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since, regardless of any interpretation of the re­
verse process, the region of total irreversibility 

The reduction of chromium(VI) species a t the 
dropping mercury electrode has been reported 
many t imes . 2 - 4 AU of these studies were made in 
basic or weakly acidic solutions. The extension of 
these studies to lower fK values has not been pos­
sible because the rising portion of the cur ren t -
voltage curve is shifted more positive than the 
anodic dissolution potential of mercury. I t has 
not been possible to obtain a reduction wave for 
chromium (VI) on pla t inum electrodes since chro­
mium (VI) in acid solution at tacks plat inum and the 
oxide film formed hinders the electrode reaction. 
However, gold electrodes were found suitable since 
they are resistant to a t tack by chromium (VI) 
species in acid solution.5 

Although rotat ing solid microelectrodes have 
found many analytical applications, studies of the 
rising portion of the current-vol tage curves ob­
tained with these electrodes have not been very 
successful. Poor reproducibility, due to surface 
effects caused by oxide films and impurities, has 
hindered these studies. Since reproducible results 
can be obtained for the reduction of chromium(VI) 
in acid solution at rotat ing gold electrodes, a kinetic 
s tudy was made of this reaction. 

Theory 
Delahay6 has developed a unified theory of 

polarographic waves which rigorously t reats polaro-
(1) Based on the Ph.D. thesis of Frederick Baumann, University of 

Wisconsin, 1950. 
(2) J. J. Lingane and I. M. KolthofJ, T H I S JOURNAL, 62, 852 (1910). 
(3) T. Berzins and P. Delahay, ibid., 75, 5716 (1953). 
(4) J. H, Green and A. Walkley, Australian J. Chem., 8, 51 (1955) 
(5) F. Baumann and I. Shain, to be published. 
(Ii) P. Delahay, T H I S JOURNAL, 76, 1430 (1053). 

definitely indicates a slow step in the reduction proc­
ess. This is further supported by the observation 
tha t altering the effective stream length had no 
pronounced effect on the observed constants in 
Table IV. The poorest agreement for a threefold 
change in stream length was found in the case of 
the 0.9 M KCl solution, where the ra te constant 
varied from about 0.8 X 10~2 to 1.1 X 10"2 

cm./sec. This is in contrast to the very pro­
nounced effect on the reaction rate of altering the 
concentration of inert electrolyte. 
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graphic waves regardless of the degree of irreversi­
bility of the electrode process. This theory is ap­
plicable to the dropping mercury electrode where 
diffusion is the only mode of mass transfer. Using 
the approach of Delahay and Strassner,7 an analo­
gous theory for the case of electrodes of constant 
area in stirred solutions can be derived. 

Consider the reduction of substance O to sub­
stance R in an electrode process involving n elec­
trons, where R is soluble in the solution 

O + tie = R 

The current is given by 
i = n FAf(x = 0) (1) 

where F is the faraday, A is the area of the elec­
trode and f(x = 0) is the flux a t the electrode sur­
face. If the overvoltage is sufficiently high so tha t 
the effect of the backward reaction can be neg­
lected, the flux can be equated to the concentration 
of O on the electrode surface and the rate at which 
it reacts. For a first-order reaction 

f(x = 0) = kC0 (2) 
where C0 is the concentration of the reactant at 
the electrode surface and k is the formal hetero­
geneous rate constant for the forward electrode 
reaction, expressed in centimeters/second. Com­
bining equations 1 and 2 

i = n FAkCo (3) 
The concentration a t the electrode surface can 

be related to the bulk concentration by8 

Ca - " " : l G," (4) 
41 

(7) P. Delahay and J. K. Strassner, ibid., 73, 5219 (1951). 
(8) I. M. Kolthon" and J. J. Lingane, "Polarography,'" lnterscicncr 

Publishers, Inc., New York, N. Y., 1952, p 191, 
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Kinetic Study of the Reduction of Chromium(VI) at Rotating Gold Microelectrodes 
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The kinetics of the reduction of chromium(VI) at a rotating gold microelectrode were investigated. Equations were de­
veloped which permit the calculation of the rate of the electrode reaction from current-voltage curves, using solid electrodes 
in stirred solution. Over the range of hydrogen ion concentrations studied, the activated complex for this electrode reac­
tion was found to have the composition H3CTOV, where x is the charge. A possible mechanism is postulated. 



