Hindawi Publishing Corporation
Advances in Physical Chemistry
Volume 2011, Article ID 414108, 12 pages
doi:10.1155/2011/414108

Research Article
Potentiostatic Testing of Oxygen Reduction on Polymer
Carbon Electrodes
C. A. C. Sequeira and D. M. F. Santos
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The preparation of polymer carbon electrocatalysts by the controlled pyrolysis of polyfurfuryl alcohol polymer is described.
Potentiostatic testing in oxygen-saturated KOH electrolytes is performed, and electrokinetic properties of the electrodes prepared
from the electrocatalysts are presented and discussed. It is revealed that a pure polymer carbon electrode pyrolysed in powder
form possesses a very high active area, displaying higher catalytic activity than a polymer pyrolysed in bulk. Suitable reduction
mechanisms are proposed.

1. Introduction
The four-electron reduction of oxygen in either acid or
alkaline solution is of primary concern due to its possible
use in fuel cells and metal-air batteries on the basis of its
high theoretical equilibrium potential of 1.229 V versus a
hydrogen electrode in the same solution.
The majority of research on this reaction has centred on
the use of noble metal electrodes, due to their relative stability in acidic or alkaline solutions [1–9]. Emphasis has also
been placed on the study of oxygen reduction on simple
carbon electrodes [10–12] and carbon electrodes containing
catalysts to aid in the decomposition of the peroxide intermediates to yield the four-electron reduction process [13–
18]. Early research on metal chelates [19–22] has also shown
that both the stability and the activity of these metal chelates
could be greatly enhanced by adsorption onto a graphite
or glassy carbon surface followed by a partial pyrolysis at
900◦ C. It was suggested that this heat treatment resulted
in the partial pyrolysis and polymerisation of the adsorbed
metal chelates enhancing the activity as a result of increased
stability and increased electrical conductivity. Other workers
reached practically similar conclusions.
The research for this series of works was based in part on
the previously observed behaviour of oxygen reduction on
pure and modified carbon electrodes and on the established

structure and properties of polymer (glassy) carbons [23–
29]. Accordingly, the oxygen reduction kinetics and mechanism determination on pure and doped polymer carbon
electrodes are being conducted in our laboratory. In this
paper, results and subsequent analysis of the oxygen reduction reaction on two similar polymer carbon (PC) electrodes,
diﬀering in their preparation procedure, is presented. The
activity of these electrodes in comparison to that of a Pt
electrode is also illustrated.

2. Experimental
2.1. Electrode Synthesis. In this study, three electrodes were
used: a Pt electrode and two PC electrodes (PCA and PCB).
The following procedure was developed to synthesise the
PCA electrode: 40.0 mL of furfuryl alcohol (NR Grade) was
added to a 250 mL vacuum flask connected to an aspirator
and sitting on a stirring/heating mantle. The flask was
insulated with glass wool: 0.01 mL of 5 M HCl was added,
and the flask stoppered with a thermometer to determine
the temperature of the solution. Low heat was applied under
stirring until the temperature reached 55◦ C. The heating was
controlled so that the temperature was not allowed to rise
higher than 75◦ C, due to the polymerization of the liquid
that releases heat. The liquid was kept at 75◦ C for at least

