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ABSTRACT

ELECTRON TRANSFER KINETICS AND THERMODYNAMIC

ACTIVATION PARAMETERS FOR SEVERAL AOUO

COMPLEXES AT MERCURY-AQUEOUS INTERFACE

by

Sayed Muneebullah Husaini

A disparity was observed by Anson and Parkinsonfbetween

the electrocapillary data and kinetic results for electro-

chemical reactions abbut the.double-1ayer structure in very

dilute solutions of electrolytes at mercury-aqueous inter-

face. This decrepancy was shown to emerge because of

employing a potential independent transfer coefficient a

= 0.5) to calcuate the double-layer potential ¢2 from kinetic

results. The disagreement of results was resolved and exper-

imentally investigated, for the oxidation reaction of

Bug; in different dilutions of various electrolytes, employ-

ing a potential dependent a.

3+/2+

aq coupleThe electrochemical redox reaction for V

demonstrated a unique behavior among the transition metal

redox couples by exhibiting a pH dependent reaction rate.

The activation parameters for the electrodeposition

2+/O 2+/O 2+/0' .2+/O
aq , Feaq , Coaq and Nlaq

were determined in aqueous solutions. An increase in the

reaction for Mn couples

activation. entropy with increasing cathodic potential can

be attributed to a partial desolvation of aqueous ligands

at the mercury-aqueous interface.

*J. Electroanal. Chem., 85, 317 (19771.
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CHAPTER I

INTRODUCTION
 

Almost all chemical processes are primarily associated

with the changes in the position and energy of electrons

around the reacting nuclei. In an ordinary chemical reac-

tion, these changes are influenced mutually by the reactant

and product molecules or ions. An electrochemical reaction

is different from an ordinary chemical reaction as it involves

the passage of electrons through an external metal circuit

provided with a voltage and current regulating device. Un-

like ordinary electron transfer chemical reaction, where the

electron donors and acceptors are molecules or ions, the

metal or semi-conductor electrode surface acts as a react-

ing donor or acceptor of electrons in an electrochemiCal

reaction. The electrochemical reaction has an advantage

over an ordinary chemical reaction in that the electrode

surface provides comparatively similar reaction conditions

for a wide range of reaction species, while on the other

side, the conditions for chemical reactions are limited by

the availability of reactant ions or molecules.

The kinetic and thermodynamic parameters for an elec-

trochemical reaction are heavily dependent on the structure

of the solvent and reacting ions adjacent to the electrode

surface. The concentration of reaction ions or molecules



does not remain the same near the electrode surface as in

the bulk solution due to electrostatic as well as kinetic

reasons‘1-4). The solvent molecules and sometimes other

species (ions or molecules) present in solution, which

sometimes are specifically adsorbed on the electrode sur-

face, forma layer closest to the electrode surface; the

locus of the electrical centers of the specifically adsorbed

ions is called the inner Helmholtz plane (i.H.p.). Solvated

"reactants” can reach closest to the metal electrode sur-

face by touching the solvent molecules or adsorbed ions

in the i.H.p. This distance is defined by the locus of the

centers of these solvated reactants and is called the outer

Helmholtz plane (o.H.p.). The part of the solution beyond

the o.H.p. is called the diffuse layer (Figure 1.1). The

structure of theSe layers, called the double-layer, and the

distribution of potential in them has a great influence on

the reaction kinetics and thermodynamic results(l-4). The

potential available for the reacting species, which can not

approach the electrode surface closer than the o.H.p., is

different from the applied potential at the electrode sur-

face (Figure.l.2). Since the calculation of the reaction

rate constant involves the value of potential experienced by

the reacting ion, a precise knowledge of this quantity is

highly needed. The distribution of the reactants closer

to the reaction plane may not remain the same as in the

bulk solution because of variation in coulombic attraction
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or repulsion of reactants with distance from the electrode

surface, which, in turn, will also affect the kinetics of

the reaction. These problems were successfully tackled by

Frumkin(1-4) who formulated a correction to apply to the

apparent (experimentally observed) rate constant, called the

double-layer correction, which gives rate constant corrected

for the variation of potential observed at the reaction site

in the double-layer region. The Frumkin double-layer cor-

rection is commonly used throughout the electrochemical

literature.

It was theorectically predicted that solutions at suf-

ficiently high dilution of electrolyte would provide condi-

tions in which given a positive potential at electrode, the

anions from the supporting electrolyte would specifically

adsorb in equal quantities to the positive electronic charge

(5' 6). If the anionic and cationicat the electrode metal

charges were exactly matched, one might-expect no diffuse

layer to be present at any positive potential. The ironic

result would be that one may avoid the Frumkin double-layer

correction by using very low concentration of supporting

electrolyte instead of high values (~ g) customarily employed

to minimize the double-layer correction. This situation was

(5) who concluded,further explored by Anson and Parkinson

employing kinetic methods, that charged reactants behave in

the way to be expected for dilute solutions if a diffuse

layer were present at potentials where the previous non-

kinetic measurement had suggested the contrary. The analysis



of their experimental results in electrolytes of low ionic

strength using the Frumkin double-layer correction showed

large discrepancies in the double-layer structure determined

from.kinetic and electrocapillary data with respect to as

important a parameter as the sign of the potential differ-

ence across the diffuse layer.

The Frumkin double-layer correction performed by the

authors for the analysis of their experimental results in-

volved the construction of a hypothetical Tafel line*, assume

ing the absence of a diffuse layer, so that the diffuse layer

potential ¢2, which was assumed to be the potential at the

reaction site, became zero for all working potentials. The

transfer coefficient a used to construct this Tafel line

was assumed to be constant (0.5) for all working potentials.

Those simple assumptions were further explored by Tyma and

(7)
Weaver who showed the transfer coefficient a to be depen-

dent nonlinearly on the working potentials which give rise

to a nonlinear Tafel line at ¢2 = 0.

The experimental results of Anson and Parkinson‘s),

along with the results in this study using the same concen-

trations of electrolytes as well as other concentrations, were

analyzed employing the Tafel lines at ¢2 = O and the transfer

coefficient a calculated by the authors as well as by Tyma

and Weaver(7). It was observed from the kinetic results

that the extent of discrepancy between the charge on the

‘A Tafel line is constructed by plotting logarithm of reaction

rate versus potential for an electrochemical reaction.



metal and the total charge on the adsorbed ions, determined

earlier by the analysis of the authors, were minimized and

was shown to lie within the experimental range of error of

the electrocapillary data. Their views about the GCS theory

and, hence, the Frumkin double-layer correction arising from

their kinetic results showing a large difference in charges

between the metal and the absorbed ions were unduly pessi-

mistic.

The electrochemical study of aquo metal complexes of

transition metal ions in aqueous solution is often under-

taken as a simple and basic working system, because most of

the kinetic and thermodynamic parameters for their homogen-

eous analogs are well established. It is generally assumed

while working with the aquo complexes of metal ions in aqueous

solution that these simple electron reactions will not have

any influence due to a variation in the 3+ ion concentration.

These reactions are usually studied without checking the pH

dependence of reaction kinetics.

In the second part of the thesis, pH dependence of the

3+/2+ and M2+/0
electrochemical reaction rates of various M

aquo couples were examined using polarographic and cyclic

voltammetric techniques. It was found that the electro-

3+/2+ couple only behaved dif-chemical reaction rate for V

ferently and was dependent on pH while the rest of the couples

exhibit no pH dependence. This situation becomes more im-

portant because a number of research papers on the



electrochemical kinetics have been published using V3+/2+

couple assuming it to be pH independent.

The third part of the thesis, which is experimentally

the longest part, deals with the thermodynamic activation

parameters for electrodeposition reactions of several metals

from the first transition series. The activation parameters

contribute information which often proves helpful in under-

standing and interpreting the kinetics of reactions. Study

of the temperature dependence of chemical reaction rate con-

stants is used as a well established procedure in chemical

kinetics to determine the activation parameters of the

reaction. Surprisingly few people have tried to determine

the "electrochemical" activation parameters using the temper-

ature dependence of electrode reaction rates. This neglect

is due to a common belief that it is a non-measurable quan-

tity in the experimental set-up of electrochemical reactions,

where the electrical state at the reaction site does not re-

main constant while altering the temperature of the

system‘4' 8-12). This problem has been fully discussed and

it is concluded that the "real" activation parameters derived

from the temperature dependence of the "standard" electro-

chemical rate constant are closely related to the entropy

and enthalpy of the corresponding self-exchange reactions‘g).

For electrochemically irreversible process where the stan-

dard potential in unknown and so are the "real" activation

parameters, the "ideal" activation parameters are still



(8)
derivable quantities . These quantities can be obtained

from the temperature dependence of the electrochemical rate

constant when the metal-solution Galvani potential differ-

ence oi is held constant‘g). These parameters represent

the actual enthalpic and entropic barrier heights for the

single reacting species at the electrode potential at which

they are determined.

An important class of electrochemical reactions, the

electrodeposition reaction of metals, where the metal ion

is completely reduced to metal atom, was selected to be

studied in relation with their activation parameters in

aqueous solution. Aquo complexes of several metals from the

first transition series which provides irreversible systems

were selected for the study of activation parameters of

these reactions. These reactions are expected to give

valuable information about kinetics and mechanism, where the

reduced species is not an ion but a solid uncharged particle.

