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THE ELECTROCHEMISTRY OF NICKEL

II. Anodic Polarization of Nickel

M. L. Kronenberg,I J. C. Banter,2 Z. Yeager, and F. Hovorka

Department of Chemistry, Western Reserve University

Cleveland, Ohio

ABSTRACT

The anodic dissolution of nickel has been studied in

acidified chloride, sulfate, and perchlorate solutions under

a variety of non-passivating conditions. The Tafel slopes

at 45 0C are approximately 0.085, 0.115, and 0.12, respectively.

The lower value of the Tafel slope in chloride solutions is

attributed to specific adsorption. The potential of the

nickel anode is independent of Ni+ 2 concentration under

conditions for which the back reaction is negligible and no

pH dependence has been found for pH of 1 to 2.5. The temper-

ature dependence of the polarization yields an approximate

value of 15 kcal/mole for the heat of activation in the

chloride solution.

I Now at the Research Laboratory of Union Carbide Consumer

Products Company, Division of Union Carbide Corporation,
Parma, Ohio.

2 Now at the Oak Ridge National Laboratory, Oak Ridge, Tenn.
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THE ELECTROCHEMISTRY OF NICKEL

II. Anodic Polarization of Nickel

by

M. L. Kronenberg, J. C. Banter, E. Yeager, and F. Hovorka

The electrodeposition of nickel has been the subject

of many experimental investigations. With the exception of

studies of anodic passivaticr. however, relatively little

fundamental research effort has been directed toward an

understanding of the anodic dissolution reaction. Where data

are available, much of it is not conlucive to fundamental

analysis and interpretation. Of particular interest is the

work cited in references tl-9).

The purpose of the present work has been to obtain

information concern'Lng the mechanism of the anodic dissolu-

tion of nickel. The anodic polarization has been measured as

a function of current density, temperature, pH, concentration

of nickel ion, nature and concentration of supporting electro-

lyte, and the source and crystallographin orientation of the

nickel anode.



Apparatus

The indirect method has been used for the polari-

zation measurements. This method was favored because it

avoids some of the difficulties associated with the use of

a Luggin capillary and because of the availability of equip-

mient at Western Reserve University.

A block diagram of the electronic interrupter and

its associated equipment is shown in Figure 1. The current

from the polarizing source Is interrupted when repetitive

rectangular negative pulses from the pulse generator are

applied to the grids of parallel-connected triodes (6SN7) or

beam power pentodes (6L6), driving them to cut off (10).

For most of the results reported here the current was off
I

for 50 microsec and on for 1300 microsec. These times,

which represent a 96 per cent duty cycle, were sufficient to

permit buildup of the potential to a steady-state value

prior to interription.

By means of the differential amplifier, the anode-

reference, cathode-anode, and cathode-reference potential

could be viewed on the oscilloscope (Tektronic type 512).

The potential difference associated with any portion of the

buildup or decay curve could be measured to ± 1 mv - 0.1 per

cent (whichever is larger) by adjusting potentiometers A and

B (Figure 1) so as to bring that portion of the trace on the

oscilloscope screen to the zero deflection position. Switch-

ing transients were such that the potential could be measured
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within 1 to 3 microsec following interruption of the current.

A complete circuit diagram is given elsewhere (10). A Leeds

& Northrup K-2 potentiometer was used to measure the potentials

between the reference electrodes involved in this work.

The glass polarization cell is similar to that described

in the first paper (11) in this series. Provisions are made

for various reference and pre-electrolysis electrodes in

addition to the anode and cathode involved in the polari-

zation measurements. The cell provides for a controlled

relatively high speed flow of the solution past the anode

at rates up to 60 cm/sec in the bulk of the solution adjacent

to the anode. The voltage from an electric tachometer was

used as a relative measure of the solution velocity. The ta-

chometer was calibrated in terms of flow rates under experi-

mental conditions by means of a pitot tube as described earlier

(11). The cell was mounted in a thermostatic bath which

controlled the temperature to t 0.050C in the range 25 to

450C.

