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THE SIMULTANEOUS DETERMINATION OF HYDRAZINE 
AND HYDROXYLAMINE 

AN ANALYTICAL APPLICATION OF CHRONOPOTENTlOMETRY 

Mixtures of hydrazine and hydroxylamine may be analyzed by anodic 
chronopotentiometry. Hydrazine gives a four-electron wave ( E ,  = 
+0.30 V us. S.C.E.) and hydroxylarnine produces a six-electron wave 
(El = +o.83 V us. S.C.E.) in 0.1 F sulfuric acid a t  a platinum anode. 
Mixtures having mole ratios as large as 50:r hydrazine:hydroxyl- 
amine and as small as I :so have been successfully analyzed. The 
accuracy is within f 5% for most cases. At high hydrazine concentra- 
tions nitrogen bubbles form a t  the electrode surface and block the 
approach of hydroxylamine leading to low hydroxylamine results. 
Chloride ion interferes and must be removed. 

THE ELECTRICAL VARIABLE AND THE FORM OF THE ISO- 
THERM FOR THE ADSORPTION OF ORGANIC COMPOUXDS 

AT ELECTRODES 

The criticisms of a recent paper made by FRUMKIS and DA~~ASKIS are 
discussed. 

J .  EEcctroanal. Chrm, 8 (1964) 93-98. 

THE REDUCTION AND OXIDATION OF VANADIUM I N  
ACIDIC AQUEOUS SULFATE SOLUTIONS AT MERCURY 

ELECTRODES 

The rates and mechanisms of electrolytic processes occurring a t  mer- 
cury electrodes in aqueous acidic sulfate solutions of vanadium in 
its various oxidation states have been studied by polarography, ab- 
sorption spectroscopy, and controlled-potential amperometry and 
chronocoulometry. The complex behavior observed is interpreted in 
terms of polynuclear species containing vanadium and undergoing 
slow transformation. Both vanadium(I1) and vanadium(II1) exist in 
three forms. each of which may be reduced to give hydrogen and a 
deprotonated species of vanadium; these reductions give rise to 
kinetic and induced currents the behavion of which are described 
in detail. 

Y. ISRAEL AND I.. MEITES. 
J .  Elrctvoanal. Chcm., 8 (1964) OQ-119. 



ELECTRODE PROCESSES FOLLOWED BY CHEMICAL REAC 
TIONS INVOLVING ELECTROACTI\'E SPECIES 

I. THE EFFECT OF ETHYLENEDIAMINETETRAACETATE ON THE POLARO- 
GRAPHIC REDUCTION WAVES OF HEXAQUOCHROMIUM(III) A N D  HEXAM- 

MINECHROMIUM(III) 

The effect of ethylenediaminetetraacetate (EDTA) on the one-electron 
reduction process of hexammincchromium(1II~ and hexaquochro- 
mium(II1) i t  the dropping mercury clectrode'has been invcstkated in 
acid media. In the presence of EDTA, chromium(I1) produced by the 
reduction reacts with EDTA to form a Cr(I1) -EDTr\ complex. As long 
as the potential is sufficiently positive, this complex is oxidized a t  the 
electrode, and a current dcpendcnt on the rate at  which chrornium(I1) 
combines with EDTA is observed. 

N. TANAKA AND K. EBATA. 
J .  Ekclvoanal. Chem.. 8 (1964) 120-126. 

ANODIC BEHAVIOR OF PLATINUM ELECTRODES I N  
OXYGEN-SATURATED ACID SOLUTIONS 

The anodic behavior of Pt electrodes in Orsaturated sulfuric acid 
solution is shown to be critically dependent on the treatment of the 
electrode. The open circuit potentials. I 48, 1.13 and 0.98 V, observed 
in purified solution, are related to the thermodynamic platinum-oxide 
potentials. The erratic behavior of Pt electrodes in non-purified solu- 
tions is also explained. 

The thermodynamic value of 1-23 V for the HtO-02 reaction was 
obtained when certain conditions were fulfilled. The Tafel (b) param- 
eter for the anodic oxygen evolution reaction was 0.113, and 
to = 2.5 x 10-10 A/cm2. Chemisorption of oxygen leads to  a dipole 
potential of 0.98 V. An oxide film is produced by anodic oxidation. 
This was confirmed by an optical method (thin film ellipsometer) which 
showed that the growth of a film commences only above I V. 

Cathodic transient technique was used t o  measure the oxygen 
coverage (Q) of the Pt  electrode as a function of the applied potentio- 
static voltage (V).  A linear relationship between Q and b' was found. 
This relationship. Q = f(V), is explained on the basis of a modified 
Cabrera-hfott model. The evidence suggests that growth takes place on 
certain sites of the first layer only. 

W. VISSCHER AND M. A. V. DEVANATAAN, 
J .  Elcclroaual. Chcm., 8 (1964) 127-138. 

POTENTIOMETRIC ACID-BASE TITRATIONS IN MOLTEN 
SALTS 

THE APPLICATION OF THE PRINCIPLE OP BIMETALLIC ELECTRODES FOR 
THE DETERMINATION OF EQUIVALENCE POINTS 

Silver, nickel, copper, iron and tungsten were successfully applied as 
indicator electrodes in the titration of the acid ICeCreOp in molten 
KNOs at  350". With all electrodes sharp potential drops were recorded 
a t  the theoretically calculated equivalence points. Because of differ- 
ences in Eo potentials (as oxygen electrodes), the measurement of 
potential differences between any two indicator electrodes allowed 
the determjnation of equivalence points. In this type of titration no 
reference electrode is needed. 

Bimetallic combinations weie equally suitable for the determination 
of equivalence points of acids neutralizing in more than one step, c.g.. 
NaPOs and NaHzP04 

A. M. SHAMS EL DIN AND A. A. EL H ~ A R Y .  
J .  Elcctroanal. Chem., 8 (1964) 13~144 .  



THE CHRONOWTENTIOMETRIC OXIDATION OF 
OXALIC ACID AND OXALATE IONS AT PALLADIUM ANODES 

An investigation of the anodic chronopotentiometry of oxalic acid 
and the oxalate anions indicates that the oxidation of these species 
is not inhibited by coverage of the palladium anode surface with a 
film of PdO, in contrast t o  behavior reported else\\-here for platinum 
anodes. An oxidation mechanism which accounts for the observed 
behavior is suggested, and quantitative studies indicate that the 
oxidation is diffusion-controlled a t  pH 2.45. although subject to slight 
but significant kinetic hindrance at  pH 7.1. 

T. R. BLACKBURN A N D  P. C. CAMPBELL, 
J. Elcctroanal. Chem., 8 (1964) 145-150. 

REVIEW 

APPLICATION OF ELECTROS PARAMAGNETIC 
RESONANCE TECHNIQUES IN ELECTROCHEMISTRY 

ANODIC OXIDATION OF $-YETHOXYPHENOL 

D. HAWLEY AND R. N. ADAMS. 
J. Elccfroanal. Chcm., 8 (rg6q) 163-166. 

THE EFFECTIVENESS OF iR COMPENSATION IN CONTROL- 
LED-POTENTIAL POLAROGRAPHY 

(Short Communual ion) 

L. NEMEC. 
J.  Eleclroanal. Chem.. 8 (1964) 16f3-170. 
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T H E  S I M U L T A N E O U S  D E T E R M I N A T I O N  O F  H Y D R A Z I N E  A N D  
H Y D R O X Y  L A M I N E  

AN ANALYTICAL APPLICATION OF CHRONOPOTENTIOMETRY 

MICHAEL D. MORRIS* AND JAMES J. LINGANE 

Dcpartmmt of Chemistry, Hawavd Uniucrsity. Cambridge. Mass.. 02138 (U.S.A.)  

(Received May fib. 1964) 

The analysis of mixtures of hydrazine and hydroxylamine is a problem for which no 
very satisfactory solution has been found in classical titrimetric analysis. The 
available titrimetric methods are either cumbersome or depend upon indirect proce- 
dures which are insensitive to minor amounts of one or other of the constituents. 

SANT~ p~oposed an indirect ferricyanide titration which is simple and rapid, but 
which is useful only when no more than a three-fold excess of either constituent is 
present. The method of LANG~, titration of hydrazine with iodate, followed by 
titration of hydroxylamine with ferric iron is lengthy. Furthermore, hydroxylamine 
interferes when present above a concentration of 7 mF. In the presence of excess 
bromate, hydrazine is oxidized to nitrogen and hydroxylamine to nitrates. The un- 
reacted bromate is determined in one aliquot and the nitrogen evolved is measured in 
another. The procedure is laborious and insensitive to small amounts of hydroxyl- 
amine. 

G L E V ~  proposed a method which is sensitive to small amounts of either hydrazine 
or hydroxylamine. The hydroxylamine present is reduced to ammonium ion with 
excess titanous chloride. The excess titanous ion is titrated with fenic ammonium 
sulfate to a thiocyanate end point. The solution is neutralized and hydrazine is 
titrated with iodine. This is the most satisfactory of the classical methods. 

The chronopotentiometric technique described in this paper overcomes some of the 
limitations of the older methods and petmits the measurement of as little as 2% 

hydrazine in the presence of 98% hydroxylamine, and 2% hydroxylamine in the pre- 
sence of 98% hydrazine. In 0.1 F sulfuric acid hydrazine produces a four- 
electron wave (E* = fo.36 V us. S.C.E.) resulting from oxidation to nitrogen. Hydrox- 
ylamine produces a six-electron wave (E* = +0.83 V us. S.C.E. )  due to oxidation to 
nitrate. The present method exploits the non-linearity of theconcentration-transition 
time relationship to attain increased sensitivity to the less easily oxidizable com- 
ponent, hydroxylamine. 

BARDS reported the chronopotentiometric behavior of hydrazine in 1.44 M sulfuric 

Present address: Department of Chemistry, The Pennsylvania State University. University 
Park. Pennsylvania (U.S.A.) 

J .  Electvoanal. Chcm., 8 (1964) 85-92 
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acid. He found that the quantity ioTt/C, a constant for diffusion-controlled reactions 
under chronopotentiometric conditions, increases linearly with current density in the 
case of hydrazine. BARD suggested that the inconstancy may be due either to the 
disproportionation of the oxidation intermediates to yield ammonia, resulting in 
decreasing current efficiency for the hydrazine to nitrogen reaction as the electrolysis 
proceeds, or to the surface-catalyzed disproportionation of hydrazine before and 
during the electrolysis. Either complication would result in io~f /C decreasing with 
decreasing current density. 

DAVIS~ studied the chronopotentiometry of hydroxylamine on a platinum anode. 
He observed a single anodic wave in acid solutions, the transition time of which 
corresponds to a sixelectron oxidation to nitrate. As the pH of the solution is in- 
creased, multiple waves appear and the total transition time becomes shorter. This 
implies oxidation to some lower oxidation state, but the exact mechanism and the 
nature of the products remain uncertain. In any medium the oxidation is inhibited on 
an oxidized electrode. 

PRISCIPLES OF THE CHRONOPOTENTIOMETRIC ANALYSIS OF MIXTURES 

The chronopotentiometric analysis of mixtures was first employed by JWLIARD AND 

GIERST' for the determination of cadmium and zinc. Although the method is rapid 
and simple, it has been little used since then. The present paper appears to be the first 
published example of the analysis of a mixture by anodic chronopotentiometry. 

If the current density is held constant and linear diffusion is the sole mode of trans- 
port of the electroactive substance to the electrode, then for the oxidation of a single 
substance, the well-known Sand equation (I) is obeyed. 

where i o  is the current density, t the transition time, C the bulk concentration of the 
electroactive substance, D its diffusion coefficient, n the number of electrons in the 
electrode reaction and F the Faraday constant. 

If the solution contains two electroactive substances with sufficiently different 
oxidation potentials, a wave with two inflections is obtained. In general, the poten- 
tials must be a t  least 0.1 V apart for two clearly developed waves to be visible. RER- 
ZINS AND DELAHAY~ have shown that for this case the Sand equation holds for the 
first transition time (corresponding to the reaction of the more easily oxidized 
substance) while eqn. (2) relates the second transition time to the concentration of the 
less easily oxidizable substance. 

The subscripts I and 2 refer to the first and second waves and to the substances 
causing them. The second transition time is measured from the first; tl + r2 is the 
transition time for the entire wave. 

Equation (2) shows that t2 depends upon both CI and C2. In fact, re is always longer 
than the transition time for substance 2 alone under the same conditions. In the case 

J. Elcctroanal. Chem., 8 (1964) 85-92 



of hydrazine (nl = 4) and hydroxylamine (a2 = 6) the second wave is substantially 
enhanced. If, as is approximately true, hydrazine and hydroxylamine have equal 
diffusion coefficients, the second transition time (hydroxylamine oxidation) for an 
equimolar mixture of hydrazine and hydroxylamine should be 84% of the total. 
When a fifty-fold excess of hydrazine is present, the hydroxylamine wave should still 
be almost 6% of the total. 

t 3 SEC 

Fig. r .  Anodic chronopotentiomctry of hydrazine-hydroxylamine solutions at a platinum 
electrode, 0.1 F sulfuric acid solution. 

This enhancement is demonstrated by Fig. I, which shows chronopotentiograms for 
various mixtures of hydrazine and hydroxylamine in 0.1 F sulfuric acid. The current 
densities were chosen to make the waves of convenient length for graphical presenta- 
tion and otherwise bear no special relationship to one another. Curve 3 of this figure, 
for example, shows the behavior of approximately equimolar quantities of hydrazine 
and hydroxylamine. When, as in curve I ,  the hydroxylamine concentration is only 
five times the hydrazine concentration, the hydrazine wave (E* = +0.36 V us. S.C.E.) 
is barely detectable with a recording potentiometer when the total transition time is 
below 30 sec. When, as in curve 5 ,  a fifty-fold excess of hydrazine over hydroxylamine 
is present, the hydroxylamine wave is still clearly visible. 

J .  El~ciroanal. Chcm.. 8 (1964) 85-92 
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CORRECTION FOR ELECTRODE OXIDATION IN MULTI-STEP CHRONOPOTENTIOMETRIC 

PROCESSES 

In anodic chronopotentiometry observed transition times deviate more or less from 
the Sand equation (or the analogous equations for geometries other than linear) and 
are longer than predicted. LINGANE~ pointed out that the discrepancy is due mainly 
to electrode oxidation and he demonstrated that the observed current density could 
be corrected for this effect by the empirical relation 

where i- is the current density corrected for the oxide formation and Qo, is the 
amount of oxide film fonned on the electrode when it is polarized to the transition 
potential. The current density to be used in the Sand equation or other appropriate 
current-transition time function is i-, that is 

If the experimental data are treated according to eqn. (4) or its analogue for other 
geometries, good agreement is obtained. 

BARD~O extended this approach to include the effect of double-layer charging and 
adsorption as well as the effect of electrode oxidation. BARD prefers to plot iot against 
r+, since the effect of double-layer charging, electrode oxidation and adsorption may 
be represented by 

n n * ~ *  FCT* 
ior = + B (5) 

2 

where 

C d l  is the average double-layer capacity in the voltage interval A E  of the chrono- 
potentiogram and r is the amount of electroactive species adsorbed on the electrode. 
The slope of the linear i o t  vs. z) plot is just the right-hand side of eqn. (4). I t  is obvious 
that the corrections of BARD AND LINGANE are equivalent. 

The approach of LINGANE AND BARD may be extended to the oxidation or reduction 
of two-component mixtures. We shall consider the contributions due to electrode 
filming and double-layer charging. The arguments can easily be extended to mixtures 
containing a greater number of components or to other complicating processes. 

Equations (3) and ( 5 )  are deduced from the assumptions that the fractions of the 
current resulting from electrode oxidation, double-layer charging and the diffusion- 
controlled oxidation remain unchanged during the electrolysis. We retain these 
assumptions with the modification that the total of thecontributions of bothdiffusion- 
controlled electrode reaction is a constant fraction of the observed current density. 

For the successive oxidation of two substances, denoted here by subscripts I and 2, 

the transition time in the absence of complications is related to the observed current 
density by eqn. (2). From this equation and from the assumption of constant contri- 
butions to the observed current density from the combined diffusion-controlled 



electrode processes, electrode filming and double-layer charging, we may write, 
after  BARD^^ 

Equation (7) may be rearranged into the form proposed by LINGANE~ or the form 
suggested by BARD'O. Letting B = CadE + Qox, we may write 

or an equivalent formulation 

B is a function of the transition potential, since Gal, AE, and Q,, are all dependent 
upon the electrode potential. B may be obtained as the intercept of an appropriate 
ioz US. r* plot. Since B depends upon transition potential, we designate the correc- 
tions made to the first portion of the wave and to the total wave by BI and B2. 

The concentration of the less easily oxidizable substance may be obtained from 
chronopotentiometric data via eqn. (10) below, which is obtained by combining 
eqns. (4) and (8). The same information may be obtained from the slopes of ioz vs. 
zf plots for the first transition time and the total transition time. 

Independent confirmation of the validity of this correction for oxide filming to mul- 
tiple waves is presented elsewherel2. 

EXPERIMENTAL PROCEDURE 

H ydroxylamine sulfate (Eastman, White Label) and hydrazine sulfate (Fisher, 
Reagent-grade), recrystallized from 80% ethanol were used as hydrazine and hydroxyl- 
amine sources. Eastman White Label hydroquinone was used without further puri- 
fication. Stock solutions of hydroxylamine sulfate and hydrazine sulfate were de- 
aerated with nitrogen and stored under nitrogen. Solutions stored in this way showed 
a change of titer of less than 0.3% per month. 

The constancy of the titer of hydrazine solutions was checked against potassium 
iodate's. Hydroxylamine titer was checked by oxidation with ferric ammonium 
sulfate according to BRAY et aZ.14. The ferrous ion generated was titrated with stand- 
ard potassium dichromate. 

The current supply and electrolysis cell have h e n  described in a previous cornmuni- 
cation's. The auxiliary cathode, a piece of platinum wire or foil, was isolated from the 
working electrode by a sintered-glass disc. The nylon-shielded working electrode had 
an area of 0.201 0.002 cm2. In later experiments the nylon plug was replaced with 
a Teflon plug of the same design. Since some distortion of Teflon occurs when it is 
under pressure, the area of the Teflon-shielded electrode was determined empiricalIy 

J .  Elcclrwnal. Chcm., 8 (1964) 85-92 
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by measurement of transition times for the reduction of solutions of ferric chloride in 
I F hydrochloric acid and thallous sulfate in 0.25 F potassium sulfate. By this method 
the area was found to be 0.145 f o.oor cm2. 

The saturated calomel reference electrode was located in a separate compartment 
behind a cracked-glass seal. All potentials in this paper are quoted relative to the 
S.C.E. 

For most experiments, air stirring, effected manually with a rubber bulb, was used 
instead of nitrogen stimng. All measurements were made at 25.0 & 0.1". 

Complete potential-time curves were recorded with a Sargent Model MR recorder, 
whose full-scale response time was less than one second. Transition times were 
measured directly from the recordings. The currents were adjusted to give transition 
times in the range 2-30 sec. Currents were corrected for electrode oxidation by means 
of eqn. (8). The corrections were applied to  the currents in the measurement of TI + t 2  

only. The hydrazine transition time occurs at a potential below that a t  which signi- 
ficant electrode oxidation occurs. 

Solutions containing from 0.2 mF to 50 mF hydroxylamine and hydrazine and 
0.1 F sulfuric acid were prepared from the stock solutions. Transition times were 
measured over a two to three-fold range of current densities and concentrations were 
found &a eqns. (I) and (10) with B1 taken to be zero. The chronopotentiornetric 
constants, i.e., nl n*Dl*F/z and n2ntD2*F/z were evaluated experimentally from 
transition time measurements on hydrazine and hydroxylamine solutions. The 
chronopotentiornetric constant for hydrazine oxidation was found to  be I141 & 28 
A sect cmlmol from measurements of the first transition time of a solution 1.015 m F 
in hydrazine and 9.98 m F  in hydroxylamine. The chronopotentiometric constant for 
hydroxylamine was found to be 1709 + 38 A sect cm/mole from measurements of 
the transition times of a solution 4.95 m F  in hydroxylamine. The complete data for 
this and all other chronopotentiometric data summarized in this paper are presented 
elsewherel2. In all experiments the electrode was anodized to oxygen evolution and 
then cathodized to hydrogen evolution before the measurement of a chronopotentio- 
gram. This pre-treatment results in the formation of finely divided platinum on the 
platinum surface. Electrodes not pre-treated in this fashion gave results which were 
not reproducible. 

CHRONOPOTENTIOMETRY OF HYDRAZINE-HYDROXYLAMINE MIXTURES I S  0.1 F 
SULFURIC ACID 

Typical analytical results are given in Table I. Each entry in this table is derived 
from two measurements at each of three or more current densities. 

In general, the amounts of hydrazine and hydroxylamine found are within a few 
percent of the amounts taken. Thus the strength of the chronopotentiometric method 
lies in the analysis of mixtures of hydrazine and hydroxylamine in which the mole ratio 
of the two substances is far from unity. For nearly equimolar mixtures of hydrazine 
and hydroxylamine the classical methods offer superior accuracy and precision. 
However, since the chronopotentiometric method is much faster and simpler than 
any of the published titrimetric methods it may be used to advantage for rough 
estimates of hydrazine and hydroxylamine concentrations even in situations where 
titrimetry offers higher accuracy. 

At hydrazine concentrations well below 0.5 mF, the hydrazine wave is too poorly 

J .  Eleclroartd. Cbcm., 8 (I*+) 85-5)~ 



CHRONOPOTENTIOMETRY OF HYDRAZINE-HYDROXYLAMINE MIXTURES 9I 

developed to permit its use for analytical purposes. When more than 50 m F  hydroxyl- 
amine is present, the wave for I m F  hydrazine is poorly developed. At hydroxylarnine 
concentrations above zoo m F  the hydrazine wave is not observed. This phenomenon 
is quite unusual, and its cause is unknown. 

When the hydrazine concentration is 5 m F  or more, low results are obtained for 
hydroxylamine. Very probably this stems from the decrease of the electrode area by 
adherent bubbles of nitrogen which are produced in the prior oxidation of hydrazine. 
Although the equilibrium solubility of nitrogen in the electrolysis solution is about 
0.5 mF, bubble formation is not observed until the extant nitrogen concentration is 
much higher, because of supersaturation. 

TABLE 1 

THE CHRONOWTENTIOMETRIC ANALYSIS OF MIXWRES OF HYDRAZlNE AND HYDROXYLAMINE 

Taken (mmoles/l) Found (mwles/l)  Error (% relative) 

NZHI ArH@H NzHa NHIOH N I H I  NHIOH 

r.020 f 0.036 
2.00 f 0.19 
4 . 2 1  & 0 . 1 1  
0 . 1 9 1  & 0.036 
0 . 8 7 8  f 0.33 
0 . 2 0 2  & 0 . 0 3 2  
5 .14  & 0 . 1 6  
9 . 6 2  & 0 . 2 5  
1 0 . 0 8  f 0 . 1 0  

not sought 

Inspection of Table I shows that the error does not depend on the ratio of the bulk 
concentrations of hydrazine and hydroxylamine, but upon the absolute magnitude 
of the hydrazine concentration. This rules out kinetic interactions as the source of the 
error. The prior oxidation of a substance which does not produce gas bubbles, 
hydroquinone, does not lead to an error in the apparent amount of hydroxylamine 
found regardless of the absolute amounts of hydroquinone and hydroxylamine 
presentlz. Removal of nitrogen by saturation of the hydrazine-hydroxylamine 
solutions with carbon dioxide does not change the results. 

The precision of the hydroxylamine measurements in the solution containing 10.15 
m F  hydrazine and 0.199 m F  hydroxylamine, a mole ratio of 50:~ .  is sufficiently poor 
(f 16% relative), that it is impossible to attach much significance to the fact that the 
amount of hydroxylamine found happens to coincide with the amount of hydroxyl- 
amine taken to well within experimental error. I t  is a sufficient testimony to the value 
of the chronopotentiometric method that it is able to detect a two percent component 
in a mixture of compounds as chemically similar and as close in molecular weight as 
hydrazine and hydroxylamine. 

Chloride interferes in this analysis. In a solution containing approximately I 10-3 

F each hydrazine and hydroxylamine, 2 m F  potassium chloride and 0.1 F sulfuric 
acid, the quantity ion* decreases from 1528 to 1130 A sec*/crnz as the current is 
decreased from 189 pA to 31.5 pA. Some decrease of i n *  is usually observed, but the 
magnitude is approximately 1o-15% over this range of currents in solutions contain- 

J .  Electrdanal. Cbem., 8 (1964) 85-92 
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ing no chloride ion, as compared to over 30% in the presence of chloride. KARP AND 

M E I T E S ~ ~  studying the anodic behavior of hydrazine suggest that the side reactions of 
N2H2, the first oxidation product of hydrazine, leading to the production of ammo- 
nium ion are catalyzed by chloride ion. If these side reactions are slower than the 
anodic oxidation of NeH2, their importance wiU increase as the current density 
decreases, thus accounting for the observed behavior. The length of the total wave, 
moreover, is much shorter than that found in chloride-free solutions of the same 
hydrazine and hydroxylamine concentrations. 