The values of the activation parameters were analyzed and dis-

cussed in relation to their reaction mechanisms.



CHAPTER II

EXPERIMENTAL METHODS

This chapter deals with the apparatus and reagents

employed in most of the electrochemical experiments.

‘A. Materials
 

l. Solvent (water)

The water utilized as solvent was purified by passing

the general purpose distilled water through a "Milli-Q"

purification system (Millipore Corporation) consisting of a

set of ion-exchange units and an activated charcoal filter.

This water was assumed to be adequate for the experimental

work performed at mercury electrode.

2. Oxygen Removal

The presence of dissolved oxygen from atmosphere in

solution was removed by bubbling purified nitrogen through

the solution just prior to starting the experiment.

3. Electrolytes

All electrolytes utilized in the experiments were

recrystallized in pyrodistilled water. Sodium perchlorate

was prepared by allowing sodium carbonate to react with 60%

perchloric acid.
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4. Reactant solutions

Eu(H‘20)g+ was prepared by dissolving Eu203 in equiva-

lent amounts of HClO4 solution and diluting with appropriate

amounts of water. Eu(320)§+ was prepared by exhaustive

electrolysis of Eu(HZO)2+ at -900 mV vs. s.c.e. V0120):+

was prepared by similar method using V205 as starting mater-

ial, and an applied voltage of -11001m7vs. s.c.e. This solu-

tion was further oxidized to V(HZO)2+ by electrolysis at

-600 mv vs. s.c.e. The aqueous solutions of Mn2+, Fe2+,

Coz+and Ni2+ were prepared by dissolving the perchlorate

of these ions in water.

B . Apparatus

l. Electrochemical Cell

The electrochemical cell was a conventional two come

ponent jacketed design made of pyrex glass with two "very

fine" frits made by Corning, Inc. (average porosity l-3um)

separating the working, reference, and counter electrode in

different compartments and inhibiting the mixing of solution

in different compartments. The cell was cleaned for each

experiment by leaving it for 48 hours in a concentrated

chromic acid cleaning solution followed by washing with

distilled water and then leaving it again for 48 hours in

distilled water to ensure complete removal of any trace of *

chromic acid. The cell was next left in the oven at ~200°C

overnight and then wrapped in plastic sheets after cooling.
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2. Reference electrode
 

Commercial (Sargent-Welch) reference electrodes were

used for the electrochemical measurements. The sodium

saturated calomel electrode (NaSCE) was prepared by replac-

ing KCl with NaCl. Appropriate corrections to the value of

applied voltage were made when using NaSCE.

3. Polarographic Instrument

DC and normal pulse polarography and cyclic voltame

metry were performed using a Princeton Applied Research Model

174 (PAR 174) polarographic analyser with a Hewlett-Packard

7045A X-Y recorder. Water was circulated around the working

compartment' and the liquid junction using a thermostat

water circulator. The temperature could be varied from

0°C to more than 60°C and served the purpose of our exper-

imental range. The temperature of the solution the working

compartment was measured using a precise thermometer which

could be read within :0.5°C. The temperature of the compart-

ment of reference electrode was kept fixed at ambient room

temperatures,usually 23 t 0.5°C.

C. Electrochemical Techniques

1. DC and pulse experiments were done using a dropping

mercury electrode having a constant mercury flow rate at

constant temperature and a time dependent drop knocker.

The glass tip of the dropping mercury working electrode was
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sufficiently immersed in the solution to ensure efficient

heating of the mercury drop while performing the activation

parameter experiments. The variation of the mercury flow

rate with temperature was also determined for the use in

the analysis of activation parameter experiments. The

polarograms for DC polarography were analyzed employing

(13, 14) (15)
Koutecky analysis , while Parry-Oldham analysis

was carried out for normal-pulse polarography.

2. Cyclic voltammetry was done using a micrometer type

hanging mercury drop electrode (HMDE) with an adjustable

drop size. The sweep rates used were within a range of

20-500 mV s-l. The analyses of quasi-reversible electrode

reactions were done utilizing the method outlined by

Nicholson(16).



CHAPTER III

DOUBLE-LAYER STRUCTURE IN DILUTE ELECTROLYTES

A. Double-Layer Structure and Electrode Kinetics
 

When a metal electrode surface is brought in contact

with a solution, the electrical charge on the metal due to

electrode potential causes oppositely charged ions to ac-

cumulate on the solution side of the interface called the

"electrical double-layer". The presence of this electrical

double-layer results in a nonlinear distribution of elec-

trical potential and solution composition near the electrode

surface. The knowledge of this distribution is very impor-

tant for an understanding of electrode kinetics because the

reaction rates are sensitive to changes in potential at the

electrode-solution interface and also to the concentration

of reacting ion next to the electrode. The first and simplest

model for the double-layer structure was proposed by

Helmholtz(l-4). According to Helmholtz, the double-layer

may be regarded as ions attracted towards the electrode

surface forming a compact layer at a fixed distance from

the electrode surface. This situation can be regarded as

equivalent to an electrical parallel-plate condenser, one

plate of which coincides with the plane passing through the

surface charges in the metal and the other with the plane

-14-
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connecting the center of ions residing in the solution but

attracted to the metal surface by electrostatic forces. By

the law of electroneutrality, which also holds for the

phase boundary, the ions drawn to the metal surface must

precisely compensate the surface charges of the metal.

This structure does not account for the experimentally ob-

served change in the capacity with potential and with ion

concentration in solution. The Helmholtz theory is thus

incapable of providing a satisfactory interpretation of

the basic experimental regularities associated with the

double-layer structure, and hence needs a modification.

The Helmholtz theory also does not take into account the

change in properties of the double layer with temperature.

Guoy and Chapman made an attempt to eliminate this

weakness of the Helmholtz theory by relating the charge

density in the double-layer to the solution composition.

They noted that the strictly fixed array of ions postulated

in the parallel plate model "is in fact impossible because,

apart from the electrostatic forces arising between the

metal and the ions, the latter are also acted on by forces

of thermal molecular motion. Under the combined effects

of these forces, the excess ions are distributed diffusely

rather than compactly next to the electrode surface. For

this structure of the double-layer, one cannot make use

of the formula for a parallel-plate condenser to express

the relation between the charge density and potential. In
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order to find the charge distribution in the solution as

a function of potential, some definite assumption were needed

to be made on the law of its variation with distance from

the electrode surface. Guoy and Chapman maintained that

the ions could be viewed as material points having no volume

but possessing a definite charge and that their distribution

in the field of the charge smeared uniformily over the

electrode surface obeying the Botlzmann.formula. The start-

ing point to determine the variation of the charge density

with respect to distance from the electrode are the Boltzmann

and Poisson equations. This problem is treated by analogy

with Debye-Hfickel theory which calculates the variation of

potential and distribution of ions around a central ion --

a spherically symmetrical problem.

The Guoy-Chapman theory, although it is best justified

where the Helmholtz model is found to be inadequate, failed

to predict accurately the variation of double-layer capaci-

tance with respect to applied potential. The discrepancy with

experimental values becomes even more pronounced for con-

centrated solutions where the Helmholtz model gives better

results.

Stern proposed a structure for the double-layer in his

adsorption theory as a combination of Helmholtz and Guoy-

Chapman model. According to Stern's picture, some of the

ions in solution stick to the electrode, forming the

Helmholtz sheet of double-layer with a thickness correspond-

ing to the average radius of the ions attracted towards the
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electrode surface, called the outer Helmholtz plane (o.H.p.).

The remaining ions form an ionic atmosphere of the electrode

diffusely spread out with decreasing charge density, where

there is a balance between the electrostatic forces and the

thermal random motions (Figures 1.1 and 1.2). This model can

be expressed as two capacitors in series, one representing

the capacitance of the outer Helmholtz layer and the other,

the capacitance of the diffuse double-layer. Additionally,

Stern suggested that, in the Helmholtz region, the ions are

held out not only by electrostatic forcestnnzalso by forces

of specific adsorption which are of non-Coulombic origin.

Although the Stern's modification of Helmholtz and

Guoy-Chapman theory provides better agreement of experimental

results with the theoretical values, Stern still neglected

the size of the ions in the diffuse portion of double-layer.

The theory of the double-layer structure was further de-

veloped in the work of Frumkin and his school and also by

Grahame, Parson, Devanathan and other workers(l-4). Accord-

ing to them, an inner Helmholtz plane which resides inside

the outer Helmholtz plane and is composed of specifically

adsorbed ions, partly or completely hydrated, attached

immediately next to the electrode surface (Figure 1.1) should

be included. The o.H.p. contains hydrated ions drawn to the

metal surface by electrostatic forces. It is observed that

this model of the double-layer has numerous advantages over

Stern's presentation. It brings the theoretical results

closer to experimental values(l-4).
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B. Frumkin Double-Layer Correction;

After obtaining a description for the variation of

potential with distance close to the electrode surface, the

effect of this relationship on electrode kinetics was the

next problem to be studied. This problem was successfully

handled by the Russian scientist, A.N. Frumkin‘l-4). Ac-

cording to his proposal, molecules or ions in the diffuse

layer are too far away from the electrode surface to react

and they have to be brought at least to the o.H.p. for the

electron transfer. The concentration may well be different

at the o.H.p. than in the bulk solution. This situation

can be shown in an electrochemical reaction as:

0x* % 0x4: + ne-(cpai) % Red=I= ’-?-—, Red* (3.1)

where Ox* and Red* show the concentrations of oxidant and

reductant just outside the double-layer whereas Ox# and Red*

represent the concentration of oxidant and reductant at the

right distance from the electrode for the electron exchange

reaction. ¢+ represents the potential available at the

reacting site which can be roughly assumed to be the o.H.p.