The hydrogen gas used for saturating the solution was

passed through a purification train consisting of the follow-

Ing components:

1. De-Oxo unit for catalytic oxygen removel (Baker
Co. Inc., Newark, N. J.)

2. magnesium perchlorate for drying

3. Hopcalite for oxidation of trace CO (Mine Safety
Appliance Co., Pittsburgh, Pa.)
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4. soda lime for removal of C02 and H 20

5. three liquid nitrogen cooled traps for the
adsorption of impurities with the first filled
with silica gel, the second with active carbon,
and the third with glass wool

Experimental Procedure

Several anode designs and sources of nickel were

compared in preliminary experiments. The anodes were de-

signed to provide a reasonably uniform current density

over the surface of the electrode. The first electrodes

used were 14-gauge (B. and S.) nickel wire of 99% purity

and Johnson-Matthey nickel rod which was machined down to

3mm in diameter. Both types were sealed in 8 -mm O.D. soft

glass and were rounded at the end to essentially the same

radius of curvature as the cylindrical portion.

Efficiency measurements were obtained using an anode

consisting of Johnson-Matthey nickel rod cut down to 3 mm

in diameter. One end of the rod was drilled and tapped to

fit the threaded end of the 14-gauge nickel wire which was

sealed in soft glass. This permitted the direct weighing

of the anode used in efficiency measurements. The design

is shown in Figure 2a. For current densities above 0.3

ma/cm 2 efficiences could be measured with a precision of

t 2 per cent.

The electrode design adopted for single crystal

electrodes is shown in Figure 2b. This design permitted

polarization measurements at a particular face of a single



crystal without introducing any plastics or organic sealers

into the electrolyte. One face of the cylindrical nickel

electrode was drilled and tapped and a threaded contact was

made with nickel wire. The other face was kept even with

the glass tubing so that only the desired face was exposed

to the electrolyte. Hydrogen gas from the purification train

flowed between the metal and glass to prevent the solution

from flowing up the tube0 The hole in the top of the glass

through which the nickel wire passes was sealed with melted

polyethylene. The ground glass joint facilitated removal

and preparation of the anode.

The various nickel anodes all gave substantially the

same results for the polarization. when differences in the

ratio of true to apparent area a.e taken into account°

In the present work, *he differenceA in the differential

capacity between various electrodes at a given potential

have been used as a criterion of relative changes in elez1

trode area. The differential capacity . has been calculated

from the initial rate of decay of the polarization follow-

ing interruption of the polarizing -,'Lrent by means of the

equation

(JE)
(1)

where Ii s the current and ( E/6)o is the initial rate of

decay of the potential.

Individual measurements of differential capacity were

limited to an accuracy of 10 per cent because of of diffi-
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.ulties associated with the determination of the slope

from the oscilloscope trace. A small amount of 60-cycle

pick-up, amounting to 0.7 mv, also was evident on the

oscilloscope and limited the accuracy of the capacitance

measurements.

The source of the nickel made a difference in the

ease of obtaining reproducible polarization data. Nickel

electrodeposited from a bath containing carefully purified

nickel chloride and nickel sulfate exhibited the most

rapid area changes upon dissolution. This made it diffi-

cult to obtain reproducible polarization data. The

measurements with such electrodes had to be made quickly

and even then were restricted to low current densities.

The 14-gauge nickel wire and Johnson-Matthey nickel

dissolved anodically with relatively minor area changes

during short polarization runs. The Johnson-Matthey

electrodes gave the most reproducible results. Unless other-

wise indicated, Johnson-Matthey nickel electrodes were used

for all the data presented in this paper.

The cathode used for the pre-electrolysis and polari-

zation measurements consisted of a square piece of

platinum foil, 2.5 cm on an edge and 0.01 cm thick, attached

to a platinum wire sealed in soft glass tubing. The pre-

electrolysis anode also was platinum and of similar

construction. Platinum was used for the pre-electrolysis

anode to eliminate the possible introduction of impurities



that might have resulted from a dissolving nickel pre-electro-

lysis anode.

Two types of reference electrodes were used for the

polarization rung. A Pt-Pt electrode was used as a work-

ing reference electrode within the cell. It was prepared

by sealing platinum wire in soft glass and platinizing it in

a 1 per cent solution of platinic chloride (without any

additives) at 100 ma/cm2 for approximately 2 hr. with peri-

odic reversal of the current every 5 min. (12). After

platinizing9 the electrodes were stored in slightly acidified

conductivity water which was saturated with hydrogen.