2
one hour under constant stirring. Afterwards, a vacuum
was applied by the aspirator to remove the water vapour.
During evacuation, no heat was applied, and the temperature
dropped below 40◦ C. Then, low heat was applied to maintain
the temperature at 70◦ C for 30 min. Thereafter, the vacuum
was discontinued and the polyfurfuryl alcohol resin poured
into 20 mL test tubes with 1.25 cm diameter. The test tubes
were then heated in an oven at a temperature of 85◦ C for
48 h followed by heating at 110◦ C for 24 h. After cooling, the
polymer rod could be easily removed and sliced into 1-2 mm
thick discs with a band saw. The discs were then polished
on silicon carbide papers and acetone-soaked paper. After
drying, weight and area measurements were made on each
disc. The polymer discs were then placed on a porcelain disc
of the same diameter and placed in a small porcelain boat.
The boat was then placed into a tube furnace, designed to
allow thermal treatment in the temperature range of 25◦ C
to 1200◦ C. The heating rate was 15 ± 1◦ C/hour with the
maximum temperature set for two hours. The pyrolysis was
conducted under a nitrogen flow and atmospheric pressure.
Thereafter, the furnace was allowed to cool naturally to
room temperature. The polymer carbon discs were then
removed and area and weight measurements conducted. It
was observed that the percentage of weight loss of the discs
after the pyrolysis at 1200◦ C was about 30%. The density,
thickness, exposed area, and DC three-point conductivity of
the prepared discs were about 1.53 g cm−3 , 0.15 cm, 0.75 cm2 ,
and over 4 × 10−2 mho cm−1 , respectively. Each disc was then
stored in a separate corked test tube.
To largely increase the area of the PC electrodes, some
of the prepared polymer discs were pyrolysed to 300◦ C.
At this temperature, the polymer was practically pyrolysed,
but was very brittle and could be powdered. Then, the
pyrolysis was followed to the desired temperature, as in
the procedure outlined for the PCA discs. The resulting
electrocatalyst possessed a much higher active area than
the polymer pyrolysed in bulk, allowing the construction
of PCB electrodes from this material by compressing the
electrocatalyst with a PVDF binder and baking.
2.2. Potentiostatic Testing. The electrochemical measurements were taken in a conventional three-compartment cell
with PAR equipment. Each specially mounted PC served
as the working electrode. The counter electrode was a Pt
gauge, and a saturated calomel electrode served as the
reference electrode. Before inserting the electrodes, the cell
was precleaned by soaking in a Chromerge bath followed
by washing with bidistilled water and oven dried. Then a
fresh electrolyte solution (200 mL KOH pH 13.9 and KOH
+ KCl solutions of decreasing pH) was added for each
particular test. Oxygen and oxygen-nitrogen mixtures flowed
continually for 4 hours to allow the solution to saturate
with the gas and the working electrode to reach a stable
rest potential. The potential was slowly polarized negatively
until a limiting current density of about 0.1 mA cm−2 was
approached.
It should be noted that the reported current densities are
referred to the apparent surface area (75 mm2 ) of the PC
electrodes; the real surface area, as determined from static

Advances in Physical Chemistry
volumetric methods, was 120 m2 g−1 (PCB) and 1 m2 g−1
(PCA). All experiments were conducted at 298 ± 2 K.

3. Results and Discussion
3.1. Determination of α, i0 , and il . The general method of
dealing with a net reaction rate, in which a limiting rate can
occur, uses the following equation to derive a relation for the
current density, (i)
 





 

1
1
1
+
.
=
i
iab
il

(1)

The term iab is the current density in the absence of any
limiting current density, il . Equation (1) provides the basis
for the following logical steps, since it takes into account
charge transfer and diﬀusion steps, which commonly occur
in many electrochemical processes [30, 31]. Rearranging (1)
gives


i = iab 1 −

 

i
il

.

(2)

The current density iab can be expressed as a function of the
exchange current density, i0 , and the overpotential, η, by the
following expression:




αFη
iab = i0 exp
,
RT

(3)

where α is the cathodic transfer coeﬃcient. In oxygen
reduction, the observed rest potentials [10, 32, 33] are
over 100 mV cathodic to the true equilibrium potential, Er0 .
For this reason, the applied overpotential is large enough
so that the anodic current density can be neglected in
relation to the cathodic current density, as represented by
(3). The overpotential, η, represents the diﬀerence between
the standard equilibrium for oxygen reduction, Er0 , and
the potential set by the potentiostat with reference to an
hydrogen electrode in the same solution (Ehe ):
η = Er0 − Ehe .

(4)

Here, η will always refer to a cathodic overpotential. Insertion
of (3) into (2) followed by rearrangement yields
η=
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(5)

Thus, it can be seen from (5) that a plot of η as a function
of ln[i/(il − i)] will give a linear relationship, with a slope of
(RT/αF) and an intercept of (RT/αF) ln(il /i0 ).
This allowed for the maximum number of data points
to be used in the analysis. In the normal Tafel plot of η as a
function of ln i, as the current density increased to more than
10% of the limiting current density, the points would fall oﬀ
the linear Tafel plot. Equation (5) allows these points to be
used eﬀectively in the analysis.
In order to use (5), it was necessary to know the
limiting current density. With the potentiostatic technique
employed, the limiting current density was approached but
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never actually reached experimentally. At each potential,
the current was allowed to come to a steady value, but,
at the point of the limiting current density (which should
be constant), a steady current density was never achieved.
Instead, current oscillations were observed because at il the
oxygen concentration drops to zero, and then there is no
ionic charge to counterbalance the electronic charge imposed
by the potentiostatic technique. The limiting current density
was calculated in another manner using all the potentiostatic
data up to the point at which oscillations were observed.
These points were all steady values. With this method,
the limiting current density did not have to be estimated
from the graphs of the potential as a function of ln i. As
a starting point in this determination, an arbitrary current
density slightly greater than the largest value observed
experimentally was used to calculate a least squares fit of η
as a function of ln[i/(il − i)] and a corresponding correlation
coeﬃcient, Rc . Rc is merely a measure of the fit of the
calculated line to the data points. It could vary from −1 to
+1 depending on whether the slope was negative or positive
and how well the fit was. A perfect correlation would be
±1. The ln il was then decreased by a small increment and
another least squares fit calculated for η as a function of
ln[i/(il − i)] using the new value of il . If the correlation
coeﬃcient indicated a better fit, then the value of ln il was
decreased again and the identical procedure followed. The
Rc value would reach a maximum absolute value of 0.97 and
then begin to decrease with the decrease in ln il . The value
of ln il which gave the maximum absolute value for Rc was
interpreted to be the most accurate value for the actual ln il
and was used to give the optimum and the most accurate
value for the diﬀusion current density. This procedure was
written into a noncommercial computer program so that the
data could be analysed quickly and eﬃciently.
Using this optimum limiting diﬀusion current density,
the transfer coeﬃcient and the exchange current density
could be determined from the slope (S) and the y-intercept
(Y ) of η as a function of ln[i/(il − i)], also calculated by this
computer program,
α=