WOrk is thus needed to bring the particle from outside the

o.H.p. or to take the particle away from the o.H.p. into

the bulk solution. This work originates from the inter-

action of charge on the particle with the field it experiences.

According to‘a very simple model, an ion carrying 2 total

charge, considered as spherically distributed, will need

work W to bring it to the position of closest approach.
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W is given by:

E = ZF(¢#) (3.2)

The concentration of oxidant and reductant at reaction

site using the Boltzman distribution law

 

 

[0*] a [0*] exp [-zoF(¢#-¢s)] (3.3)

RT

[R*].= [R*] exp [-ZRF(¢#-¢s)] (3.4)

RT

where 20, z are the charges on the oxidant and reductant and
R

o8 is the potential in the bulk of the solution. F, R and

T have their usual meanings.

According to the electrochemical rate equation:

1n kl: ln k0 - O‘corrnFM’M (134:) (3.5)

1 RT

 

where k1 is the rate of the forward reaction at any poten-

tial, and k: is the standard rate constant, acorr is the

corrected transfer coefficient and ¢M is the potential at

the metal electrode surface. Similarly the rate of backward

reaction,

In k_l = 1n kfl + (laacorr)nF(¢M ¢*) (3.6)

RT

 

The rate of the forward reaction Ox* -—» Red*, is

(Rate)l = kl[0%] = k01 exp [acorrnF(¢M-¢#)] . [0*]; (3.7)

RT

substituting [0*] from (3.3)

O -acorrnF(¢M‘¢ ) ILZF(¢M-¢Sq. [0*]-

(Rate)l = kl exp [ RT *:1 exp L RT J(3 8)
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Rearranging

-a nF(¢ -¢ )
_ o orr M

(Rate)l - kl exp [ c RT 1F] ,

(an -2 ) (¢ -¢ )
exp LL corr RTE M s], [0*] (3.9)

Defining fDL' the double-layer correction factor, as

fDL = exp [(acorrn-zo)F(¢=l=-¢s) ] , (3.10)

RT

(Rate)l = k: exp ['“corr::‘¢m'¢s’] :DL[0*] (3.11)

where (¢M-¢S) can be measured by changing the potential dif-

ference of the whole cell.

Similarly, for the backward reaction,

A

(Rate)_1 = kSl exp[(1-acorr12F(¢M-¢s)] fDL [R*] (3.12)

RT

where fDL is the same as for the forward reaction.

Equations (3.5) and (3.8) can be compared and rearranged

to give a rate constant corrected for the double-layer as

 

k? = k§(corr) exp[(ancorr-zo)F¢#] (3.13)

RT

and kfl = k§(corr) exp [‘“co££“+zR)F¢+] (3.14)

RT

where kfi, kgl are the rate constants at any potential E.
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The correction proposed by Frumkin proved to work suc-

cessfully when applied to a number of electrochemical prob-

lems and it works well for the reactions. However, the

application of these corrections is most straightforward

in absence of specific ionic adsorption; it becomes compli—

cated in the presence of specific ionic adsorption because

the potential at the reaction site, ¢*, which appears in

the Frumkin correction, is influenced by the amount of the

charged specific adsorption on the electrode surface(l-4).

C. Verification of Double-Layer Structure in Dilute Solution

It was suggested(5’6) that at sufficiently high dilu-

tions (..10"2 or less), the solution containing the adsorb-

ing ion will exactly counterbalance the charge on the

‘metal electrode, and hence, will give zero potential

at the o.H.p. at all potentials poSitive of p.z.c.

In this situation one can avoid the Frumkin double-layer

correction when dealing with kinetic problems.

(5) in their paper verified thisAnson and Parkinson

assumption and, with the help of electrocapillary data,

confirmed the presence of specific adsorbed ions with total

Vcharge equal to the charge on the metal electrode.

This situation was experimentally checked by the authors

utilizing the kinetic method, since it is well established

that the reaction rates are greatly influenced by the

structure of the double-layer according to the Frumkin
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double-layer correction.

[(acorrn-zo)F¢*]

RT

kE = k§(corr) exp
1

(3.15)
 

According to the non-kinetic measurement, since the charge

on the metal is exactly balanced by the specific adsorbed

ions, One would expect no diffuse layer, the potential at

the reacting site ¢* should be zero, and hence kEl = kE(corr);

this implies that there is no need to use the double-layer

correction.

The kinetic probes used by the authors were the oxi-

dation reactions of very dilute solutions (0.2mfl) of Eu2+

and V2+ ions in dilute concentrations of HClO HCl and
4!

HBr electrolytes. The authors constructed a hypothetical

Tafel line (log kE vs. E) assuming ¢2 = 0 at all potentials

thus implying the non-existence of any diffuse layer, where

¢2 is the potential at the o.H.p. This ¢2 - 0 line for

Eu3+/2+ couple was constructed from the standard potential

(-620 mV vs. s.c.e.) in 1 mg HClO the standard rate con-4:

stant, and the transfer coefficient (0.5)(17’ 19).

The ¢2 values were calculated by assuming the poten-

tial at the reaction site ¢* to be roughly equal to ¢2, the

double-layer potential at the o.H.p. The calculations were

performed using the equation

(a n+2 )F

ln k - ln k °°rr R ¢2 (3.16)
app corr ‘ 

RT



-23-

where kcorr were the values obtained at different potentials

from the hypothetical Tafel line at ¢2 = 0. With 2 = 2 and

- O

¢2 = 23.6 (log ka - log k ). (3.17)
pp corr

The values of ¢2 obtained in this manner for 0.2 mg

Eu2+ oxidation reaction in 1.55 mg HC104, 0.8 mg HCl and

0.48 mg HBr were plotted against the potential vs. s.c.e.

The authors concluded from these plots that the adsorption

of anions from the percholrate, chloride and bromide elec-

trolytes does not cause the potential experienced by the

reactant to decrease to zero as assumed in the previous

(6)
electrocapillary charge-potential data .

(7)
It was shown by Tyma and Weaver that the assumption

for transfer coefficient to be independent of the applied

d(7)
potential is not vali . Thus the variation of a with

potential would influence the hypothetical Tafel line for

Eu2+ at ¢2 = 0 to be curved instead of being linear as

(5)
assumed earlier . The kinetic results of Anson and

(5)
Parkinson were analyzed for ¢2 values using the Tyma and

Weaver(7) Tafel line at ¢2 = 0 and the corrected values of

the transfer coefficient a. The results obtained above

were also plotted against applied potentials.

In the present work, the experimental results of Anson

(5)
and Parkinson were analyzed and plotted for E vs. ¢2 and

E vs. the excess charge of the adsorbed ions, calculated from
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the GCS theory, and the excess charge in the diffuse layer,

utilizing both methods outlined above. The experiments

were performed again using the same concentrations and uti-

lizing both methods of analysis. Several other experiments

were performed using the same concentration of Eu2+ (0.2 mg)

but employing increased concentrations of the supporting

electrolytes. The results were analyzed for ¢2 and the excess

charge on the solution side and plots were obtained for these

quantities vs. the electrode potential.

D. Experimental Procedure and Analysis of Data

Solutions of 0.2 m! Eu2+ were prepared in 1.55 mg,

4.0 mg and 7.5 mg HC104, 0.8 mg, 2.0 mg, 4.0 mg and 20.0 mg

HCl, and 0.48 mg, 1.2 mg and 2.4 mg HBr as supporting elec-

trolytes. DC polarography was employed for the oxidation

reactions of these solutions and for the supporting elec-

trolytes separately at constant ambient temperature (23 i

0.5°C). The height of the mercury pool was kept at 50cm

and the drop time was 1 second throughout all experiments.

NaSCE was utilized for all experiments as the reference

electrode to prevent the likely precipitation of KClO4 if

KSCE were used. Polarograms of current versus potential for

these solutions were obtained along with the polarograms for

the supporting electrolytes only. The current versus po-

tential data were tabulated after subtracting the non-Faradaic

current contributed by supporting electrolytes. The data
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were analyzed for the apparent rate constant versus potential

using diffusion coefficients for Eu2+ as 7.6 x 10-6 cm2.S-l(20).

These results were plotted against potential (as well as the

Tafel lines at ¢2 = 0 tabulated by Anson and Parkinson(s)

(7)
and Tyma and Weaver (Figures 3.2q-3.5.)) . The values for the

Tafel plots at $2 = 0 by the above authors were corrected

for the difference caused by using NaSCE instead of KSCE.

This correction was determined to be 20 mV by comparing the

relative potentials, utilizing a potentiometer in the same

range of concentrations. The results obtained by Anson and

(5)
Parkinson , corrected for NaSCE as reference electrode,

were also plotted as above (Figure 3.1). The two sets of

experimental results match within experimental error. ¢2

values for all these plots were calculated according to the

equation 3.15 in the previous section. Two sets of data

were obtained using each of the k

(5)

, constructed at ¢2 = 0,

and Tyma and Weaver(7). These

corr

by Anson and Parkinson

results of ¢2 and the corresponding excess charge on the

solution side calculated utilizing the GCS theory were also

plotted against the potential (Figures 3.6-3.25) .

