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ABSTRACT 

The reduction of oxygen to hydrogen peroxide at a dropping mercury electrode in an 
aqueous solution of 1 M KNO3 + 0.04 M KOH (pH = 12.35) has been studied by means of 
impedance measurements as a function of frequency and d.c. potential. The reaction appears 
to be nearly reversible in the dc sense, but quasi-reversible in the ac sense. The impedance 
data obey the Randles' equivalent circuit with the following apparent values for the kinetic 
parameters: standard heterogeneous rate constant ksah = 0.035 cm s -1 and cathodic transfer 
coefficient ~c = 0.22. The results are interpreted in terms of a two-step charge transfer mech- 
anism with the step O2 + e ~ O~ being rate-determining. 

INTRODUCTION 

The electrochemical reduction of oxygen has been the object of many funda- 
mental studies, and is still recognized as an important matter of interest, e.g. in 
connection with fuel cell design and its role in biological processes. 

In contrast to most other electrode materials, a mercury electrode offers the 
possibility to investigate the kinetics of the partial reduction of oxygen to hy- 
drogen peroxide in aqueous solution, the total reduction to water, though ther- 
modynamically prefered, evidently proceeding very irreversibly. 

Jacq and Bloch [1] have designed a general reaction scheme, for the O2/H:O2 
reaction, in terms of all the possible mono-electron transfer steps and the accom- 
panying chemical protonation--deprotonation reaction steps. On the basis of 
what is known about relative thermodynamic stability of the participating 
species and additional considerations of the chemical reaction rates, it appears 
possible to predict the most probable pathways leading from O2 to H202 vice 
versa in acid medium and from 02 to HO~ vice versa in alkaline medium. There- 
upon the corresponding dc current--voltage expressions are derived, using Jacq's 
diffusion layer theory for coupled homogeneous chemical reactions [2]. By 
comparison of these theoretical results with experimental data (from dc polaro- 
grams) conclusions are drawn about the standard potentials and the standard 
heterogeneous rate constants of the two redox systems O2/O~ and O~/O~-. 

These results are in disagreement with the observations reported later by 
Chevalet et al. [3], who were able to obtain a polarographic wave due to the 
first reduction step O2/O~ alone by adding the surfactant a-quinoline which 
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evidently inhibits the subsequent processes. Their conclusion is that the proto- 
nation of 02 is a heterogeneous process occurring at the electrode surface. 

In order to test a model for the reaction mechanism it could be useful to 
make a detailed analysis of the kinetic parameters of the electrode reaction. The 
faradaic impedance method is a useful technique for this purpose [4], especially 
when the overall rate of the electrode reaction is so large that the dc wave is 
found to be reversible, i.e. when it is impossible to calculate the kinetic param- 
eters from dc data analysis [ 5]. For the oxygen/peroxide couple at mercury this 
is the case in alkaline medium, at pH > 10 [6,7]. Moreover from impedance 
analysis it might be possible to detect the occurrence of accompanying homo- 
geneous chemical reactions, since in that case a typical frequency dependence 
can be expected [8]. 

To our knowledge the only impedance study of the oxygen reduction at 
mercury published thus far is that of Moussa et al. [9]. The pH-range covered 
in this study is from 8.8 to 12.58, but the kinetic analysis is restricted to mea- 
surements at one frequency (1000 Hz) and one potential {apparently the "peak 
potential" in the pseudo-capacitance vs. potential plot). From these data the 
apparent standard heterogeneous rate constant k~h is calculated using a theo- 
retical relation, the significance of which is rather unclear. Though this proce- 
dure throws some doubt on the correctness and the accuracy of the results a 
substantial pH-dependence of the rate constant is found. 

The aim of the work presented in this paper is to extend the practical proce- 
dure, which implies the application of the frequency variation method at vari- 
ous potentials at both sides of the half-wave potential, in order to determine 
both the apparent rate constant and the transfer coefficient of the oxygen-- 
peroxide reaction at a rather high pH (pH = 12.35). The results will be discussed 
in relation to the references cited above and also in view of a study in a wider 
pH range which will be published later on [10]. 