Furthermore, we observe that no hydroxylamine wave at  all is found in solutions 
0.2 F in hydrochloric acid, indicating that the chloride ion has an inhibiting effect on 
the oxidation of hydroxylamine. We have not investigated the phenomenon exten- 
sively and cannot say whether the inhibition is due to the formation of an oxychloride 
film17 on the electrode or to some chemical inhibiting action of chloride ion upon the 
intermediates of hydroxylarnine oxidation. 
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SUMMARY 

Mixtures of hydrazine and hydroxylarnine may be analyzed by anodic chrono- 
potentiometry. Hydrazine gives a four-electron wave (E* = +0.36 V vs. S.C.E.) and 
hydroxylamine produces a six-electron wave (Et  = +0.83 V us. S.C.E.) in 0.1 F 
sulfuric acid at a platinum anode. Mixtures having mole ratios as large as 50: I hydra- 
zine: hydroxylamine and as small as I : 50 have been successfully analyzed. The accura- 
cy is within &-Oh for most cases. At high hydrazine concentrations nitrogen bubbles 
form at the electrode surface and block the approach of hydroxylamine leading to low 
hydroxylamine results. Chloride ion interferes and must be removed. 
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In a recent paper1 adsorption at  electrodes and its dependence upon the electrical 
state of the interphase was discussed. The suggestion was made that it might be 
useful to consider two limiting forms of adsorption isotherm based on Langmuir's 
isotherm and on a two-dimensional hard sphere equation of state (HFL) and further 
that the charge should be taken as the primary electrical variable. These suggestions 
have been criticized by FRUMKIN~ and by DAMASKINS. 

I. THE ADSORPTION ISOTHERM 

FRUMKIN~ has demonstrated clearly that the adsorption of a solute in an ideal solu- 
tion with a solvent having molecules of the same size is accurately described by 
Langmuir's equation. It  must then be considered to what extent a real system can 
be described by the modification of Langmuir's equation introduced by FRUMKIN* 
in 1925. A method by which this may be assessed has already been describedl. This 
involves the plotting of the change in reciprocal capacity resulting from adsorption, 
as  a function of the logarithm of the bulk activity of the adsorbate at  constant charge. 
This test is valid for systems where the free energy of adsorption is linear in the charge 
but a similar test was described for system where it is quadratic in the charge. Equi- 
valent plots can be made, if the potential is assumed to be the primary electrical 
variable. I t  has been demonstrated' that asymmetric plots are obtained for some 
systems, whereas the Langrnuir equation and the Frumkin modification predict sym- 
metrical plots. Hence i t  is necessary to consider in what respect this modification of 
Langmuir's equation is inadequate. I t  was originally proposed as a useful way of in- 
troducing into Langmuir's equation an expression for the interaction between adsorbed 
particles which would be correct to a first approximation. However, as FRUMKIN'S 
remarks show, it is likely to be correct only for a system in which the particles of 
solute and solvent are of equal size. Deviations as a result of the charge in size ratio 
can be taken up by the interaction coefficient only as far as the second virial coeffi- 
cient; the higher terms are of great importance for the region of surface coverage 
accessible to experiment. 

For a solution in which the solute molecules occupy r times the surface area occu- 
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pied by the solvent molecules, a simple lattice model (cf. ref. 5 )  leads to the isotherm 
for non-interacting particles: 

where 0 is still defined as I'lI', where I', is the saturation value of the surface concen- 
tration, I', of the solute. Thus a more general isotherm allowing for interaction is 

It  is easy to show that for this isotherm 28/2 In B has a maximum when 0 = (I + YY) -1. 
Thus this isotherm allows the possibility of an asymmetric curve of the change of 
reciprocal capacity against log a. Further the asymmetry should increase as the solute 
particle size increases. There is as yet insufficient experimental evidence to confirm 
the existence of this effect. 

The disadvantage of eqn. (2) is that it contains one more adjustable parameter than 
the isotherms previously suggested. Nevertheless, if the values of the parameters 16, 
r and A can be obtained by a combination of the methods previously described, it 
seems Likely that their physical interpretation should be more meaningful. In particu- 
lar there should be a close parallel between I', and r in a given solvent. At the same 
time the interpretation of r does not appear to be simple in terms of molecular size. 
I t  has already been shown' that thiourea adsorbed on mercury in aqueous KNOs 
solution gives symmetrical reciprocal capacity - log concentration curves. Similarly 
DAMASKIX'S data on M.-amyl alcohol seem to give symmetrical peaks when analysed 
by the methods of ref. I. (This confirms that DAMASKIN is correct in using FRUMKIN'S 
isotherm for this system.) The molecular area of thiourea on a mercury surface is 
probably about 29 At, while that of tcrt. amyl alcohol is somewhat larger. DAMASKIN'S 
data give a limiting slope corresponding to 45 A2. The area of a water molecule is 
probably about 6 A2 SO that one would expect to find r values of 5 7  for these systems 
and hence very asymmetric curves. This discrepancy between the simple theory and 
experiment may mean that the former is inadequate or it could mean that the water 
molecules on the surface are not independent, but are sufficiently strongly linked in 
small clusters of an area of the order of 30 or 40 Az. The latter suggestion receives 
some support from the fact that the peak in the benzene disulphonate curve (Fig. 8 
of ref. I) occurs close to 8 z 113, which corresponds to r = 4. The experimental area 
for this ion6 was found to be 125 A2 or about four times the area of the thiourea 
molecule. 

It  might be expected that the HFL equation would provide a limiting isotherm for 
the case when the solvent molecule is large in comparison with the solute molecule. 
This however, is not in agreement with the Florey-Huggins model (eqn. I) which 
leads to a value for the reduced nth virial coefficient of r/n to be compared with 
a value of n from the HFL equation. Thus the question remains open as to which 
equation provides the more accurate limiting isotherm for this case. 

2. THE ELECTRICAL VARIABLE 

I t  is not easy to provide unequivocal reasons for the choice of the electrical variable, 
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nor is conclusive experimental evidence available. F ~ r . 1 1 ~ 1 ~ ~  originally suggested the 
equation 

as the simplest assumption. He showed that this equation, together wit11 the isotherm 
(2) with r = I could be fitted to experimental results on tcrt. amyl alcohol if A and the 
saturation area were allowed some variation with potential and coverage respectively. 
This Ins been confirmetl by DAMASKIS using capacity measurements. 

Nore recently, DAMASK IS^ has attempted to sllour that the use of a constant q 
isotherm for this system leatls to  an unreasonable variation o f  the interaction constant, 
-4, with charge. However, this conclusion is baseti on the assumption that eqn. (3) is 
exact; in other words that a constant E isotherm is obeyed. This argument could be 
inverted by assuming initially that a constant q isotherm was obeyed and fitting the 0 
value obtained to a constant E expression. I'resumably similar anomalies mould 
result. I t  seems therefore essential that a comparison should be carried out as far as 
possible without making any non-thermodynaniic assumptions in the derivation o f  
the data from experiment. This can be done by calculating surface pressure curves a t  
constant E (z = y b  - y) and at constant q(q5 = I b  - c). Figure I shours a compari- 
son of composite curves with composite 4 curves for the adsorption of n-butanol from 
aqueous 0.1 12f SaF. These are calculated from electrmapillary measrirements n~ade  

Fig. I .  ('omprmitc. surface prrssure curves calct~latcd from c.lrc.trwapillary data for thc adsorption 
of ~r-l~utanol from aqueous 0 . 1  .I1 IiI: .  Q is the surface prcssrrrc at  constant c h a ~ ~ c  (Q - E b  - $). 

a I S  the surface prcssurc. at constant potential (a = ; ) b  - 7). 

1 4. Elfrlroaizn/. Chrm.,  li (1964) 93 9s 
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by Dr. E. DUTKIEWITZ in this laboratory. Similar results may be obtained from 
Damaskin's capacity measurements for the adsorption of ht.-amyl alcohol. I t  is 
evident that there is very little difference between these two plots, so that this method 
of analysis does not permit a distinction between the two electrical variables. 

A more conclusive result is obtained by a comparison of these results with those 
obtained by KRYUKOVA AND FRUMKIN~ for the same alcohol in aqueous 3 N KC1. In 
Fig. 2 the lowering of interfacial tension is plotted against the potential for both 

Fig. 2. Surface pressure (2) at constant potential plotted as a function of potential for three 
concns. of n-butanol. o. base solution: 0.1 M K F ;  A ,  base solution: 3 M KCL. 

systems. I t  is evident that these curves are approximately symmetrical for the 
measurements in NaF whereas in KC1 the anodic branch is very much steeper than 
the cathodic branch. (Surface pressures are higher in 3 N KC1 for the same concentra- 
tion of butanol owing to the effect of the salt on the activity coefficient of the butanol). 
This is due to the specific adsorption of the chloride ion which causes a marked rise in 
the capacity of the electrode on the anodic branch, i.e., a more rapid change of the 
charge with the potential. If, on the other hand, the results are plotted as a lowering 
of as a function of q as in Fig. 3, the shape of the curves is essentially unchanged when 
the base electrolyte is changed. This suggests strongly that the charge is the more 
satisfactory electrical variable. 

From the theoretical point of view, DAMASKINS suggests that the field in the inner 
layer is not constant at constant charge. This is certainly correct if one considers the 
total field. However, i t  seems reasonable to adopt a simple model in which the rnole- 
cules of solvent and solute interact with the constant field qnq due to the electrode 
producing a dipolar field 4 nEnip which is superimposed on it. The energy of the 
adsorbed molecule can then be obtained as the sum of the electrode-molecule inter- 
action and the intermolecular interaction. The alternative of focussing attention on 
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the total average potential drop across the inner layer suffers from the disadvantage 
that the total average field is constant only when the thickness of the inner layer is 
constant. Further, a t  constant E, the quantity which is held constant includes contri- 
butions from both electrode-molecule interactions and intermolecular interactions; 
thus only part of the latter must be included in the interaction A of the adsorption 
isotherm. The experimental findings, shown in Fig. I, that the shape of the isotherm 
does not depend on the choice of the electrical variable is probably due to the fact 
that the adsorbate in this example has its non-polar part in the inner layer. I t  should 
alsobe noted that at constant E the potential across the diffuse layer changes with the 
amount of neutral substance adsorbed; correction for this should be made even in I M 
solutions. 

Fig. 3. Surface pressure (4) at constant charge plotted as a function of charge for three concns. of 
n-butanol. 0, basesolution: 0.1 M ICF; A,basesolution: 3 hf KCl. 

I t  has already been mentioned in ref. I that adsorption from the gas phase is always 
studied at constant charge on the adsorbent and not at  constant potential, even 
though double layers are frequently formed in such systems. It  is also relevant to 
recall the important correlation pointed out by FRUMKIN~ between adsorption at  the 
air-water interface and at the uncharged mercury-water interface. This correlation 
could only be obtained by using the correct, constant charge, isotherm for both inter- 
faces. 

The fact that the determination of the charge of a solid metal is at  present in- 
accurate does not support the argument that the potential is the correct electrical 
variable, but only the fact that it is more convenient to use. 
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SUMMARY 

The criticisms of a recent paper' made by F R U M K I N ~  and DAMASKINS are discussed. 
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The polarographic characteristics of vanadium in its various oxidation states in acidic 
aqueous media free from strong complexing agents have been investigated by many 
authors'-4. I t  is generally agreed that, at  least in strongly acidic media, the standard 
heterogeneous electron-transfer rate constant for the vanadium(II1)-(11) couple is 
so ~ ~ ~ ~ - R A N D L E S  AND SOMERTON~ give its value as 4 - I O - ~  cm/sec in I F 
perchloric acid-that the couple behaves reversibly at mercuty electrodes. There is 
much evidence for the existence of appreciable concentrations of hydroxovanadium- 
(111) complexes a t  higher pH values3.6-8, but there is no known complication in the 
behavior of the couple if the pH does not exceed about I. 

The vanadium(1V)-(111) couple, however, despite its potentiometric reversibilitp, 
involves a large activation energy, and poterltials sufficiently negative to bring about 
the reduction of vanadium(1V) at a polarographically detectable rate therefore cause 
the reduction to proceed all the way to vanadium(I1). Vanadium(V) gives a wave 
rising from zero applied e.m.f., which reflects reduction to vanadium(IV), and also 
gives a second wave at more negative potentials, which is identical with the single 
wave obtained with vanadium(1V). 

Despite this apparent simplicity, MEITES AND M O R O S ~ ~  found that the controlled- 
potential electrolytic reduction of vanadium(1V) in an acidic supporting electlolyte 
consumed much more than the expected quantity of electricity for reductiorl to 
vanadium(II), even after correction for a large current that was produced by the 
presence of the vanadium(I1). This was the first example of the existence of the induc- 
ed quantity of electricity, of which several other cases have since been foundll.12. 

This investigation was originally directed toward a detailed elucidation of the kinetic 
and induced currents that accompany the reduction of vanadium(1V) tovanadium(I1). 
I t  was found, however, that all four of the oxidation states of vanadium behave in 
fashions considerably more complex than the literature indicated, and a detailed re- 
investigation of the subject was therefore undertaken. 

This paper is based on a thesis submitted by YECHESKEL ISRAEL to the Faculty of the Poly- 
technic Institute of Brooklyn in partial fulfillment of the r uirements for the Ph.D. degree in 
June. 1964. "9 

I'resent address: Israel Mining Industries Laboraories, P.O. Box 313. Haifa. Israel. 
** To whom correspondence and requests for reprints should be addressed. 
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EXPERIMENTAL 

Polarograms were obtained with a conventional pen-and-ink recording instrument. 
The precautions used in obtaining them, and the manner in which electron-transfer 
kinetic parameters were obtained from them, have been described previouslyl3. Most 
polarograms were obtained in the controlled-potential electrolysis cell, but a few 
(especially of vanadium(V)) were obtained in a modified H-celll4. 

The potentiostat and integrator were obtained from Analytical Instruments, Inc., 
Wolcott, Conn. The integrator had previously been equipped with a 10-rnA rangela; 
in the course of the present work, provision was added for the injection of a small d.c. 
bias voltage at  the chopper input to overcome the decrease of sensitivity that had 
previouslyls~l~ been observed at  input currents small compared to the rated maximum 
for the input resistor in use. The voltage required for this purpose is independent of 
the range being used, and could be selected by straightforward comparisonof the 
integrator readings with the quantities of electricity represented by the flow of steady 
input currents for accurately measured intervals. Appropriate adjustment of the bias 
voltage resulted in a sensitivity that was the same, within better than 0.1% over a 
1000-fold range of input currents on each of the four ranges of the instrument. 

Vanadium(I1) is very sensitive to air-oxidation, and some of the electrolyses had 
to be so prolonged that it was necessary.to construct a modified double-diaphragm 
controlled-potential electrolysis cell designed to exclude atmospheric oxygen as com- 
pletely as possible. The working-electrode compartment was fabricated from the male 
member of a ST 71/60 ground joint. I t  was fittedwith a sintered-glass gas-dispersion 
cylinder for rapid de-aeration, and with a 3-way stopcock having a Teflon plug. The 
stopcock served for draining the mercury from the cell, and also for making electrical 
connection to the potentiostat via a platinum or tantalum wire dipping into the mer- 
cury column extending through the Teflon plug and into a vertical tube. This served 
to eliminate any possible contact between the solution and the wire leading to the 
potentiostat, where the rates of electron-transfer processes might differ from those 
at  the mercury surface. In use, this compartment was sealed with a cap made from 
the female member of the joint, a Teflon sleeve being used to achieve a tight grease- 
free seal. One hole in this cap was fitted with a Teflon bearing machined to fit the 
rod of the propeller-type stirrer as closely as possible; another carried a glass tube, 
extending to just above the surface of the solution, which usually served for the escape 
of nitrogen through a water trap, but which was also used to pass nitrogen over the 
surface of the solution while a polarogram was beingrecorded; and athird, terminating 
above the cell in the male member of a ST 19/38 joint, was usually capped with the sealed 
female member of the joint and a Teflon sleeve, but could also be used for the addition 
of a sample, for the insertion of a dropping electrode, or for the withdrawal of part of 
the solution into an absorption cell. The essential features of this cell are shown in 
Fig. I. The area of the working electrode was always 40 em2 in the experiments de- 
scribed in this paper. 

A silver-silver chloride electrode, of the type previously described19 was employed 
and is also shown in Fig. I. The presence of chloride ion in the solutions being electro- 
lyzed was found to be undesirable, and saturated potassium bisulfate was therefore 
used in the bridge compartment of this electrode. This solution was always placed in 
the bridge just before an electrolysis was begun, and discarded as soon as it was com- 
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pleted. The solution in the electrode compartment was saturated with both potassium 
chloride and potassium bisulfate and contained an excess of each. Between electrolyses 
it was stored in contact with a similar solution. The potentials of such electrodes were 
checked repeatedly against both saturated calomel and ordinary (bisulfate-free) 
silver-silver chloride electrodes, and were found to be -58.5 & 1.0 mV vs. S.C.E. 
All potentials are referred to the customary saturated calomel electrode. 

Tenon bearing 
\ 

Fig. I .  Cell and reference electrode for controlled-potential electrolysis. 

In all polarographic and electrolytic work, the cell employed was immersed in a 
water thermostat maintained a t  25.00 f 0.05". De-aeration was effected by a stream 
of pre-purified nitrogen from which the last traces of oxygen were removed, and which 
was equilibrated with the supporting electrolyte, by passage through a gas-washing 
train that included several efficient scrubbers filled with a chromous solution and con- 
taining excess amalgamated zinc. 

Ammonium metavanadate was obtained in C.P. quality from two sources : the Fisher 
Scientific Co. and E. H. Sargent and Co. Nujol mulls of these materials gave infrared 
spectra that were essentially identical with each other and with the spectrum given 
by FREDERICKSON AND HANS EN^^, differing only in that the doublet at 94-30 cm-1 
was distorted for the Fisher reagent. X-ray powder diffraction patterns of these mate- 
rials were identical witheach other and with the data given on A.S.T.M. card no. 9-411. 
Ultraviolet spectra of freshly prepared solutions of the two reagents, in either I F 
perchloric or 3 F sulfuric acid, were identical. After the solutions in sulphuric acid 
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had been standing, however, the spectra became appreciably different, as shown by 
curves (b) and (c) of Fig. 2. This is probably due to the slow formation of a heteropoly 
sulfatovanadate(V) complex; it is not surprising that such a species should exist nor 
that it should form slowly*, but the difference in rate indicates that there is a dif- 
ference between the samples despite the evidence of their identity. Recrystallization 
of either material by the procedure of LINGANE AND MEITES~ had no discernible effect 

Wavelength tmw) 
Fig. 2. Ultraviolet spectra of solutions of ammonium metavanadate in 3 F sulfuric acid: (a), 
Fisher or Sargent reagcnt, freshly prepared; (b), Fisher reagent. 8 days old ; (c), Sargent, 8 daysold. 

on its behavior. The vanadium(V) solutions used in this work were prepared by prolong- 
ed boiling of a sample of ammonium metavanadate with a small excess of sodium 
hydroxide, followed by neutralization to pH 7 with sulfuric acid. They were standard- 
ized by the conventional sulfur dioxide-permanganate method. 

Vanadium(1V) was prepared in three ways: (i) by reducing a sodium metavanadate 
solution with sulfur dioxide in the presence of enough sulfuric acid to prevent precipi- 
tation, then expelling the excess sulfur dioxide and diluting to the desired composi- 
tion; (ii) by similarly reducing a suspension of ammonium metavanadate in sulfuric 
acid; (iii) by controlled-potential electro-reduction of vanadium(V) at about o V 
until a constant current was reached. Although the ionic state of vanadiurn(1V) in 
acidic solutions is always taken to be V0*+, Fig. 3 indicates that matters are not as 
simple as this: the ultraviolet spectrum varies significantly with the source of the 
vanadium (curves a and c) and with the acid employed (curve d). Evaporation almost 
to dryness during the removal of sulfur dioxide, followed by dissolution of the residue 
in 3 F sulfuric acid, appeared to yield solutions containing some of the vanadium in 
colloidal form (curve b), and these gave higher background currents in the controlled- 
potential experiments than any other solutions. 

Vanadium(I1) was prepared by the controlled-potential reduction of vanadium(1V) 
or (111). In 3 I; sulfuric acid its solutions gave three absorption bands, at  368 nyc 
(em.* = 2.3), 562 mp (&mrx = 4.5). and 852 mp (emax = 3.3). Almost identical visible 
spectra were obtained in I F perchloric acid, except that a shoulder replaced the max- 

BAUMGARTEN~~ found that polarograms of tungsten(V1) in phosphoric acid media continued 
to change even after six months. 



ELECTROLYTIC PROCESSES OF V AT MERCURY ELECTRODES 1°3 

imum at  368 mp. In the ultraviolet there was a shoulder at about 255 myr (E  = go), 
but the most prominent and important feature of the ultraviolet spectra was thedepend- 
ence of the absorptivities throughout the ultraviolet on the length of time for which 
the solution had been electrolyzed. A solution prepared by controlled-potential elec- 
trolysis for 11,ooo sec at  -0.9 V gave absorptivities about 10% lower than one pre- 
pared by electrolysis for only 4000 sec. This was not due to any difference in the total 
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Fig. 3. Ultraviolet spectra of solutions of vanadium(1V) : (a). fresh or 5-month-old solutions in 3 F 
sulfuric acid. prepared bv reducing Sargent ammonium metavanadate with sulfur dioxide in such 
a way that no solid residue separated; (b), fresh solution in 3 F sulfuric acid, prepared as (a) but 
with evaporation nearly to dryness; (c), fresh or very old solutions in 3 F sulfuric acid, prepared 
by reducing Fisher ammonium metavanadate, either electrolytically or with sulfur dioxide: 
(d), very old solution in I F perchloric acid, prepared by electrolytic reductionof Fisher ammonium 

rnetavanadate. 

concentrationof vanadium(II), because measurements of the quantity of electricity re- 
quired to effect reoxidation to vanadium(II1) showed that this did not vary with the 
length of the reduction step, and therefore it must reflect a slow transformation of a 
strongly absorbing species into one or more less strongly absorbing species. This slow 
chemical transformation is responsible for large variations of the kinetic current. 

Vanadium(II1) was obtained by controlled-potential oxidation of vanadium(I1) 
at  potentials around -0.25 V. Its spectra in perchloric and sulfuric acid media were 
in good agreement with those described by other authorsl9.". 

Mercury was purified by a procedure similar to that used by MEITES A N D  MOROS"J. 
Potassium bisulfate was recrystallized twice from distilled water. Other chemicals 
were ordinary reagent-grade and were used without further purification. Calibrated 
glassware was used throughout. 

RESULTS A N D  DISCUSSION 

The colltinuous faradaic current. 
The effect of working-electrode potential on the continuous faradaic current cone- 

sponding to the rate of formation of hydrogen gas in a typical acidic sulfate solution 
is shown in Fig. 4. The curve may be divided for convenience into three parts: one at 
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potentials more negative than about -0.8 V, another at  potentials more positive than 
about -0.5 V, and the transition region between them. In the first of these regions, 
varying the concentration of hydrogen ion but keeping that of bisulfate nearly con- 
stant (e.g., by using 3 F potassium bisulfate) displaces the line shown in Fig. 4 but does 
not affect its slope. The current in this region is proportional to the concentration of 
hydrogen ion, calculated by successive approximations based on extrapolating litera- 

L 
-38.250 0.750 1.250 

-E,.,V vs. S.C.E. 

Fig. 4. Effect of working-electrode potential on the continuous faradaic current in I F sulfuric 
acid-2 F potassium bisulfate. 

ture values21 of pK2 for sulfuric acid to the appropriate ionic strength, within the 
rather large (+20%) uncertainty involved in this extrapolation. I t  may therefore be 
concluded that this linear portion of the curve corresponds to the direct reduction 
of hydrogen ion. 

In the most positive region, the current is greatly increased by the addition of multi- 
valent cations, and is also increased, though to a much smaller extent, by the addition 
of sodium ion. These are conditions known to increase the rates of reduction of anions 
via changes in the potential yl of the double layerzz-24. Accordingly this branch of the 
curve may be attributed to the half-reaction HSOI- + e + HZ + S04=-. In 3 F 
potassium bisulfate, where the currents due to this process are largest and those due 
to the reduction of hydrogen ion are smallest, so that the values are most reliable, 
this is characterized by ana = 0.155. DE BETHUNE AND KIM BALL^^ considered this 
process to be unlikely at anegatively charged electrode, but reductions of anions under 
such conditions are far too well known to render this view acceptable. However, it 
does appear possible that the low value of is attributable to increasing repulsion 
of bisulfate ions at more negative potentials. 

J .  Electvoanal. Chem., 8 (1964) 99-1 19 
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The reduction of vanudium(V) 
Although vanadium(V) reacts readily with metallic mercury in acidic sulfate media, 

yielding solid mercurous sulfate, useful coulometric data can be obtained at  potentials 
where it is reduced to vanadium(1V) if stirring is avoided until the mercurous salt has 
been quantitatively re-reduced. Thus, in I F sulfuric acid-3 F potassium bisulfate. 
12 reductions at  +o.r V of quantities of vanadium(V) ranging from 0.078 to 1.0 mrnole 
(in 80 ml of solution) gave a mean error of f o.23%, with no detectable bias. At this 
potential no correction is necessary except for the continuous faradaic current. At 
more negative potentials, however, the rate of the further reduction tovanadium(II1) 
becomes appreciable. For example, at - 0.06 V this gives rise to a steady current of 
3.5 nF/sec in excess of the continuous faradaic current observed when no vanadium 
is present. Correction for this is difficult ; the formation of vanadium(II1) causes no 
error as long as an appreciable concentration of vanadium(V) remains unreduced, 
because of the reaction that occurs between these in the bulk of the solution. Neglecting 
this reaction would lead to an over-correction, and the equations that would be need- 
ed to take it into account would be too complex for convenience. 