E. Results and Discussion ,

The speculation of Anson and Parkinson and others(5’ 6)

that it might be possible to eliminate the diffuse layer by

utilizing sufficiently dilute solutions of specifically

adsorbed anions proved to be unrealistic based on their
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calculation utilizing combination of Guoy-Chapman-Stern

(GSF) Theory(2) and the Frumkin equation(36) (the "GCSF

prediction”). It was assumed that when the specifically

adsorbed anions exactly counterbalanced the electronic

charge on the metal electrode (qm + q' = 0), the potential

at the reaction plane ¢rp (which can be to a very good

approximation assumed to be equal to ¢2' the potential at

the o.H.p. appearing in the GCS theory) would be essentially

zero, and hence it would not be necessary to resort to the

Frumkin double-layer correction.

The above assumption was tested using the kinetic

method employing the Bug; oxidation reaction; by construct-

ing a hypothetical Tafel line at ¢2 = 0(5); according to the

(5) the kinetic results shouldassumption of Anson and Parkinson

lie on the hypothetical Tafel line i.e., the values obtained

if Eu:+ ion experiences no diffuse layer. The hypotheti-

q

cal Tafel line was constructed assuming the anodic transfer

coefficient a to be 0.5.

The prediction of contemporary electron transfer theo-

(30' 37) that the electrochemical transfer coefficient.ries

a for outer sphere electrode reaction should depend upon

the electrode potential(38' 39' 40) has been experimentally

verified. It has been shown that the apparent transfer

coefficient “app for an electrochemical reaction often

varies markedly with electrode potential as a result of

ionic double-layer effects. The dependence of measured
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(apparent) transfer coefficients upon electrode potential

generally differs from that of the required "intrinsic"

transfer coefficient “1(49)

of the interphasial environment (“double-layer" effects).

as a result of the influence

Tyma and weaver(7) calculated the intrinsic transfer

coefficient for the Eu2+aq oxidation reaction using a

harmonic oscillator model and also determined semi-quantita-

tive estimates of acorr' The apparent transfer coefficient

was corrected for double-layer effects using the equation

+z (23¢:Pu/2)E) /2)E)u
= “app r corr

H-i(§¢+p/BETU (3.18)

a

corr

where zr is the reactant charge, ¢rp is the average poten-

tial on the reaction plane, and u is the chemical potential.

They constructed the corrected Tafel line using

) = 0.5 i F(Ef - E)/21, (3.19)
(“I calc

where l is the Marcus intrinsic reorganization term; A is

related to the double-layer corrected rate constrantk

(31)

corr

at the formal (standard) potentialeEf by

S --RTm(k corr/z) - 1/4, ‘ (3.20)

where z is the heterogeneous collision frequency. Usually z

is calculated from 2 = (kT/Zrm)8, where m is the effective

mass of the reactant.

It was found that the experimentally corrected Tafel

plots clearly exhibit more curvature than the theorectical
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plots at anodic overpotentials for the Eu:; system.

The curved Tafel line shown in Figures 3.1 to 3.5

(7)

(5)

obtained by Tyma and Weaver along with the Tafel line

used by Anson and Parkinson clearly shows that the de-'

viation of the experimentally observed rate constants from

the expected values (Tafel line at ¢2 = 0) for the former

case is substantially less than the latter case. The

values of ¢2 for each system were calculated using the

(2)
above plots and Frumkin double-layer correction and are

plotted in Figures 3.6 to 3.15 for all concentrations in

each supporting electrolyte. These plots show that the

double-layer potential ¢2 expected from the GCSF prediction

for the reactions using Anson and Parkinson's Tafel plot are

much larger than the values obtained using corrected Tafel

line. The plots for the total excess charge on the solution

side for these ¢2 values (obtained from each method of

calculation) versus potential clearly demonstrate that the

results obtained using Anson and Parkinson's constructed

Tafel line (Figures 3.16, 3.18, 3.20, 3.22, 3.24) give roughly

three to five times higher values than those obtained from the

corrected Tafel line constructed by Tyma and Weaver (Figures

3.17, 3.19, 3.21, 3.23, 3.25). '

(5)
The basis of the argument given to question the

correction of the GCSF prediction was the magnitude of

¢rp obtained from the dynamic (kinetic) method as compared

to ¢2 values obtained from the static (electrocapillary

data) method. The calculations performed in this
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Figure 3.1. Rate-potential data from Anson and Parkinson
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for the oxidation of 0.2 mg Eu2+ in aqueous

solutions of various electrolytes: 1.55 m!

HClO (circles); 0.8 mg HCl (triangles); 0.48

mM r (squares). Also Tafel lines at ¢2 from

Afison and.Parkinson(5) (dashed line) and from

Tyma and Weaver(7) (solid line).
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Figure 3.2. Rate-potential data for the oxidation of 0.2

mg Eu in aqueous solutions of various elec-

trolytes: 1.55 mM HC104 (circles); 0.8 mM HCl

(triangles); 0.45'mM HBr (squares); TafeI lines

at ¢ = 0 from Anson and Parkinson(s) (dashed

line and from Tyma and Weaver (solid line).
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Figure 3.3. Rate- tential data for the oxidation of 0.2.

mg Eu + in aqueous solutions of HC104: 1.55

mM (circles); 4.0 mM (Triangles); 7.75 mM_

(squares). Also Tafel lines at ¢ = 0 from

Anson and Parkinson(5)(dashed ling) and Tyma

Weaver(7) (solid line).
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Figure 3.4. Rate-potential data for the oxidation of 0.2

mM Eu in aqueous solutions of HCl: 0.8 mM

(circles); 2.0 mM (triangles); 4.0 mM (squares);

20.0 mM (stars). Also Tafel lines at ¢ = 0

from Anson and Parkinson(s) (dashed line and

from.Tyma and Weaver(7) (solid line).
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Figure 3. 5. Rage-potential for the oxidation of 0. 2 mM

1n aqueous solutions of HBr: 0. 48 mM

(circles); l. 2 mM (triangles); 2. 4 mM (squares);

Also TafeJI5Iinesat ¢ - 0 from Anson and

Parkinson5 (dashed Iine) and from Tyma and

Weaver(7) (solid line).
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Figure 3.6. Double-layer potential (¢2) vs. applied

potential (E) curvessfrom the data of

Anson and Parkinson for the oxidation

of 0.2 mMEu2+ in aqueous solutions of

various electrolytes: 1.55 mM HClO4

(circles); 0.8 mM HCl (triangles); 0.48

mM (squares). (¢ values calculated

using Tafel line it ¢ gIO constructed

by Anson and Parkinsofi( ).
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Figure 3.7. Double-layer potential (¢2) vs. applied

potential (E) curvessfrom the data of

Anson and Parkinson for the oxidation

of 0.2 mM Eu2+ in aqueous solutions of

various electrolytes; 1.55 mM HClO4

(circles); 0.8 mM HCl (triangles); 0.48

mM HBr (squares). (¢2 values calculated

using Tafel line a? I2 = 0 constructed

by Tyma and Weaver 7 ).



 

75)—

50)-

o
a
/
m
V

25)-

-28|-  
-E/V vs. NaSCE

Figure 3.7.

S
r  



-38..

Figure 3.8. Double-layer potential (¢ ) vs. applied

' potential (E curves for e oxidation

of 0.2 mM Eu + in aqueous solutions of

various electrolytes: 1.55 mM HC104

(circles); 0.8 mM HCl (triangles); 0.48

mM HBr (squares). (¢2 values calculated

using Tafel line at ¢2 = 0 constructed

by Anson and Parkinson(5)).
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Figure 3.9. Double-layer potential (¢2) vs. applied

potential (E curves for the oxidation

of 0.2 mM Eu + in aqueous solutions of

various electrolytes: 1.55 mM HClO

(circles); 0.8 mM HCl (triangles); 0.48

mM HBr (squares). (¢2 values calculated

using Tafel line at I = 0 constructed

by Tyma and Weaver(7 (.
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Figure 3.10. Double-layer potential (¢ ) vs. applied

potential (e curves for e oxidation

of 0.2 mM Eu + in aqueous solutions of

HC104: 1.55 mM (circles); 4.0 mM (tri-

angles); 7.75 mM (squares). (¢2 values

calculated using Tafel line atwbz == 0

constructed by Anson and Parkinson(5)).
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Figure 3.11. Double-layer potential (62) vs. applied

potential (E) curves for the oxidation

of 0.2 mM Eu2+ in aqueous solutions of

H6104: 1.55 mM (circles); 4.0 mM (tri-

angles); 7.75 mM (squares). (¢2 values

calculated using Tafel line at 9? = O

constructed by Tyma and Weaver( ).
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Figure 3.12. Double-layer potential (¢ ) vs. applied

potential (E curves for e oxidation

of 0.2 mM Eu + in aqueous solutions of

HCl: 0.8 mM. (circles); 2.0 mM (tri-

angles); 4.0 mM (squares); 20.0 mM

(stars). (¢ values calculated using

Tafel line a% ¢2 = 0 constructed by

Anson and Parkinson 5)).
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Figure 3.13. Double-layer potential (¢2) vs. applied

potential (E curves for the oxidation

of 0. 2 mM Eu + in aqueous solutions of

HCl: 0. 8mM (circles); 2. 0 mM (triangles);