EXPERIMENTAL 

The ac measurements were performed with the automatic Network Analyzer 
system described elsewhere [11 ]. This system measures the cell impedance in 
terms of amplitude and phase angle at a given set of frequencies and dc poten- 
tials. The amplitude of the sine wave perturbation was chosen to be 10 mV peak 
to peak. The a.c. measurement was carried out at a fixed time (4.00 s) after 
drop-birth, the moment of the preceding drop-fall being detected by a drop-fall 
detector [12]. 

The frequency range useful for analysis was found to be 70--3000 Hz (12 
frequencies) and the dc potential range was chosen from --130 mV to --200 mV 
vs. SCE. The corresponding dc polarogram was recorded manually, using a po- 
tentiostatic set-up. 

Both dc and ac measurements were performed with a three-electrode cell, 
consisting of a dropping mercury electrode'(DME), a mercury pool counter 
electrode and a saturated calomel (SCE) reference electrode. The capillary for 
the DME was finely tapered and siliconized. The cell was kept at 25 ° C. 

The supporting electrolyte was prepared from analytical grade KNO3 (1 M) 
and KOH (0.04 M) in twice distilled water. The pH of this solution, measured 
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with a Radiometer G 202 B glass electrode, was 12.35. 
The measurements were run both in deaerated and air saturated solutions. 

The concentration of oxygen in the latter was calculated by interpolation 
between literature data [13] of the solubility of oxygen in KNO3 solutions of 
different concentration. Assuming that the effect of  OH- on the solubility does 
not  differ much from the effect of NO; it can be concluded that the 02 concen- 
tration will be 0.2 X I0 -3 M. 

It has been shown [11] that the slow response of the Network Analyzer to 
the time-dependent signal of the DME causes systematic errors in the measured 
amplitudes of ca 1.5%. These errors have been accounted for in the ultimate 
calculations. 

THEORY 

As usual the impedance analysis starts from the real component  Y~I and the 
imaginary component  Y~'I of the interfacial admittance, which are computed 
from the raw impedance data after subtraction of the ohmic resistance. 

If the rate of the electrode reaction is controlled only by diffusion and elec- 
tron transfer (not complicated by the occurrence of stable intermediates or reac- 
tant adsorption) the interfacial admittance depends on frequency in the follow- 
ing manner [4] : 

¢o'/:  p + 1 t 

Y~'= o p : + 2 p + 2  (1) 

~1/2 1 
t t  - -  _ _  

Yel o p 2 + 2 p + 2  +~°Cd (2) 

p = p ' c o ' n  = ( R c t / ( ~ ) ¢ o  1/2  (3) 

where C d is the double-layer capacity of the electrode/electrolyte interface, p 
the "irreversibility quotient",  a the Warburg coefficient and Rct the charge 
transfer resistance. The values of  these quantities are obtained by means of 
fitting to the co'/2/Y'ol vs. ¢o ' n  and/or (Y"I  - -  W C d ) / ¢ o l n  vs. ¢o ' / :  plots [4]. 

The potential dependence of Rot (in a former notation: 0) and a has been 
expressed by the relations [4] : 

R T  1 (ao /ksh)  exp(ac¢) + 1 + (ao /aa)  exp(~b) 
Rot - 2 * 

n F : c o  ksh o~c(ao/k,h) + (ao/aa)  exp(aa¢) 

R T  (ao / k , h )  exp(a¢~b) + 1 + (ao/aR)  exp(~b) 
o = nZF.~co(2Do)l/2 - a~(ao/ksh)  + (ao /aa)  exp(ola¢) 

× [exp(--o~¢) + ( D o / D a )  i n  exp(o~a¢)] 

= ( n F / R T ) ( E  - -  E °) 

a o  = D o / 8 o ,  aR = D a / 5 ~  

(4) 

(5) 

(6) 

(7) 



250 

In these equations the dc mass transport  is accounted for by  the well-known 
diffusion layer model, which with ~71 = (37r tD i /7 ) - l n  + r-ol is a good approxi- 
mation in the case of  a DME with radius r0 [4,14].  The charge transfer process 
is represented by  the "standard heterogeneous rate constant"  ksh and the 
"cathodic and anodic transfer coefficients" ac and aa, according to the Butler- 
Volmer expression for a simple electrode reaction O + ne -  ~ R. The bulk con- 
centration of  O is Co, while the bulk concentration of  R is taken zero. 