Nov. 5, 195(3 REDUCTION OK Cr(VI) AT ROTATING GOLD MICROELECTKODES 5551 

where9 

i'i = nFAj3C„' (5) 

The mass transfer coefficient /3 is a function of the 
area of the electrode and the rate of stirring. Al­
though equation 4 originally was derived for a dif­
fusion process, it also is applicable when convection 
is the mode of mass transfer. Combining equa­
tions 3, 4 and 5 

= nFAG>° 
k/S 

k + 0 (6) 

This equation describes the current at any point on 
a current-voltage curve as a function of the rate of 
mass transfer and the rate of the electrode reaction, 
and is applicable to any electrode of constant area. 
Since the mass transfer coefficient is a function of 
the area of the electrode and of the diffusion coeffi­
cient of the reactant a different value for /3 must be 
calculated for every electrode and for every reac­
tant. 

The rate constants calculated from equation 6 
are a function of potential10 

k = k°exp 
-anaF 

(E - E") (7) 

where k° is the formal heterogeneous rate constant 
for the forward electrode reaction when E = E°', E° 
is the standard potential, a is the electron transfer 
coefficient, wa is the number of electrons in the rate-
determining step, and the other terms retain their 
usual significance. Equation 7 is applicable to 
electrode processes whose kinetics are controlled 
by a single rate-determining step. 

Since the area of the electrode is a constant, rela­
tive values of k° may be determined by combining 
equations 6 and 7. 

log log Ap = log Ak° 

IKF 
(E - E") (8) 

2.3RT 

Thus the kinetics of a reaction at an electrode of 
constant area may be investigated by plotting 
log [i/(ii — i) ] as a function of £ — E°. 

Experimental 
Apparatus.—A Sargent Model X X I recording polaro-

graph was used for the measurement of the current-voltage 
curves. The potential scanning rate was 2.5 mv. per sec­
ond. Potentials were measured with a Rubicon portable 
precision potentiometer. All potentials are referred to the 
saturated calomel electrode (S.C.E.) . 

The rotating gold electrode was constructed by fitting gold 
wire ( J . Bishop and Co. Platinum Works, 99.97% pure, 0.81 
mm. diameter) into a Teflon tube. The length of the elec­
trode was 5 mm. The electrode was rotated at exactly 1080 
r .p.m. by means of a synchronous motor. 

Electrolysis was carried out in a 250-ml. tall form beaker 
equipped with a side stem for the introduction of nitrogen. 
The electrolysis cell was connected to a saturated calomel 
electrode by means of a double junction salt bridge contain­
ing the indifferent electrolyte and saturated sodium chlo­
ride. This effectively prevented the diffusion of chloride ions 
into the electrolysis cell. The reference electrode and elec­
trolysis cell were thermostated at 25 ± 0.02°. The resist­
ance of the cell was 175 ohms. AU the current-voltage 
curves were corrected for the IR drop across the cell. 

Materials.—All reagents had to be of the highest purity 
for this kinetic study. The solutions were prepared from 

(9) I. M. Kolthoff and J. Jordan, T H I S JOURNAL, 76, 3843 (1934). 
(10) H. Eyring, L. Marker and T. C. Kwoh, J. Phys. Colloid Chem., 

63, 187 (1949), 

doubly distilled water. The second distillation was carried 
out from alkaline permanganate in an all-Pyrex glass system. 
The first 20 ml. of each batch were discarded. 

The sodium perchlorate solutions were prepared from G. 
F . Smith hydrated sodium perchlorate. A concentrated 
stock solution was prepared and was analyzed by evaporat­
ing 10 ml. to constant weight at 350°. Reducible impurities 
in this reagent were found to interfere with the reduction of 
chromium(VI). Electrolysis at a mercury cathode set at 
— 0.7 volt for 48 hours was found to remove these impurities 
satisfactorily. 

The perchloric acid solutions were prepared from Baker 
and Adamson 60% reagent grade perchloric acid without fur­
ther purification. Stock chromium(VI) solutions were pre­
pared from Mallinckrodt Analytical Reagent grade potas­
sium dichromate without further purification. Since oxygen 
is reduced in the potential range studied, Linde high purity 
nitrogen was used to deaerate the solutions. 

Results 
The reduction was studied by obtaining current-

voltage curves at various perchloric acid concen­
trations and at various chromium(VI) concentra­
tions. The acid concentrations were 0.500, 0.100 
and 0.010 molar. The ionic strength was kept con­
stant at 1.00 by the addition of appropriate 
amounts of sodium perchlorate. The concentrations 
of chromium(VI) were 1.32 X 10~6, 6.60 X 10"6, 
5.28 X 10-5and 1.32 X 10"4 molar. 