_4. 0 mM (squares); 20. 0 mM (stars). (¢2

values calculated using Tafel line at

¢2 = 0 constructed by Tyma and Weaver(7)).
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Figure 3.14. Double-layer potential (¢ ) vs. applied

potential (5 curves for e oxidation

of 0.2 mM Eu + in aqueous solutions of

HBr: 0.48 mM (circles); 1.2 mM (tri-

angles); 2.4 mM (squares). (¢ values

calculated using Tafel line at ¢ = 0

constructed by Anson and Parkinsgn(5)).
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Figure 3.15. Double-layer potential (¢%) vs. applied

potential (E5 curves for he oxidation

of 0.2 mM Eu + in aqueous solutions of

HBr: 0.4'5 mM. (circles); 1.2 mM (tri-

angles); 2.? mM (squares). (¢2 values

calculated using Tafel line at(fig = 0

constructed by Tyma and Weaver ).
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Figure 3.16. Charge-potential curves (from the data

of Anson and Parkinson25)) for the

oxidation of 0. 2 mM Eu2 in aqueous

solutions of various electrolytes cal-

culated from GCS model using ¢2 values

from Figure 3. 6: l. 55 mM HC102(circles);

0. 8 mM HCl (triangles); -0. 48 $M%

(squares).
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Figure 3.17. Charge-potential curves (from the data

of Anson and Parkinson(5)) for the

oxidation of 0.2 mM Eu2+ in aqueous

solutions of various electrolytes cal-

culated from GCS model using ¢2 from

Figure 3.7: 1.55 mM HC10 (circles);

0.8 mM HCl (triangles); .48 mM HBr

(squares) .
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Figure 3.18. Charge-potential curves for the oxidation

of 0.2 mM Eu2+ in aqueous solutions of

various electrolytes calculated from GCS

model using ¢ values from Figure 3.8:

1.55 mM HC10 (circles); 0.8 mM HCl

(triangles); 0.48 mM HBr (squares).
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Figure 3.19. Charge-poten ial curves for the oxidation

of 0.2 mM Eu + in aqueous solutions of

various electrolytes calculated from GCS

model using $2 values from Figure 3.9:

1.55 mM HC10 (circles); 0.8 mM HCl

(triangles); 0.48 mM HBr (squares).
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Figure 3.20. Charge-potential curves for the oxidation

of 0.2 mM Eu + in aqueous solutions of

HC10 calculated from GCS model using

I¢ values from.Figure 3.10; 1.55 mM

(gircles); 4.0 mM (triangles): 7.73 mM

(squares).
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Figure 3.21. Charge-poten ial curves for the oxidation

of 0.2 mM Eu + in aqueous solutions of

HC10 calculated from GSC model using ¢

valués from Figure 3.11, 1.55 mM (circlgs);

4.0 mM (triangles); 7.75 mM (squares).
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Figure 3.22. Charge-potential curves for the oxidation

of 0.2 mM Eu2+ in aqueous solutions of

HCl calculated from GCS model using ¢

values from Figure 3.12: 0.8 mM (circies);

2.0 mM (triangles); 4.0 mM (squares);

20.0 mM (stars).
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Figure 3.23. Charge-potenfiial curves for the oxidation

of 0.2 mM Eu in aqueous solutions of

HCl calculated from GCS model using ¢

values from Figure 3.13: 0.8 mM (circIes);

2.0 mM (triangles); 4.0 mM (squares);

20.0 mM (stars).
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Figure 3.24. Charge-potengial curves for the oxidation

of 0.2 mM Eu in aqueous solution of

HBr calculated from GCS model using ¢

values frOm Figure 3.14: 0.48 mM (cirgles);

1.2 mM (triangles); 2.4 mM (squares).
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Figure 3.25. Charge-potential curves for the oxidation

of 0.2 mM Eu2+ in aqueous solutions of

HBr calculated from GCS model using ¢2

values from Figure 3.15: 0.48 mM (circles);

1.2 mM (triangles); 2.4 mM (squares).
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study for the measurement of ¢rp from the kinetic data

are based on the replacement of Tafel line at ¢2 = 0, con-

(5), with the assumption thatstructed by Anson and Parkinson

a is constant throughout the potential range, with a more

realistic Tafel line at ¢2 = 0 constructed by Tyma and

(7) (7)
Weaver . The use of the correct Tafel'line essentially

reduces the magnitude of the ¢2 values in comparison with the

(5) and bringsexperimental results of Anson and Parkinson

them within the range of experimental uncertainty for the

static method (electrocapillary data), obtained by Anson and

Parkinson(s).

The static method was carried out by obtaining charge-

potential curves for the solution of electrolyte before and

after adding multiple charged ions which are electrochemi-

cally unreactive in the potential range of interest such as

Cr(CN)2- in dilute HC104 solution. Any shift in the curve

would be attributed to the preferential attraction of the

multiply charged anion into the anionic diffuse layer. With

HC104 electrolyte, the small changes in qm with the addition

of Cr(CN)2- were interpreted to show that the potential dif-

ferences across the diffuse layer is negligibly small, and

hence, the inference was made that the diffuse layer is

absent in dilute solution. The experimental precision with

which charge-potential curves were measured was not high

enough to distinguish between the complete absence of a

diffuse layer and the presence of a diffuse layer containing
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a few tenths uCcm-Z of ionic charge. Therefore, even though

it is within the range of experimental uncertainty, it may

be assumed that the diffuse layer is still present in dilute

solutions of electrolytes.



CHAPTER IV

THE EH DEPENDENCE OF ELECTROCHEMICAL RATE

CONSTANTS OF TRANSITION METAL AQUO

COMPLEXES IN AQUEOUS SOLUTION

 

A. A number of papers on heterogeneous electrochemical

reaction kinetics refer to the very simple redox kinetics

of the aquo-complexes of first transition metal series in

aqueous solution and the authors assume that the simplicity

provides a dependable basis for comparing their results with

similar kinetic observations. In most cases, the results

for the heterogeneous kinetic rate constants for these

systems were left unchecked for dependence on the pH of the

working solution. It is generally assumed that the working

bounds for the electrochemical reaction of these systems

are based upon only two major factors:

a) The precipitation out or formation of dissolved

hydroxides of the metals at high pH values.

b) The potential for the hydrogen evolution reaction

at the electrode at very low pH values.

The heterogeneous kinetics were assumed to remain un-

affected by the variation of pH between those two bounds.

The kineticists, hence, took the liberty of working with

these systems at their choices of pH values and comparing

-75-
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the results even for different pH values.

3+/2+

aq

which the rates of the reaction are not independent of the

A puzzling situation arose with the V couple for

pH of the solution. This situation was further elaborated

by performing experiments at constant ionic strength while

varying the amounts of HC104 and LiClO4 in the solution.

The ionic strength was kept constant to make sure that

other effects, for example, the double-layer structure do

not vary at different pH values.

After it was found that behavior of the V33/2+ couple

is dependent on pH, similar couples from the first transi-

tion series were checked for the same and it was found that

3+/2+
only Vaq couple has pH dependent behavior.

B. EMperimental procedure and analysis of data

Solutions of 1 mM, v“, Cr2+, Mn2+, Fe2+, Coz+, 1112+,

Zn2+ and Eu2+ ion in different concentrations of supporting

electrolytes were prepared in 0.02 M, 0.10 M and 0.40 M

HC104 by adding enough LiClO4 to make the ionic concentra-

tion 1 M for all solutions. Cyclic voltammetric measure-

ments were made for reversible or quasi-reversible redox

3+/2+ 2+/0
reactions for the aquo complexes of V and Zn

couples, while for the other couples of the aquo complexes

3+/2+' Cr3+/2+ 2+/0' Fe3+/2+ 2+/0I NJ._2+/0

of Eu , Mn , Co and

FeZ‘Vo dc polarography was employed for the reduction

reaction. The pH of the solutions was measured before
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and after the electrochemical experiments. The results from

cyclic voltammetry were analyzed using the method outlined

(16)
by Nicholson while dc polarographic results were analyzed

using the Koutecky(13’ 14’ method. The knet was plotted

against l/[H+] for V2+ since it was the only system showing

the pH dependence.

C. Results and Discussion
 

When a metal ion is dissolved in water, it is well

established that it interacts strongly with water molecules,

and these water molecules are bound to the metal ions via

the oxygen atom to form strong coordinate linkages by vir-

tue of the electron lone pairs. In the strict sense,

therefore, it is meaningless to speak of "simple” metal ions

in solution since the actual state of such species is that

of an aquo-complex in which water molecules are to be re-

garded as ligands. The bond between 0 and H in the coordi-

nated water molecule depends upon the acidity of the central

metal ion. In cases<xfhigh acidity of the central metal

cation, it can cause rupture of the 0-H bonds resulting in

the hydrolysis of the metal aquo complex and leaving the

complex with -OH ligands.