For the system of our interest it is necessary to consider the meaning of E ° 
and ksh with some care, because of two reasons: 

(1) At pH 12.35 the species H202 and its anion HO~ exist simultaneously, in 
equilibrium. 

(2) The reduction of  O2 to HO~.involves a protonat ion step by which a hy- 
droxyl  ion is liberated. 
So, the overall reaction is represented by 

02 + 2e- + H20 ~ HO~ + OH- (8a) 

HO~ + H:O ~ H202 + OH- (8b) 

It is convenient to define the standard potential E ° as that  potential where, 
under Nernstian conditions, the surface concentrations are related by 

Co = Co  2 -~ CHO2 "{- CH202 = CR (9) 

This E ° can be related, for instance, to the standard potential of  reaction (8a) 
by 

E 0 0 _ (10) = Eo2/Ho2 + ( R T / 2 F )  In[1 + 1/(KCoH_)]  - -  ( R T / 2 F )  In CoN- 

with 

K = CHO~/CH202CoH- (11) 

If care is taken to maintain the surface concentration COH- constant, a 
"Butler--Volmer like" rate equation can be postulated in the form 

i = n F [ k b C  R - -  k f c o ]  

= nFksh[CR exp(~a¢) -- Co exp(--~¢¢)] (12) 

so that  ksh exp(--~c¢) = k~ is the forward rate constant at the potential E. In 
this conception eqs. (4) and (5) remain applicable. 
N.B.  : Note that  using concentrations instead of  activities implies that  activity 
coefficients are incorporated in E °, K and/or ksh. 

Equations (4) and (5) can be largely simplified in the case of  "dc reversible" 
behavior, which in theories of  ac polarography is said to occur if the influences 
of  charge transfer and of sphericity of  the electrode on the dc process are negli- 
gible [14].  It is convenient then to introduce the reversible half-wave potential 
E~ 12 = E°  + ( R T / n F )  In (DR~Do)  1 n, which with d = (Do~DR) 1 n leads to 

R T  exp(~cj) [1 + exp{j)] (13) 
Rct'rev - -  n2F2c*o d~Cksh  exp(j) 
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R T  [1 + exp(j)] 2 (14) 
°rev - n2F2co(2Do)l/2 exp(j) 

j = ( n F / R T ) ( E -  Ef/2) = ¢ + In(Do/DR) I/2 (15) 

For comparison [see also Discussion] we rewrite eqs. (4) and (5) in terms of  
exp(]): 

R T  e x p ( a j )  (ao/d'~cksh) exp(acj) + 1 + r~ exp(j) 
Rot = rt2F2co daCksh ol~(ao/d%ksh) exp(a~]) + r s exp(]) (16) 

R T  (ao/d'~Ck~h) exp(ac/) + 1 + r s exp(j) 
[1 + exp(j)] (17) 

o n2F2c*o(2Do) i n  ac(ao/d~Cksh) exp (~ j )  + r~ exp(]) 

where d = (Do/DR) ~n and r~ is a factor caused by sphericity: 

ro + (3~rtDol7) i n  
r~ - (18) 

ro + (3rrtDa/7) 1/2 

R E S U L T S  

From the limiting current of the de polarogram the diffusion coefficient Do 
of oxygen was calculated using the Ilkovi6 equation corrected for spherical dif- 
fusion [15]. The result i sDo = 2.3 × 10 -s cm 2 s -1. The log[(I d - - I ) / I ]  vs. E plot 
analysis yields a straight line with nearly a reversible slope [ 32 mV-X], from 
which the dc half-wave potential E1/~ = --168 mV vs. SCE is calculated. 