In 0.1-0.2 F perchloric acid, reductions at o V gave results that were quite concor- 
dant but 5.3% high. This error is far in excess of what could reasonably be attributed 
to reduction of vanadium below the +4 state; it must reflect an induced reduction of 
perchlorate. 

The oxidation of vanadium(II) 
Provided that the solution is very strongly acidic ([H+] 2 0.1). this process is 

unique among all those considered here in being apparently completely straight- 
forward. The anomalies observed in less acidic solutions are described below. In 
sulfuric acid-bisulfate solutions the vanadium(II1)-(11) couple obeys the reversible 
equations to well within the experimental error. Experiments in which oxidations of 
vanadium(I1) solutions, previously prepared by the reduction of vanadium(IV), were 
allowed to proceed to equilibrium at  various potentials between -0.4 and -0.6 V, 
and in which the fraction of the vanadium remaining in the +2 state was then deter- 
mined coulometrically at  -0.25 V, gave the formal potential as -0.5367 f 0.001r V 
(US. S.C.E.) in 3 F sulfuric acid, while dE/d (log [VIq/[Vy) was -0.0598 V. Unex- 
pectedly long times, however, were required for these equilibria to be reached. This 
is because of the slow chemical transfonnations involved in the approach to equilib- 
rium. The formal potential, which is nearly 30 mV more negative than in I F 
sulfuric acid, reflects not only the difference between the stabilities of the sulfato or 
bisulfato complexes of vanadium(I1) and (111), but also a sizable liquid-junction 
potential. 

\%'hen vanadium(I1). produced as specified above, is oxidized at  -0.25 V, the plot 
of log i vs. t is strictly linear after correction is made for the continuous faradaic 
current. The value of 8, which is the electrolytic rate constant defined by theequation 

where C is the concentration of vanadium(II), was (5.37 & 0.11) - 10-3 sec-1 in four 
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replicate experiments in I F sulfuric ac id3  F potassium bisulfate, the variation 
being due to variations in stirring efficiency. The accuracy and precision obtained in 
25 determinations of quantities of vanadiunl(I1) varying from 0.08 to 1.0 mmole in 
various supporting electrolytes (sulfuric acid alone or with potassium bisulfate, or 
potassium bisulfate-sodium sulfate buffers, at various concentrations from 0.1 to 3 F) 
were f 0.22~6.  The process should prove useful in analytical applications. 

0.ol I I 
7 0 0 0  2000 

Time (sec) 

Fig. 5. Plots of log i against t for oxidations of vanadium(I1) in 0.3 F potassium bisulfate-I .5 I; 
sodium sulfate, pH 1.55, at a working-electrode potential of -0.250 V us. S.C.E.: (a), oxidation 
of the vanadium(I1) obtained by reducing I mmole of vanadium(1V) at -1.200 \' us. S.C.E.: 
(b), oxidation of thc vanadium(I1) procluced by re-reducing thc vanadium(ll1) fonncd in (a) at 

- 1.200 \' us. S.C.E. 

In sulfate-bisulfate media, however, striking complexities are observed in plots of 
log i us. t, as illustrated by Fig. 5. Curve (a) in this figure shows the dataobtained in 
oxidizing vanadium(I1) obtained from the reduction of vanadium(1V) ; curve (b) shows 
the data obtained under identical conditions but using vanadium(I1) obtained from 
the reduction of vanadium(II1). The shapes of these curves cannot correspond to 
oxidations of mixtures of vanadium(I1) species, for in that case the curves would have 
to be concave upward. Various mechanisms that lead to curves of the observed shape 
have been devised26-29; of these, the only one that appears reasonable in thiscase is 
of the form 

in which the oxidation of an n-meric vanadium(I1) species is assumed to occur in two 
steps. If fie is assumed to be so high that it is chronocoulon~etrically invisible, and if 

J .  E&ctroand. Chrm.. 8 (loC14) *I 19 
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A represents the n-mer and C represents the (n-p)-mer, one may write approximately 

PA/Pc = DdDc (3) 

where the D's are the appropriate diffusion coefficients. Invoking Jander's rule and 
assuming that the formula weights are proportional to the degrees of polymerization, 
one obtains eventually 

i~Olic0 = p(n - p)t/nt (4) 

where i ~ o  is the initial current due to the oxidation of A, obtained by extrapolating 
the measured currents to zero time, and icO is the hypothetical initial current that 
would have been obtained from the oxidation of C if all of the vanadium(I1) had been 
in that form initially, calculated from the equation 

icO = PcQm (5 )  

where Q, is the total number of mg-atoms of vanadium(I1) present or the total num- 
ber of mF consumed, and is the final slope of a plot of In i vs. t. Various com- 
binations of values of n and p can be envisioned. For example, the combination 
n = 4, ~5 = I yields a calculated ratio (iAo/ico = 0.216) that is in good agreement 
with the lowest value (0.208) obtained experimentally. No other combination with 
n < 6 is as satisfactory. 

Of course this is not certain evidence for the existence of a tetrameric species of 
vanadium(I1). The experimental values varied over about a two-fold range; they 
increased with increasing ionic strength and with increasingly negative potential 
during the prior reduction of vanadium(1V) to vanadium(II), and also varied with 
the acidity. The cited ratio of 0.208 is the lowest found under a wide variety of con- 
ditions. but it is very possibly higher than the limiting value. Moreover, it is hard to 
believe that only a single polymeric species would exist under conditions like these: 
a mixture of several different n-mers seems a t  least a s  probable. 

There can, however, be little doubt of the existence of polymeric species. I t  is clear 
from eqn. (2) that a mechanism of the type envisioned here will involve some depoly- 
merization of the n-mer; for n = 4 and p = I the oxidation would yield a mixture of 
monomeric and trimeric vanadium(II1). If the polymerization equilibria are slow, 
which is not an unreasonable supposition, the reduction of this mixture back to 
vanadium(I1) would yield a mixture of species in which the average polymerization 
number was considerably smaller than in the solutionresultingfrom the original reduc- 
tion of vanadium(1V). This mixture would give a value of iPlic0 more nearly equal 
to I (i.e., a more nearly linear plot of log a vs. t), and this is exactly the behavior shown 
by curve (b) of Fig. 5. Oxidizing the mixture of monomer and trimer obtained from 
the above cycle should further increase the fraction of the vanadium present in the 
monomeric form; if the resulting solution is again reduced to vanadium(I1) and again 
re-oxidized, the plot of log i us. t should be still more nearly linear than before. In 
fact, such a plot does become more and more nearly linear on repeated oxidation and 
reduction. 

The formation of polymeric vanadium(I1) in the reduction of vanadium(1V) im- 
plies that the latter is also polymeric under these conditions. This is not improbable 
a prih, and if vanadium(I1) polymerized when it was formed from monomeric vana- 
dium(1V) it would also be expected to do so when formed from vanadium(III), which 
is not in agreement with the observed effect of oxidizing the vanadium(I1) and then 
reducing it again. 

J .  El~roanal .  Chem.. 8 (1964) 99-119 
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The redudion of vanadium(III) 
A plot of log i us. t for the reduction of vanadium(II1) in I F sulfuric acid-2 F po- 

tassium bisulfate is concave upward and it decays to a finite value that is much larger 
than the continuous faradaic current at the same potential. This excess current, which 
has been termed the "kinetic current"l0, ik, is proportional to the concentration of 
vanadium(I1); under typical conditions the kinetic current constant, a, defined by 
the equation 

was equal to 3.19 f 0.14 n F/sec/mmole/l, and thus constant to about *5%. over the 
range of vanadium(I1) concentrations from 2.5 to 12 rnM. 

If this kinetic current were due to the reduction of vanadium(II1) resulting from 
oxidation of vanadium(I1) by the supporting electrolyte, it should be independent of 
potential over the region corresponding to the plateau of the vanadium(II1) wave, 
and in addition there should be a finite steady-state concentration of vanadium(II1) 
present a t  the end of the electrolysis, whose rate of increase on disconnecting the 
potentiostat from the cell should be possible to correlate with the steadystate kinetic 
current. All these phenomena, which may be regarded as defining a "chemical 
kinetic" current, have been observed in a case in which a chemical reaction 
is responsible for the kinetic current", but none of them is observed here. On the 
contrary, changing the potential from -0.80 to -0.95 V, for example, in I F sulfuric 
acid-2 I; potassium bisulfate causes a to increase from 0.6 to 1.7 nF/sec/mmole/l; 
no detectable concentration of vanadium(II1) is present at the end of an electrolysis 
even under conditions where the value of a would correspond to a concentration of 
vanadium(II1) 80% as high as a t  the start; and although vanadium(I1) solutions 
are known not to be perfectly stable their rate of decomposition under these conditions 
is negligibly small. 

The kinetic current must therefore be attributed to a rate-determining reduction of 
vanadium(II), followed by a chemical process that regenerates the original species. 
I t  is improbable that the reduction should be V2+ + 2 e --f V, as was suggested previ- 
ouslyl0, for two reasons: the standard potential (ca. -1.42 V30) of this half-reaction 
is far too negative, and it leads to the expectation that a will vary little if a t  all with 
solution composition. In fact, under otherwise identical conditions Table I shows that 

TABLE 1 

E ~ E C T  OF SOLUTION COMPOSITION ON Twe KINETIC CURRENT COXSTANT 

The data were obtained by reducing aged solutic?ns of Fisher's ammonium metavanadate to 
vanadium(I1) at -0.95 V. oxidizing this to vanadium(II1) at  -0.25 V. re-reducing this to vana- 
dium(I1) at -0.95 V, and measuring the essentially steadv current after electrolysis for 3000 scc 
at the last of these potentials, when the reduction was judged to be complete.Thc concentration 

of vanadium varicul from 2.5 to I 2 mM. 

J .  Elcct~oanat. Chcm., 8 (1964) 09-r  19 
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a varies with the concentrations of both sulfuric acid and bisulfate. Activity coeffi- 
cients are impossible to estimate with any confidence in solutions like these, and the 
value of pKz f o ~  sulfuric acid is not known with certainty at these ionic strengths. I t  is 
therefore hardly possible to  deduce the mechanism. But if, as appears to be the case, 
a increases with increasing concentrations of both hydrogen and bisulfate ions, one 
may envision a bisulfato complex of vanadium(I1) that accepts an electron through 
a hydronium ion serving as a bridge between it and the electrode, as in the mechanism 
envisioned for the reduction of N-furildioxime in acidic media". -4s the addition of an 
electton to the vanadium orbitals is virtuallv impossible under these conditions, how- 
ever, the structure can retain the electron only by decomposing to yield hydrogen gas. 

Complicating thissimple picture of an electrochemical kinetic current is the fact that 
the kinetic currents observed become dependent in an intricate fashion on the poten- 
tial, the duration of electrolvsis, and the previous history of thesolution if the working- 
electrode potential becomes more negative than about --0.95 V. The phenomena 
then observed are summarized in Fig. 6. 

Fig. 6. Effects of work&-electrode potential m d  time on the kinetic current of vanadium(11). 
A solution containing 2.027 mmoles of vanadiurn(1V) in 70 ml of I I.' sulfuric acid-2 F potassium 
bisulfate was reduced at -0.950 \. vs. S.C.E. for 3600 sec; then the kinetic currents were measurcd 
at the following potentials in the following order: (a), -0.950; (11). -0.750; (c). -0.800; (d). 
- 0.550; (e), -0.900; (f) ,  -0.950; (g). -1.000; (11). -1.050; (i) .  -1.160; (j). -1.150: (k) , - 1.200: 

(1). - 1.250; (m). - 1.350 V vs. S.C.E. All currents are corrected for the continuous faradaic 
currents obtained with the supporting electrolyte alone under identical conditions. 

Curve (a) in this figure begins 3600 sec after the start of areduction of vanadium(1V) 
to (11) in I F sulfuric acid-2 F potassium bisulfate; this time was judged to be well in 
excess of that necessary for quantitative reduction, but a slow decay of current was 
still observed. This is attributed to the slow transformation of the vanadium(I1) 
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species first formed, into another yielding a smaller kinetic current; the previously 
mentioned change of absorptivity on prolonged electrolysis provides support for the 
occurrence of such a transformation. On changing the potential to  -0.75 V (curve b), 
an anodic current flowed at first; the quantity of electricity corresponding to the 
anodic current during the first 1000 sec or so can be quantitatively correlated with 
the extent of oxidation to vanadium(I1) demanded by the Nernst equation. Most of 
this is re-reduced during the first portion of a subsequent electrolysis at  -0.80 V 
(curve c), where a nearly steady current is again reached, but this is higher than the 
current a t  -0.75 V, as mentioned above. The remaining curves show that the kinetic 
current increases on standing if the potential is between about -1.0 and -1.1 V 
(curves g-i) but decreases on standing at  still more negative potentials. The steady- 
state value is clearly much smaller a t  -1.35 V (curve m) than at  -1.10 to - r.15 V 
(curves i-j). 

If the initial currents at  these potentials are measured as rapidly as possible, one 
obtains the data shown in Fig. 7, which could be regarded as an ordinary voltammetric 

Fig. 7. Effect of working-electrode potential on the initial kinetic current of vanadium(I1). 2% 

solution of vanadium(1V) in r F sulfuric ac id4  F potassium bisulfate was reduced to  vanadium- 
(11) at -0.950 V US. S.C.E.; when the reduction was completc. the current was rapidly measured 
at each of the potentials shown, beginning with the most positive potential and proceeding toward 
more negative ones. All currents are corrected for the continuous faradaic currents obtained with 
the supporting electrolyte alone under the same conditions. (a). Plot of log ik us. E ,  ... (left-hand 

ordinate scale); (b), plot of t k  us. En.& (right-hand ordinate scale). 

wave except for the fact that the limiting current is far too small to correspond to the 
transfer of an electron to each vanadium atom at the electrode surface (which would 
give a current nearly a hundred times as large as the value on this plateau). If the cur- 
rent is due to electron addition to the hydronium-ion-bridged structure postulated 
above, this is easily explained. Because the bisulfate ion is only very weakly basic, the 
probability of bridge formation is low, and the limiting current reflects, not the rate 
of mass transfer of vanadium(I1) to the electrode surface, but rather the rate of bond 
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formation between hydronium ions in contact with the electrode and bisulfate ions 
co-ordinated to vanadium(I1). The plateau then simply corresponds to  the region in 
which electron addition is much more rapid than bond formation. 

To explain the effects of potential and time on the kinetic current, it seems neces- 
sary to assume that three species of vanadium(I1) and (111) can exist in strongly acidic 
sulfate solutions. It  may be recalled that monomeric, trimeric, and tetrameric species 
had to be postulated to  explain the behavior of the current-time curves obtained in 
the oxidation of vanadium(I1). For convenience in discussion we shall denote these 
species bv the symbols A2, Ro, C2, As, R3, and Cg, where the subscript tepresents the 
oxidation state of the vanadium. The necessat y assumptions regarding the current- 
potential curves of these species are portrayed by Fig. 8; although this shows the 

I 1 - E, V vs. S.C.E. 

Fig. 8. Assumed current-potential curves for the s p i e s  of vanadium(l1) and (111) in sulfuric 
acid-bisulfate solutions. 

RtBr and CrC2 couples as reversible, overpotentials of the order of tens of millivolts 
are not excluded by the data. The different species of vanadium(I1) have different 
kinetic current constants, that for R2 being the largest and that for Cz the smallest. 

Whereas the kinetic current is attributed to the reduction of vanadium(I1) in such 
a way as to yield hydrogen, evidence similar to that previously adduced11 in the re- 
duction of manganese(I1) in cyanide media show that an induced current also flows 
during the reductio2 of vanadium(III), and this must be similarly attributed to a side 
reaction that leads to the formation of a deprotonated vanadium(II1) species and 
hydrogen instead of the expected vanadium(I1). This induced current (or, expet imen- 
tally, its i~tegral,  the induced quantity of electricity) also varies withsolution com- 
positioa, working-electrode potential, and other experimental conditions. To each of 
the vanadium(II1) species there belongs an induced current constant (b in our previ- 
ous notationlo) the value of which under any given conditions reflects the probability 
of obtaining hydrogen rather than vanadium(I1) from the electron-transfer process. 
Other factors being constant, the values of b for the vanadium(II1) species parallel 
those of a for the corresponding vanadium(I1) species: Rs gives the highest, and C3 

the smallest, induced quantities of electricity. 

J .  Eleclronnal. Chem.. 8 (1964) g9-I 19 
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If, €01 example, vanadium(II1) is reduced at a potential no more negative than about 
-0.95 V, & is the only reducible species, while A2 is the only stable product. The 
cu~rent decreases slowly at the end of the reduction (Fig. 6, curvc a) as the last of 
the R3 is transformed into A3 and then reduced to A=. Around -1.1 V, however, both 
1% and A3 can be reduced; because B3 is reducible, the induced quantity of electricity 
is higher than at the less negative potential, and because B2 is stable a t  this potential 
the kinetic current is also higher. The upward drift of the current at  the end of the 
electrolysis means that the steady-state concentration of R2 is higher than the original 
concentration of B3, so that A2 is slowly transformed into &. At .till more negative 
potentials, such as -1.35 V, the induced quantity of electricity is still high because 
Ra is still reducible, but now C2 is stable toward oxidation and its accumulation leads 
to kinetic currents that are smaller than at  -1.1 V (Fig. 6, curves i and m) and that 
decrease with time as A2 and B2 are transformed into C2. 

The phenomena observed when the potential is changed after the completion of an 
electlolysis can be explained similarly. For example, R? cannot exist at appreciable 
concentrations at  -0.9 V, because i t  is oxidized to B3 as rapidly as it is formed from 
A?. Rut if the potential is changed to -1.1 V B2 can accumulate, and because its 
kinetic current constant is larger than that of At, thecurrent drifts upward as the trans- 
formation of A2 into Be proceeds. 

Species ,43 and Xz are surely the monomeric species involved in the reversible couple 
whose formal potential is around -0.53 V in these media. Partly because of the slow- 
ness of the transformatiorrs that occur, and partly because of the manner in which the 
currents vary with solution composition, it seems necessary to assume that B3 and R2 
are polynuclear and include co-ordinated bisulfate, the acidity of which is responsible 
for the relatively high rates of formation of hydrogen by the induced and kinetic 
processes. The species C3 and C2 are also doubtless polynuclear but probably do not 
contain bisulfate; as the transformations involving then1 are not grossly different in 
rate from thosc involving B3 and R2, it is not possible to say whether the B and Cspe- 
cies differ only in the ligands they contain or whether there is also a difference between 
their degrees of polymerization. I t  is interesting to note that the half-wave potentials 
that must be assigned to the B and C couples are in approximate agreement with 
those of two waves observed3 in weakly acidic solutions of vanadium(II1) and previ- 
ously assigned to hydrolysis products of vanadic ion. 

To evaluate the induced current constant b, it is convenient to adopt the following 
chronocoulometric approach. The current (in mF/sec) at  any instant is given by 

where io is the current corresponding to the n-electron reduction of 0 to R (vana- 
dium(II1) to vanadium(I1)). ik is the kinetic current, and it is the induced current. 
\Irriting 

ir = aCn (8) 

I, = bco 

and 

where the concentrations CO and CR are given in mrnoles/l, the volume V in 1, and the 

J .  Elaclroanal. Chem., 8 (r964) 9-1 19 
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mass-transfer constant /? in sec-1, one has 

where COO is the initial concentration of 0. Hence thequantity of electricity Qt (in mF) 
accumulated up to any time t is 

b - a  
Q~ = [QO + - C o O ] ( ~  - e-At) + nCo0f 

P 
where Qo is the quantity of electricity that would correspond to the quantitative 
reduction of 0 to R in the absence of any other reaction. At a time t* so long that the 
exponential term is negligible, 

h - a  
Qt+ = Qo 4- -- Coo + aCoOt+ 

B 
(13) 

whence the difference29 Qg becomes 

b - a  9 .  = [*. + -- c 0 o ] e - ~ ~  + ucoO(t* - 4 
B 

This is necessary because the quantity Q, used in the definition of QR in the absence 
of induced and kinetic processes is meaningless in their presence. One has 

and the current flowing when t = t* is given by 

since CR then equals COO. Hence eqn. (14) becomes 

from which the value of @ is readily obtained. An alternative approach consists of 
writing eqn. (11) for t = o : 

Combining eqns. (II), (16), and (18) yields ultimately 

After b has been evaluated in eithe~ of these ways, and after a has been calculated 
from eqn. (16), the value of b is easily obtained by combining the intercept of a plot 
of eqn. (17) with the theoretical value of Qo from eqn. (15). 

Because the definition of b according to eqn. (9) includes the rate of mass transfer 
of 0 to theelectrode surface, it is appropriate to consider the ratio b/bV, which should 
be independent of such experimental vatiables as the stirring rate. In I F sulfuric 
acid-z F potassium bisulfate this ratio was 0.046 f 0.003 in experiments with 
0.4-1.0 mmole of vanadium(II1); in I F sulfuric acid-3 F potassium bisulfate 
it was 0.104 & 0.004 with 0.2-0.6 mmole of vanadium(II1); and in 2.87 F sulfuric 
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acid-o.13 F potassium bisulfate it was 0.20 in a single experiment with I mmole 
of vanadium(II1). All these reductions were performed at -0.95 V; inothers at poten- 
tials between -0.75 and -0.95 V in I F sulfuric acid-2 F potassium bisulfate, the 
variation with potential corresponded to an* = 0.34 for the electron-transfer step 
that determines the rate of reduction of protons from the vanadium(II1) species 
termed A3 above. A similar treatment could not be applied to data obtained at more 
negative potentials because the drifts of the final current with time, due to the slow 
equilibration of the different species capable of existence there, were sosevere that 
the necessarv values of a could not be obtained. 

The redzrctiott of vanadium(IV) 
Figure 9 is a plot of the logarithm of the maximum current during the life of a drop 

at a dropping electrode in a solution of vanadium(1V) in 3 F sulfuric acid against the 
potential of the drop, appropriate corrections having been applied for the residual 

Fig. 9. Effect of dropping-electrode potential on the maximum current during the life of a drop in 
a 5.72 mM solution of vanadium (IV) in 3 I; sulfuric acid. Currents are corrected for the residual 

current at the end of the drop life. 

current. If the plateau of the wave at about -1.0 V and the subsequent onset of 
rapid reduction of hydrogen ion are neglected, the plot consists of two parallel linear 
segments, each having an, = 0.14, and differing by a factor of almost exactly 2 in 
the current. At potentials less negative than about -0.4 V the reduction proceeds 
only to the +3 state, but at  potentials more negative than about -0.6 V it proceeds 
practically completely to the +2 state, and this change of the overall n-value is 
responsible for the unusual shape of the curve. 

Even if vanadium(1V) is reduced at potentials negative enough to ensure quan- 

J .  Elcclroanal. Chcm.. 8 (1964) 99-1 r9  
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titative reduction to vanadium(II), this voltammetric behavior gives rise to relatively 
complex current-time curves, as shown in Fig. 10. The vanadium(I1) first formed 
reacts with unreduced vanadiurn(1V) in the bulk of the solution ; if the potential is less 
negative than about -1.0 V it is on the plateau of the waveof the resulting vanadium- 
(111) even though it is not on the plateau of the wave of the vanadium(1V) present 
originally, and consequently the current increases, passes through a maximum, and 

I I I I I 
0 lo00 2000 3000 

Time (set) 

Fig. 10. Plots of log i us. electrolysis time for controlled-potential electro-reductions of solutions 
containing 1.004 mmole of vanadium(1V) in 70 ml of I F sulfuric acid-z F potassium bisulfatc 
at  working-electrode potentials of: (a), -0.630; (b), -0.720; (c), -0.850 ; (d), -0.950; (e), 

-1.050; (f), -1.200 V V S .  S.C.E. 

..- 
-Ed ..,, V VS. S.C.E. 

Fig. I I .  Polarogram of 5.72 mhf vanadium(II1) in 3 F sulfuric acid. The vanadium(II1) was ob- 
tained by reducing vanadium(1V) at  - 1.150 V us. S.C.E., then reoxidizing the resulting vanadium- 
(11) a t  -0.250 V, and the polarogram was obtained in sifu in the controlled-potential electrolysis 

cel I. 

j .  Elcrlramal. Chem., 8 (1964) gg-r 19 



finallv decreases again as the reduction of the vanadium(II1) proceeds toward com- 
pletion. A maximum is also observed, however, even if the potential is so negative that 
it lies on the plateau of the vanadium(1V) wave. This is because the polarogam of 
vanadium(II1) shows a second wave at  very negative potentials, as shown in Fig. 11, 
which corresponds to proton reduction (i.e., to the induced currents discussed above) 
and which has not yet been mentioned in the literature. Hence the current obtained 
from the reduction of vanadium(II1) always exceeds that obtained from the reduction 
ot vanadium(1V) at  the same concentration. I t  is clear that both the induced and 
the kinetic currents observed in reductions of vanadium(II1) affect reductions of 
vanadium(1V) as well. 

Plotting the logarithm of the initial current against the potential fox the reduction 
of vanadium(1V) gives the curve shown in Fig. 12. There is some scatter because of 

0.6 1 l---J - 0.8 1.0 1.2 

-E,V vs. S.C.E. 