Each current-voltage curve was analyzed using 
equation 8. Log Ak was calculated from values of 
the current along the rising portion of the wave and 
plotted against E. The lines obtained were 
straight and nearly parallel indicating that the 
effect of impurities has at least been made constant 
if not eliminated. 

The fact that the lines were straight indicates 
that the reduction follows a first-order mechanism 
with respect to the reactant. If a higher order 
mechanism was followed, each line would be bent 
since the current (rate) at the foot of the wave 
would depend on the order of the reactant, but in 
the limiting current region the dependency would 
be first order since mass transfer is the limiting fac­
tor. The results are summarized in Table I. 

The average value of ana obtained from the 
slopes of the lines was 0.95 (average deviation, 
0.05). The fact that the lines are straight and that 
the values of cwa are constant indicates that there 
is only one rate determining step throughout the 
concentration ranges studied. Thus the applica­
tion of equation 8 is valid in this study. 

TABLE I 

VALUES OF are8 AT VARIOUS CHROMIUM(VI) AND HYDRO­

GEN ION CONCENTRATIONS 

[Cr(VI)I, 
moles/I. 

1,32 X 10"6 

6.60 X 10~6 

5.28 X 10-« 

1.32 X 10 -1 

[H+] , 
tnoles/1. 

0.50 
.10 
.01 

.50 

.10 

.01 

.50 

.10 

.01 

.50 

.10 

.01 

E (vs. S.C,E.) 
at log Ak ~ 

- 0 . 0 

0.455 
.390 
.275 

.458 

.390 

.308 

.496 

.394 

.321 

.532 

.396 

.310 

alia 

0.91 
.80 
.98 

.98 
1.00 
0.95 

1,00 
0.98 
1.00 

0.98 
.87 
.85 



5552 FREDERICK BAUMANN AND IRVING SIIAIN Vol. 78 

Effect of Hydrogen Ion.—The reduction of 
chromium(VI) can be considered a first-order 
reaction if the hydrogen ion concentration is 
kept constant even though hydrogen ions are 
involved in the rate-determining step. This condi­
tion was fulfilled experimentally since the lowest 
hydrogen ion concentration (0.01 molar) is con­
siderably higher than the highest chromium(VT) 
concentration (1.32 X 10"4) . Under these condi­
tions, the hydrogen ion concentration a t the elec­
trode surface is equal to the bulk concentration, 
and equation 8 can be modified to 

log AK = log -.——: + log Ap = log AK" -
i\ — i 

2-f-£, (£-£•) (9) 

where the ra te constants K and K° are given by 

K = k(H+)" (10) 

and 

K" = k*{H+)b (11) 

Relative values of log AK° were obtained from 
the log plots described in Table I by measuring log 
AK a t an arbi trary value of E° (0.430 volt vs. 
S.C.E.). These values are shown in Table I I . 
The average values of log AK° a t a particular 
hydrogen ion concentration were used to calculate 
the hydrogen ion dependence. The deviation of 
these values at a particular hydrogen ion concen­
trat ion is slightly larger than the expected experi­
mental error, bu t is not so large as to prevent the 
calculation of an integer: the hydrogen ion de­
pendency. The deviation is probably an effect of 
residual impurities. 

TABLE II 

VALUES OF LOG AK" AT E = 0.430 VOLT (VS. S.C.E.) 
Concn. perchloric acid, 

moles/1. 
0.500 0.100 0.010 

Concn. Cr(VI) 1.32X10"« - 5 . 6 1 - 6 . 6 1 - 8 . 5 3 
(moles/1.) 6.60 X 10"» - 5 . 5 3 -6 .66 -7 .96 

5.28 X 10~6 - 4 .83 -6 .60 - 7 . 9 1 
1.32 X 10-4 -4 .32 -6 .53 -7 .65 

Av. -5 .07 -6 .60 - 8 . 0 1 

Since the value of the limiting current is used in 
evaluating log AK°, b will not be an integer when 
calculated from equation 11 because the limiting 
current is proportional to the total chromium(VI) 
concentration rather than the predominant chro-
mium(VI) species. 

The predominant species of chromium (VI) which 
exist in the concentration ranges studied are Cr207= , 
HCr 2 O 7 - , H C r O 4 - and H2CrO4.11 If H C r O 4 - is 
assumed to be the reactive species, an expression of 
the form 

r a t c = — ^ T l H i — (12) 

can be derived where 

Tr _ [H + ] [HCrO 4 - ] 
A° [HTCrO4T" ( 1 3 ) 

and 
[Cr(VI)] = [H2CrO1] -f [HCrO4-] (14) 

(11) J. Y. Totig and E. L. King, T H I S JOURNAL, 75, (1180 !19.">3). 