The diffusion coefficient DR of hydrogen peroxide is 1.2 × 10 -5 cm 2 s -I [16] 
at this pH value. The value of rs, calculated from Do, D R and the capillary char- 
acteristics, is rs = 1.04. 

After transformation of the impedance measurements into the interfacial 
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Fig. 1. T h e  e x p e r i m e n t a l  p o i n t s  a n d  t h e  t h e o r e t i c a l  ~o I / 2 / ~ e l  vs. co 1/2 cu rve ,  c a l c u l a t e d  for  
f 

p = 0 . 0 8 9  s 1/2 a n d  o = 2 1 9  ~ c m  2 s -1/2 a t  - - 1 7 0  m V ,  for  an  a i r - s a t u r a t e d  1 M K N O 3  + K O H  
s o l u t i o n  (pH  = 1 2 . 3 5 )  a t  t h e  DM E .  
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Figs. 2 and 3. The charge transfer resistance Rct (upper) and the Warburg coefficient G as a 
function of potential for an air-saturated 1 M KNO3 + KOH solution (pH = 12.35) at the 
DME. Theoretical curves are calculated according to the general eqs. (16) and (17) (dashed 
lines) and the "reversible" eqs. (13) and (14) (solid lines). 

admittance plots were prepared of  co 1 n / Y e l  vs. co I/2. A typical example is shown 
in Fig. 1. The observed increase with frequency is in accordance with the func- 
tion expressed by eqn. (1) and is indicative for the presence of both charge trans- 
fer and diffusion control [4].  

The experimental errors indicated in Fig. 1 by the vertical bars were esti- 
mated by replacing the cell by a dummy cell of approximately the same impe- 
dance (R --  C series connection) and determining the deviations between the 
measured impedance components  and the theoretical ones. It can be seen that 
the in-phase admittance satisfactorily obeys eqn. (1) with values for o and p'  
computed  by a fitting procedure. Similar results were obtained at the other po- 
tentials. As a check on consistency the o and p' values were substi tuted into eqn. 
(2), together with the experimental Y"I values, to yield the double-layer capac- 
ity Cd. The obtained Ca values are within experimental error equal to those mea- 
sured in the supporting electrolyte, at the same potential but  in the absence of  
oxygen. It can be concluded that the conditions for eqns. (1)--(3) are fulfilled, 
i.e. "Randles behaviour" previals. 

The experimental results for Rct = op' [eqn. (3)] and o are shown in Figs. 2 
and 3 respectively. The data appear to be in very good agreement with theo- 
retical curves calculated with eqns. (16) and (17) after substitution of  the follow- 
ing values for the parameters: E l n  = --168 mV vs. SCE, c~ = 0.20 × 10 -6 mol 



253 

cm -3, Do  = 1.9 × 10 -s cm 2 s -1, Da  = 1.2 × 10 -s cm 2 s -1, ~c = 1 --  ~a = 0.22, 
ksh = 0.035 cm s -1. These theoret ica l  curves are represented  by  the  dashed lines, 
whereas the  solid lines represent  the  " revers ib le"  curves according to  eqns. (13) 
and (14) with the  same paramete r  values. 

DISCUSSION 

The diffusion coefficient o f  05 

The dc polarogram and the  impedance  data yield significantly d i f ferent  values 
for  the  diffusion coeff ic ient  of  oxygen  in our  suppor t ing  e lect rolyte ,  namely:  
Do2 = (2.3 + 0.1) × 10 -s cm:  s -1 f rom the dc polarogram 
Dos = (1.9 + 0.1) × 10 -s cm 2 s -1 f rom the Warburg coeff ic ien t  
Li tera ture  data  for  the  diffusion coeff ic ient  of  02 in 1 M KNO3 solut ion could  
no t  be found.  Recen t  studies by  Davis et al. [17] and Gubbins and Walker [18] 
on the  diffusivity of  oxygen  in aqueous KOH solutions r epor t  amongs t  o ther  
the values Do2 = 1.4 × 10 -s cm 2 s -1 [17] resp. Dos = 1.6 × 10 -5 cm ~ s -1 [18] 
for  1 M KOH, and the ex t rapola ted  value for  pure  water:  D~2 = 1.9 × 10 -s cm 2 
s -1 [17 ,18] .  