Fig. 12. Initial currents obtained in controlled-potential electro-reductions of vanadium(1V) at 
various potentials. Each solution contained 1.004 mmole of vanadium(I\') in 70 ml of I F sulfuric 
acid-2 I; potassium bisulfate. Corrections for the continuous faradaic current are negligible 011 

the scale shown. 

the difficulty of reproducing mass-transfet coefficients in replicate experiments, but 
the general shape is unmistakably similar to that of Fig. 9. (Note, however, that these 
two figures pertain to different media.) The vertical distance between the two paral- 
lel segments of Fig. 12  represents a factor of almost exactly 4 in the overall n-values; 
since n is certainly z at potentials between -0.6 and -0.8 V, it is appatently 8 at  
potentials between -1.0 and -1.2 V. The latter value would correspond to a 2-elec- 
tron reduction of each of the vanadium atoms in a tetrameric species. I t  is appropiiate 
to recall the evidence fox the existence of tetrameric vanadium(I1) that has already 
been described in connection with Fig. 5. 

Although solutions prepared from Sargent and Fisher ammonium metavanadate 

J. Elcctroanal. Chem., 8 (rg6q) gg-I rg 
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gave strikingly different kinetic currents (those obtained with the Sargent reagent 
were lower, the difference being sometimes as large as a factor of IO), solutions of 
vanadium(I1) derived from the Fisher reagent by reduction at  potentials no more 
negative than about -0.95 V gave essentially the same current when they were pre- 
pared by reducing vanadium(1V) as when they were prepared by reducing vanadium- 
(111). Values of the kinetic current constant a obtained in the latter fashion are listed 
in Table I. When vana&um(IV) prepared from the Fisher reagent was reduced at 
-0.95 V, the essentially steady currents obtained after 4000 sec gave a = 1.56 f 0.11 

(nF/sec/mmole/l) in I F sulfuric acid-2 F potassium bisulfate, 2.91 f 0.12 in I F 
sulfuric arid-3 F potassium bisulfate, and 0.71 in 1.1 F potassium bisulfate-1.9 F 
sodium sulfate. These are all in excellent agreement with the values in Table I. In 
more acidic solutions. however, substantial discrepancies appeared: in 2.87 F sulfuric 
acid-o.13 F potassium bisulfate, for example, the kinetic current constant was 2.85 
nF/sec~mmole/l for vanadium(I1) obtained by reducing vanadium(1V) at  -0.95 V, 
whereas the operations described in Table I gave a value nearly 4 times as large. This 
must reflect a considerable difference between the rates of depolyrnerization of vana- 
dium(I1) and (111) under these conditions. 

At potentials sufficiently positive to permit the kinetic and ir~duced currents (both 
of which increase exponentially as the potential becomes more negative) to be neg- 
lected, one can in principle evaluate the rate constant for the teaction between vana- 
dium(1V) and (11) from chronocoulometric data. Such an application of chronocoulo- 
metly has not been described before, and it may therefore be of interest to outline 
the argument here. If one assumes32 that the reaction in question is first-order with 
respect to both vanadium(1V) and (11) , one has 

The total current (which is assumed to contain no contribution from proton reduction) 
is 

Combining eqns. (poa), (204, and (21) gives 

which may be integrated and combined with appropriate conservation equations to 
give a description of Qt, the quantity of electricity consumed during the first t seconds 
of electrolysis : 

(21 = f'(2Cz + Ca) (23) 

J .  Elcctroanal. Chcm., 8 (1964) gq-I 19 
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whence, by further use of the conservation equations, 

and 

Differentiating this with respect to  time and combining it wih eqn. (soa) gives 

Equations (23)-(26), together with data on Qt and i a t  various times and experimental 
values of 03 (obtained, for example, by applying eqn. (19) to data obtained in a reduc- 
tion of vanadium(II1) under the same conditions) andp4 (obtained, for example, from 
the initial current), permit the evaluation of k, the pseudo-second-order rate constant 
of the vanadium(I1)-(IV) reaction. This is most conveniently done a t  the point where 
i has its maximum value, both because dildt = o at that point and because the relative 
erra  in the product CzC4 can be expected to be smaller there than anywhere else. A 
number of experiments with 5-15 mM vanadium in 3 F sulfuric acid gave, in mean. 
k = (15 f- 3) l/mole/sec, which is not very different from values previously obtained 
in other media containing sulfate by both OLIVER AND R o s s 3 2  and NEWTON AND 

 BAKER^^, who gave 10 and 12.2 l/mole/sec, respectively, in 0.4 F sulfuric acid-o.15 F 
sodium bisulfate. Extrapolation of the dataof NEWTON AND BAKER to the considerably 
higher ionic strengths used here seems somewhat dangerous but would tend to bring 
the values into better accord. 

SUMMARY 

The rates and mechanisms of electrolytic processes occurring at mercury electrodes 
in aqueous acidic sulfate solutions of vanadium in its various oxidation states have 
been studied by polarography, abso~ption spectroscopy, and controlled-potential 
amperometry and chronocoulometry. The complex behavior observed is interpreted 
in terms of polynuclear species containing vanadium and undergoing slow transforma- 
tions. Both vanaclium(I1) and vanadium(II1) exist in three forms, each of which may 
be reduced to $ve hydrogen and a deprotonated species of vanadium ; these reductions 
give rise to kinetic and induced currents the behaviors of which are described in detail. 
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I t  has been reported that the oneelectron reduction wave of hexamminechromiurn- 
(111) is not well-defined in neutral media, but that it is nearly complete when an 
approximately equivalent amount of disodium ethylenediaminetetraacetate (EDTA) 
is added to the solutionl.2. This was interpreted as that the rapid complex formation 
reaction between EDTA and chromium(I1) produced by the reduction of hexammine- 
chron~ium(II1) prevented chromium(I1) from precipitating as an insoluble film on the 
electrode surface. Recently, it was observed that the presence of EDTA also affected 
the well-defined waves of hexarnrninechromium(I1I) that were obtained in acid 
solutions. When a small amount of EDTA wa9 added, the oneelectroil reduction wave 
split into two steps; the position of the first step was almost the same as that of the 
reduction of hexamrninechromium(III), while the position of the second step was more 
negative than that of the first by some tenths of a volt. The height of the first step 
decreased with increase in EDTA concentration. When the concentration of EDTA 
exceeded an appropriate value, only a single step was observed a t  the potential 
corresponding to that of the second step. In  this paper, a more detailed investigation 
on the mechanisms of these phenomena is presented. 

EXPERIMENTAL 

Reagents 
Hexamminechromium(111) chloride was prepared according to the method of 

M O R I ~ .  The acidic solution of hexaquochromium(111) was obtained by the reduction 
of sodium dichromate in perchloric acid with hydrogen peroxide. The chromium 
content of the solution was determined polarographically4 after oxidation to chromate 
with hydrogen peroxide in alkaline solution. The preparation and standardization of 
the EDTA solution was camed out as described previously5. All other chemicals used 
were of guaranteed reagent-grade. 

A pfiaratus 
Polarographic measurements were camed out with a Yanagimoto PB-4 pen- 
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recording polarograph at 25'. In most cases, the current-time curves during the life 
of a mercury drop were recorded using a Rikadenki ER-JI recorder (pen speed: full 
scale, 0.5 sec; maximum chart speed: 16 mmlsec) with an RLDC-201 preamplifier. 
In the following sections, the word "current," denoted by i , means the maximum 
current observed just before the mercury drops, unless otherwise stated. The dropping 
mercury electrode used had an m-value of 2.11 mglsec and a drop time, t*, of 4.22 sec 
in de-aerated 0.2 M potassium nitrate solution a t  -0.5 V us. S.C.E. and a t  59 cm 
mercury height. A saturated calomel electrode (S.C.E.) with a large surface area 
sewed as an anode. 

Electrolysis at  constant potential was carried out using a Yanagimoto automatic 
potentiostat VE-3 at  room temperature. Mercury po l s  were used for both the anode 
and cathode, and the anode and the cathode compartments were connected with a 
potassium chloride salt bridge. The change in the visible and the ultraviolet absorption 
spectra of the solution in the cathode compartment was measured with a Hitachi 
EPU-z spectrophotometer. 

RESULTS 

In 0.1 M acetate buffer solutions without EDTA, the half-wave potential of hexam- 
minechron~ium(111) was -0.89 V us. S.C.E.; this shifted to -1.23 V when excess 
EDTA was added to the solution. This potential was identical with the half-wave 
potential of the one-electron reduction wave of ethvlenediaminetetraacetatochromate- 
(111), which gave a reversible log-plot under the same condition. 

Fig. I .  The absorption spectra of [CrY(H*O)]-, (a), and those of the solns. subjected t o  the 
controlled-potential electrolysis at -1 .0  V vs. S.C.E. for o (b), 05 (c). 50 (d), 105 (e) and 2x0 
min (f). The initial composition of the soln. (pH 4.5) is 3 mM [Cr(h'Hs)~]Cls, 0.014 M EDTA and 
0.1 A1 acetate buffer. F.,, is the apparent extinction coeff. obtained by dividing the optical 

density by the total chromium concn. and the thickness of the cell. 

Electrolysis was carried out in a de-aerated solution containing 3 m M [Cr(NH3)s]CL, 
0.014 M EDTA and 0.1 M acetate buffer solution (pH 4.5) with the mercury p o l  
cathode, the potential of which was set at  -1.0 V us. S.C.E. When the circuit was 
open, the solution did not show any change in the absorption spectra for several 
hours. During the electrolysis a stream of nitrogen gas was bubbled continuously 
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through the solution to provide stirring and to exclude atmospheric oxygen. Portions 
of the solution were taken out at  appropriate intervals and the changes in the ab- 
sorption spectra measured. The spectra obtained o. 25,50,105 and 210 min after the 
beginning of electrolysis are given in Fig. I. The spectra of ethylenediaminetetra- 
acetatoaquochromate(II1) are also given in Fig. I. 

The effect of EDTA on the oneelectron reduction waves of hexaquochromium(I1I) 
and hexarnminechrornium(II1) was investigated in acid media. Fig. 2 shows the 

Fig. 2. Current-potential curves of 1.1 16 mM Fig. 3. The effect of EDTA on the current 
[Cr(HzO)r]s+ in the absence (a), and in the pre- a t  -0.96 V in a saln. containing 1.1 15 mM 
sence of 0.48 mM (b), and 0.80 mM (c). EDTA [Cr(H*O)~]"+,o.or 15 N HCIOa,o.o885M NaCIOd 
in a soln. containing 0.01 15 N HCIO~.o.o88~ M and 0.005% gelatin. 

NaC10, and 0.005% gelatin. 

current -potential curves of 1.115 n1M hexaquochromium(II1) in solutions containing 
0.0115 N HC1O4, 0.088~ N NaC104, O . O O ~ ~ &  gelatin and various concentrations of 
EDTA. As the half-wave potential of the second step was about - 1.11 V under these 
conditions*, a welldefined limiting plateau of the first step was not observed. In Fig. 
3 the currents a't -0.96 V were plotted against the EDTA concentration. A similar 
plot was obtained with 0.943 mM hexamminechromium(III) at -0.97 V. 

DISCUSSION 

Recently PECSOK, SHIELDS AND SCHAEFER~ reported that the electrode process, 

where Y4- represents a tetravalent EDTA anion, was reversible and that the redox 
potential of reaction (x )  was -1.227 l7 vs. S.C.E. at  ionic strength 0.1 and at  20°. 
These results agree with those observed in this study. 

The spectra given in Fig. I show that the apparent extinction coefficients a t  about 
395 mp and 545 mp, which correspond to the two absorption maxima of ethylene- 
diaminetetraacetatoaquochromate(III), [CrY(HzO)]-, increase with time. I t  can also 
be seen from the spectra in Fig. I that all the curves pass near the isosbestic point 

In acid media. the total height of the first and the second steps increased as  the EDTA concen- 
tration increased; the dependence of the instantaneous current on time and the relation between 
the mean current and the mercury height showed that the current was kinetic in nature. This 
effect was more pronounced as the pH of the solution was decreased. 
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of hexamminechromium(111) and ethylenediaminetetraacetatoaquochromate(II1). 
These observations indicate that the overall reaction occurring during the electrolysis 
is 

namely, that a ligand exchange of hexarnrninechromium(111) (being a substitution- 
inert complex) takes place catalytically on the surface of the mercury pool cathode 
of -1.0 V VS. S.C.E. 

From this phenomenon and the fact that the presence of excess EDTA shifts the 
half-wave potential of hexamminechromium(111) to the oxidation-reduction 
potential of reaction (I), the electrode process of hexamminechromium(111) in 
solutions containing EDTA can be assumed to be a process similar to that described 
by LAITINEN AND KIVALO in the case of the reduction of hexamminecobalt(III) in 
the presence of ethylenedia~nine'. The presence of EDTA does not affect the reduction 
potential of hexamminechromium(1 I I). The hexamminechromium(11) thus produced, 
being a labile complex, will undergo substitution with EDTA: 

As long as the ptential is sufficiently positive, oxidation of the chromium(I1)-EDTA 
complex takes place, resulting in a net current equal to zero. As the potential becomes 
negative, oxidation ceases, and a wave with a half-wave potential equal to that of 
ethyler~ediaminetetraacetatochromate(II1) appears. 

The change of current observed upon the addition of EDTA to hexaquochromium- 
(111) and hexamminechromium(111) in solutions containing o.o115 N acid has been 
interpreted according to the scheme mentioned above; this can be expressed as 

R 
RX $OX + e ( 4 4  

Here, 0, R and X correspond to a tervalent-aquo or -ammine complex, its reduced 
form and some species of EDTA, respectively. RX and OX correspond to the EDTA 
complexes of chromium(I1) and chromium(III), respectively. In the present case, it 
may be assumed that the backward rates of electron-transfer reactions (4a) and (4c) 
are slower than the rate of diffusion, i.e., (44 and (4c) are irreversible. To derive the 
quantitative relationship involved in the above processes, a treatment based on the 
concept of the diffusion layer and the reaction layers is employed. In this treatment, 
the diffusion and the chemical reactions are dealt with as heterogeneous processes; 
the parameters such as a, and a*, which are related to the rates of the chemical 
reactions, can be considered as products of the usual rate constants for homogeneous 
chemical reactions and the thickness of the reaction layer. The parameters which are 
related to the rate of the diffusion, 9,, can be expressed as 

where D1 and dr are the diffusion coefficient and the thickness of the diffusion layer 

J .  Eleclroanal. Ckem., 8 (1964) I 2&126 
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of the jth species, respectively. In the present case, the amount of a substance that 
reaches the electrode surface and the amount that leaves it may be considered to be 
equal, hence the following equations are obtained: 

~o(Co0-Co) - ReCo-0 
( 9 ~  + U~CX)CR - krCo U~CRX = 0 

gx(CP - Cx) + U~CRX - U~CXCR 0 

(aax + k. + U~)CRX - urCnCx = 0 

where Cj and Cjo denote the concentrations of the jth species at the electrode surface 
and in the bulk of the solution, respectively. For simplicity, it is assumed that the 
bulk concentrations of R and RX are negligible. 

The current which accompanies the electrode processes (4a)-(4c) is given by 

where q is the surface area of the electrode. From eqas. (6a) -(6d) and (7), the relation 

is derived. Here 

If the potential is sufficiently negative so that the rate of the reduction process (4a) 
is much faster than that of the diffusion process, i.e., k e % 9 0 ,  eqn. (8) becomes 

CxOi OR k. + ~o + 9 ~ x  t 
-= - f- 
ir-a IY~ k m  a x  Fp 

When the left-hand side of eqn. (10) is plotted against i, it is anticipated that a 
straight line with a slope equal to 1 / ( F q 9 x )  will be obtained. This procedure was 
performed with the data given in Fig. 3, and the plots of i C o ~ ~ ~ ~ / ( i d - i )  against i 
are shown in Fig. 4. Although data for both hexaquochrornium(II1) and hexammine- 

Fig. 4. The dependence of the left-hand side of eqn. (lo) against i in a soln. containing 0.01 15 A' 
HCIO4, 0.088~ M NaCIO4. 0.005% gelatin, various EDTA concns. and 1.115 mM [Cr(HzO).]S+ 

(0, at -0.96 V) or 0.94s mM [Cr(NHs).]s+ (e. at -0.97 \'). 
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chrorniurn(II1) are given in the same figure, most of the points lie close to a single 
straight line. According to a treatment for more generalized sptemsg, this result may 
be explained by the assumption that, uncler the present experimental condition, the 
aquation of hexamminechromium(11) is more rapid than the direct substitution such 
as reaction (3). and the reaction of chromium(I1) with EDTA takes place rvia an 
aquo-complex. 

In the case of a dropping mercury electrode, the thickness of the diffusion laycr 
can be written as 

Taking eqns. (5) and (11) into consideratio~l, the diffusion coefficient of EDTA, 
DenTa, obtained from the slope of the straight line in Fig. 4 wvas 0.66 x 10-5 cm2 
sec-1. In solutions containing o.or15 N acid, the dissolution wave of mercury 
accompanied by the formation of a mercury(I1)-EDTA complcx is not welldefined, 
while in a 0.1 M acetate buffer solution the wave is well-defined giving the diffasion 
coefficient of EDTA as 0.67 x 10-5 cm* sec-1. The diffusion coetficient of EDTA 
may depend upon the pH of the solution, but the dependency is not considered to 
be very great; the value obtained from Fig. 4 seems reasonable. 

If thc rate of the oxidation reaction (4c) is much faster than the rates of the 
backward reaction of (qb) and the diffusion, i-e. ,  kn and k . 9 9 ~ ~ .  eqn. (8) can 
be written in the form, 

where 

A comparison of the expressions (13a) and (13b) with eqn. (8) shows that the values 
of A and B can be obtained from the slope and the intercept of the plot of the left- 
hand side of eqn. (8) against i .  Equation (12) indicates that the relation between 
kej(kr+-L@0) and i l ia  is hyperbolic with 

and 

as the two asymptotes. In the absence of EDTA, the value of kc!(k,+Qo) at any 
potential equals i l ia.  From the current-potential curves shown in Fig. 2, plots of i l ia 
against ke/(ke+90) were made (see Fig. 5). Solidcurves in Fig. 5 are theoretical curves 
calculated from eqn. (12) using the values of A and R obtained from the straight 
line in Fig. 4, which is a result of measurements at a constant potential with various 
concentrations of EDTA. The experimental results obtained at a constant EDTA 
concentration a t  various potenti~ls are in a good agreement with these solid curves. 

J. Electroanal. Chem., 8 (1964) 120-126 
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It  can be concluded from this that, in the presence of EDTA, the current given 
by the tervalent-aquo or -ammine complex in the potential region between its re- 
duction potential and the oxidation-reduction potential of chromium(I1)- and chro- 
mium(II1)-EDTA complexes is dependent upon the rate at  which chromium(I1) 
combines with EDTA. 

ke/(ko+So) 

Fig. 5. The variation of ilia with kr/(ke+ 9 0 )  in the absence (a), and in the presence of 0.48 mM 
(b), and 0.80 mX1 (c). EDTA. Solid curves are theoretical curves obtained from eqn. (12). 
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SUMMARY 

The effect of ethvlenediaminetettaacetate (EDTA) on the one-electron reduction 
process of hexarnrninechromium(111) and hexaquochmmium(I1I) at  the dropping 
mercury electrode has been investigated in acid media. In the presence of EDTA, 
chromium(I1) produced by the reduction reacts with EDTA to form a Cr(I1)-EDTA 
complex. As long as the potential is sufficiently positive, this complex is oxidized at  
the electrode. and a current dependent on the rate at  which chromium(I1) combines 
with EDTA is observed. 
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INTRODUCTION 

Platinum is known to exhibit a wide variety of anodic potentials; the kinds of po- 
tentials depend on whether or not the Pt metal is actively involved in the electrode 
reaction. This permits a classification into three groups. (I)  Dipole potential; in 
%saturated acid solutions a Pt electrode behaves as a perfectly polarizable electrode. 
(2) Oxide potential; an electrode reaction is set up which involves Pt and Pt oxides 
and its behavior is essentially that of a non-polarizable electrode. (3) Redox potential; 
the treated Pt electrode can also behave as a non-polarizable electrode where Pt  and 
Pt oxides act as catalysts, e.g., in the anodic oxidation of H40. 

The anodic behavior of Pt is strongly influenced by the pre-treatment of the elec- 
trode. By varying the condition.. of the pre-treatment it is possible to separate the 
individual electrode reactions. For example it is possible to establish the reversible 0 2  

electrode, on a Pt oxide surface. 
Because of the apparent importance of the type of oxide surface, the oxygencontent 

of a Pt electrode in the presence of 0 2  was measured by cathodic transients, as a 
function of the anodic potential. 

EXPERIMESTAL 

Ex@eritnentul technique 
The experiments were carried out in a cell consisting of three compartments; a 

detailed description of this cell and the technique used is given by BQCKRIS AND HUQ' 
and by WATASARE AND DEVANATHAN~.  

The preparation of the electrodes (Pt) and the solution (0.1 N HzSOd was as 
follows : 

I. Electrodes. Smooth Pt foils of area 2 cm*, were spot-welded to P t  wire which was 
sealed in pyrex-glass supports. They were cleaned by successive washings with hot 
chromic sulfuric acid, concentrated sulfuric acid, dilute nitric acid and then thoroughly 
rinsed with conductivity water. 

The electrodes were adjusted in the cap of the cell, washed again with conductivity 

* Present address: Technische Hol(eschool, Eindhoven, The Netherlands. 
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water and then anodically oxidized for 3040 min at a current density of I mA;cm*. 
2. Setlfuric acid. Analytical reagent-grade sulfuric acid was introduced in the cell, 

containing redistilled conductivity water. The required concentration was measured 
with a conductivity bridge. Anodic pre-electrolysis was carried out for 20 h. This 
solution was used for the measurement of the open circuit potentials. 

For polarization measurements (Tafel line) the following procedure was followed. 
-4 rew drops of hydrogen peroxide were added to 25 ml of analytical reagent-grade 
sulphuric acid. The solution was then warmed gently to decompose excess H202. This 
acid was used to prepare 0.1 N HzSO4 as described above. Anodic pre-electrolysis was 
then carried out in some cases, but this did not appreciably alter the polarization 
behavior. All experiments were carried out in an atmosphere of purified oxygen. 

Electrical measrcrements 
I .  Rtference electrode. All potentials were measured against the hydrogen electrode 

in the same solution. 
2. Tafel mcasuremenls. The set-up used for the polarization measurements was the 

usual type of galvanostatic circuit; the ptentials were measured with a Doran valve 
potentiometer (* o.001 V). 

3. Open circilit potential. The open circuit potential of Pt electrodes was measured 
in 0.1 S H2S04 solutions which were purified only by anodic pre-electrolysis, without 
Hz@-treatment of the sulfuric acid. 

3. Oxygen coverage transients. For the determination of the coverage with oxygen, 
the following electrical circuit was used (Fig. I). The electrode potential was kept 

C.R.O. P 
Fig. I .  Electrical circuit: ( I ) ,  test electrode; (2) .  refemncc elc~trode; (3). counter electrode; 

(4). switch. 

at the required anodic value with a Wenking potentiostat for 10-15 min in order to 
ensure the attainment of steady state. By means of a high-speed mercury relay 
devices, the potentiostatic control was cut off and a cathodic galvanostatic current 
was imposed within 10 psec on the electrode. The potential-time behavior was fol- 
lowed on a Tektronix oscilloscope (Type 531A). Photographic records were made of 
the oscilloscope screen with a Polaroid camera. Several cathodic current densities in 
the range 10-500 rnA were examined4-5. A current of 100 rnAjcm2 was selected as the 
most suitable current density, for all subsequent transients. 

5. Capacity measurements. To measure the true area, the capacity of the Pt  electrode 
was determined in 0.5 M NanS04 in a helium atmosphere by two methods. (I) Galva- 
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nostatic pulse method: after the electrode had reached its rest potential, a cathodic or 
anodic pulse was applied; the initial slope of the transient was used to calculate the 
capacity. (2) A.c. bridge method: a Wayne-Kerr Universal impedance bridge was used 
to measure the capacity directly at a frequency of 1592 clsec. 

RESULTS A S D  CALCULATIOSS 

I. Tajel line 
The slope of the potential-log current density line was 0.113 (& 0004) V, the 

exchange current, io, being equal to (2.5 1.4) 10-10 A 'cm' (Fig. 2). Two kinds of 
anomalous behavior were observed (Figs. 2 and 3) : 

lool I L -lO - -6 -4 -2 
bg c u m  dcnwty ( ~ f c r n ~ )  

Fig. 2. Tafcl line: slopc. 0.1 15; i~ = 2.5 x lo-lo A/cm=. 

vdts 

2.00- 

1.80 

1.6 

1.40- 

1.20- 

1.00. 

pf" 
/ 

/ 
/ 

/ 

/ 
/ 

1 I 
-10 -8 6 -4 - 2 

bg cunrtnt Uens~ty (A/cm2) 

Fig. 3. Tafel line: slope, 0.1 15. 
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(a) When measuring the "up" Tafel line with increasing current, the potential did 
not change between 10-10 A/cm2 and about 10-6 A/cm2; with further increase in 
current density it rapidly attained the Tafel value. In this lower current density 
region the potential tends to decrease with time. 

(b) With some electrodes the descending Tafel line sometimes flattens out at  a 
potential of 1.48 V. 