MM 4» x H20 + [M(H20)’:]‘—-; H+ [M(1120)m__lou]‘(n'1H (4.1)

The formation of the hydroxyl complex, hence, changes

the homogeneous and heterogeneous kinetics of the redox

reactions. It implies from equation 4.1 that a pH range
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can be defined for the stability of these complexes which

depends upon the hydrolysis constant Kh for the species

(3' 4' 50). Another effect which may arise here is that

. n+ (n-x)+
the formal potential for the M(H20)m / M[(OHx(H20)mex]

couple, which depends mainly upon the pH of the solution,

may lie close to the formal potentials for M(H20);+ /

(n—x+l)+]

m-x+l

M(H20)I;n—1)+ or ['M(on)x(320)m_x](n"‘)+ / [M(0Hx_l(H20)

couples, making the kinetic study of the aquocation.'com-

plexes more complicated, because these reactions contribute

to the overall rate of the reaction in a way that depends

on the pH of the solution. The equilibrium constant for the

hydrolysis reaction (Kh) along with the formal potentials for

the redox couples including the hydroxo complexes can be used

to give a workable range of pH to study just the redox kin-

etics of aquo complexes.

The related values for the hydrolysis of the redox

couples under study (Table 4.1) clearly indicate that all

3+/2+ 3a/2+

systems except Vaq and Fea have a relatively broad

working range of pH when the hydrolysis does not occur.

The simple hydrolysis reactions for the aquo complexes of

2+ 3 2+ 3+

V and V + behave in a similar fashion to the Feaq, Feaq

complexes, i.e., that is a larger working pH range for

2+

V ‘ and a very narrow range for V3+. The situation however,

3+
is more complicated than Fe3+ andAFe2+ since both V and

V2+ ions have relatively larger capacity to form a variety

of hydroxo compounds and polymers at low pH values(55-58).
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Precise values of the redox potentials for these complex

compounds and polymers is not available.

A possible interpretation for the variation of the

electrochemical reaction rate of Via/V2; couple with the

concentration of H+ ion (Table 4.2) (Figure 4.1) can be

given by assuming the reaction to proceed through an

inner-sphere bridge mechanism. An inner-sphere activated

complex reaction mechanism was previously established for

a number of homogeneous redox reaction involving vanadium

(II) complexes‘51-54). A feature of many of these reac-

tions is that the rate constants and activation parameters

remain essentially unaltered despite a large variation in

the nature of the oxidant. Similar evidence for the homo-

geneous reaction of iron(II) aquo complex is not present

.to demonstrate the validity of the inner-sphere activation

complex mechanism‘51). The kinetic rate of the reaction

depends upon the energy of the activated transition state

and its stability. This energy barrier height is defined

by the change in the metal-ligand bound lengths during the

reaction. If the aquo complex of vanadium is attached to

the electrode surface via the partially positive hydrogen

atom of a ligand water molecule, this bond can be assumed

to be quite stable because of the relatively negative

redox potential for the ¥;;/2+ couple (compare with the

3+/2+

aq

between the aquo complex and metal electrode through the

redox potential for Fe ). The presence of the bond
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Figure 4.1. The variation of th electrochemical redox

rate constant for V +aq in aqueous solution

with inverse hydrogen ion concentration.



-88-

hydrogen atom would decrease the height of the activated

state energy profile or, in other words, it would minimize

the height of the energy barrier for the reaction. The

hydrolysis constant Kh of this vanadium complex would then

be expected to be significantly higher than the Rb value

for an ordinary homogeneous reaction, i.e., the ratio of

the concentration of the unhydrolysed state to the concen-

[VIH20)§+J

[V(H20)50H+]

 tration of hydrolysed product (e.g., log will

decrease effectively for the heterogeneous reaction. Thus,

the electrode surface would act as an electron donor and will

assist in the hydrolysis of the vanadium aquo complex. It

(55 - 58) that the hydrolysed products of

2+

has been shown

vanadium, i.e., VOH and VOH+, have a strong tendency to

form anumber of polymers as well as oxo compounds. The

working range of pH for the vanadium aquo complex without

the formation of the hydrolysed product for a heterogeneous

electrochemical reaction is thus expected to be considerably

narrower than that for the corresponding homogeneous reac-

tion; hence the reaction is expected to be sensitive to

the concentration of H+ ion in the solution even at low pH

values. As the pH increases, according to the hypothesis,

it facilitates the hydrolysis and helps to decrease the

energy of the activated state and to stabilize it and thus,

decreasing the barrier height of the activated state. The

values obtained for V3; oxidation in the present work
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(Table 4.2) indicate that the heterogeneous rate increases

as the pH of solution increases. A negative shift in the

formal potential (Bf) due to a decrease in the H+ ion con-

centration indicates that there is a possibility that the

precursor and successor states are hydrolysed complexes,

oxo products and/or polymers.

The present work shows that the rate constants for

the electrochemical redox reactions of simple transition

metal aquo complex couples except vanadium are independent

of the pH of solution in the working range where the come

plexes do not have any hydrolysed reactant. A discrepancy

is found for vanadium which shows an increase rate constant

with a decrease in the H+ ion concentration. The possible

explanations given in this study are not conclusive and

the topic needs further investigation.



CHAPTER V

ACTIVATION PARAMETERS OF

ELECTRODEPOSITION REACTIONS

A. Activation Parameters
 

A detailed picture of an electrochemical reaction re-

mains incomplete without the availability of the activation

energy values which are direct measures of the energy neces-

sary for the formation of transition state, i.e., for the

structural changes of the reacting particles in the course

of formation of the transition state, where as an ordi-

nary chemical rate constant is generally a composite

quantity and its relation to the electronic structures of

(10, 21, 22, 23).
the reacting particles is not simple The

. g . g o I

separation of reaction free energies AG and free energies

4:
of activation AG for homogeneous chemical processes, in-

cluding redox reactions, into their enthalpic and entropic

components is a common procedure with a well established

significance. In contrast, relatively little attention

has been devoted to the corresponding enthalpic and entroPic

quantities for electrode reactions. One of the reasons

is that several distinct electrochemical activation para-

meters may be defined depending on the way the electrical

state of the system is controlled while the temperature

-90-
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is varied(9). This problem was discussed in detail, and it

was concluded that opinions about the electrochemical acti-

vation parameters as unattainable quantities are unduly

pessimistic(9).

Two experimental arrangements have been used‘ll’ 12'

21-27). To determine the enthalpic and entropic barrier by

means of temperature dependence of the electrochemical

reaction:

(1) The temperature of the cell (including the

reference electrode) is varied (isothermal cell).

(ii) The temperature of the working electrode compart-

ment including the solution is varied while the

temperature of reference electrode and surround-

ing solutions is kept constant (non-isothermal

cell).

Although both types of cell arrangements have been

employed, the nonisothermal cell is preferred to the other

for two reasons. First, a number of otherwise convenient

reference electrodes (e.g., calomel electrodes) reestab-

lish their equilibrium potentials very gradually after an

alteration in temperature; also, the equilibrium potential

does not remain the same at different temperatures, and

hence one has to know the variation of this quantity with

temperature. Second, by giving attention to proper cell

design, the Galvani potential difference across the thermal

liquid junction "0t1j" between the "warm" and "cold"
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electrolytes can be arranged to be small and probably

negligible‘24'27’.

When the nonisothermal cell is used and if the non-

isothermal potential Eni between working and reference

electrode is held constant, the temperature dependence of

the metal-solution Galvani potential 0m will be(24-27)

39 d4 . d4
m - _ _ t1 tc

(8T )Enl ' ( dT + dT—)'

where ¢tc is the "thermocouple" potential difference between

"warm" and "cold" regions of the working electrode. Absolute

values of 32%2 are known to be very small(28); this coeffi-

cient is equal to about +15 queg-1 for mercury(lo). Abso-

lute values of d¢tlj/dT can not be obtained experimentally,

but there is strong evidence from a variety of sources<24-27)

that this coefficient is small (5. 50 queg-l) for thermal

junctions formed with most electrolytes except from strong

(24)
acids or bases . Thus holding En1 fixed while tempera-

ture is varied should hold 0m constant to a very good approx-

imation. These uncertainties prove to be essentially neglig-

ible in comparison with typical variation in redox kinetics

and equilibria that are experienced as a function of temper-

ature at the electrode solution interface. For example, an

uncertainty in (aom/BT)Eni of i 50 queg-1 corresponds to

an uncertainty in the "ideal" entropy of activation of only

i l e.u.(lo).
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In common with other types of chemical reactions, appro-

ximate adherence to the Arrhenius relation is generally found

in that In k is linear in l/T. Thus, the so-called "real”

enthalpy and entropy of activation which are derived from

the temperature dependence of the standard electrochemical

rate constant are closely related to the activation para-

meters for the corresponding homogeneous self-exchange

reactions(9). For chemically irreversible processes for

which the standard potentials are unknown, "real" parameters

cannot be determined. However, it is still possible to

determine the so-called "ideal" activation parameters

which are obtained from the temperature dependence of the

electrochemical rate constant when the metal-solution Galvani

potential difference 0m in all likelihood is held constant(9)