A saturated calomel reference was used with chloride

and perchlorate solutions and a mercury-mercurous sulfate,

saturated potassium sulfate reference was used with the

sulfate solutions to check the working reference electrode

before and after each polarization run. To avoid the intro-

duction of ar'contaminants into the electrolyte from the

external reference electrode, a solution

bridge filled with the same solution as in the cell was used

between the cell and an intermediate vessel (test tube)

containing the same solution as in the cell. The external

reference electrode was connected to this intermediate vessel

by a second solution bridge. The reference electrode and

intermediate vessel were immersed in the same water bath as

the cell.

The polarization measurements, with the exception of
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those in the sodium perchlorate solutions, were obtained in

solutions prepared from Fisher certified reagent-grade

salts which were further purified by double recrystalli-

zation from conductivity water. The sodium perchlorate

solutions were prepared from reagent grade chemicals and

conductivity water.

The anode was prepared for polarization measurements

by polishing with progressively finer grades of emery paper

down to 000 grade. It was then immersed In ethyl alcohol

and rinsed in distilled water. In most instances the anode

was then electropolished for 20 min at 150 ma/cm 2 in an

electropolishing solution containing 15 per cent H2S0o4,

63 per cent H3 P04 , and 22 per cent H 20 (13). The nickel

anode was rinsed copiously in distilled and conductivity

water before being placed in the polarization cell. Unless

otherwise indicated, all polarization curves presented in

this paper were obtained with electropolished electrodes.

The platinum pre-electrolysis anode was planedin the

anode compartment during pre-electrolysis and removed

entirely from the electrolyte when pre-electrolyiis was

completed. During pre-electrolysis the platinum ancde was

in the main flow stream and stirring was maintained through-

out the pre-electrolysis period, Pre-electrolysis was

carried out. at 20 mizroamp/cmo Thia low urrent density

did not produce appreciable pH changes during the pre-,

electrolysis period and was below the limiting current density

for the oxidation of molecular hydrogen. During the pre-



electrolysis the platinum anode was at a potential near the

upper limit (numerically) reached during the anodic polari-

zation run. The potential of the pre-electrolysis anode

never approached that for the oxygen evolution reaction.

The effectiveness of pre-electrolysis under these conditions

is far from certain. This procedure, however, did lead to

reproducible results.

In preparation for polarization measurements the cell

was rinsed several times first with distrilled and conduc-

tivity water and finally with the solution to be investigated.

The cell then was filled with solution and the electrodes

were introduced into the solution after appropriate rinsings.

Hydrogen gas was then bubbled into the solution, the stirrer

was turned on, and the system was allowed to come to equilib-

rium. The pH was adjusted by addition of the appropriate

acid and was determined by measuring the potential between

the Pt-Pt reference electrode within the cell and the external

reference electrodes. The ac.nuracy of the pH measurements

is open to question because of the unknown liquid-junction

potential. Pre-electrolysis was then begun. The solutions

were pre-electrolyzed in the cell for 40 hr to remove trace

impurities or at least to reduce their concentration to a

reproducible minimum. A polarization run was then made and

the pre-electrolysis was resumed for 6 to 8 hr. A polari-

zation run was made again after this second pre-electrolysis

period and if both runs agreed within several millivolts,
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pro-electrolysis was regarded as complete,

After pre-electrolysis the working nickel electrode

was anodically dissolved at 0.5 ma/cm 2 for 5 min prior to

the beginning of polarization measurements. Polarization

measurements were taken by adjusting the current and quickly

measuring the anode potential relative to the internal

working reference electrode after the potential had reached

a reasonably constant value. This usually required less

than 30 sec. Between polarization measurements while the

current through the electronic equipment was being adjusted

to a new value, the electrodes were disconnected from the

circuit to minimize anode area changes.

Efficiency measurements were made by direct weighing

of the anode using the detachable anode assemuly described

earlier. The coulombs passed were determined with a coulo-

meter or from the time and IR drop across a precision

resistor which was connected in series with the commutator

circuit. Efficiency measurements were made at constant

potential under conditions analogous to a polarization run.

The time for each efficiency run was at least one hour.