Since the  diffusing part icle is uncharged and most  p robab ly  has the  radius of  
the  m o n o h y d r a t e d  oxygen  molecule  [ 19] ,  it is al lowed to  compare  these data  
via the  Stokes-Einstein law: 

~?D = k T /6~rr = cons tan t  

where ~ is the  relative viscosity [20] .  For  the  data  above we have with corre- 
sponding values for  ~ [21] :  

pure  water:  ~Do2 = 1.9 × 10 -s cm 2 s -~ (by def ini t ion)  

1 M KOH: ~Do2 = 1.58 × 10 -s cm 2 s -1 (ref. 17) 
~?Do2 = 1.81 × 10 -s cm 2 s -1 (ref. 18) 

1 M KNO3/0.04 M KOH: ~7Do2 = 1.83 × 10 -s cm 2 s -1 ( f rom ac data) 
~?Do2 = 2.21 X 10 -s cm 2 s -1 ( f r o m d c  polarogram) 

With some care it can be conc luded  tha t  the  Dos value derived f rom the  ac 
data  appears to  be the  more  reliable one. It  is no t  clear as ye t  why  the  dc value 
is so much  higher, the  d i f ference  being 10% in X/~o2. 

The rate constant and the question o f  reversibility 

As can be seen ih Fig. 3, the  potent ia l  dependence  o f  the Warburg coeff ic ient  
is slightly be t t e r  described by the  general eqn. (17) than  the  " revers ib le"  eqn. 
(14). This can be visualized by  calculating the  fac tor  F(t) in t roduced  b y  Smith 
et al. [ 14] as the  fac to r  account ing  for  deviat ion f rom dc reversible behaviour  
in the  ac polarographic  current .  In our  no ta t ion  of  the  admi t tance  representa-  
t ion it is easily shown [4] tha t  

F( t) = O r e v / U i r  r = Rct,rev/Rct,irr 
The potent ia l  dependence  o f  F(t) in the  present  case is shown in Fig. 4. It  may  
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Fig. 4. The influence of the irreversibility and the sphericity F(t) as a function of the poten- 
tial. 

be noted that both the irreversibility and the sphericity play a role in the devia- 
tion from the "reversible behaviour'?. At extreme negative potentials these 
effects enhance each other, but  around the half-wave potential (from --180 to 
--150 mV) the effects are counteracting. The whole deviation becomes negligible 
(i.e., F( t )  ~ 1) at the most positive potentials, --140 and --130 inV. Note that  
near the half-wave potenti.al the effect due to sphericity counteracts the effect 
due to irreversibility, so that  apparently the experimental minimum a-value is 
equal to the theoretical "reversible" value. 

The value of the apparent rate constant, k~h = 0.035 cm s -1, obtained from 
our measurements, at first sight fits reasonably well in the series of  values 
reported by Moussa et al. [9] for the pH range 8.8--12.17: k~h = 0.015--0.052 
cm s -1 (the authors do not  give any explanation to the much higher value, kah = 
0.474, obtained at pH = 12.58). However, their calculation of the rate constant 
appears to be based on an erroneous equation for the quanti ty R ,  - -  1/¢oC~, 
which in our notat ion must be equal to the transfer resistance Rot. The equation 
used is the one originally given by Randles [22],  but  this equation holds for a 
transfer resistance measured at the equilibrium potential for the case that  both 
Ox and Red are initially present in equal concentrations, c~ = c~. Roughly, the 
value for Rot n e a r  the half-wave potential with c~ = 0, will be twice as large, 
which implies that  the resulting rate constant  at pH = 12.17 will be ca. 0.1 cm 
s -1 . So, in reality the difference from our result is larger. A possible explanation 
can be found in the different choice of the supporting anion, 1 M F-  in Moussa's 
case and 1 M NO; in our case. Due to the different degree of specific adsorption 
the Frumkin effect will be different in the two media [7]. 