The "ideal" parameters are of particular interest because

they are equal to the actual enthalpic and entropic barrier

heights for the activation of a single reacting ion at the

electrode potential at which they are determined.(9). Al-

though extra thermodynamic assumptions are inevitably in-

volved to conclude that 0m is held constant while the temr

perature at the electrode-solution interfaces is altered

a nonisothermal cell where the reference electrode is held

at a fixed temperature, it is shown earlier that these

assumptions are valid to a very good approximation. This

method was shown to provide useful values for the activation

parameters which, in turn, were in accord with the known or



-94-

expected characteristics of their respective reactions(lo'

27, 29)

In the present work, the enthalpies and entropies of

activation of a special class of electrochemical reactions,

called the electrodeposition reaction, were evaluated for

several transition aquated metal ions in water. The reac-

tions chosen for study can be represented as

2+

Mag +. 2e- (Hg electrode, 0m) % M(Hg,) (5.1)

amalgum

at the mercury-aqueous interface held at a Galvani metal-

solution potential difference 0m, where M denotes a transi-

tion metal. The ideal enthalpic and entropic components

é *
. and AS of the standard free energy barrier
ideal

to electron transfer AG*ideal for the reaction can, in

AH ideal

principle, be obtained directly from the temperature depend—

ence of the electrochemical rate constants at constant ¢m'

These parameters are related to the apparent electrochemical

rate constant in the conventional form<3o’ 31),

+ +
AS . AH .

kapp = ZéKp exp (-——%§§3l) exp (———%%§E$) (5.2)

where ze is the heterogeneous collision frequency<3o' 31)

I and K and p are constants(30' 31). The ideal enthalpy and

entropy of activiation can be separately expressed as(9)

* [3(1n ka — ln T2)]

ideal =

 AH R (5.3)
T ¢m
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*

4= _ - _ . AH.
AS ideal — R in kapp R ln Zer + édeal (5.4)

t
where the term T in the former equation arises from the

temperature dependence of the heterogeneous collision fre-

quency Ze(31).

The kinetic and thermodynamic results of electrodepo-

sition reactions of transition metal ions are supposed to

give additional information than that available from an ordi-

nary redox electrochemical reaction. In ordinary electro-

chemical redox reactions of transition metal ions, the

transfer of electrons results not only in the change of

the ionic charge of the products but also in the change

of ionic environment in terms of metal-ligand bond strengths

and distances and the solvent structure. The values of the

kinetic and thermodynamic results are expected to predict

and relate the extent of these changes during the reaction.

The kinetic and thermodynamic parameters thus obtained for a

simple metal redox electrochemical reaction leads to the

interpretation of only the relative change of the charac-

teristics of the oxidant and reductant ions. For example,

the change in the entropy of the overall reaction gives

the "extent of change" of the polarization of the surround-

ing solvent molecules. The electrodeposition reaction, on

the other hand, involves the metal particle as the reduced

product. Thus, the kinetic and thermodynamic parameters

of these reactions give the relative change in the reactant
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characteristics with respect to an uncharged, uncomplexed

and unsolvated metal particle.

B. §§perimental Procedures and Analysis of Data

2+, Fe2+ and Coz+, and 0.4 mM1 mM solutions of Mn

for N12+ were prepared in 0.2 M, 0.5 M and 1.0 M NaClO4

supporting electrolyte. Normal pulse polarography was

employed using NaSCE as a reference electrode. The exper-

iments were run at different temperatures including 25.0°C.

The reference electrode was always removed from the solu-

tion while changing the temperature of supporting electro—

lyte. Polarograms for the supporting electrolytes were also

obtained at different temperatures to cancel out the resid-

ual current for the metal ion solutions. Current vs.

potential and limiting current were obtained from the

polarograms after subtracting the residual current. The

diffusion coefficients were obtained for each experiment

using the formula.

1
l )2nFACQ_ ) (5.5)D=( (A

t.
i

where D is the diffusion coefficient, i1 is the limiting

current, n is the charge on the reacting ion, F is the

Faraday constant, Cb is the concentration of the reacting

ion in bulk solution, ti is the sample time of the instru-

ment, which was 0.048 sec., and A is the area of the drop

which was calculated as

- 2/3

A - 0.8515 (m t2)T (5.6)
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where m is the natural flow rate of mercury at temperature

T through the capillary in g/sec. and t is the drop time
2

of the knocker. Since the natural flow rate of mercury at.

the dropping mercury electrode changes with temperature,

it was necessary to determine the quantity at different

temperatures. This experiment was arranged by dipping the

tip of the DME about 2 inches.in a container filled with

water and kept at constant temperature. The amount of mer-

cury passed through the capillary which was held at known

temperature for a known amount of time was determined

after drying it free of water at low temperature. The

experiment was run at different temperatures ranging from

0°C to 60°C and a.graph was plotted for the flow rate

versus temperature.

The data was analyzed to give ka values versus the

PP

1(32)
potentia . The rate constants k vs. potential were

corr

calculated using the formula

F

log kcorr = log kapp 273RT (acorr - Zrwr (5'7)

0 is obtained from the relation

corr

 

_ a ‘ - z (30 /aE)

corr _ -SEP r r u (5.8)

1 - (BIr/aE)u

where zr is the ionic charge of the reducing ion, and or

is the potential of the reaction site which is assumed to

be equal to 02 obtained from GCS theory. The values of

02 can be usually found in the literature for sodium fluo-

ride at the mercury aqueous interface at 25°C and at
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different ionic strengths at different potentials(34' 35).

No suitable data is available to estimate this quantity at

different temperatures. However, Grahame‘33) has obtained

capacitance potential data for sodium floride ion as a

function of temperature and electrolyte concentration. From

these plots, qm vs. the "relative" Galvani potential differ-

ence across the inner layer at different temperatures was

obtained‘lo). These plots, it was assumed, should be al-

most identical for fluoride and perchlorate electrolytes at

the negative potential of interest 5 BOOIMIsince percholo-

rate anions are adsorbed only to a small extent under these

conditions. The values of qm at different temperatures and

ionic strengths were obtained from the above mentioned plots

for 0.8 M sodium fluoride electrolyte solution at different

temperature using the following method. Plots for qm vs.

temperature for each potential in the working range were

obtained; then from these plots, qm was plotted vs. poten-

tial for each experimental working temperature. Values

were obtained in this way for 0.8 M NaF electrolyte. The

values of qm vs. potential at different ionic strengths

were obtained from the values of qm vs. 02 calculated from

the GCS model‘Z) for 0.8 M and other concentrations of

supporting electrolyte at the temperature of interest.

The differences in 02 values for each qm in both concentra-

tions were obtained and these values were subtracted from

the applied potential values of the 0.8 M NaF qm vs.
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potential plot, at that temperaure, for concentrations lower

than 0.8 M (i.e., 0.5 M and 0.2 M), and added for concentra-

tions greater than 0.8 M. This gave data for new plots of

qm vs. potential and these plots were then, in turn, used

to determine 02 values at different potentials at each ionic

strength at each temperature. The apparent activation

enthalpy was determined by plotting (1n ka - 1n T8) vs.

PP

l/T, the slope of which was multiplied by -R to give the

value of the desired quantity AHi* according to equation‘9)

5.3. The apparent activation entropy was determined at

25°C using equation 5.4.

The value for the corrected enthalpy AH*corr was-

determined by first plotting 02 vs. l/T for each ionic

strength and the values for the respective slopes were

used in the equation

 

+ + F -

AHcorr An ideal +‘T {(acorr Zr)[3¢2/3(l/T)¢m]} (5'9)

The values obtained for AH+corr were used to determine

* . . +
AS corr uSing equation (5.4). The values of AG corr were

obtained from the equation

* -
AG corr - RT(ln kcorr - 1n ze) (5.10)

3 -l
where zé a 5 x 10 cm s .

C. Results and Discussion

The electrodeposition reduction kinetics of Mn2+,

Fe2+, Co2+ and Ni2+ aquo complexes at the mercury-aqueous

interface were studied as a function of temperature within
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a range of 0 - 60°C. "Ideal" enthalpies of activation

i:

AH were determined from the dependence of the apparent
ideal

electrochemical rate constants kapp (i.e., uncorrected for

ionic double-layer effects) as a function of temperature at

a constant non-isothermal cell potential Eni (and hence, at

essentially constant 0m) by using equation 5.3. These

“Arrhenius" plots were usually found to be linear over the

full temperature range 0 - 60°C. "Ideal" entropies of

activiation ASI were determined from the corresponding
ideal

along with the values of kapp measured

at 25°C using equation 5.4. The resulting values of

+ - o
and AS ideal' as well as ka determined at 25 C

PP

at few working potentials vs. NaSCE are summarized in

*

values of AH ideal

AHf‘ideal

Tables 5.1 - 5.4.