2. Open circuit potential 
The following open circuit potentials were observed depending on the pre-treatment 

of the electrode : 

None 
None 

?\nodically oxidized 1.13 f 0.05 

Anodically oxidized, then raised above the solution 1.243 Q 0.016 
in 0 2  atmosphere (20 h) (WATANABE AND DEVANATHAN~) 
As above with platinized platinum 1.235 & 0.014 

No purification 
Purified by anodic 
pre-electrol ysis. 
Punfled by anodic 
pre-electrol ysis. 
Purified by anodic 
pre-electrol ysis. 
Purified by anodic 
pre-electrolysis. 
Purified by anodic 
pa-electrol ysis. 

3. Time defiendence 
The open circuit behavior was followed after the electrode was kept a t  a constant 

potential of 1.8 and 1.6 V respectively. In Fig. 4 V is plotted as function of log t .  The 
initial slope is 0.1 V. 

4. Cathodic transient measurements 
A typical cathodic transient is shown in Fig. 5. After a steep drop of the potential 

log bmt(xe) 

Fig. 4. Decay curve: A, starting a t  I .8 V; o, starting a t  1.6 V. 
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A-B, to around 0.8 V, a gently sloping section, B-C, is observed, the length of which 
depends on the initial potential. An inflection is perceptible at D corresponding to a 
potential of 0.3 V after which the potential drops to hydrogen evolution. This value 
of 0.3 V is identical with the potential at which hydrogen adsorption starts. This is 

volts 1 
I 

Fig. 5 .  Typical cathodic transient, ic.tb = roo mh/cmz. 

Fig. 6. (a), d V / d t  as a function of time; (b), d V / d f  as a function of voltage, Vt4 = 1.6 V; 
i ,  = roo mA/cm'. 

clearly shown in Fig. 6 in which dV/dt is plotted as a function of time and as a function 
of voltage. The inflection point of the V-t curve appears in this graph as a maximum 
at 0.3 V. 

Q was calculated by taking dV/dt at different values of V. The initial slope of the 
V-t curve gives C-ble byer.  The double-layer charging current was calculated ac- 
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cording to 

Assuming CDL is independent of V, the contribution of the double laver for each point 
on the V-t curve was obtained. Thus 

i~ = itot.l - imoalc uyn 

Below 0.3 V : 

i~ = icot.l -  DL - i~ 
.a. 

iHads was obtained in an analogous manner from the anodic transient. The area under 
the curve ip VS. 1, Q, was then computed. Since QDL $ Q p ,  this rather elaborate method 
was unnecessary. It was sufficient to take Q = i x t, with t = time required to reach 

Fig. 7. The number of coulombs required for the dissolution of the oxide film as a function of the 
steady state applied potential: ( I ) ,  calculated without roughness factor; (2). calculated with 

roughness factor (2 .5 ) .  

0.3 V. A precision of 5% was achieved. The number of coulombs required for the 
dissolution of the oxide film is plotted as a function of the steady-state applied po- 
tential and is shown in Fig. 7. A linear relationship appears to exist between Q and V .  
The reproducibility was 10%. 

5 .  Roughness factor 

A value of 39 pF/cmZ was obtained for the capacity at 0.45 V with both anodic or 
cathodic pulses of 10 mA/cmZ. The capacity measured in the same solution with the 
Wayne Kerr universal A-C bridge gave C = 39.5 pFlcm2. 

Taking 16 pF/cm%s the capacity of the double layer, the roughness factor of our 
electrode was therefore 2.5. 

J .  Electroanal. Chem., 8 (1964) 127-138 
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DISCUSSION 

I. Open circuit beltavior 
The oxygen evolution reaction is essentially a redox process in which the substrate 

plays the role of a catalyst. However, as the table given below shows, there are several 
thermodynamic potentials for the Pt-Pt oxide couple which lie in the vicinity of the 
H2O-02 potential. 

Volts Ref. 

(a) HtOa + Oz + 2 H+ + 2 c 0.682 (6) 
(b) 0.84 F ' t + H * O + F ' t O H + H + + e  (7) 
(4 0.98 Pt + 2 Ha0 + Pt(0H)r + 2 H+ + 2 e (6) 
(4 1.1 Pt(OH)= + PtOa + 2H+ f 2 L (6) 
(e) 2 H 1 0  ~ O Z  + 4 H + +  4 e  1.229 (6) 

(f)  1.5 PtOl+ Hz0 + PtOr + 2 H+ + 2 e (8) 
(g) 2 HtO e HzOr + 2 H+ + 2 e 1.77 (6) 

These reactions of the Pt oxides can have appreciable exchange currents. 
In order to observe the H2O-02 potential (reaction (e)) it is necessary to suppress 

the exchange currents of these reactions to below the exchange current of the HzO-02 
reaction. Thus the potentials which can be observed are ciitically dependent on the 
nature of the oxide surface. The variety of potentials reported in the literature is an 
indication of the difficulty of reproducing electrode surfaces in a suitable, catalytically 
active form. This is also clearly shown by the fact that only a slight change in the 
treatment (prolonged exposure to Oa gas after anodic oxidation) results in the attain- 
ment of the reversible OFHZO potential. An explanation can now be given for the 
behavior of Pt electrodes in acid solution. 

Platinum chemisorbs oxygen to an extent depending on the Oz partial pressure in 
the solution. This film of chemisorbed oxygen however can subsequently hydrolyze 
according to 

In a purified solution a potential of 0.98 V corresponding to reaction (c) is thus found. 
Only anodic oxidation results in a higher oxide (reaction (d), and sometimes reaction 
(f)). 

In the presence of reducing impurities (e.g., SOs, HS, the potential decays from 
0.98 V to 0.84 V. The mechanism appears to be oxidation of the impurities coupled 
with the reduction of Pt(OH)2 e.g., 

This mechanism gives an explanation for the erratic time dependence and stirring 
effects. The PtOHiPt sets up a potential according to reaction (b). I t  is noted that 
the anodic oxidation of platinum likewise starts around 0.8 V even a t  high current 
densities, both in Oz-containing and 02-free solutions. VETTER AND BERNDT' found 
that the potential at which the anodic oxidation starts, depends on the pH (59 rnV/pH) 
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as predicted by eqn. (b). BOCKRIS AND OLDFIELD? have shown reaction (b) to be 
independent of 0 2  partial pressure. These facts are consistent with eqn. (b) being the 
first step in the anodic oxidation process with a high exchange current. 

2. Tafel line 
The Tafel-(b)-parameter is in good agreement with the theoretically expected 

value. The degree of purification of the solution does not seem to be so critically 
important for the slope of the Tafel line (see also CON WAY^^) as the pre-treatment of 
the electrode. Heat treatment as used by ROCKRIS AND HUQ' (heating in 0 2  at 500") 
resulted in a lower value (0.097 5 0.09). The efficacy of cathodic pre-electrolysis as 
reported by BOCKRIS AND HUQ appears to be connected with the formation of H A  
which oxidizes SO2 and other reducing substances. Cathodic pre-electrolysis was 
eliminated by oxidation with H202. 

The flattening out at  the high value of 1.48 V, observedinsome cases in the polariza- 
tion measurements, is most probably due to potential control by platinum oxide, 
PtO,, (reaction ( f )  ; compare levelling off of Tafel lines in hydrogen evolution reaction 
on corroding metals). 

The anomalous behavior of the upward polarization curve could aIso be attributed 
to a determination of the potential by reaction (d) or (c). Thisinterference is very likely 
as the io of the oxygen evolution is about 10-10 A/cm2. A current density of 10-'0-1o-s 
A/cm2 does not differ greatly from open circuit conditions. 

3. Decay cunm 
ARMSTRONG AND BUTLER" derived the following expression for the discharge of the 

double-layer capacity 

The observed slope is in agreement with eqn. (4). 
The interesting fact in Fig. 4 is that this relationship does not hold below a potential 

of 1.4 V. I t  is at this potential that the Pt oxide reaction ( f )  starts to interfere. (Com- 
pare anomalous behavior observed in Tafel line.) 

Beyond 1.45 V the slope of dV/d log t will therefore greatly depend on the nature 
of the surface. 

4. Oxygen coverage 
For the oxygen evolution reaction it is known1 that the ratedetermining step is 

discharge of H20 (or OH- in alkaline solution). To evaluate the subsequent step, it is 
necessary to know the coverage with oxygen. The apparent amount of "oxide" 
measured in a cathodic transient consists of oxygen attached to the electrode and 
oxygen diffusing to the electrode from the solution. In order to reduce errors due to the 
latter it was necessary to use a current density as high as possible. The amount of 
oxygen was found to be practically constant beyond 50 mAl2. The high values below 
50 mA indicate re-adsorption of oxygen. An oxygen concentration of 10-4  mole!l 
would correspond to a diffusion-current of i~ = nFD (CIS). With D = 10-5 cm2 sec-1 
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this corresponds to a diffusion current of the order 10-4 AA/cm2. As our values indicate 
a coverage which goes beyond a mono-layer (I mono-layer of oxygen corresponds to 
about 5oopC/cm2) it is not possible to draw any conclusions concerning a subsequent 
course in the evolution reaction. 

A linear dependence of the coverage with voltage was also found by BECKER AND 

B R E I T E R ~ ~  and by LAITINEN AND EKKE'~.  The values in this paper are, however, con- 
siderably higher. The experiments of BECKER AND BREITER were carried out in hydro- 
gen atmosphere. I t  is known that molecular hydrogen is capable of reducing oxides or 
inhibiting the formation of oxide., which could account for the difference. LAITINEN 
AXD ENKE obtained their values in N2 atmosphere, but they allowed only one minute 
to elapse before switching on the cathodic current. 

There are two different points of view regarding the coverage with oxygen. One is 
that the oxygen forms a chemisorbed layer. BECKER AND B R E I T E R ~ ~  conclude that at  
1.4 V a "mono-atomic" layer exists. More "layers" are assumed to grow continuously 
a t  higher potentials. The other idea is that definite phase oxide formation takes place. 
Evidence for this is (a) the slight inflection in the anodic transients observed at  low 
current densities by EL WAKKAD AND E M A R A ~ ~ ;  (b) the chemical detection of PtO2 
and PtO by ANSON AND LINGANE~~.  The high values that we have obtained are con- 
sistent with the hypothesis that phase-oxide formation takes place. 

5. Phase oxide growth 
A growth of phase oxide on platinum can only take place by anodic polarization. 

Chemisorption of oxygen leads to Pt(OH)2 as shown above. The potential therefore 
does not exceed 0.98 V. In a galvanostatic charging experiment (current density 
roo pA/cm2) the potential, after a nearly linear rise, flattens out at a potential approx- 
imately xoo mV below the final steadystate value (1.8 V). A long time was required 
to cover the last ~ o o  mV (3 h). However, under potentiostatic conditions. 10-15 min 
was considered long enough to attain steady state. During this last IOO mV change, 
most of the current goes for 0 2  evolution; only a small fraction is used for oxide 
growth as a parallel reaction. 

The amount of electricity measured in the cathodic transient gives the oxide present 
per unit area. This however does not necessarily mean that this oxide uniformly covers 
the total electrode area. I t  is far more likely that only on certain area of the first 
layer the oxide growth starts. The oxygen evolution reaction will take place 
mostly on those sites which are not involved in the oxide growth. In other words, if 
this model is assumed, the thickness of the oxide must then exceed several mono- 
layers. A similar explanation was put forward by HOAR" for the slow attainment of 
the reversible HzO-02 potential under potentiostatic conditions. 

6.  Mechanism of oxide growth 
The growth of oxide films can be rate-controlled at the metal-film interface or 

within the oxide itself. For very thin films CARRERA AND M O T T ~ ~  consider the rate of 
entry of metal ions into the film as the rate-determining step. 

IJnder the influence of an electric field, E, this process is accelerated. 
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Thus : 

-+ dX 
i N - = nv(Z' - m') exp - [(WI - w E ) / k T ]  

dl 

where n = number of metal ions per cms; 
2' - n' = available sites for the metal ion in the oxide per cm2; 
v = frequency factor; 
WI = activation energy metal-film; 
z = valency; 
a = activation distance; 
k = Boltzmann constant; 
T = absolute temperature; 
E = electric field = V / X ;  
X = thickness. 

In a strong electric field the movement of the ions will be in one direction only 
(CABRERA AND MOTT). A limiting thickness was then derived by assuming the growth 
rate is virtually zero if 

dX -- - 10-15 cm sec-' 
d f 

A diagram of the energy bamers is shown in Fig. 8. 

I film p -----L- I I I 

Fig. 8. Diagram of the energy bamers: W, activation energy metal-film; U, diffusion activation 
energy. 

Whether the reverse current can be neglected or not, will depend on the energy Ievel 
in the metal and the energy level in the metal oxide. 

The Pt  oxide film will be both ion- and electron-conducting so that the field here 
can be taken to be small. Therefore the reverse current should also be taken into 
account, for which we write 

t 
a - mf9'  (2 - n)  exp - [(W-1 + eaE)/kTl  (6) 

where n' = number of mobile metal ions per cm*; 
Z - n = sites available in the metal per cms. 
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The steady state at any fixed value of V is thus reached when 

Hence 

( W I  - taE)  ( W - I  + zaE) 
nv(Z' - n') exp - = n'v'(Z - n)  exp - 

kT kT 
(8) 

and thus with E = V!X,  a limiting thickness is given by 

- 
V av(Z' - n') 

W1 - CV-1 - kT - log 
n'r'(Z - n') 

Substituting in formula (9) for the migrating Pt ions, z = 2, and taking a = 
2.5 x 10-8 cm (a plausible value) 

- = - 
V nr(Z' - n') volt 

WI - W-1 - kT log 
n'v'(Z - n )  

It  was found experimentally 

or taking into account the roughness factor of 2.5 

For the conversion of Q into thickness, a value of 5oopC/cms is taken for a mono- 
layer of oxygen, with a thickness of 2.8 x 10-8 cm (radius 02- = 1.40 x I O - ~  cm). 
I t  follows that, 

Neglecting the log term in eqn. (IO), would give a value of the order of 10 x 10-8 

cm/V for X / V  if (W1 - W-1) is taken as I eV which is a very probable value. The 
fair agreement with the experimental value shows that this model of oxide growth is 
not unreasonable. In this derivation it is assumed that the oxide does not chemically 
dissolve to any appreciable extent. 

Whether or not definite oxide formation and growth occurs, is a question which 
cannot be unequivocally decided by chronopotentiometric measurements, as this 
technique cannot discriminate between oxide and chemisorbed (or adsorbed) oxygen. 

The presence of an oxide film and its thickness can also be determined by studying 
in situ the polarization state of reflected lightl9.90 with a thin-film ellipsometer. In 
outline the method was as follows. 

The potential of a P t  mirror was maintained with a potentiostat. I t  was observed 
that the polarization state of the reflected light up to a potential of 1.0 V remained 
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the same as that at 0.3 V at which potential there is no surface film. The change 
observed above this potential showed independently that a film was formed above 
0.98 V, as discussed earlier. 
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SUMMARY 

The anodic behavior of Pt electrodes in Orsaturated sulfuric acid solution is shown to 
be critically dependent on the treatment of the electrode. The open circuit potentials, 
1.48,1.13 and 0.98 V, observed in purified solution, are related to the thermodynamic 
platinum-oxide potentials. The erratic behavior of P t  electrodes in non-purified solu- 
tions is also explained. 

The thermodynamic value of 1.23 V for the H~0-02 reaction was obtained when 
certain conditions were fulfilled. The Tafel (b) parameter for the anodic oxygen 
evolution reaction was 0.113, and i o  = 2.5 x 10-10 A/cm2. Chemisorption of oxygen 
leads to a dipole potential of 0.98 V. An oxide film is produced by anodic oxidation. 
This was confirmed by an optical method (thin film ellipsometer) which showed that 
the growth of a film commences only above I V. 

Cathodic transient technique was used to measure the oxygen coverage (Q) of the 
Pt electrode as a function of the applied potentiostatic voltage (V). A linear relation- 
ship between Q and V was found. This relationship, Q = f (V ) ,  is explained on the 
basis of a modified Cabrera-Mott model. The evidence suggests that powth takes 
place on certain sites of the first layer only. 
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INTRODUCTION 

The tracing of a potentiometric titration curve is based upon the measurement of 
the variationof the potentialof asuitableindicatorelectroderelative to that of areference 
electrode. The realization of such an arrangement in melts operated at  relatively low 
temperatures has been recently established'-5. At temperatures higher than 900°, 
and/or in glass or refractory corroding melts, the development of reference electrodes 
offers considerable technical difficulties. 

Recently we applied the Cu/CuO electrode as indicator electrode in the ptentio- 
metric determination of the acid KtCr20, in molten KN038. At the theoretically 
calculated equivalence points, sharp potential drops of cn. 600 mV were measured 
relative to a Ag/Ag(I) reference electrode. Comparison of the titration curves obtained 
with the Cu/CuO electrode with those traced with an oxygen (Pt) electrode under 
the same experimental conditions6~7 showed that the fonner type of electrode 
registered potentials which were ca. 35 mV more negative than those obtained with 
the oxygen electrode. This was related to differences in the EO values of the two 
electrodes. This fact aroused our interest and we were encouraged to try other 
metallic electrodes as indicator electrocles in potentiometric acid-base titrations in 
melts and to investigate the possibility of applying the principle of bimetallic elec- 
trodes for the determination of equivalence points. Different metals would be 
expected to function as oxygen electrodes of different EO values. Also, the potential 
drop at an equivalence point would vary from one particular indicator electrode to 
the other. Thus, when the potential difference between two such indicator electrodes 
is measured, potentiometric titration curves could be constructed which would 
exhibit distinct inflexions at the equivalence points. The apparent advantage of this 
technique is that no reference electrode is needed for tracing these titration curves. 
The principle of potentiometric titrations with bimetallic electrodes has been devel- 
oped for redox titrations in aqueous media, but, as far as we are aware, i t  has not 
been applied to acid-base titrations. 

EXPERIMENTAL 

Potentiometric titrations were conducted in molten KNOs at  350°. The salt was 
dehydrated by bubbling pure dry oxygen through the melt for I h?. The titration 
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assembly has been described previously in detail 4.7-10. The titration vessel contained 
two indicator electrodes, one of which, unless otherwise stated, was an oxygen (Pt) 
electrode. The potential of both electrodes was measured, alternatively, relative to 
that of a Ag/Ag(I)lglass reference electrodes. The potential difference between the 
two indicator electrodes was noted on a second potentiometer. All potentials were 
found to establish rather quickly (5-8 min after each peroxide addition) and were 
reproducible to better than f 20 mV. The following indicator electrode combinations 
were examined: 02-Ag. 02-Cu, 02-Fe, 0s-W, 02-Ni, Pt-Ag. 

RESULTS AND DISCUSSION 

The feasibility of silver, copper, iron, nickel and tungsten electrodes as indicator 
electrodes for potentiometric acid-base titrations in molten KN03 at 350' was 
established by titrating the acid KzCrz07 with Naz0~7. Examples for the titration 
curves are depicted in Figs. I and 2 for the electrode combinations 02-Ag and 
On-Fe. The curves with open circles are titration curves constmcted by measuring 
the potential of the oxygen (Pt) electrode relative to that of the reference electrode. 
The curves with the black circles show the variation of the potential of either the 
silver or iron electrode during the progress of the neutralization reaction. I t  can be 
seen from the curves of Figs. I and 2, and from similar curves obtained with copper, 
nickel, and tungsten electrodes, that normal potentiometric titration curves charac- 
terized by distinct potential drops at the equivalence points were obtained. I t  is 

I I I 1 I 
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W 2 ( 9 )  

Fig. I .  T i t i o n  of the acid KzCr207 with Na& in molten KNOs at 350' ( I ) .  0.400; (2). 0.750; 
(3). 1.500 g acid. 0, 0 2  electrode; e, Ag electrode. Upper curves, O r 4 g  comb~nation. 
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reasonable to assume that other metallic electrodes would behave similarly. The 
average error in the determination of known amounts of the acid was comparable 
to that obtained with the oxygen electrode7. Consideration of the potentials estab- 
lished by the different electrodes along the upper branch of the titration curves 
revealed that they were invariably more negative than those for the oxygen electrode. 
Similarly, the potential drops at the inflexion points of the titration curves depended 
upon the particular indicator electrode used. Average values were: 0%, 600; Ag, 500; 
Ni, 600; \V, 700; Fe (fresh), 550; Fe (aged in the melt), 600; mV, respectively. 
Apparently both effects are related to the fact that the EO values of these electrodes 
(as oxygen electrodes) are different. 

The various indicator electrodes were affected differently by fused K N a .  Both the 
silver and the tungsten electrodes were polished by the melt. The iron, nickel and 
copper electrodes were covered, however, by dark oxides. The thickening of the 
brown oxide on the iron electrode upon prolonged exposure to the nitrate melt 
eliminated the difference in potentials between this electrode and the oxygen electrode 
(Fig. 2, curve B). The electrode could be reactivated by polishing with emery paper 
before immersion into the melt (Fig. 2, curves A). 

The upper curves of Figs. I and 2 were obtained by measuring the potential 
difference, AE, between the oxygen electrode and the other indicator electrode. Here, 

, a; 02 m a4 0.1 0.2 
M202(!3) 

Fig. 2. Titration o f  the acid KzCreO, with NazOz in molten KNOS at 350° ( I ) ,  o . joo:  ( 2 ) .  0.750; 
(3). 1.500 g acid. 0. 0 s  electrode; 0, Fe electrode. Cpper cunrm. 0s-Fe combination. (A), fresh 

electrode; ( R )  , aged eleclrode. 
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the equivalence point was reflected as a normal potential drop (Ag. Ni), as an upward 
maximum (Cu, Fe) or as a downward minimum (\V) depending upon whether the 
particular indicator electrode established positive or negative potentials with respect 
to the oxygen electrode a t  the points of maximum inflexion of the titration curves, 
and also upon the magnitude of potential difference after the equivalence point. The 
inflexion in AE coincided with that measured with single indicator electrodes. The 
applicability of bimetallic electrodes to the determination of equivalence points in 
acid-base titrations is, therefore, established. As has been mentioned before, this 
technique offers the much appreciated advantage of overcoming the previously 
considered indispensable need for a reference electrode. 

Attempts to apply a carbon rod for the determination of KzCr2O.r in KN03 melts 
were unsuccessful. Although sharp potential drops amounting to ca. Goo mV were 
measured, the inflexions occurred much earlier than had been theoretically calculated 
or measured with the oxygen electrode. The reason for this behaviour seems to be 

L 1 I I 1 I , I I 
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No202 (9) 

Fig. 3. Titration of the acid Nap01 with Na& in molten KXO, at 350: ( I ) .  0.250: ( 2 ) .  0.500; 
(3) 1.000 g acid. 0 . 0 9  electrode; 0, W electrode. Upper curves. 02-W combination. 
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related to the oxidizing properties of both the nitrate and dichromate ions in the fused 
state. 

We have recently found that the acids Nap03 and NaH2P04 can be titrated 
potentiometrically with NazOz in fused KN0311. During the course of neutralimtion 
of these acids, two inflexions were registered. These were due, respectively, to the 
formation of Na4Pz07 and Na3PO4 in the case of Nap03 and Na2HP04 and Na3PO4 
in the case of NaHzP04. I t  was of interest to establish whether the neutralization 
of these 'dibasic' acids could also be followed potentiometrically with bimetallic 
electrodes. 

The titration curves for the acid Nap03 in fused KN03 at 350' are shown in Fig. 3. 
The lower curves of this figure represent the variation of the potentials of both the 
oxygen and tungsten electrodes relative to the Ag/Ag(I) reference electrode. Contrary 
to its behaviour during the titration of the acid KaCrsO?, the tungsten electrode 
established limited potential drops at the equivalence points of the acid NaP03. This 
is, however, an apparent advantage. When these potentials were measured against 
those of the oxygen electrode, potential drops of ca. 200 and 300 mV were established 
at the two molar ratios acid : base, of 2 : I and I : I, respectively (Fig. 3, upper 
curves). 

The acid NaHaPOr was titrated similarly using platinum (without bubbling oxygen) 

Fig. 4, Titration of the acid NaHoPO, with NazOe in molten KNOs at 350° ( I ) ,  0.250: (z), 0.500: 
(3). 0.750 g acid. 0, Pt electrode; e, Ag electrode. Upper curves, Pt-Ag combination. 
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and silver as indicator electrodes (Fig. 4). At the molar ratio, acid : base, of 2 : I the 
platinum electrode registered inflexions of ca. 300 mV, while the silver electrode gave 
a drop of only 6e-80 mV. The second neutralization step. occurring a t  the moIar 
ratio, I : I, was characterized by potential drops of ca. 400 and 350 mV for the two 
electrodes, respectively. The upper curves of Fig. 4 represent the variation of the 
potential of the silver electrode relative to that of the platinum during the progress 
of the neutralization reaction. The two neutralization stages of the acid NaHzP04 
were reflected as potential inflexions of ca. zoo and IOO m\' respectively. 

The results presented in Figs. 3 and 4 show that bimetallic electrodes can be 
applied successfully for the determination of equivalence points of acids neutralizing 
in more than one step. The applicability of bimetallic combinations for the study of 
reactions in silicate and borate melts is now being investigated. 

SUMMARY 

Silver, nickel, copper, iron and tungsten were successfully applied as indicator 
electrodes in the titration of the acid KzCrs0.r in molten KN03 a t  350'. With all 
electrodes sharp potential drops were recorded at the theoretically calculated equiva- 
lence pints.  Because of differences in Eo potentials (as oxygen electrodes), the 
measurement of potential differences between any two indicator electrodes allowed 
the determination of equivalence points. In this type of titration no reference elec- 
trode is needed. 