Experimental Results

Anode efficiencies for nickel dissolution in chloride

solutions of pH 2.0 to 3.0 were within a few per cent of

100 per cent in the potential range which corresponded to

2
current densities of 0.3 to 15 ma/cm 2 . Efficiencies in

perchlorate and sulfate solutions of pH 2.0 to 3.0 were



difficult to determine because of a tendency toward passiv-

ation upon prolonged anodic dissolution even at moderate

current densities. In several instances where the anode did

not passivate, the efficiencies were less than 50 per cent

at potentials corresponding to current densities less than

approximately 0.6 ma/cm 2. This indicates that hydrogen

dissolution predominates under these conditions. For pH of

0.9 to 1.0, nickel dissolution efficiencies in perchlorate

and sulfate solutions were virtually 100 per cent over the

range 0.3 to 5 ma/cm 2 in instances where the anode did not

passivate.

The differential capacitance has been found to be

strongly dependent on the method of preparation of the nickel

anode. Nickel anodes prepared by electropolishing normally

had a differential capacitance of 20F/cm2 of apparent area

in the 0.5 M NiCl solution. This value was substantially

independent of potential over the range 0 to +0.15 v relative

to the standard hydrogen electrodo. Nickel electrodes only

finished by hand polishing with successively finer grades of

emery paper down to 000 grade had differential capacitances

of approximately 35 pPF/cm 2 of apparent area over the same

range of potentials. The differential capacitance depended

also on the source of the nickel. For example, electro-

polished nickel wire and also electrodeposited nickel with

no surface treatment after deposition had higher values than

electropolished pure Johns on-Matthey nickel.

The differential capacitance usually increased slowly
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during the anodic dissolution. This area change normally

was less than 10 per cent during the course of a single

polarization run because the electrodes were disconnected

between measurements to limit progressive area changes

during dissolution.

The anode potential-current density curves for sev-

eral electrolytes are compared in Figure 3. The potentials

are given relative to the standard hydrogen electrode and

the current densities are based on apparent areas. These

curves show that a Tafel relationship exists for nickel in

the various electrolytes and that the anode potential at

a given current density is dependent on the type of electro-

lyte. The -polarlzation in the chloride solution is sub-

stantially lower than in the perchlorate or sulfate solu-

tions. The current efficiency for the metal dissolution

was close to 100% for all thrm curves in Figure 3. It was

necessary to reduce the pH to 1.0 for the perchlorate and

sulfate solutions, however, to accomplish this.

In the linear Tafel region, the back reaction should

be negligible and the polarization should not depend on

Ni+ 2 concentration provided double properties remain con-

stant. This appears to be true from the data in Figure 4.

Identical polarization data have been obtained with and

without Ni+ 2 present up to 0.1 M Ni+ 2 provided an excess

of a supporting electrolyte was present. Most of the sub-

sequent measurements have been made without Ni+ 2 present.



-13-

This avoids the necessity of purifying nickel salts, which

are ordinarily difficult to purify because of problems

associated with crystallization.

The differences in the anodic potentials at a given

current density in Figure 3 are not due principally to the

+2
presence or absence of Ni+ . Differences in the double layer

and in particular anion adsorption are probably the main

factors responsible for the differences evident in this figure.

Variations in liquid-junction potential also are involved but

probably are a minor factor.

The absence of Ni+ 2 in the solution does cause some

awkwardness regarding absolute polarization values and the

calculation of exchange current densities because of undefined

reversible conditions. The apparent exchange current density

depends on the Ni + 2 concentration, which influences the

reversible potential. In the present work the equivalent of

an exchange current density has been obtained even in the

absence of Ni + 2 by extrapolatory the linear Tafel curves to

a potential corresponding to the standard electrode potential.

This value obtained by extrapolation will be referred to as

the standard exchange current density in this paper. It

represents the exchange current density which would be found

experimentally for a solution containing Ni+2 at unity activ-

ity if the transfer coefficientsand double layer properties

remained unchanged over a range of potentials extending from

the linear Tafel region to the reversible value.

The dependence of the potential on concentration at

a given current density is very slight in sodium perchlorate
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solutions in the absence of Ni+ 2 over the concentration range