Similar equations could have been derived assum­
ing other reactive species. However, for the eval­
uation of p it is not necessary to know which species 
is reactive. 

Using equation 12 and the Tong and King11 

value for iCc of 1.21, a plot of log AK° + log (A'c + 
[H + ] ) vs. the hydrogen ion concentration allows the 
hydrogen ion dependency of this reaction to be 
evaluated (Table I I I ) . 

TABLE III 

HYDROGEN ION DEPENDENCY FOR THE REDUCTION OF 
CHROMIUM (V I) 

log AK0 + 
1°S IH1J log (Ko + [H+J) 

- 0 . 3 - 4 . 8 4 
- 1 . 0 - 6 . 4 8 
- 2 . 0 - 7 . 9 2 

The slope gives a value for p of 1.8 ± 0.3. Since 
a value of 2 is within the error limits and since frac­
tional values are not possible, a second-order de­
pendency on the hydrogen ion concentration is in­
ferred. 

The results indicate an activated complex of the 
composition H3CrO4 ± JjH2O, where x is the 
charge. 

Discussion 

Mechanism.—A knowledge of the charge of the 
activated complex is necessary to postulate mech­
anisms for this reduction. In order to determine 
the electron change w, involved in the rate-deter­
mining step, a knowledge of the value of the 
electron transfer coefficient a is necessary. The 
value of a depends on the symmetry of the energy 
barrier along the reaction coordinate and ordi­
narily values of a are close to 0.5.12 

The possible values for n. are 1, 2 or 3 since there 
are three electrons involved in the reduction of 
chrornium(VI). A value of wa equal to 3 is im­
probable since this would require a to equal 0.32 
and a mechanism which requires the reversible 
gain of two electrons before the rate-determining 
step. Although a value of a equal to 0.95 is con­
sistent with a possible mechanism (a slow step in­
volving one electron, followed by the reversible 
gain of two electrons), this value of a is inconsistent 
with the high overvoltage associated with this re­
action. A value of wa equal to two seems to be the 
most probable, since a is equal to 0.48 and since 
there is good evidence for the existence of chro-
mium(IV) as an intermediate in other reactions in­
volving the reduction of chromium(VI).3-13 '14 

Any mechanism which is proposed for the reduc­
tion of chromium(VI) will have to explain the for­
mation of an activated complex containing three 
hydrogens. Since the final species—chromium-
(III)—is a cation, the negative charge acquired by 
the chromium(VI) species due to the gain of elec­
trons must be neutralized along the reaction path. 
If the energy of activation is lowered by neutraliza­
tion of the charge before the activated complex is 
formed, the formation of the activated complex 

(12) S. Glasstone, K. J. Laidler and H. Kyring, "The Theory of Rate 
Processes." McGraw-Hill Book Co., Inc., New York, N. Y., 1041, 
Chapt. X. 

(13) P. Delahay and C. C. Mattax, THIS JOURNAL. 76, 874 (1054) 
(14) F. H. Westheimer, Chan. Revs., 45, 419 (1940). 
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will involve hydrogen ions. An analogous situa­
tion was encountered by King and Pandow15 

while studying the oxidation of bromide ion by 
cerium(IV). The following mechanism is postu­
lated to explain the reduction of chromium (VI). 
It is based on the reactive species being HCrC>4-

since it is the predominant species in these solu­
tions. The steps are 

(IS) E. L. King and M. L. Pandow, T H I S JOURNAL, 75, 3063 (1953). 

The preceding paper in this series2 described the 
reaction of ozonized oxygen with paraffins at low 
temperatures, i.e., 25-50°. This study has been 
extended to include the temperature range 110-
270°. At the higher temperatures employed the 
reaction with ozonized oxygen merges into the un-
catalyzed slow combustion reaction. In this paper 
the oxidation of isobutane in the presence of ozone 
and in its absence are compared, with attention 
paid to the identification of peroxidic products. 