Bimetallic combinations were equally suitable for the determination of equivalence 
points of acids neutralizing in more than one step, e.g., Nap03 and NaHzP04 
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INTRODUCTIOS 

The chronopotentiometric oxidation of oxalic acid at platinum and gold anodes has 
been the subject of several recent studies'-4. Early studies established that the 
presence of an oxide film on a platinum anode is inhibiting to the oxidation. Evidence 
for this is the fact that the chronopotentiogram is shorter and less reversible after 
the establishment of a partial oxide film in a previous anodization, and that after 
prolonged or repeated anodization, no oxalic acid chronopotentiogram precedes the 
oxidation of water. ANSON AND SCHULTZ~ have shown that similar effects are produc- 
ed by the presence in solution of chloride or thiocyanate ions, or amyl alcohol, 
presumably because these species are tightly adsorbed on the anode, and block access 
to it in the same way that an oxide layer might. 

As part of a study of the properties of palladium as a material for electrochemical 
techniques, we have investigated the oxidation of oxalic acid and of oxalate ions at a 
palladium anode by the chronopotentiometric technique. The results indicate that 
oxalic acid and the hydrogen oxalate and oxalate ions are oxidizable a t  a palladium 
anode by a mechanism which is not inhibited by the presence of adsorbable species 
in solution, and which operates at an electrode which is covered with a film of palla- 
dium oxide. 

EXPERIMENTAL 

The circuit and cell for chronopotentiometry were of a common type described 
previouslya. Chronopotentiograms were observed with a Tektronix Type 503 oscillo- 
scope, and transition time measured by opening simultaneously the electrolysis 
circuit and the circuit powering an electric stopclock when the potential corresponding 
to the transition time was reached. 

Oxalate solutions were prepared by weight from primary standard sodium oxalate, 
which was dissolved in the appropriate supporting electrolyte. Temperature was 
controlled at 25.0' by means of a thermostatted water bath. The cylindrical palladium 
anode, 99.99% pure, had a radius of 0.051 cm, and an exposed area of 0.220 cn12, 
defined by a Tygon paint seal. 

- 

Present address: Department of Chemistry, Wellesley College, \Vellesley, Mass. U.S.A. 
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RESULTS 

Tlze meeltanism of o d i c  acid oxidation 
Curve I of Fig. I is the anodic chronopotentiogram of 0.01 M oxalic acid in a 1.0 

M perchloric acid solution. Before Curve I was photographed, the electrode was freed 
from oxide films by cathodization. Curve 2 of Fig. I was obtained by re-anodizing 
after the solution had been stirred, following the recording of Curve I. 

Fig. I .  Chronopotentiograms for the oxidation of 0.01 M oxa!ic acid in 1.0 M HCIO.. Curve I was 
obtained with an ori~inally unfilmed palladium anode. After the solution was stirred and allowed 

to become quiet, curve z resulted on anodization. 

Palladium forms, on anodization in non-electroactive solutions, an oxidized layer 
containing palladium in two oxidation states, the lower of which is definitely fz. 
The known properties of palladium suggest that the higher oxide is that of +q 
palladiums. The first potential inflection of Curve I corresponds to the formation of 
the +2 oxide film; it is not affected by stimng, and reversal of the current before 
+ 1.3 V is reached results in a cathodic chronopotentiogram characteristic of thereduc- 
tion of the +a films. In a stirred solution, anodization results in an indefinitely long 
potential halt at + 1.3 V vs. S.C.E. Therefore the second wave of Curve I is the chrono- 
potentiogram of the diffusing species, HZC204. 

Two important conclusions can be drawn from Fig. I. The first is, that since the 
oxalic acid chronopotentiogram follows that for the formation of the +2 oxide, 
the presence of that film does not inhibit the oxidation of oxalic acid. This conclu- 
sion is borne out by Curve 2, the anodic chronopotentiogram of oxalic acid at a filmed 
electrode. That the +2 oxide film is still present after the time interval that follow- 
ed Curve I is clear from the complete absence in Curve 2 of a potential halt for its 
re-formation. (Also, the presence of a film of PdO may be detected by the chrono- 
potentiogram for its reduction if the electrode is cathodized.) This fact also makes it 
clear that oxalic acid does not react rapidly with the + 2 oxide. 

The second conclusion to be drawn from Fig. I is that, since it commences abruptly 
at  t r . 3  V vs. S.C.E., the oxidation of oxalic acid seems likely to proceed via a dif- 
ferent mechanism from that which operates at gold and platinum electrodes, at  both 
of which the oxalic acid wave begins at +o.g V. We feel that the experimental evi- 
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dence outlined below points to a mechanism for the oxidation at palladium anodes 
which involves the higher (+4) oxide as an intermediate: 

PdO + 2 0 H -  + PdG + H I O +  2 r  
(or Pii + q OH- + I'd02 + 2 H a  + 4 4 I 
PdG + HtCzOo + 2 COr + Hz0 + PdO (2 )  

The experimental evidence for this mechanism is based largely on the observation 
that the +4 oxide film is rapidly reduced on contact with oxalic acid solutions. In 
strongly acid solutions, or neutral solutions of sodium sulfate, perchlorate, or nitrate, 
this reduction proceeds rapidly. In neutral or weaklv acidic solutions of phosphate or 
tartrate salts, and in strongly basic solutions the $4 oxide is not reduced, or is reduced 
only very slowly, by oxalic acid or oxalate ions, and in these solutions the anodic 
oxidation of the oxalate species is inhibited. In short, oxalic acid or either of its 
anions is oxidizable at a palladium anode only if the direct chemical reaction lwtween 
the oxalate species and the +4 palladium oxide is rapid. 

Experimental observations which support but do not necessarily prove the above 
mechanisms are as follows: 

I. Oxidation of the oxalate species never precedes the formation of the +4 oxide 
film. If, in the observation of the chronopotentiogranl like that shown in Curve I 
of Fig. I, the current is reversed before the beginning of the oxalate wave, and a 
cathodic chronopotentiogram observed, only the +2  oxide film is found to be 
present . 

2. Since the oxidation o* oxalic acid proceeds at  an electrode that is covered by 
a film of palladium oxide, the mechanism of the oxidation cannot require direct 
access to the metal surface. Indeed, the fact that palladium is less noble than platinum 
or gold doubtless accounts for the fact that no oxalic acid wave is observed at  the 
potential at  which the oxidation takes place on the other metals. 

3. Attempts to produce inhibition of the wave by introducing chloride or n- 
pentanol into the solution produced no effect on the reversibility or transition time 
of the oxalate wave. Inhibition by these species, according to ANSON A N D  SCHULTZ~, 
is characteristic of an oxidation mechanism involving direct access to the metal 
surface. 

QuarJitative studies 
In ordei to demonstrate that diffusion-controlled oxidation of oxalate species can 

take place at a palladium anode in the presence of a palladium oxide film, quantitative 
current-transition time studies of chronopotentiograms corresponding to Curve 2 

of Fig. I were undertaken. I t  was found that such studies could not easily be applied 
to the oxidation of the species HzCz04, since the +2  oxide film is sufficiently soluble 
in strongly acid solutior~s to cause an appreciable positive erroi in the oxalic acid 
transition time observed, due to the current required to re-establish the oxide film, 
which had paitly dissolved between trials. The data in Table I illustrate this effect 

The simplest forrn[ilae of the oxides arc shown here. without any intended implications about 
their anionic compo.iitions. The presence of an oxidized film, containing palladium in two 
oxidation states, was established in a previous studye. 
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for a 1.0 M perchloric acid solution of oxalic acid (columns r and 2). Columns 3 and 
4 show that this effect is negligible for moderate times of exposure to the solution 
when the pH is raised to 3.0. 

TABLE 1 

Transition times at  a single current density for oxalic acid oxidation in I iM HClOa and in 0.001 
M HCIO4, as a function of time ofexposure of the filmcd electrode tothesolution between trials. 
The gradual enhancement observed in the strongly acid solution results from the current required 

to re-form thc oxide film, which is soluble in strongly acid solutions6. 
- - - 

2.0 M HClO4 1.0 M 1VaCl04 + 0.001 M HClOa 

Time of exposure Time o/ exposure 
to soln. T lo solta. T 

(=c) (set) 

The qualitative aspects of the chronopotentiograms observed in neutral or weakly 
acid solutions are very similar to those discussed above for strongly acid solution. 
Figure 2 shows chronopotentiograms corresponding to those of Fig. I, for originally 
unfilmed (Cu~ve I) and filmed (Curve 2) palladium anodes in a 0.50 M NaC104 
solution at  pH 5.28. Apart ftom the fact that these chronopotentiograms are some- 
what better developed than those in acid solutions, the same remarks apply to these 
curves a? were given earlier for those of Fig. I. 

9. 
LLi 
v *0.6 
U) 

ui 
*0.4 

2 m  

r0.2. L 

Fig. z. Chronopotentiograms for the oxidation of 0.01 M oxalate ion in unbuffered 1.0 M NaClO4. 
pH = 7.1. Curve I was obtained with an originally unfilmed palladium anode. After the solution 

was stirred and allowed to become quiet, curve 2 resulted on anodization. 

Quantitative studies were carried out under two limiting conditions: pH 7.1, a t  
which oxalic acid was quantitatively converted to C n 0 4 2 - ,  and pH 2.45, at  which 
92% of the extant species was present as the ion HCz04- 7. The data for the two 
cases is given in Table 2. 
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TABLE 2 

QUANTITATIVE CHRONOWTENTIOYETRY OF OXALATE SPECIES 

Total oxalate concn. i c  9.85 x 1 0 - a  M .  Support- 
ing e!ectrolyte is 1.0 M NoClO, titrated to pH rC44'-! == ''Oq3 ' *'-' M. Supporting 

2.45 w i t h  HCIOI lrolyte is  r.o M .lraCIO~, pH = 7.1 

T i t t /AC  i z T i t I /AC 
(PA)  (see) ( A  sect cns*mole-1) (PA) (=c) ( A  sect cml mole-',' 

The data in Table 2 are plotted as a function of r in Fig. 3. The solid curves are 
graphs of the function 

where D is the diffusion coefficient of the electroactive species, r the radius of the 
electrode, and r transition time, which was derived by PETERS AND LINGANE~ for 
chronopotentiornetry with cylindrical electrodes. Values of the bracketed polynomial 
were taken from the table computed by EVANS AND PRICES for a six-term polynomial. 
Values of the diffusion coefficient were chosen to given a reasonable fit to the ex- 
perimental data at  long transition times. 

In the case of the solution of pH 2.45 (upper curve and points in Fig. 3) a mixture 

Fig. 3. ir l /AC (.4 sect cmtmole-1) as a function of  7 for the chronopotentiometric oxidation of 
oxalate species. Upper curve and points, pH 2-45. Lower curve and points, pH 7.1. Data in both 

cases were obtained with a palladium anode which bore a film of PdO. 
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of oxalate species, 92% HCzOc, and 4% each H2Ca04 and CeOle- was present, and 
presumably the diffusion coefficient is an effective valueo, of the form 

where CnZox and DH,o=, etc., are the equilibrium bulk concentrations and diffusion 
coefficients of the respective species a t  the pH and ionic strength of the supporting 
electrolyte. However, since all diffusion coefficients are not known, no attempt was 
made to interpret the apparent diffusion coefficient of the mixture, 1.1 x 10-5 

cm2sec-1, in terms of the individual diffusion coefficients. I t  is, however, evident from 
the close agreement of the slope of the experimental points with the Peters-Lingane 
equation that the oxidation is diffusion-controlled a t  pH 2.45 a t  a filmed palladium 
electrode. 

The lower curve and set of points in Fig. 3 refer to the data taken at pH 7.1, 
again a t  an electrode filmed with PdO. The line is a graph of the Peters-Lingane 
relationship, using I)c2042- = 1.02 x 10-5 cm25ec-1, chosen to fit the data a t  long 
transition times. Since the slope of the experimental points appears to approach 
the theoretical slope a t  long transition times, it is fair to conclude that ditfusion 
control of the transition time is approached a t  low currents. However, the signifi- 
cant negative deviation of the points a t  high currents (short t )  is goodevidence that 
the transition time in this region is under the control of a kinetically-hindered step in 
the overall oxidation mechanism. In view of our observation that the +4 oxide 
film is immune to reduction by oxalate ion in basic solutions (though thermody- 
namically the reaction should go to completion) it is reasonable to speculate that 
even at pH 7.1 it is the reaction of theoxalate ionwith the higher palladium oxide film 
(reaction (I) in the proposed mechanism above) which is sufficiently slow to cause 
an appreciable kinetic effect on the transition time at larger current densities. 
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SUMMARY 

An investimtion of the anodic chronopotentiometry of oxalic acid and the oxalate 
anions indicates that the oxidation of these species is pot inhibited by coverage of 
the palladium anode surface with a film of P ~ O ,  in contrast to behavior reported 
elsewhere for platinum anodes. An oxidation mechanism which accounts for the 
observed behavior- is suggested, and quantitative studies indicate that the oxidation 
is diffusion-controlled a i - p ~  2.45, although subject to  slight but signiricant kinetic 
hindrance at pH 7.1. 
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Scarcely five years ago the diverse areas of electron paramagnetic resonance and elec- 
trochemistry were mated and, in this short period, the union has provided consider- 
able and significant contributions to both research fields. The title of this paper might 
be reversed to indicate the role of electrochemistry in electron paramagnetic resonance 
studies. In fact, the intent of this article is to discuss both viewpoints-the contri- 
butions of each technique to problems of the other. 

No attempt is made to present the principles of electron paramagnetic resonance 
(EPR). Thorough and authoritative treatments are availablel-3. Two recent reviews 
by CARRINGTOX~ and HORSFIELD~ give an excellent picture of the applications. The 
technique can be viewed as a specific measurement in the broad area of absorption 
spectroscopy. (It should be noted that the terms electron spin resonance (ESR) and 
electron magnetic resonance (EMR) are synonymous with EPR). 

EPR is concerned, among other things, with the detection and identification of 
free radicals and radical ions. The other diverse applications will not be discussed here. 
Free radicals and radical ions are unique in that they contain an unpaired electron 
and therefore an associated magnetic moment due to the spin of this unpairedelectron. 
One can perturb the natural energy levels of such a system by applying a gross 
magnetic field to the sample. If one then irradiates the sample with energy of the 
correct wave length or frequency, transitions can be induced among the perturbed 
energy levels. 

The magnetic moment of the unpaired electron not only experiences an orientation 
due to the large laboratory magnet, but it may also interact with various magnetic 
nuclei in the particular molecule involved. This results in sub-splitting of the energy 
levels and transitions among these levels provide the so-called hvperfine splitting. 
These electron-nuclear interactions are two-fold in nature. One results from the inter- 
action of the two (nearby) magnetic dipoles. The magnitude of this influence depends 
on the distance and spatial orientation between the electron and nuclear dipoles and 
therefore produces an anisotropic effect. This anisotropic portion of the hyperfine 
interaction is effectively averaged to zero for a radical or radical ion which is in solu- 
tion and therefore undergoirlg rapid tumbling motion. Only solution radicals are 
considered in this discussion and the anisotropic component of the hyperfine inter- 
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action can be neglected. The isotropic portion results when the wave function of the 
unpaired electron has a finite density at  the magnetic nucleus in question. This con- 
tact or Fenni hyperfine interaction is of fundamental significance especially inorganic 
radical systems. It  can be used to map the unpaired electron distribution around the 
molecular framework. 

The EPR spectra of paramagnetic species, then, are characterized by a series of 
absorption lines (due toinstrument designmost EPRspectra are presentedinderivative 
form) resulting from the interaction of the unpaired electron with various magnetic 
nuclei in the molecule. The spacing between these lines is a measure of the magnitude 
of this interaction and is called the coupling or splitting constant. This is usually given 
the symbol az where Z is the magnetic nucleus in question. Coupling constants are 
most often given in gauss and are converted approximately to frequency units of 
Mclsec by multiplying by 2.8. Proton couplings are, of course, most frequent and inter- 
action of an unpaired electron with a single proton gives rise to a doublet splitting. 
Interaction with n equivalent protons produces (n + I) lines in the EPR spectrum. 
The intensities of these lines will be in the ratio of the coefficients of a binomial ex- 
pansion (i.e., the intensities of the 5 lines arising from interaction with 4 equivalent 
protons will have the ratio 1:4:6:4:1, etc.). A 14N nucleus with spin I gives rise 
to three lines of equal intensity. A thorough discussion of other hyperfine interac- 
tions and how they arise in aromatic radicals is contained in the review by CAR- 
RING TON^. 

The details of the construction and operation of an EPR spectrometer are too in- 
volved to be treated in detail here. I t  is worthwhile considering a general description 
of a typical X-band, reflection type spectrometer for the purpose of examining the 
relationship of the electrochemical experiment to the instrument. Like any complex 
instrument the EPR spectrometer can be broken down into several general sections: 
(I) an input section; (2) a detector system; (3) the output section; and (4) associated 
power supplies. 

The input section of the spectrometer consists of a klystron tube which generates 
microwave radiation in the general region of 9-9.5 kMc (this corresponds roughly to a 
wave length of ca. 3 cm andthisspectral region is frequently called X-band, hence the 
name X-band spectrometer). The klystron is tunable over a small span but is normally 
operated at essentially fixed frequency. Also to be included in the input section is 
the large electromagnet which provides the initial conditions for the resonance exper- 
iment. The magnet provides a homogeneous field of ca. 3000-4000 gauss. (The mag- 
net normally has a wider range of field strength but it is this region which is of inter- 
est in the present discussion. )Provision is made for automatic variation of the field 
in a slow, linear sweep through the region of the resonance absorption of microwave 
energy. 

The output from the klystron source is fed through microwave plumbing (rectang- 
ular waveguides) to the microwave bridge which contains the cavity and a crystal 
d i d e  detector. Strictly speaking the crystal is the detector but the classification 
given above is only for convenience. The assembly of microwave bridge, cavity and 
crystal may be thought of as the detector system. The microwave bridge is a device 
commonly called a magic or hybrid T and consists of four arms. Microwave power 
from the klystron enters through one arm and divides equally between two others, 
one of which terminates in the cavity containing the sample. The fourth arm holds 
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the crystal detector. The microwave bridge functions in a fashion analogous to a d.c. 
bridge network familiar in electrochemistry. Thus, in a classical potentiometer net- 
work for measuring redox potentials, if the bridge is balanced and a change of solution 
redox properties occurs, the electrodes provide an unbalance output signal to, say, a 
galvanometer. With a microwave bridge, balanced for no paramagnetic resonance 
absorption in the cavity, no signal appears at the crystal detector. When the magne- 
tic field sweeps through the resonance condition, unbalance occurs and microwave 
power is fed to the crystal arm and appears as a crystal output signal. The micro- 
wave bxidge is more subtle in appearance and operation than its d.c. counterpart 
due primarily to the frequency region in which it operates. Authoritative treat- 
ments of microwave bridges and their operation should be consulted for further de- 
tailslna.6. 

The microwave cavity consists of a length of wave guide closed at  each end. Micro- 
wave power can be concentrated in the cavity in the form of standing waves and the 
paramagnetic sample, in a suitable holder, is positioned in the region of highest r.f. 
magnetic field strength (HI). The entire cavity is held between the poles of the large 
magnet (Ha). An additional magnetic field is provided by a set of sweep mils built on 
the walls of the cavity. These are excited at IOO kc and provide a modulation of the 
microwave energy in tl& cavity. This small, oscillating magnetic field provides for the 
derivative output form of the EPR signal. 

The output section of the spectrometer consists of an oscilloxope for adjusting the 
operating conditions and ordinarily a pen-and-ink recorder. Associated phase detector 
networks provide the final d.c. signal for the recorded EPR spectra. Various power 
supplies are obviously required and important additional components not mentioned 
above include an automatic frequency control to maintain the klystron frequency 
const ante. 

Assuming the spectrometer is operated properly, there remains the problem of 
obtaining a satisfactory EPR spectrum. This reduces to introducing a sufficient quan- 
tity of radicals or radical ions into the sample cell. hoper response may be limited 
by too low a radical concentration, insufficient lifetime of the radical, or improper 
utilization of the input microwave energy. The latter limitation is of considerable 
consequence in the electrochemical method wherein radical species are generated 
directly in the cavity. This problem is discussed in the next section. 

ELECTROCHEMICAL GENERATION TECHNIQUES 

Apparently GALKIN et at. first employed electrolysis in an EPR spectrometer but 
the experiment had little significance in electrochemistry7. AUSTEN et al. showed that 
aromatic radical ions were formed in electro-reductions. They carried out the electrol- 
yses in non-aqueous media, froze the samples, and then introduced them into the 
EPR spectrometers. But the elegant work of MAKI AND GESKE introduced the real 
potentialities of electrochemical generation to EPR spectroscopy. They carried out 
the electrolysis directly in the microwave cavity, i.e, by internal generation (IG) and 
produced a variety of radical ions in acetonitrile and other non-aqueous mediag-12. The 
technique was extended to aqueous solutions by the writer and c o w o r k e r ~ ~ ~ J ~ .  The 
electro-generations of a wide range of anion and cation radicals have been reported 
in the meantime by this technique. I t  is also possible to employ external generation 
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(EG) of the radical species and to pass them through the sample cell in the cavity by 
a variety of pumping methods. This technique has been used widely by FRAENKEL 
and coworkersl5. The applicability and relative merits and disadvantages of each of 
these techniques are next discussed. 

The technique of IG is probably to be preferred in studies where it is desired to 
detect and identify a radical ion intermediate in an electrode process. From the identi- 
fication viewpoint the results are excellent-in many cases it is not difficult to obtain 
an EPR signal with excellent signal/noise ratio within a few seconds after initiating 
the electrolysis. The difficulties arise in the quantitative interpretations of the IG 
method. This does not mean the quantitative determination of the number of radical 
species produced-EPR spectroscopy has its own limitations in this respect. Rather, 
it is difficult to correlate relative amounts of radicals formed with electrochemical 
quantities or to discuss precisely those electrochemical paramete~s which involve the 
radical concentration as a function of time of electrolysis and distance from the electro- 
de. The reasons for this can be understood by examining the properties of the micro- 
wave cavity and sample cell in more detail. 

In a reflection tvpe EPR spectrometer the cavity commonly used operates in the 
so-called TElm mode. This description fits the Varian V-4500 series EPK spectrome- 
ters. This is the instrument with which the writer is familiar and is that used by many 
wolkers. In the discussions to follow similar considerations will apply to almost any 
instrument. With a TEIm cavity the HI field is a maximum at the front, back, and 
middle of the cavitv (i.e., there are two modes or a full wave in the length of the cavi- 
ty). The electrical field is at right angles to HI and is also go0 out of phase. Its maxima 
appear at  points 114 and 314 of the cavity length. A typical quartz sample cell has a 
center portion in the form of a thin, flat plate and is suitable for aqueous or non- 
aqueous solutions. Collets at  the top and bottom of the cavity provide for hand ad- 
justment of cell position. The flat is oriented in the middle of the cavity parallel to 
the ends. Figure I shows the cell placement and a schematic arrangement for 
IG. Figure 2 shows the cell position with regard to the HI distribution. Compari- 
sons of radical concentrations in successive runs require the sample be exposed 
to identical HI fields. This is very difficult to attain with the hand adjustment of 
cell position. 

Another problem develops during the course of a single electrolytic Iun. The HI 
field decreases from the center of the cavity toward each end in a cosine function with 
zero strength at points 114 and314 along thelength (i.e., where the E field is maximal). 
In addition, HI falls off approximately as a cosine function from the middle of the 
sample toward the top and bottom of the cavity. Thus most of the EPR signal comes 
from radical species which are contained in a small volume near the center of the elec- 
trolytic cell. Sow for shart periods of electrolysis, the concentration profile of radical 
species can be calculated assuming linear diffusion mass transfer (a tenuous extrapo- 
lation with the electrode geometry normally used) and the lelative interaction with 
the H1 field estimated. However it is easy to show experimentally that such calcula- 
tions are unsatisfactory. After electrolysis times of 60 sec or longer. a large amount 
of natural convection occurs in the thin electrolytic cells (thickness of ca. 0.5 mm for 
aqueous solutions~4). One can demonstrate this effect by generating a highly colored 
radical ion (i.c., tetracene anion radical in acetonitrile) in the cell but outside the cavi- 
ty. The swirl and convection patterns are clearly visible. Thus it is difficult to make 
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valid assessments of radical concentration as a function of electrolysis time or other 
parameters. The problem is not quite so serious as this suggests. The convection 
processes in time reach a relatively steadv state and the mixing is advantageous. 
Actually Vrsco and coworkers have made some verv succesful measurements of radi- 

Fig. I. Typical arrangement for EPR electrochemical experiment. JIB, micro\\,ave bridge; P, 
potcntiostat or other electrochemical equipment; S, shclf t o  support bridge. ctc.; \YG, \\-a\-e guide 
connecting microwa\.e bridge to  cavity; 11. magnet ( H o )  ; C ,  micro\vavc cavity: ;\. top and bottom 
adjusting collets; EC. electrochemical cell, flat portion parallel to front of cavity, shaded portion 
shows t!pical placcmcnt of mercury pool level; rl. cz, es, clectrdes,  for reduction CJ connects t o  
mercury pool, el and e2 are reference and auxiliary leads (other configurations as required). 