0.25 M to 1.0 M on the basis of the data in Figure 5. The

linear range for nickel dissolution at pH 2.5 in the perchlorate

solutions is quite limited because of the competing hydrogen

oxidation reaction at low current densities and passivation

at higher current densities. Unfortunately efficiency data

were not available for the perchlorate system. The section

of the curve below the inflection point, however, is associated

primarily with H2 anodic dissolution. An attempt has been

made to c.onstruct the individual polarization curves for nickel

and hydrogen dissolution in Figure 5. The assumption has been

made that the Tafel slope for the nickel dissolution curve

does not change over the entire range of the plot. The

procedure used in obtaining the component polarization curves

in Figure 5 involved first making an estimate of the limiting

current density for H 2 oxidation. This value was then sub-

tracted from the total current density for the upper portion

of the overall polarization curve and the component polari-

zation curve for nickel dissolution constructed. The exten-

sion of this curve for nickel to current densities below

the inflection point in the overall polarization curve per-

mitted the evaluation of the curve for H 2 oxidation. If the

limiting current density indicated by this curve differed

significantly from the original estimate, the complete process

was repeated with a new estimate for the limiting current

density for H12 oxidation.
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The procedure just described Is not a very satisfactory

substitute for current efficiency data in evaluating the H2

oxidation curve and the authors hope to undertake a study

In which such data are obtained In the future. To the best

knowledge of the authors, the polarization curve for H2

oxidation represents the first time that such data have been

available in acid media even on a provisional basis. The

slope is 0.13 over the limited linear range represented in

Figure 5. This slope should not be interpreted as the

ordinary Tafel slope because of the proximity of the limit-

ing current density to the short range over which the appar-

ent slope of 0o13 v per decade is exhibited.

A polarization curve similar to that in Figure 5 has

been obtained for a 0.5 E NiSO4 at pH 2.5 and 4 5
0C. The

apparent Tafel slope for H2 oxidation in the NiSO4 electro-

lyte is 0.11 v per decade.

The polarization curves in Figure 6 indicate the effect

of a 10 and 100 fold charge in KC1 concentration in the

absence of Ni+2 . The efficiency for nickel dissolution has

been found to be substantially 100% for all points in this

figure. The decrease in polarization with increasing KC1

concentration appears reasonable in terms of the concen-

trating dependence which various workers (14-16) have

estimated for the potential drop across the diffuse ionic

layer. A quantitative comparison, however, Is seriously

complicated by specific adsorption, close proximity to the

zero point of charge, and the liquid-Junction potentials
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involved in the comparison of the internal hydrogen reference

electrode with the external saturated calomel reference

electrode (necessary for the calculation of the potentials

of tha polarized anode relative to the standard hydrogen

electrode).

The increase in Tafel slope in 0.01 M KCI at current

densities greater than 2 ma/cm2 was observed each of several

times the experiment was repeated. The explanation is open

to speculation. One possibility is that the nickel concen-

tration in the solution in the immediate vicinity of the

electrode surface became appreciably compared to the concen-

tration of KCI in the dilute KCI solution and a change in

double layer properties occurred. A significant portion of

the nickel would probably be involved in a chloride complex.

The dependence of anode potential on temperature in

KCI, NaCIO4, and NiCl 2 solutions is shown in Figures 7-9.

In all cases, the anode potential decreases 2.7 t 0.3 mv

per 0C increase in temperature for a given apparent current

density.

The results shown in Figure 10 indicate that no appre-

ciable charge occurs in the anodic polarization over the pH

range 2 to 3 In 1.0 M KCI at 450C under conditions where

the efficiency for nickel dissolution is substantially 100%.

The anodic polarization also has been found to be independent

of pH in the range 1. to 2.5 in 0.5 M NiSO4 over the current

density range 0.8 to 4.0 ma/cm 2 where the efficiency for

the nickel dissolution process is virtually 100%.
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Hollnagel and Landsberg (8) report finding a pH

dependence for the anodic dissolution of nickel in both

chloride and sulfate solutions in measurements of non-

steady state polarization with a galvanostatic method in-

volving rectangular current pulses. Their findings, how-

ever, may be somewhat misleading since the concentration

of the supporting electrolyte was not large compared to

the concentration of the acid added in adjusting the

hydrogen ion concentration.

Polarization measurements have also been made with

electropolished single crystal nickel anodes. The results

are essentially the same as obtained with polycrystalline

nickel. Figure 11 compares the polarization obtained on a

surface parallel to the 110 plane with that for a polycrys-

talline anode of Johnson-Matthey nickel. The orientation of

a particular crystallographic plane parallel to the electrode

surface does not ensure that other crystallographic planes

are not exposed to the electrolyte;-i.e., the micro-orientation

of the surface need not and in most cases probably does not

correspond to the macro orientation.