The transfer coef f ic ients  and the reaction mechanism 

Devanathan [ 23] has derived theoretical values for the true overall transfer 
coefficients --  i.e., after correction for the Frumkin effect  -- for multi-electron 
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transfer, which takes place via a succession of n steps involving a single electron 
transfer each. The assumptions are: (a) the transfer coefficient equals 0.5 for 
each individual one-electron step; (b) the (unstable) intermediates are involved 
neither in rate-determining chemical reactions nor in adsorption processes; (c) 
one step in the whole sequence is rate-determining. For a two-electron reaction 

O + e- ~ Y 1st step 
Y + e - , ~ R  2ndstep 

one has 

aa = 0.75 and ac = 0.25 if the first step is rate determining, 
aa = 0.25 and ac = 0.75 if the second step is rate-determining. 

In view of this theory one could interpret our result, a~ = 0.22, as evidence 
for the mechanism 

02 + e- ~ Oi 1st step 
O~ + H20 + e- ~ HO~ + OH- 2nd step 

with the first step rate-determining. This is likely to confirm the speculations of 
other authors, e.g. of Chevalet et al. [3]. These authors were able to study the 
first step separately by d.c. polarography, after addition of a-quinoline which 
evidently prevents the second step from proceeding. From their experiments 
they concluded that the protons needed to form HO~ is donated by adsorbed 
water molecules, i.e. in a heterogeneous chemical reaction. This contradicts the 
theory of Jacq and Block [ 1 ], which implies that the protonation reactions 
occur somewhere in the solution. 

Our impedance analysis supports the former view, because the frequency 
dependence is in agreement with Randles' behaviour and does not show any 
effect of accompanying chemical reactions. 

It may be interesting to compare our value for the rate constant with the rate 
constants of the first step predicted in literature. To this end we make use of the 
detailed considerations of Van der Pol et al. [24], where it is shown that  if the 
first step is rate-determining ksh is to be interpreted as 

ksh = ksh 1 exp [--a~l(E ° -- E°)F/RT] 
where k~hl is the standard heterogeneous constant of the first step, pertaining 
to the standard potential E ° of the first step. Chevalet et al. [3] report the value 
E ° = --355 mV vs. SCE. With E ° = --168 mV vs. SCE, ksh = 0.035 cm s -1 and 
a~l = 0.5 we obtain ksh I = 1.34 cm s -1. 
This is in remarkable agreement with the value estimated by Jacq and Bloch 
[ 1], from otherwise quite different considerations. The value determined by 
Chevalet et al. [3], ca. 1.5 X 10 -3 cm s -1, is much lower. This could suggest that 
the added a-quinoline also slows down the rate of the first charge transfer. 

The question remains what the mechanism could be of the second step, which 
involves both protonation and electron transfer. It is conceivable that  studies of 
the type presented here as a function of pH can be useful to answer this ques- 
tion. We intend to deal with this subject in a subsequent paper to be published 
in the near future. 

Finally, in the discussion of the choice of a reaction mechanism theoretical 
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arguments could be advanced. For instance on quantum-mechanical grounds the 
direct two-electron reduction of the ground state triplet O2 molecule with a 
singlet reductant to give singlet products, though thermodynamically highly 
favoured, is a spin forbidden process. On the other hand reaction of the triplet 
with a singlet to give two doublets is spin allowed. This could explain why the 
formation of superoxyde by one-electron reduction of O2 is kinetically favoured. 

These types of arguments strictly are only valid in case of isolated molecules 
and the question remains whether it is allowed to apply them to aqueous solu- 
tions where interactions with the solvent molecules certainly will interfere. 
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