1)imensions not necessarily in scale. 

cal concentrations with IG using advantageous electrode designs'e. Some of the prob- 
lems mentioned above also can be alleviated by using double cavities or internal 
references. Other cavity configurations such as a cylinder in the T F ~ I I  mode are very 
useful". 
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One might suspect the validity of the EG technique applied to electrode mechanism 
studies because the radical species have a relatively long time to undergo complex 
reactions before being seen in the EPR spectrometer. With relatively stable and long- 
lived radical ions this worry is of course unfounded. Even where follow-up chemical 
reactions predominate, excellent interpretations of organic reductions are possible as 
has been shown by FRAENKEL et allJ. With short-lived species the EG must be used 
with fast transfer systems. The EG technique has, in fact, several significant advan- 

Fig. 2. Positioning of electrochemical cell in microwave cavity. - - - +, HI field distribution; EC. 
electrochemical cell: F. flat portion of cell in maximum HI field; A, top and bottom adjusting 
collets; WG, wave guide connection to microwave bridge; E, maximumelectrical field. The general 
outside shape of the cavity portion is indicated by the shaded outline but the diagram is not in- 
tended to be accurate in any dimensions. Coupling devices, modulation coils, etc.. are not depicted. 

tages. First there is little doubt about the quantitative measurement of radical con- 
centrations. Using controlled-potential coulometry, precisely known amounts of radi- 
cals can be generated and transferred to the EPR cell. The solution is homogeneous 
and positioning effects can be eliminated by leaving the sample cell undisturbed while 
the external electrochemical cell is varied as  desired. In fact, cont~olled-potential 
coulometry techniques with stable radical ions could well be used for calibration 
pcrposes in EPR. There are problems concerned with oxygen contamination, 
contact of solution with flexible tubing, etc, in the transfer process but these ale 
easily circumvented. Another point to be considered in the use of EG concerns the 
phenomenon of homogeneous electron exchange which is dealt with in the next 
sections. 

APPLICATIONS OF EPR TO ELECTROCHEMISTRY 

There are at  least two areas in which EPR has contributed to electrochemistry. The 
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first, and most obvious of these, is in the detection and identification of radical inter- 
mediates in electrode reactions (predominantly organic electrode processes). The 
second, which has not been exploited fully yet, provides information about solution 
interactions of radical ions whichcontribute to a fuller understanding of these entities 
as oxidation-reduction intermediates. 

When a well-defined spectrum is obtained, the EPR method is without peer in 
identifying radical intermediates in complex electrode processes. While all purely 
electrochemical methods reflect secondary properties (i.e., redox potential, diffusion 
coefficient, etc.) EPR provides positive identification of radical species. This is so, 
because the hyperfine interaction can give a clear picture of the molecular structure. 
While EPR spectra are not absolutely unique (e.g., the EPR spectra of nitrobenzene 
or nitrosobenzene anions contain the same numbel of lines and differ only slightly 
in a~ and ax,  etc) it is rare that a well-resolved spectrum cannot provide positive 
identification of the radical species in electrochemical studies. 

The first work of MAKI AND GESKE showed the nitrobenzene anion radical (NB:) 
as a definite intermediate in the reduction of nitrobenzeneg."J. Later studies showed 
NB; had a definite lifetime even in aqueous media13J4. The nitrobenzene reduction 
had been studied, with innumerable publications, since the original work of HABER, 

but no radical ion intermediates had been identified prior to the EPR work. Thereduc- 
tion of substituted a~omatic nitro compounds leads, in general, to the corresponding 
substituted anion radicalsll.13. With certain halonitrobenzenes elimination of halogen 
occurs during electrolytic reduction. Thus the isomeric chloronitrobenzenes all yield 
the expected chloronitro anion radical upon reduction in dimethylformamide. With 
the ortho-bromo-and all three iodo-nitrobenzenes the halogen atom is ejected and 
one identifies the NB; in the EPRspectrometer. These eliminations are solvent depen- 
dent and by using mixtures of water-dimethylformamide, the halogens can be parti- 
ally or fully retained. In the case of the iodo derivative it is possible to show, by a 
combination of cyclic voltammetry and the EPR, that the first reduction is a two- 
electron process to produce the ejected iodide ion followed by one-electron process 
to give the unsubstituted NB; Overlapping waves obscure the individual steps with 
the other compoundsl7. Some indications of such reactions existed in the polarography 
of the halonitrobenzenes. The EPR evidence is immediate and unequivocal since 
halonitrobenzene anion radicals give 27 or 36 lines but never 54 (as the unsubstituted 
NB;) in their EPR spectra. 

The anion radicals of aliphatic nitro compounds can also be identified as intermedi- 
ates during electro-re~luction~~. An example of the use of cyclic voltammetry coupled 
withEPR to unravel complex reductions isgiven in the recent work by HOFFMAN et al. 
on the reduction of tertiary aliphatic nitro compounds in glymelg. 

Elimination reactions are not limited to the reduction of nitro compounds. FRAEN- 
KEL et al. using EG found very interesting results in the reduction of 4-aminobenzonitri- 
le in dimethylformamide. The EPR spectrum of the reduction product showed with- 
out question the presence of two equivalent 14N nuclei and two sets of four equivalent 
protons. (The EPK spectrum actually states that there are two equivalent nuclei 
of spin I and two sets of four nuclei with spin 1!2 but it is difficult to imagine any 
other than the assignment above). The electrochemistry (cyclic voltammetry) 
suggested a reversible charge transfer step followed by an irreversible chemical reac- 
tion. The reduction apparently proceeds in the following fashion15 : 

J .  Elrcfroanal. Chcm.. 8 (1964) 151-162 



R. N. ADAMS 

A similar reaction to form the 4,4'-dicyanobiphenyl anion ~adical was found in the 
reduction of the 4-fluorobenzonitrile. 

These elimination reactions are apparently quite prevalent in the reduction of aro- 
matic compounds. Thus electrolysis of p-dinitrobenzene at potentials corresponding 
to the second wave in dimethylformamide leads to elimination of a nitro function 
and unequivocal EPR identification of the product as the p-nitrophenol anion radical. 
Similarly the EPR spectrum of electrolytically reduced 9-nitroanthracene shows no 
14N couplings and hence elimination of the nitro grouplv. 
EPR has been very valuable in the study of anodic oxidations at solid electrodes. 

One can cite the positive identification of the N,N'-tetramethylbemidine cation 
radical formed in the anodic oxidation of N,N-dimethylaniline20 and triphenylmet ha- 
ne dyestuffs like crystal violet. In the latter case, the tetramethylbenzidine arises by 
a splitting out of the central "methane" carbon attached to its substituted phenyl 
nucleus, followed by intra molecular coupling of the remaining two N-dimethylanilino 
fragrnents21. The oxidation of p-phenylenediamine with the formation of the cation 
radical has been studied in both aqueous14 and non-aqueous media22. Chemical rcac- 
tions between p-phenylenediamine cation and materials like m-phenylenediamine have 
been investigated and their influenceon the electro-oxidation of mixtures of these com- 
pounds determined23. 

The exclusive use of electrochemical techniques for studying processes like the 
above, which contain complicated follow-up reactions, involves measuring secondary 
properties of the species (i.c., rates of the follow-up reactions in terms of transition 
times, potentials, etc.). These frequently are vague and, where factors like specific 
adsorption predominate, may be misleading or difficult to evaluate. Where EPK is 
applicable it gives clear evidence of the actual existence (not inferred) of intermediates 
from which a reaction scheme can often be devised. This reaction scheme can then 
be tested for correlation with the electrochemical information. When positive EPR 
signals are obtained, theie is no question as to the existence of a paramagnetic inter- 
mediate. Conversely, the lack of an EPR signal does not eliminate the possibility of 
a radical species. The EPR signal may not be obtained for a variety of reasons. 
Furthermore EPR falls far short of providing all the answers to the nature of a com- 
plex electrode reaction. The proof that the NB: entity exists in the electm-reduction 
of nitrobenzene leaves much still to be known about this process. 
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As mentioned previously, EPR provides information of interest to electrochemists 
exclusive of the study of electrode mechanism$. Physical interactions (solvation, 
hydrogen bonlng) of radical ions with the solvent and association with metal ions 
are of direct interest to electrochemists as  well as EPR spectroscopists. These studies 
are treated in the next section. 

Of specific interest to electrochemists is the study of homogeneous electron ex- 
change reactions between a radical ion X: and its parent X. If a fixed concentration 
of XT is generated in the presence of increasing quantities of the parent X, then the 
increasing rate of the electron exchange is evidenced by a broadening of the hyperfine 
linesin the EPR spectrum. The theory of the exchange process is moderately involved 
but reasonably accurate values of the bimolecular rate constant, kexc, can be obtained 
easily by measuring the line broadening as a function of concentration of parent com- 
pound as shown by WEISSMAN and coworkers"4.25. The value of keXc for the system 
benzonitrile anionjbenzonitrile (in dimethylformamide as solvent) was estimated at  
ca. 2 - 108 mole-' sec-I using the IG electrochemical method". Recent theories of 
electron transfer processes by MARCUS provide a direct correlation between kexc and 
k , ~ ,  the heterogeneous electrochemical rate constant27. The EPR measurements can 
be used to calculate kel values not accessible to electrochemical measurement and to 
test the theory further. 

Recently it has been found that k, for certain systems is remarkably sensitive to 
solvent composition. The exchange rate for the system NB;,'NR (which is slow com- 
pared to the benzonitrile mentioned above, or to, say, naphthalene anioninapht halene) 
in dimethvlformamide, is slowed very considerably by the addition of IO?/, water. 
On the other hand, the benzonitrile system is hardly affected by a similar addition 
of water. I t  has been clearly established (via coupling constant changes as discussed 
in the next section) that the nitrobenzene anion is strongly solvated by water whereas 
the parent nitrobenzene seems to be less solvated than the anion. Hence, in the elec- 
tron exchange reaction, with water present, conditions are such that there is a distinct 
solvent reorientation required and thus a lower exchange rate. Similar solvent effects 
on coupling constants are absent in the case of the benzonitrile anion and presumably 
the degree of aqtco solvation is approximately the same in the anion and the parent 
benzonitrile. Consequently the presenceof water has relativelylittleeffect on the electron 
exchange rate. The exchange rate of the system ben~ophenone anion/benzophenone 
again decreases with the addition of small amounts of water in accord with the expect- 
ed strong solvation of the benzophenone anion radical'8. .\ thorough study of the 
effects of solvent, metal ions, and molecular geometry on exchange rates of these and 
similar aromatic systems is being carried out in the writer's laboratory. 

APPLICATIONS OF ELECTROCHEMISTRY TO EPR 

Although the work of most fundamental significance to EPR spectroscopy borders on 
physics (or chetqical physics) it is safe to say that the electrochemical generation 
techniques have made significant contributions to EPR over the last few years. 
Especially in the generation of anion radicals, the electrochemical method provide 
a much wider range of experimental conditions than previously available. In the 
chemical production of radical ions, the metal reductants--sodium, potassium, etc- 
restricted the choice of solvents to a few like dimethoxyethane or tetrahydrofuran. 
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These chemical reductions involve special techniques and high purity solvents. 
Furthermore, the resulting metal ions tend to associate with the radical anions 
and complicate the EPK spectrum (although some studies are specifically direct- 
ed toward such interactions). The electrochemical method allows a wide range 
of solvents including even aqueous media. Solvent purity is also not such a critical 
problem and the time involved in obtaining a satisfactory EPR spectrum is, of course, 
far less with the electrochemical method. A considerable amount of work was thus 
facilitated for EPK spectroscopists who were interested in such problems as correIating 
hyperfine coupling constants with molecular orbital calculatio1~l5.22~~-3L, line width 
variations32.33, or investigating a new set of radical ions29136. (The references throughout 
this manuscript are not all inclusive and are intended to be illustrative only.) 

One of the consequences of the wide range of solvents usable in the electrochemical 
method was the discovery that the 14N coupling constants in aromatic nitro anions 
were very dependent on small amounts of water'3. Further studies showed this to be 
ageneraleffect with solvents capable of solvating or hydrogen bonding with the anion 
radical. Solvent effects were noted for other systems37 and a quantitative interpreta- 
tion was given by GENDELL, et al.". Extensive experimental studies have been made 
of this solvation effect, particularly on nitrobenzene and substituted nitrobenzene 
anionsm.40. These studies show the importanceof taking solvent effectsinto considera- 
tion in correlations of experimental hyperfine coupling constants with molecular 
orbital calculations. Further they provide physical insight into subtle interactions of 
these redox entities. Recent work has shown that 14N coupling constants in aromatic 
nitro anions are also very dependent on metal ion concentrations (i.e., Na+, Li+, K+, 
M@+) whereas large cations like the tetraethylammonium ion are almost without 
effect41. 

Another fruitful area which developed along with the electrochemical method 
involves the study of molecular geometry in radical ions. MAKI and coworkers exam- 
ined rotational isomerism in various benzaldehyde radicalions30.3L. GESKE ASD RAGLE 
examinedstericeffectson 14N coupling constants in substituted nitrobenzene anions42. 
Correlationsof theseeffectswithmolecularorbital parameters havebeen accomplished4s. 

PRACTICAL OBSERVATIONS ON ELECTROCHEMICAL GENERATION 

The following comments result from several year's experience in the writer's labora- 
tory and are included in the hope they may be of value to others. 

For exploratory work or electrode mechanism studies the IG method appears most 
advantageous. A three-electrode, potentiostatic system should be used if possible. 
Even with potentiostatic control. the positioning of reference electrodes is far from 
ideal in the small sample cells. Much satisfactory work has been carried out with the 
rather crude arrangement in which the reference electrode (SCE with salt-bridge arm) 
and the auxiliary electrode (heavy-gauge platinum wire) were inserted more or less 
side by side through the top of the sample cell (for diagrams of the cells, see ref. 14, 
Fig. I). (It can be mentioned that cells can be fashioned from ordinary pyrex glass 
and will function satisfactorily for non-aqueous work, These are, of course, far less 
expensive than their quartz counterparts.) Rather than the usual mercury pool for 
reductions, a platinum gauze, similar to that for oxidations, can be mercury-plated 
and used advantageously. Positioning of the electrode in the cell and cavity should 
be in accord with the geometry of the HI field discussed earlier. 
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Cells filled with aqueous solutions often require much adjustment to obtain a good 
coupling of the cavity. This is just a matter of trial and error and much patience. 
When working with dilute solutions and radical species which are short-lived, care 
must be taken not to exhaust the supply of parent compound in the thin cell section. 
When this occurs, signal intensity may begn to fall off during the course of several 
sweeps. It  normally takes several sweeps of a spectrum before conditions are optimiz- 
ed for the best signallnoise ratio. I t  is best not to prolong electrolysis for several rea- 
sora. First, if the radical species are shott-lived, their decomposition products may 1e- 
sult in unexpected complications. Also, too high a concentration of radical species 
can lead to undesirable dipolar interactions. This normallv requires higher concentra- 
tions than are reached in electrolytic methods. 

Power saturation is rare with any of the solution radical ions mentioned herein but 
this should be routinely checked by increasing power input from the klystron and 
testing for a decrease in signal amplitude. Modulation broadening of lines (from too 
large a roo kc modulation amplitude) is prevalent in all systems with narrow lines. 
The spectrometer settings must be repeatedly optimized to eliminate this false broad- 
ening. In the IG technique, the possibility of homogeneous electron exchange may 
broaden lines. This can be checked via IG by generating the same quantity of radicals 
(at controlled-potential the product of average current by time can be afiproximutely 
adjusted to be equal in different runs) in a decreased parent concentration. Narrower 
line widths indicate this form of exchange broadeningmay be present. Withexhaustive 
electrolysis externallv (hence no parent compound left) this problem is eliminated. 
This point argues strongly in favor of EG when only the quality of the EPR signal is 
of interest. 

There are no serious limitation. to the use of aqueous solutions. Naturally many 
radical ionspecies are longer lived in aprotic media. Dimethylfonnamide is an excellent 
solvent system. Reagent-grade material can be used without further purification in 
most cases. The non-aqueous solvents now familiar in electrochemistry, acetonitrile, 
dimethylsulfoxide, benzonitrile, dioxane, etc.. are all suitable. The supporting elec- 
trolyte should be ca. 0.1 M and preferably of the tetraalkylarnmonium type. Tetra- 
ethylammonium perchlorate is excellent and easy to prepare from the bromide which 
is inexpensive. Recrystallization until the sample is free of bromide is necessary, if it is 
to be used in anodic work, to eliminate the bromide oxidation wave. Lithium and 
sodium perchlorates are quite usable as supporting electrolytes but may have an 
effect on coupling constants. The latter is definitely true for aromatic nitro anions'l. 

Since even the best purified of non-aqueous solvents ordinarily contain (or absorb 
through conventional polarographic handling techniques) ca. millimolar water, there 
will be some scatter to values of coupling constants for systems which show a strong 
solvent dependence. I t  is probably safe to say & 0.08 g is the best reproducibility 
one can expect unless one takes extreme precautions to keep the water content ex- 
tremely low (or very constant). The point here is that most electrochemists start with 
well-dtied (ca. I mM or less in water) solutions but the usual exposure they receive 
during electrochemical operations plus indiscriminate amounts of water added through 
aqueous salt-bridges, etc., results in variable water content. A rough estimate of the 
water content under operating conditions may be from 1-3 mM. This is, of course, 
about equal to the usual concentration of electroactive material and hence is cer- 
tainly not negligible with respect to  radical concentrations. 

J .  Elcctroanal. Chcm.. 8 (1064) 151-162 



R. N. ADAMS 

ACKNOWLEDGEMENTS 

The support of this work by the Atomic Energy Commission through contract AT- 
(11-1)-686-38 and by the Air Force through AFOSR is gratefully acknowledged. This 
work was partially completed while the writer was a Guggenheim Fellow at  the 
Varian AG Research Laboratories and the E.T.H. in Ziirich, Switzerland. 

REFERENCES 

I D. J. E. IXGRAY, Free Radicals as Studud by EIectrm Spin Resonance, Academic Press, Ne\v 
York, 1958. 

2 G. K. FRAENKEL, inTcchniqws of Or~i~Chemislry , \~ol . I ,part  IV, edited by A.\%'E~SSBERGER, 
Interscicnce Publishers Inc., New York, 1960. 

3 R. RERSOHN. in Drtrrminatim of Organic Slruilurcs by Physical Mcthods. Vol. 2, edited bv 
F. C. NACHOD AND W. D. PHILLIPS. Academic Press, h'ew York, 1962. Chap. 9. 

4 A. CARRINGTON, Quart. Rrv. (London). 17 (1963) 67. 
5 A. HORSPIELD, Chimia (Aarau),  17 (1963) 42. 
6 F. A. NELSON, in XMR and E P R  Spectroscopy. Chap. 16. 3rd. VarianNYR-EI'R \Vorkshop. 

Palo Alto, 1959. Pergamon Prcss. Ncn York. 19Cm; see also Chap. 5 hy W. C. LOCKHART aNn 
R. C. JONES. 

7 A. A. GALKIN. I. I,. SHAMFAROV AND A. V. STEPANISHINA. J. Expll. Theorct. Phys. (U.S .S .R. ) .  
32 (1957) 1581. 

8 D. E. G. AUSTEN, P. H. GIVEN. D. J .  E. INGRAM AND M. E. PEOVER. Nature. 182 (1958) 1784. 
9 A. H. MAKT A N D  1). H. GESKE,J. Chrm. Phys., 30 (1959) 1356. 

10 D. H. GESKE A N D  A. H. ? ~ A K I .  1. Am. Chcm. SOC., 82 (1960) 2617. 
I1  A. H. MAKI A N D  D. H. GESKE. J.  Am. Chrm. Soc.. 83 (1961) 1852. 
12 A. H. MAKI A N D  D. H. GESKE, J. Chcm. Phys., 33 (1960) 825. 
13 I.. H.  PIETTE, P. ~.UDWIG AND R. N. ADAMS.J. Am.  Chrm. Soc., 83 (1960) 2671; 84 (1962) 4212. 
14 I.. H. PIETTX. P. LUDWIG A N D  R. N. ADAMS. Anal. Chrm.. 34 (1962) 916. 
15 P. H. RIEGER. I. RERNAL. Mr. H. REINMUTH AND G. K. FRAENKEL. J. Am. Chem. Soc.. 85 (1963) 

683. 
16 R. E. \'rsco. Ph.D. thesis, University of Illinois, 1963. 
17 T. I<ITACAWA. T. LAYHOPP AND R. N. ADAMS. Anal. Chrm.. 35 (1963) 1086. 
18 A. K. HOFPMANN, \\'. G. HODGSON, D. I-. MARICLE ASD \\'. H. JURA, J .  Am. Clem. Soc., 86, 

(1964) 63 1. 
19 J. CHAMRERS AND R. N. ADAMS, unpublished data. 
20 Z. GALUS AND R. N. ADAMS. J. Am.  Clum. Soc., 84 (1962) 2061. 
21 2. GALUS AND R. N. ADAMS. J. Am. Chcm. Soc.. 86 (1964) 1666. 
22 l f .  T.  ELCH CHI OR A N D  11. H. MAKI, J.  Chrm. Phys., 34 (1961) 471. 
23 H. T. LEE A N D  R. N. ADAMS, Anal. Chem.. 34 (1962) 1587. 
24 F. C. ADAM A N D  S. I. ~VEISSMAN, J. Am. Chem. Soc., 80 (r958) 1518. 
25 S. I. \\'EISSMAN, 2. Elcktrochem., 64 (1960) 47. 
26 P. LUDWIG A N D  R. N. ADAMS, J .  C h m .  PhyS., 37 (1962) 828. 
27 R. A. MARCUS. J .  Phys. Chcm., 67 (1953) 853. 
28 T. LAYLOPP ASD R. S. ADAYS, unpublished data. 
29 1'. H. RIEGER AND G. K. I:RAENKEL, J. Chem. Phys.. 37 (1962) 2795; 37 (1962) 281 I ; 39 (1963) 

609. 
30 A. H. MAKI. J. Chem. Phys.. 35 (1961) 761. 
31 E. W. STONE A N D  A. H. ~ ~ A K I .  J .  Chrm. PhyS.. 37 (1962) 1326: 38 (1963) 1999. 

32 J. H. FREED AND G. K. FRAENKEL, 1. Chem. Phys., 37 (1962) 1156. 
33 J. H. FREED. P. H. RrffiER A N D  G. K. FRAENKIZL,]. Chrm. Phys., 37 (1962) 1881. 
34 P. H. RIEGER, I. HERNAL AND G. K. FRAENKEL, J. Am.  Chrm. Soc., 83 (1961) 3918. 
35 I.  BERNAL, P. H. RIEGER AND G.  K. FRAENKEL, J. Chem. PhyS.. 37 (1962) 14%. 
36 P. R. ASCOUGH A N D  R. WILSON, J .  Chrm. .Tor.. (1963) 5412. 
37 E. \V. S T ~ X E  A N D  A. H. JIAKI, J. Chem. Phys., 36 (1962) 1944. 
38 J. GENDELL, J. H. FREED A N D  G. K, FRAENKEL, J. Chcm. Phys., 37 (1962) 2832. 
39 1'. LUDWIG. T. LAYLOPP AND R. N. ADAMS, J. Am. Chem. Sor., accepted for publication. 
4 0  J. CHAMBERS, T. LAYLOPF A N D  R. N. ADAMS. J. Phys. Chem., 68 (1964) 661. 
41 T. I<ITAGAWA, T. LAYLOFP AND R. N. ADAMS, Anal. Chem., 36 ( 1964) 92.5. 
42 D. H. GESKE A N D  J. L. ~<AcLE,J. Am. Chcm. .%.. 83 (1961) 3532. 
43 D. H. GESKE, J. L. RAGLE, > I .  A. BAMBENEK A N D  A. I.. RALCH, J. Am. Chcm. SM..  86 (rg6q) 

987. 

1. Ekctroanal. Chem., 8 (1963) I 51-162 



JOURNAL OF ELECTROANALYTICAL CHEMISTRY 

Short Communications 

Anodic oxidation of pmethoxyphenol 

The electrode reactions of aromatic amines and phenols have been studied extensively 
in recent years. The chemical and electrochemical oxidation of these compounds 
often results in the formation of intermediates which undergo subsequent chemical 
reactions. The detection and identification of these intermediates and their reaction 
products are of fundamental importance in the elucidation of the overall electro- 
chemical oxidation mechanism. Revelse current chronopotentiometry (RCC)l.s, 
cyclic voltammetry (CV)3-5, and electron spin resonance (ESK)6.7 are among several 
of the techniques ideally suited to the detection and identification of these inter- 
mediates and their resulting products. The application of these three techniques to 
the study of the electrochemical oxidation of p-methoxyphenol is reported in this 
short paper. 

EXPERIMENTAL 

A carbon paste electrode (CE-NjP) having a geometrical area of 0.238 cm2 was used. 
Details of the construction of this electrode have been given previously*. The p- 
met hoxyphenol was East man White Label and was used without further purification. 
Solutions were prepared immediately before use by dissolving a weighed amount of 
sample in de-aerated 2.037 M sulfuric acid. Doubly-distilled water was used in the 
preparation of all solutions. All measurements were made at  25.0% f o.xO and all 
potentials are reported vs. S.C.E. 

A modification of the chronopotentiometric circuit described by MACERO AND 

Fig. I .  