Recently, Batten, et al.,s have investigated in a 
static system the slow oxidation of isobutane, and 
Neu4 has reported on the oxidation of w-butane. 
Current theories relative to the slow combustion of 
hydrocarbons favor the postulation of peroxides or 
of aldehydes as the intermediates responsible for 
the termination of the initial induction period and 
for chain branching. These theories are reviewed 
by Batten, et al.s It is of interest that these au­
thors conclude that peroxides in their normal state 
are not the substances responsible for the termina­
tion of the first induction period. This work may 

(1) Taken from a thesis submitted by C. C. Schubert S.J. in partial 
fulfillment of the requirements for the Ph.D. degree. The work de­
scribed in this paper was jointly supported by Contract NOrd-7920 
with the U. S. Naval Bureau of Ordnance as coordinated by the Ap­
plied Physics Laboratory, The Johns Hopkins University; and by 
Contract Nfi-ori-105 with the Office of Naval Research as coordinated 
by Project Squid, Princeton University. Reproduction, translation, 
publication, use and disposal in whole or in part by or for the United 
States Government is permitted. 

(2) C. C. Schubert S J . and R. N. Pease, T H I S JOURNAL, 78, 2044 
(195fi). 

(3) J. J. Batten, H. Gardner and M. Ridge, J. Chem. Sac, London, 
3029 (1955); J. J. Batten and M. Ridge, Australian J. Chem., 8, 370 
(1955). 

(4) J. T. Neu, Abstracts 127th ACS Meeting, April 1955, paper No. 
50, p. IGP. Also, J. Phys. Chem., 60, 320 (1950). 

H + + HCrO 4 - = H2CrO4 fast 
H2CrO4 + e - = H2CrO4" fast 
H + + H 2CrO 4- = H3CrO4 fast 
H3CrO4 -f- e~ = H3CrO4- slow 
Cr(IV) = Cr(III) fast 
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aid in deciding whether ozone is a likely candidate 
for the role of intermediate. 

Three aspects of the slow oxidation reaction were 
considered: (1) the formation of liquid products 
from the reaction of ozonized oxygen with isobu­
tane in the temperature range 110-270°; (2) the 
reaction without added ozone at ca. 270°; (3) 
the identification of the peroxidic material formed 
in the isobutane-ozone and the isobutane-oxygen 
reaction. 

Experimental Method 
Isobutane ( C P . grade from Matheson Co.) was mixed 

with varying amounts of ozonized oxygen, then passed 
through a heated glass reactor in a flow system. Conden-
sible products were collected in a trap kept at 0° and weighed. 
The rate of production of this liquid condensate was taken 
as a rough measure of the extent of reaction. The reactor 
was a 5-cm. Pyrex cylinder of 640-mI. volume. Prior to ini­
tial use it was cleansed with hot concentrated nitric acid 
followed by rinses with distilled water and a final rinse with 
a saturated solution of boric acid. The reactor was mounted 
in a vertical position in a furnace; the reactant gases with­
out preheating entered at the top and products emerged at 
the bottom where they were collected in a trap immersed in 
ice-water. Temperatures were measured by means of a 
thermometer placed in contact with the reaction vessel. 
Due to the exothermic nature of the reaction and the im­
possibility of preheating the ozone more rigid temperature 
control was precluded. 

Commercial tank oxygen was ozonized by means of a Sie­
mens type ozonizer constructed of Pyrex and provided with 
a grounded condenser jacket filled with circulating cooling 
water. Ozonized oxygen was mixed with isobutane in a 2 
mm. capillary tube, then introduced directly into the re­
actor by a 5-cm. length of this same 2 mm. capillary. Ozone 
concentrations were measured by an infrared absorption 
method calibrated, in turn, by an absolute method similar 
to that described by Jahn5 (decomposition at a heated 
platinum filament). 

(5) S. Jahn, Ber., 43, 2319 (1910). 
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The reaction of ozonized oxygen {ca. 3-6 mole % O3) with isobutane in the temperature range 110 to 270° was compared 
with the slow uncatalyzed reaction with oxygen alone. The ratio of gram atoms of oxygen fixed in liquid product to moles 
of ozone added increased from 3.4 at 125° to 4.2 at 200° and 5.0 at 225°. The ozone-induced oxidation merges into the 
normal slow combustion reaction at ca. 265°. Approximately one third of the condensed products of the isobutane-ozone 
reaction at 150° was found to be i-butylhydroxymethyl peroxide. The same peroxide was indicated to be a product of the 
isobutane-oxygen reaction at 270° by a comparison of infrared spectra. It is proposed that ozone may be the active inter­
mediate responsible for chain branching during the slow combustion of hydrocarbons in oxygen. Ozone might result from 
the reaction: RO2- + O2 —»• O3 + RO- Ozone probably has the stability requirements to account for the cool flame reaction 
and negative temperature coefficient region observed in the combustion of hydrocarbons. Preliminary attempts to detect 
ozone during the normal slow reaction by observing the ultraviolet absorption in a 3-meter tube were unsuccessful due to 
general absorption in the 2500 A. region. 