All the reactions were carried out with the reactant

concentration of 1 thexcept for the nickel reaction for

which the concentration 0.4 mM was observed to avoid po-

larographic maxima and possibly slow electrocrystallization

at the mercury surface.~ Reactions were carried out in three

concentrations of supporting electrolyte (0.2 M, 0.5 M and

1.0 M) to study the effect of the diffuse layer and the

double-layer correction. The electrolyte was chosen to

be NaClO4, since specific absorption from this electrolyte

is small or negligible at the negative electrode potential

at which these aquo complexes are reduced, and since the

magnitude of the double-layer effects is relatively small

under these conditions.
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Even in these concentrated electrolytes, the effects of

the ionic double-layer upon AH* and AS* are not
ideal ideal

quite negligible. In order to interpret these activation

parameters in terms of ion-solvent interactions, it is

desirable to correct them.for the "double-layer" effects

which arise from long-range Coulombic interactions between

the reacting species and its environment within the inter-

phasial region. The double-layer effects were accounted

for by calculating a rate constant k

¢

corr

corr according to

equation 5.7. Estimates of AG were also compiled

according to equation 5.10. Additionally, estimates of

the effect of the ionic double layer on AH+ideal’ calcu-

lated earlier, were obtained to give the "double-layer

*
. Th 5

corr e e
corrected" ideal enthalpy of activiation AH

values were used to calculate the corresponding values of

¢

corr' All these values are summarized in Tables 5.1--A5

5.4 along with the ”apparent” and "double-layer corrected"

transfer coefficients. The corrected transfer coefficient

was calculated from the slope of ln k vs. applied
acorr corr

potential according to the equation

/3E)T,u (5.11)

. + *Aside for the -dependence of AH corr and AS corr

- - B- T(alnk
“corr corr

upon

the reactant charge and atomic environment at a given

electrode potential, an additional characteristic of in-

terest could be to evaluate the enthalpic and entropic

*

contributions to variation of AG c with varying potential.
OI‘I‘
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These contributions can, in principle, be separated by

studying the temperature dependence of the electrochemical

(10)
transfer coefficient . Combining equations 5.10 and 5.11,

the potential dependence of'kcorr can be expressed as(lo)

RT * o _

157‘aln kcorr/ aE)T,11 3A6 corr/ MG rc - o‘corr (5'12)

and thus

aAc* /aAG° = (aAa* /aAG° )
corr rc corr rc

- T(aAs* /aAG° ) (s 13)
corr rc '

correspondingly,

_ t o _ t o

o‘corr - (BAH corr/ MG rc) N 3A5 corr/ MG rc)

_ H s

— a corr + a corr (5.14)

where AGOrc is the free energy change for the reduction re-

. H S
action, a corr and a corr are the components of a asso

corr

ciated with the variation of AH# and AS*corr corr' respectively,

with varying electrode potential. Hence, if acorr is inde-

H

pendent of absolute temperature, the contribution of a corr

to the potential-dependence of the reaction rate would be

dominant, whereas if a is proportional to temperature,

ascorr will have the dominant contribution. Table 5.2

summarizes the experimental results for the temperature

corr

dependence of a within the range of experimental poten-

aPP

tials.

Since the entropy of conduction electrons in metals is

l,(51)
in all probability negligibly smal the entropy driving
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force Asotc should be contributed solely by the changes in

the Coulombic double-layer effects and/or reactant-solvent

interactions‘sg). 'Moreover, the so-called "intrinsic" con-

tribution to the potential dependence of the electrochemi-

cal rate constant denoted by the intrinsic transfer coef-

ficient 61(60)

level of the metal electrode vs. the energy level of the

, which arises from variations in the Fermi

reacting ion in bulk solution (i.e., variation in the free

energy of the reacting electron), should be purely enthal-

pic in origin. On the other hand, the so-called "environ-

mental" part dB of the measured transfer coefficient aapp

which arises from differences in the interaction between

the reacting particle and its environment at the interphase

compared with those of the bulk solution, may be enthalpic

and/or entropic in origin. The correction of dapp for

Coulombic.double-layer effects, by using equation 5.8 to

-yield values of a accounts for some, but possibly not
corr

all, of this environmental term a Thus, changes in ion-E‘

solvent interactions with varying electrode potential that

might arise from changes in interphasial solvent interac-

tions can.1ead to differences between acorr and al.

The mechanism of electrodeposition reaction for the

transition metal aquo complexes was shown to occur first

through a dissociation reaction of one or more of the

coordinated water molecules<51-64). It has been proposed

that the resulting ion, which may be regarded as activated
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intermediate responds to the coordination unsaturation by

forming a.bond with the metal atom on the electrode surface

having excess electronic charge. The surface cathodic pro-

cess can be represented as<64):

(z) _ (z) _
E + M (H20).p 45; E M (1120)q + (p q)(HZO) (5.14)

E - Mm (H20)q + zé as E - Mm) (32mg (5.15)

E - Mm) (32mg 5; E - 14(0) + q(HZO) (5.16)

where E is the electrode metal, M is the reducing metal ion

with oxidation state 2 and p and q are the coordination

numbers of the metal ion.

The extent of bonding between the reacting metal ion

bonded to the water molecule and the metal atom depends

upon the Fermi level of the electrode surface and the

energy of the available vacant orbitals on the activated

intermediate. The extent of coordination of the water

molecules to the activated intermediate, as a consequence,

depends on the electrode potential and the individual

characteristics of the reacting metal ion.

1
corr on electrodeDependence of activation entrOpy AS

pgtential

The experimental results obtained for the transfer

coefficient a , summarized in Table 5.5, clearly indicate

aPP

a direct dependence on the temperature which can be inter-

preted as as i.e., the dependence of entropic
>

corr chorr'
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Table 5.5. The variation of the electrochemical transfer

coefficient with temperature at different ionic

strengths for the electrodeposition reaction of

some transition metal aquo complexes in water

at mercury-aqueous interface.

 

 

 

 

       
 

 

       

 

      
 

 

      

Mn2+

0.2_l\gNaClO2 0.5£*1_NaC104 - 1.01:1_NaC104

m . rd '5 . U’ _7".emp aaEP emp C “QBP Temp C “a .

4.4 1.63 3.4 1.53 1.8 1.35

14.4 1.64 16.2 1.54 11.8 1.24

25.0 1.67 25.0 1.58 25.0 1.45

34.9 1.66 36.1 1.60 36.0 1.52

46.2 1.64 46.2 1.58 46.2 1.54

Fe2+

3.5 0.61 34.0 0.54 3.2 0.53

13.3 0.66 14.8 0.63 14.2 0.54

25.0 0.73 23.3 0.67 3 25.0 0.58

25.5 0.73 25.0 0.66 36.7 0.62

36.0 0.78 36.0 0.70 48.7 0.68

36.0 0.82 46.6 0.74

Co2+

3.0 0.53 4.6 0.51 1.3 0.49

9.3 0.50 9.6 0.51 12.3 0.49

16.9 0.50 16.3 0.52 25.0 0.50

25.0 0.60 25.0 0.48 36.0 0.52

32.6 0.61 36.4 0.54 46.0 0.52

41.0 0.64 46.2 0.56

Ni2+

12.8 0.75 11.9 0.74 16.4 0.78

25.0 0.79 25.0 0.80 25.0 0.83

36.1 0.78 36.2 0.81 36.1 0.82

46.2 0.77 46.1 0.82 46.2 0.84
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1

component AS corr on the electrode potential which is the

observed for almost all of the couples. This result also

is consistent with the assumption that the reaction proceeds

through an activated intermediate partially bonded to the

electrode surface: since the increase in the cathodic

electrode potential will enhance the extent of activated

intermediate-to-electrode bonding, on the other hand, de-

creasing the extent of bonding between the ligand water

molecules and the metal ion, consequently, increasing the

activation entropy of the reaction. One parameter which

may, however, reduce the activation entropy is the partial

bonding between the metal ion and the electrode surface or

the partial solvation of the metal ion in the mercury elec-

trode liquid. The variation of activation entropies with

the change of supporting electrolyte concentration is di-

rectly in relation with the change in the transfer coeffic-

ient. The experimental results can be compared with the

absolute entropies of the aqueous ions (Table 5.6) to give

a rough comparative estimate of the extent of desolvation

of the intermediate.

The activation enthalpy contributions are within an

» experimentally reasonable range of i 1 k cal/mole in a work-

ing potential range of 200 mv for the solution containing

1 §_of supporting electrolyte. A larger variation in the

activation enthalpy with a change in potential is observed

for lower ionic strengths, except for the activation enthalpy
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Table 5.6. Entropy of some transition metal aqueous

ions according to Powell and Latimer.

 

§°/e.u.

Mn2+ -2o.o

Fe2+ -27.1

Co2+ -27.1

N12+ -24.9

 

Entropy of aqueous ion determined using Powell and

(65) z
, using the formula § =‘% R 1n M + 37 - 270 —2—-

r

e

Latimer

where M is the atomic weight, 8 is the absolute value of the

charge of the ion, and re is the effective ionic radius +

2.00 A, assuming the true ionic entropy of hydrogen ion as

zero. The values for re are taken from Pauling's crystal

radii‘66).
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of cobalt which does not show any appreciable variation.

The reason for this potential dependence of activiation

enthalpy can be interpreted as the improper assumption that

¢r is equal to ¢2 calculated from the GCS model.

The charge transfer process for the ions except mang-

anese shows that first electron transfer is rate determin-

ing, while for mangenese the second electron transfer is

rate determining. This is clear from looking into the

effective charge on the activated intermediate which is

)(67)
corr . The existence of univalentequal to (zr - a

ionic intermediates for Mn, Fe, Co and Ni is supported by

the pulse radiolysis reduction reactions for their corre-

sponding +2 oxidation states‘sa). The reactions, according

to their transfer coefficient acorr' are not far from

having a symmetrical barrier at higher ionic strength (i.e.,.

2 2+
1 M, except for Mn + and Ni which show a higher transfer

coefficient.
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