V 
1 0  0.9 08 0.7 06 & 0h O> d2 61 A m  

E vs. SCE. (V) 

of PMP. 1.13 x 10-3 M p-methoxyphenol in 2.03, M , . > A A-., ... . Cyclic voltammetry 
25.0°. Erecrrouc area, 0.230 cm-; scan rate, 2.0 vlrmn. 
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ANDERSON@ was used. Details on the CV instrumentation have been previously 
reportedlo. 

Figure I shows the cyclic voltammetry of fi-methoxyphenol (PMP) at the CE-NjP 
electrode. Only the oxidation of PMP to PMPox is observed on the first anodic scan. 
On the reverse sweep (cathodic going) the reduction of PMPox is not observed, but 
a cathodic wave with E, ca. 0.45 V does appear. In addition to the primary oxidation 
wave observed on the first scan, the second, and all subsequent anodicsweeps, show 
the development of another anodic wave with an E ,  ca. 0.49 V. This new redox 
system can be readily identified as that of the fi-benzoquinone-hydroquinone couple. 

Figure 2 shows a typical chronopotentiogram of PMP with current reversal. 

1 
Zo reductan d Q 

I ------* ---- 

I 
b oxidation d PMP 

\r 1 
1 

I I I I 1 1 
a6 05 0 4  a3 ~2 0.1 

t - E vs. SC.E. (V) 

Fig. 2. Chronopotentiogram of PMP with current reversal. 1.13 x ro-a M p-methoxyphenol in 
2.03, M HtSO, at 25.0°. Electrode area, 0.238 cm2; i. = -25  p.4; ie = 10.35 p:\; I. = 7.77 sec. 

Since the first wave involves only the oxidation of PMP to PMPox, the obser\wl 
potential rises rapidly to ca. 0.68 V. Upon reversal of the current at time ta (tn 5 
r p ~ p ) ,  the potential drops rapidly to ca. 0.47 V, and a transition wave for the recluc- 
tion of fi-benzoquinone is observed. As wa. observed qualitatively with C l r ,  the 
electrochemically generated PMPox is short-lived, since a transition time for its 
reduction cannot be detected. If, (i) the decomposition of 1'MPox is rapid; (ii) 
icnrhoafe = -0.414 i.naa~c, and (iii) the same number of electrons is involved in the 
reduction step as in the oxidation step, then the ratio of the for\r7ard time, tn, to the 
reverse transition time, t ~ ,  should be I :I, as is observed. A linear plot of E us. -In 
[I-(t/r)*] is also predictedll. The value of Bn, is readily determined from the slope 
of that plot, while the value of the anodic heterogeneous rate constant, k.,#, is deter- 
mined from the intercept at t=o. The average values determined from 12 such 
measurements, each on a new electrode surface, are: Bn. = 1.38 0.05 ; -In ka.no, = 

43.7 -j= 1.3; and i r ~ ~ p t  = 194.9 f 0.8 pA sect. 
ESR further substantiates that quinone arises from the oxidation of PMP. When 
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the pH of an electrolyzed PMP solution is raised to pH 8, the five-line ESR spectrum 
of p-benzosemiquinone ion is immediately obtained. This spectrum is identical with 
that from an authentic sample of p-benzosemiquinone. 

The electrochemical oxidation mechanism suggested by the data is in accord with 
that proposed by ADLER AND MAG NU SON^^.^^, who stud;ed the chemical oxidation of 
p-alkoxyphenols with sodium metaperiodate. Since the reduction of pbenzoquinone 
to hydroquinone is a two-electron process, the chronopotentiometric data shows the 
oxidation of PMP is also a twoelectron process: 

PMP PMP OX 

The PMPox is then rapidly hydrolyzed to yield the reaction products, p-benzo- 
quinone and methanol : 

Although the results given above may not be unusual we wish to point out the data 
obtained with regard to the overall process is unequivocal. There are very few anodic 
oxidations of aromatic amines or phenols at  solid electrodes about which such a 
statement can be made and we wish to cite this electrode reaction as a model system 
against which more complex ones may be compared and evaluated. This does not 
mean that the evaluation of various electrochemical parameters for this system are 
highly accurate (i.e.. Bna, ka ,~" ,  etc.). There is always the difficulty in reproducing 
such data on different electrode surfaces. On the same electrode surface (carbon paste 
in this case) the correlation of various electroanalytical techniques is good, however. 
Thus for a particular solution of PMP (1.13 mM in PMP and 2.037 M in H~SOI), a 
diffusion coefficient of 0.701 x 10-5 crnzlsec was calculated from Cottrell measure- 
ments. The value obtained via chronopotentiometry was 0.691 x 10-5 cm2/sec. 
Using the value of Bn. from chronopotentiometry and substituting into the equation 
for peak current via linear potential scan voltammetry gives a D value of 0.691 x 10-5 

cm2,'sec. I t  would appear that a mean value of 0.69 x 10-5 crn2lsec is a reliable 
value for the diffusion coefficient of PMP in this medium. 

Examination of other amine and aminophenol oxidations in the light of this model 
reaction are in progress. 

ACKNOWLEDGEMENTS 

This work was supported in part by the General Research Fund of the University 

j. Elccclroanal. Chrm., 8 (1964) 163-166 



166 SHORT COMMUNICATIONS 

of Kansas and by the Atomic Energy Commission through contract AT(II-1)-686-39 
and this support is gratefully acknowledged. 

De$artmenl of Clremidry, 
The University of Kansas, 
Lawrence. Kansas (U.S.A.)  

I C. FURLASI ASD G. MORPURGO. J .  Electroanal. Chem., I (1959) 351. 
2 :\. C. TESTA AND \4'. H. REINMUTH, Anal. Chem.. 32 (19Oo) 1512. 
3 2. GALUS, H.  Y. LEE A N D  R. N. ADAMS, J. Electroanal. Chem., 5 (1963) 17. 
4 T. >ilzoc;uc~r AND R. N. ADAMS. J.  Am. Chem. Soc.. Sq (1962) 2058. 
5 2. GALUS A N D  R. li. ADAMS. J .  Am. Chem. SOC.. 84 (1962) 2061. 
6 L. H .  PIETTE. 1'. 1.uowrc A X D  R.  N. ADAMS. Anal. Chem.. 34 ( I M ~ )  916. 
7 1). Ei. GESKE AND !\. H. MAKI. J. Am. Chem. Soc.. 82 (1960) 2671. 
8 C. OLSES A N D  R.  N. ADAMS. Anal. Chim. Acta, 22 ( ~ g b o )  582. 
9 I). J .  MACERO A N D  C .  B. ANDERSON, J. Electroanal. Ch~m..  6 (1963) 221. 

10 J .  H. :\LDES. J .  (2. CHAMBERS A N D  R. N. ADAMS. J.  Elt-ctroa~~al. Chrm., 5 (1963) 152. 
I I \V. H .  REINMUTH. Anal. Chem., 32 (1960) 1514.  
12 E. ~ D L E R  AND R. ~ ~ A G N U S O N .  Acta Chern. Stand.. 13 (1959) 505. 
1 3  E. .IDLER. I. FALKEHAG ASD B. SMITH, Acta Chem. Scand., 16 (1962) 529. 

Received April 25th, 1964 

J. Electroanal. Chcm.. 8 (1964) 163-160 

The effectiveness of iR  compensation in controlled-potential 
polarography 

The purpose of a potentiostat is to keep the potential of an investigated electrode 
independent of the current flowing through the solution. Principles of potentiostat 
design have been the subject of many articles; the most recent reviews were published 
in I 9633,g. Potentiostatic circuitry is used also in polarography and instruments in- 
corporating this device have been developed by ARTHUR ASD VASDERKAM~ and by 
KELLEY d al.J.6 and are commercially available (Hungarian polarograph OH-102 and 
the products of two American firmsa). 
t A critical review of the effectiveness of ohmic potential drop compensation was 
published by R A R N A R W ~ .  He pointed out the significance of the location of the Luggin 
capillary connecting the reference electrode with the nearest possible vicinity of the 
stationary electrode under investigation. For distant reference electrodes (more than 
0.04 mm) the iR compensation is quite inefficient; even a t  the relativelylow current 
density of 30 mA/cm* the iR potential drop in I N KC1 solution exceeds 10 mV. 

For the dropping mercury electrode the situation is rather complicated. The 
distance between the reference electrode and the electrode surface is changed during 
the drop time as a result of which the value of iR between the tip of the Luggin 
capillary and the surface of the electrode is changed. 



SHORT COMMUNICATIONS 167 

In the present paper a simple theoretical treatment of i R  potential drop compensa- 
tion effectiveness in controlled potential polarography is presented assuming the 
spherical symmetry of the D.M.E. and of the working electrode. 

The real D.M.E. and working electrode arrangement is not spherically symmetrical; 
KELLEY et a1.5 tried to increase the efficiency of a controlled potential arrangement by 
locating the reference electrode above the D.M.E., i.e., in the region of lower current 
density. I t  can be easily shown that this positionof the reference electrode improves the 
iR  compensation only negligibly. The electrical field in vicinity of the D.M.E. is 
rather complicated and two effects should be considered, (i) unsymmetrical location of 
the working electrode and (ii) shielding the drop by the end of the capillary. Both 
effects were accounted for by MATYAS~ using the method of electrical images. The 
system of the D.M.E. and of the large plane working electrode is equivalent to a 
system of two identical spherical electrodes located symmetrically on both sides of 
the plane of the working electrode (Fig. I). If the effect of shielding is neglected, the 
potential difference between the points A and R of Fig. I can be approximately 
evaluated. 

where n = lld, i denotes the current and x the specific conductance of the solution. 
In a practical electrode arrangement, n normally exceeds a value of 10. Thus the 

difference between the potentials UI' and Uz' is equal approximately 0.5% of their 

Fig. I .  The system of the D.M.E. and of the large plane working electrode is equivalent to  a 
system of two identical spherical electrodes located symmetrically on both sides of the plane of 

the working electrode. 
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value and can be entirely neglected. Neglecting then the sphe~ical asymmetry of 
electrical field in the vicinity of the D.M.E., the potential difference, AU, between the 
surface of D.M.E. and any point a t  a distance d' is given by 

where r is radius of the D.M.E. An approximate value for the distance d' is obtained 
from the following expression. 

d' = ~ Y I  - 4n cos 6 + 4n*ll/1 - 4n cos 6 + 4na - 1 (3) 

where B is the angle between d and I .  In most cases d' is not more than 5% greater 
than d. Therefore we shall ignore this difference and use only the symbol d. 

For a very distant reference electrode, the term r/d is negligible compared with 
unity and for the potential drop in the polarographic cell without iR compensation 
one has" 

For an estimate of i-E-curve distortion it is useful to evaluate the mean iR potential 
drop A U during the drop life : 

where b = d/rm and r, is the maximum D.M.E. radius. 
AU can be easily calculated assuming the i-t curve in the form i = kP. Then 

where p is a numerical coefficient depending on a 

This coefficient is equal to 1.4 for the diffusion current (without correction for spheri- 
cal diffusion), 2 for the capacitive current, 1.25 for the kinetic current (a = 213) and 
1.18 for the autocatalytic current (a = 716). 

It is of importance to compare the value of the uncompensated mean iR drop, 
AB1, with the mean iR drop, A U ,  in controlled-potential polarography: 

I t  is evident that the i R  compensation is relatively ineffective for the D.M.E. Taking 
0.1 mrn as an optimal distance of the reference electrode from the D.M.E. (i.e., 
b = 1.2 for a typical D.M.E. with maximum radius 0.5 mm at m = 2 mglsec and 
tl = 3.54 sec), the value of x/pb for the diffusion current is 0.6. Thus the optimal iR 
compensation results in lowering of iR only to 40% of its uncompensated value. The 

J .  Electvoanal. Chem., 8 (1964) 166-170 
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minimum distance between the D.M.E. and reference electrode can be reached only 
at  the end of drop life; without mechanical drop time control the compensation 
effectiveness is reduced because of the lowering of the surface tension of mercury 
with potential. If the drop time is decreased twice, the potentiostat compensation 
drops to 47% of the uncompensated value of iR.  SCHAAP ASD MCKIMSEY also arrived 
at the same conclusion that practically it was impossible to obtain perfect i R  com- 
pensation and they suggested a method for evaluation of R from derivative polaro- 
grams. 

Thus, controlled-potential polarography is of importance only in a limited range of 
currents and conductances of solution where the compensation for i R  to approxi- 
mately one half of the initial value enhances the precision of measurement. However, 
it seems that this improvement cannot compensate for the complications involved 
with the precise location of the reference electrode towards the D.M.E. The same con- 
clusion holds also for the half wave potential measurement using the so called three 
electrode system. This method has the one advantage that it prevents the current 
from flowing through the reference electrode, but its influence on i R  compensation is 
negligible. 

The mean iR potential drop for various values of T l x  in an uncompensated electrode 
arrangement for the D.M.E. using the constants of the polarographic capillary as 
above, is given by the expression 

- 

The compensation of solution resistance in a.c. and pulse techniques is somewhat 
better. In these methods instantaneous and not average values are frequently used. 
For maximum D.M.E. radius the optimal compensation of i R  is reached: 

For b = 1.2 and r = r,, the effective solution resistance is lowered approximately 
six times. i.e., equal precision can be reached for frequencies six times higher compared 
with a two-electrode measurement without i R  compensation. The rise time of square 
pulse given on the D.M.E. is shortened in the same proportion using the controlled- 
potential circuitry. 

From the view point of modern potentiostatic technique it can be concluded that 
the D.M.E. is not a very suitable object for d.c. ohmic potential drop elimination. 
For polarography in highly resistive solutions it is probably better to use the familiar 
method for extrapolation of potentials to zero limiting current. In ax. and pulse tech- 
niques the situation is more favourable, but even so the location of the reference 
electrode to the nearest vicinity of the D.M.E. must be carried out with great care. 

Polarogra#hic Institate. 
Czeclwslovak Academy of Sciences, 
Prague (Czechoslovakia) 
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Book Reviews 

Elrrcidation of Strtcctures by Physical and Chmical Methods, edited by K .  W. BENTLEY, 

Part I and 11. (Techniques of Organic Chemistry, edited by A. WEISSBERGER, Vol. XI). 
Interscience Publishers. J. Wiley, New York, 1963, x + 23 + x + 1181 pages, Part I, 
147% Part 11,125s. 
Correlations between physico-chemical quantities and the structure of organic 
compounds can be used for two purposes. On one hand the effects of structure on 
changes of physico-chemical properties can contribute to better understanding of the 
physico-chemical process used. On the other hand observed changes of the magnitude 
of the measured quantity can be attributed to certain changes in structure and hence 
these quantities can be applied (usually together with chemical methods) for the 
elucidation of the structure of unknown organic compounds. This book deals with 
this second aspect in detail. The greater part of these volumes is devoted to spectro- 
scopic and chemical methods for structural studies. I t  is somewhat su~prising to find 
electron and X-ray diffraction studies omitted. Chapter VI (pp. 318-365) written by 
J. F. KISG describes the application of dissociation constants and it is to this part 
of the book that the present review is restricted. 

After a condensed but lucid introduction, describing theoretical principles, princi- 
plesof measurement, and effect of external factors, structural effects on the dissoci- 
ation of carboxylic acids, amines and hydroxyl-bearing compounds are discussed. The 
tables of pK-values included clearly indicate that extensive and easily consulted 
tables of this kind are urgeritly needed. These not too extensive tables are arranged 
in order of magnitude of pK-values. This type of arrangement is verv useful when 
the possible structure for an acid with a known pK-value is required. When, however, 
the pK-value of a particular compound, or structural effects on the pK-values are 
needed, the arrangement used by H. C. RROWN, D. H. MCDANIEL AND 0. HAFLIGER 
(Determination of Organic Strucfures by Physical Methods, Vol. I ,  edited by E. A. 
BRAUDE AND F. C. NACHOD) seems to be preferable. Very little data is given for 
heterocyclics and recent tables by A. ALBERT (Physical Methods in  Heterocyclic 
Chemistry, Vol. I, edited by A. R. KATRITZKY,) should be consulted for information 
in this field. What is really surprising that with an exception of a note on p. 342, 
the principle of quantitive correlations between pK and structure of the Harnrnett 
and Taft type and its applications in structural studies, is not mentioned. Although 
it is not mentioned explicitly by the editor of these volumes in the Preface, appli- 
cations of particular methods are more or less restricted to structures of natural 
products and in accordance with this, pK-values for several examples of this type 
are quoted. The effects of steric hindrance of coplanarity and steric shielding of 
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solvation (which can have opposing effects on pK-values) are discussed. Several 
effects of adjacent hydroxy- or amino-groups are explained by intramolecular 
hydrogen bridges; the basis for such discussions is usually by coniparison with para- 
(or analogous) derivatives. I t  can be taken for granted that an ortho effect is also 
operative in these cases but a comparison with other ortho-substituents (e.g., o- 
methoxy, o-methyl or o-halogeno) would have made for a better understanding. 

I t  is a great pity that the possibilities offered by measurements of oxidation- 
reduction potentials and polarographic half-wave potentials for the elucidation of 
special structural problems, are not discussed; especially when several examples of 
their application in the chemistry of natural products can be quoted. For future 
editions there is definitely room for improvement and for extension of this Chapter 
to make better use of the opportunities that electrochemical methods offer for 
structural studies. 

P. ZUMAN, Polarographic Institute, Prague 

J .  Electroand. Chrm.. 8 (1g6q)  170-171 

Treatise on Analytical Chemistry, Part I, Vol. 4, Theory and Practice, edited by 
I. M. KOLTHOFF, P. J. ELVINC and E. B. SAKDELL, John Wiley and Sons Ltd., London 
and New York, 1963. xxv + 955 pages, f: 9.9.0. 
This is the fourth volume of a comprehensive treatise which will eventually comprise 
more than 25 volumes. I t  consists of two parts: the smaller on Magnetic Field 
Methods occupies 358 pages, and the larger on Electrical Methods occupies 564 pages. 
There is also an excellent index to this volume only. 

The second part on Electrical Methods will be of greater interest to the readers of 
this Journal since it covers the classical field of Electroanalytical Chemistry. The first 
two chapters (by C. N. KEILLEY and by C. N. KEILLEY AKD It. W. MURRAY) provide 
a combined general introduction and "bird's eye view" of the subject. The second of 
these chapters should prove particularly useful to the novice. Apart from the defini- 
tion ~f~overpotential on page 2178, this account is clear and helpful. The final section 
on Operational Aspects of Electrochemistry is a stimulating attempt at  an overall 
claqsi f ication of electroanalytical methods. 

P. DELAHAY on Chronoamperometry and Chronopotentiometry will need no re- 
commendation to the many users of his classic A'W Instrummlal Mdltods in Electro- 
chemistry. N. H. FURMAN'S chapter on Potentiometry is more satisfactory on the more 
established techniques; the section on automatic titration is rather short. The 
discussion on the use of polarised electrodes is not particularly clear; for example Fig. 
43-12 on page 2185 seems to clarify the situation more than does Fig. 45.10 on page 
2298. 

There are now many books on polarography, but the admilably clear chapter by 
L. MEITES may be recommended as one of the best available introductions to this 
subject. K. N. ADAMS extends this to "Electrodes with Fixed SurfacesH-a rather 
odd title-but one which has to do duty for all electrodes except the dropping 
electrode-even the streaming mercury electrode! N. TANAKA'S chapter on Electro- 
deposition inevitably departs somewhat from the purely analytical aspects in 
considering the mechanism of the process and the structure of deposits. The chapters 
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on Coulometric Analysis (D. D. DE FORD AND J. W. MILLER) and Stripping Analysis 
(I. SHAIN) return to more directly analytical procedures with clear practical accounts. 

The last two chapters of this section stand somewhat apart from the remainder 
since they do not deal with electrode reactions. Conductometry and Oscillometry by 
J. W. LOVELAND includes a discussion on the theory of conductance which is probably 
too brief to be much help, but the rest of the chapter will be of great help to beginners. 
This chapter mentions one 01 two commercial instruments while the last, on Dielectric 
Constants (by B. W. THOMAS AND R. PERTEL), refers to many more but only those 
manufactured in the U.S.A. and Germany! Parts of this chapter might be more 
appropriate to Part I11 of the Treatise (Analysis of Industrial Products). 

The shorter half of the present volume has four chapters: Analytical Application 
of Magnetic Susceptibility by L. N. MULAY, N.M.R. and E.P.R. (only 7 pages on the 
latter) by N. F, CHAMBERLAIN, Mass Spectrometry by F. W. M E L ~ L D E R  AND R. A. 
BROWN and Ion Scattering Methods by S. RUBIN. The last of these, in particular, 
emphasizes the vast range of modem analytical chemistry. The electrochemist may 
perhaps be permitted a chuckle a t  the picture on page 2089 which is said to  show 
a 2 mV(!) Van de Graaff generator. 

ROGER PARSONS, University of Bristol 

J .  Eleclroanal. Chem., 8 (1964) 171-172 

Ionic Equilibriuns: A Mathematical Approach, by J .  N .  BUTLER, Addison Wesley 
Publishing Co. Inc., Reading (Mass.), Palo Alto, London, 1964,xi + 547 pages, $8.75. 
This is a useful book with a rather misleading sub-title. Two brief introductory chap- 
ters on types of ionic equilibria and their determination, are followed by the illustra- 
tion in great detail of the calculation from tabulated equilibrium constants of the 
concentrations of species present in solutions in which protolytic, solubility, complex 
ion, or redox equilibria have been established, and the application of the results of 
these calculations to  analytical procedures. The effects of changes of ionic activity 
coefficients are ignored until the last chapter. This apart, the treatment is very tho- 
rough and the author either avoids or justifies approximations which are often not 
fully explained in the treatment of such topics as overlapping step equilibria, multiple 
buffer systems, mixed ligand systems, and polynuclear complex ions. Some will find 
the algebraic detail tedious, but the extended treatment together with the numerous 
problems to which answers are provided will be useful to many, especially students 
who are working largely on their own. Each chapter has a useful bibliography. There 
are numerous examples of the uses of logarithmic concentration diagrams and pre- 
dominance -area diagrams. 

Statements made about a few general topics such as ion pain (p. 9 4 ,  chelate stab- 
ility (p. 374). and the Debye-Htickel theory (pp. 432 and 433) are to say theleast, 
liable to confuse. On p. 433 a Debye-Hiickel equation which incorporates an ion size 
is said to  be derived from a model in which ions are treated as point charges. Equilib- 
rium constants are taken from standard sources but a sceptical word would have 
been appropriate about some of the values, such as those for the stability constant of 
mononuclear hydroxy complexes of transition-metal cations. 

J. E. PRVE, Chemistry Department, University of Reading 
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Sscond Edition 

edited by S. Corn, M.Sc. (London), D.Sc. (byden). Formerly of I.C.I. Dyestuffs 
Division, Bkkky,  Manchmtm. Assiited by an Advisory Fhrd of prominent scientists. 

More than 12 yean have passed since the appuvance of the first volume of CHEh4BTRY OF 
CARBON COMPOUNDS. During this period great advances have been made in both theoretical 
and experimental organic chemistry, and these are being recorded in a completely new and revised 
edition. 

In all important mpccts the second edition will be the same as the &st, althougb samc miwr changes 
will be made. The large volume of new material will certainly cause an i.llficase in total size and thus 
make it n v  to produce a greater number of sub-volumes. However, to reduce the delay between 
the appcarana of these sub-volumes, each will be of smaller size than was the case for the first 
edition. 

VOLUME IA - GENERAL INTRODUCIION, HYDROCARBONS, HALOGEN 
DERIVATIVES 
General Introduction 
1. The saturated or parafIin hydrocabns. Alkanes. 2. Unsaturated acyclic hy- 
dmcarbom. 3. H&gm derivatives of the aliphatic hydrocarbons. 
6 x 9" a + 569 prga d u d p t h  price f 7.0.0. 

mmsubsaiptloa price f 8.0.0. 
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4. Monohydric alcohols, their ethers and esters. 5. Sulphur analogues of the alco- 
hols and their derivatives. 6. Nitrogen derivatives of the aliphatic hydrocarbons. 
7. Aliphatic organornetallic and organometalloidal wmpounds. 
6 x 9" xx + 277pges + index, 16 table; toappear late in 1964 

VOLUME IC - ACYCLIC ALDEHYDES. KETONES AND MONOCARBOXYLIC ACIDS; 
CARBON MONOXIDE. ISOCYANIDES AND FULMINIC ACID; CARBONIC 
ACID AND ITS DERIVATIVES 

VOLUME ID - DIHYDRIC ALCOHOLS, THEIR OXIDATION PRODUCXS AND DERIV- 
ATIVES 

VOLUME IE - TRIHYDRIC ALCOHOLS, THEIR OXIDATION PRODUCTS AND DERIV- 
ATIVES 

VOLUME IF - TETRA-,PENTA-AND HIGHER POLYHYDRIC ALCOHOLS, THEIR OXID- 
ATION PRODUCE3 AND DERIVATIVES; SACCHARIDES 

VOLUME I a  - ENZYMES; MACROMOLECULES; CUMULATIVE INDEX TO VOLUME I 
To follow 
Volume II m l i c  Compounds 
Volume III Aromatic Compounds 
Volume IV Heterocyclic Compounds 
Volume V Miscellaneous; General Index 

Multi-vohrme works such as Rodd's M t r y  of Carbon Compounds represent a considerable 
outlay for the purchaser. In order to alleviate this to a certain extent, the publishers offer a discount 
of 15% on the publication price. Subscribers to the complete series will thus be abk to acquire the 
work for only 26s. (approx.) per 100 pages. 
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