The Tafel slopes and standard exchange current densities

based on apparent areas are listed in Table 1. All of the

data in this table were obtained under conditions for which

the efficiency of the nickel dissolution process was sub-

stantially 100%. In most instances the Tafel linearity has

been observed over a current density range of at least 1-1/2

decades and in many instances 2 decades. The standard
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exchange current densities have been determined by extra-

polating the linear Tafel plots to the standard electrode

potential of nickel. The latter have been evaluated at the

various temperatures by the same procedure used in the first

paper in this series (11). The values calculated by this

means are probably accurate to ± 10 mv. The accuracy of

the values for the standard exchange current densities,

however, is limited more by the accuracy of the Tafel slope

and the surface roughness than the accuracy of the values

for the standard electrode potential.

Discussion of Experimental Results

From Table 1 it is evident that the Tafel slope at

45oC is 0.11 to 0.12 in both sulfate and perchlorate solu-

tions. The Tafel linearity and the value of the Tafel

slope provide evidence favoring a charge transfer step as

rate determining. For a Tafel slope of 0.12, the cor-

responding value of oz is 0.52 where o( is the transfer co-

efficient and z the charge of the species transferred over

the potential energy barrier associated with the rate-

determining step. The lower Tafel slope of 0.08 to 0.09

found for the chloride solutions probably reflects the

specific adsorption of chloride ions on the electrode

surface and the associated changes in the overall double

layer structure (see for example ref. 16). The adsorption

of Cf on the anode surface is anticipated to favor the

transfer of nickel from the metallic state to a position
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in the Helmholtz plane as an adsorbed ionic species.

In the earlier study of nickel electrodeposition the

Tafel slope in a 0.5 M nickel sulfate solution was found

to be 0.091 at 45e*C. A comparison of the Tafel slopes for

the anodic and cathodic processes would prove interesting

if it were not that the point of zero charge (pzc) is very

likely interposed between the two sets of polarization

measurements. For the sulfate and perchlorate solutions

the pzc is estimated to be -0.1 to -0.2 v relative to the

standard hydrogen electrode on the basis that the difference

in the pzc for nickel and mercury in a given electrolyte

is the same as the difference in the work function (17,18).

Thus it is not surprising that the anodic and cathodic Tafel

slopes are not complimentary (19) for any reasonable (integer)

value of the stoichiometric number.

The heat of activation Altat the reversible potential

may be calculated by the equation

-1 I (2 )

d. ('iV-) 1
where T is the absolute temperature, io the exchange

current density, and R the gas constant. An attempt has

been made to use this equation with the data for the NiCl2

solution in Figure 9. To determine the temperature dependence

of ln io, it is necessary to extrapolate the linear Tafel

plots over five decades to the reversible potentials. Even

a slight error in the relative values for the Tafel slopes

produces a large error in the derivative. If the Tafel plots
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for 250C and 450C in Figure 9 are extrapolated independ-

ently to the reverse potential, the resulting value for LH

is 8 kcal/mole. The reversible potentials at 250C and 450C

have been calculated by the same procedure as used in the

earlier paper (ll with the temperature dependence of the

ionic activity coefficient for nickel assumed to be

negligible.

An alternate procedure is to assume that the transfer

coefficient does not vary significantly with temperature.

The Tafel slopes for 250C and 450C then should be in the

same ratio as the absolute temperatures. If the extra-

polation of the curves for 25*C and 45°C in Figure 9 is

done with the Tafel slope at 450C taken as 20 Xl00or

6.7% greater than that at 250C, the resulting value for

AH is 15 kcal/mole. This higher value for AH is believed

to be more reliable than the lower value despite the assump-

tion concerning the constancy of the transfer coefficient.

An additional assumption is that the ratio of true to appar-

ent surface area is independent of temperature. The value

found for the heat of activation for the reverse nickel

electrodeposition process in the earlier paper (11) was 21

kcal/mole.

An attempt at explaining the H 2 oxidation curve in

Figure 5 is premature at this time in view of the very

limited current density range of the curve and the assump-

tions involved in the construction of the curve from the

overall anodic polarization curve. Furthermore, the limiting
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current density,which appears to be diffusion controlled,

interferes with any simple direct interpretation of the

apparent Tafel slope. These complications in the direct

interpretation of the apparent Tafel slope are well illus-

trated by the consideration of the following mechanism for

H2 oxidation under circumstances of high and low surface

coverage with adsorbed hydrogen.

