impedance measurements. A significant difference 

occurred in the magnitude of the exchange current observed. The exchange current 

extracted from the impedance measurements was generally of the order of 10 times 

greater than those determined by the galvanostatic method. Thus it appears that the 

application of rapidly changing potential Stimuli to the P60 2 electrode causes an 

apparent activation of the P60 2 lattice. This apparent lattice activation can be 
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explained by consideration of the re 
. 
sponse of 'active sites' on the Pb02 surface to ac. 

In the case of impedance measurements the frequency of the applied ac. is much greater 

than the life time of the active sites and the exchange current density observed is a 

maximum since all the active sites are available for exchange. In the case of galvano- 

static measurements, the experimental current pulse times used were greater than the 

life time of an active site and the exchange current corresponds to the equilibrium number 

of active sites on the surface. It was noted that for frequencies < 40 Hz, deviations from 

- ideal behaviour of the impedance data occurred. Such a frequency is equivalent to a 

galvanostatic pulse time of 25 ms. Thus the estimated life time of an active site is < 25 ms; . 

(c) Adsorption Isotherm Employed 

In all the experimental measurements the adsorption isotherm which best fitted the 

experimental results was one that is similar to the Freundlich isotherm. Attempts to force 

the experimental results into other possible isotherms, e. g. those discussed in Chapter 2, 

were unsuccessful . 

A great deal of knowledge and understanding of adsorption at metal electrodes has 

been gained by use of the Langmuir isotherm however, in many. cases conditions were such 

that significant deviations from Langmuir behaviour occurred. Recently the variation of 

the heat or the apparent standard free energy of adsorption with coverage, has been con- 

sidered, leading to the use of isotherms of similar form to the Frumkin isotherm. Detailed 

complex isotherms have been applied to describe adsorption on mercury electrodes 
68 

11 
164- 

166 
these, however, are only useful for liquid metals where the charge on the electrode 

can be measured with a relatively high degree of accuracy. At solid electrodes, and in 

particular oxide electrodes, further understanding of adsorption is restricted by uncert- 

ainties of the real surface areas and hence partial surface coverage. 

In general the Freundlich isotherm has found limited use in describing adsorption at 

electrodes, however, Hickling 145 found that for the adsorption of hydrogen on metals, a 
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form of Freund[ icli- isotherm fitted. 'the experimental results. More recently Schriffrin, 

from an investigation of the specific adsorption of fluoride ions on mercury, found that 

a modified Freundlich type isotherm described the surface pressure of the adsorbed ionic 

film and that a similar isotherm possibly explained the behaviour of other weakly adsorbed 

ions at mercury.. Hills and Reeves 167 
also concluded that the adsorption of PF 6 from 

KPF 6 and KF mixtures followed a modified Freundlich isotherm. In previous work concern- 

Ing PbO 2 electrodes, Jones et al 
45-47 

used a Freundlich type isotherm to describe hydrogen 

adsorption. Thus although the Freundlich isotherm has found limited use, in certain cases 

it has been found to be the most applicable. 

9.3. Further Work 

(1) Most lead acid cells are fabricated with grids of Pb - Sb alloy; normally from 4 

12% by weight of Sb. Primarily the purpose of the antimony is to strengthen the 

grid metal so that it can be cast and fabricated with greater ease than pure lead, 

which is very soft and easily deformed. The action of the antimony, however, is 

not solely metallurgical . It is leached from the grid metal and causes detrimental, 

as well as beneficial, side reactions. It has been reported that the presence of 

antimony gives rise to an increased content of a-PbO2 in the formed positive active 

material . 
Further work could be performed in an attempt to understand the effect of antimony 

on the PbCýelectrode more fully. When the exact function of antimony in the cell 

is known then it may be possible to designate a spbstitute for use in the lead acid 

cell that has the same beneficial properties and is free of the detrimental ones. 

There is little reported work, as yet, concerning the effect of organic additives on 

the behaviour of PbO 2 electrodes. The use of organic expenders in the battery 

plates and organic separators between the plates presents good cause to further 
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investigate the effect of organic additives to the cell electrolyte 

(111) In the present work the experimental test electrodes consisted of electrodeposited 

samples on platinum bases. The deposits were of known polymorphic form (either 

a orp ). It would be of interest to carry out further work on electrodes consisting 

of mixtures of the two polymorphs-In fixed proportions. 

(IV) In this work PbO 2 was formed on platinum, however, in the lead acid battery 

system the positive active material is formed on Pb - Sb alloy. Further work is 

required on such electrodes to see if the different base substrates have any effect 

on the kinetics of the electrode reactions. 
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