H2--2Hads (a)

Had--* H+ + e (b)

The H2 oxidation curve in Figure 5 does not appear

compatible with reaction a as the rate determining step at

current densities well below the limiting current density

because the polarization is too large. Of course,as the

diffusion-controlled limiting current density is approached,

reaction a will eventually become quite irreversible since

the concentration of H2 will be depressed to zero.

When reaction b is rate determining and the kinetic

limiting current density associated with reaction a is very

high compared to the diffusion limiting current density, the

current density for H2 oxidation is related to the hydrogen

polarization n by the eqnation

e iL  (3)

where I L is the diffusion limiting current density, 1 0 is
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the apparent exchange current density, P is the hydrogenH~2

saturation pressure (1 atm), 0( is the transfer coefficient,

yis a constant corresponding to the ratio of the rate

constants for the forward and reverse directions for reaction

a, and the other symbols have their usual meanings. This

equation is derived by setting the forward and reverse rates

for reaction a equal to each other, solving for the fraction

0 of the surface sites occupied by Hads, and then using this

value for 6 in the usual kinetic equation 'or reaction b

with the reverse reaction assumed negligible and the concen-

tration of the dissolved H2 adjacent to the electrode assumed

proportional to (iL-i). The potential drqp across the ionic

diffuse layer has been assumed not to vary significantly with

When&<< 1, then -K P_ < 1, and eq. 3 becomes

For 09 over the range of potentials of interest,-P >I

and

Thus for this mechanism if, is assumed small, a plot of VS.

ln ; [,- /Ll should be linear rather than just the

ordinary Tafel plot of 1. vs. ln i. If 9 is assumed equal to

approximately unity, the conventional Tafel linearity may
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be anticipated. Unfortunately the range over which the polari-

sation for H2 oxidation can be constructed in Figure 5 as

well as the reliability of the curve are too limited to test

which type of dependence is experimentally observed. If

the polarization curve for H2 oxidation is used to establish

the slope as given in eq. (4), then (2.3 RT/k f) = 0.09 and

for 0<< 1, 0( = 0.7. If G I, however, (2.3 RT/,(f)

= 0.13 from the H2 curve in Figure 5, and 9( e 0.5.

The situation is similarly ambiguous for the alternate

mechanism involving the reaction H2---+Hads + H+ + e- followed

by reaction b.

Summary

In summary, the following has been demonstrated in the

present work:

1. The polarization curves for nickel dissolution
have been shown to follow Tafel linearity over
at least 1.5 decades and in some instances
2 decades in acidified chloride, sulfate, and
perchlorate solutions with the apparent Tafel
slopes in sulfate and perchlorate solutions equal
to 0.12 + 0.01 and in chloride solutions equal
to 0.085 1 0,005 at 45°c.

2. With proper buffering of the ionic double layer
with a supporting electrolyte, the polarization
has been shown to be independent of pH over a
limited range.

3. The potential is independent of Ni+2 concentration
over the range of potentials where the back reaction
is negligible.

4. The energy of activation for the anodic dissolution
process is approximately 15 kcal/mole if the
transfer coefficient and the surface roughness
are assumed to be independent of temperature for
a dissolving nickel anode.

5. Anodic polarization measurements on single crystal
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(110 orientation) and polycrystalline nickel have
not been found to differ significantly.

6. Hydrogen dissolution can occur simultaneously with
nickel dissolution with the apparent Tafel slope
of the polarization curve for the H2 oxidation
equal to 0.13.
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FIGURE CAPTIONS

Figure 1. Block diagram of electronic interrupter and

associated equipment.

Figure 2. Special electrode designs.

Figure 3. Potential dependence on nature of electrolyte.

Figure 4. Dependence on addition of NiCl 2 to 1.0 M KCI.

Figure 5. Potential dependence on concentration of NaCl0 4.

Figure 6. Potential dependence on concentration of KCl.

Figure 7. Potential dependence on temperature in 1.0 M KCl.

Figure 8. Potential dependence on temperature in 1.0 M
NaClO 4.

Figure 9o Potential dependence on temperature in 0.5 M_

NiC1 2 •

Figure 10. Potential dependence on pH in 1.0 M KC1.

Figure 11. Comparison of polycrystalline and single crystal
nickel in 1.0 M KC1.
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Figure 2. Special electrode designs.
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