i0 = il exp



RT
,
SF
−αFY

RT

(6)



.

This computer analysis was completed for the data obtained
from each potentiostatic run made for all electrodes tested.
3.2. Reaction Order with respect to [OH− ]. In order to
calculate the reaction orders, it was necessary to know the
current density, i, as a function of the potential with respect
to a standard hydrogen electrode E [34, 35] as shown by the
following relation for the possible O2 reduction on the PC
electrodes, yielding OH− ions:


i = k OH−

m

[O2 ] p exp



−αFE

RT



.

(7)

The value of k refers to the rate constant for the reaction.
By taking the log of both sides of (7), the reaction order

with respect to [OH− ], m, can be expressed by the following
derivative at constant potential, E, and constant [O2 ]:


m=

∂ log i

∂ log OH−


E

.

(8)

This value of m can also be determined from the derivative
of log i with respect to pH at constant potential, E, as shown
in the following equations:


pH = 14 + log OH− ,



m =

=

=

∂ pH

∂ log OH−

∂ log i

∂ log OH−
∂ log i
∂ pH
∂ log i
∂ pH



×
E
E


= 1,


E

E

∂ pH

∂ log OH−

(9)

E

.

Thus, from a least squares analysis of log i as a function of
pH at constant potential, E, and constant [O2 ], the reaction
order m can be determined from the slope. It should be noted
that one usually considers the inward and outward O2 /OH−
reactions to more correctly define the reaction order, m, with
respect to [OH− ].
Experimentally it was diﬃcult to determine the values
of the current density at the exact same potential values, E,
for each diﬀerent electrolyte pH. It was much simpler to
use the procedure outlined earlier to determine the values
of α and i0 by the least squares computer analysis for
oxygen reduction on these electrodes in oxygen-saturated
electrolytes of diﬀering pH. Using these parameters, the
values of log i as a function of the electrolyte pH in which
these parameters were determined could be calculated at a
constant value of potential, E. A least squares analysis of
these data would yield a value of m at each potential E. The
potential values were in increments of 5 to 10 mV and were
chosen to give the same range of current densities as observed
experimentally in the potentiostatic analysis. The average of
the orders m calculated at each potential E was reported as
the most probable reaction order with respect to [OH− ].
Calculated in this manner, most of the experimentally
determined data points could be used. This varied from 40
to 120 data points, depending on the electrode being tested.
The relation necessary to calculate log i as a function of
pH for a set potential E with reference to a standard hydrogen
electrode can be derived from (3) and (4). The potential with
respect to a hydrogen electrode in the same electrolyte can be
expressed by the following relation under constant oxygen
saturation:
Ehe = E + 0.0591pH.

(10)

Substitution of (10) into (4) yields
η = Er0 − E − 0.0591pH.

(11)
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Substitution of (11) into (3) followed by taking the log of
both sides yields (letting i represent iab )
log i =



αF
2.30 RT



Er0 − E − 0.0591pH +







RT
ln i0 .
αF
(12)

Thus, from the potentiostatic data for oxygen reduction at
each electrolyte pH, analysis values for α and i0 are calculated
via the least squares computer analysis at the particular
pH. These can be fed into (12) for each corresponding
value of pH and used to generate log i as a function of the
pH for set values of potential. The value used for Er0 , for
oxygen reduction in an electrolyte saturated with oxygen at
1 atm. measured with respect to a hydrogen electrode in the
same electrolyte, was 1.229 V. Any change due to the lower
atmospheric pressure is accounted for by the experimental
value of i0 used in (12). This was the case since the value of
the overpotential calculated from (4) used the value of 1.229
for Er0 also.
3.3. Reaction Order with respect to [O2 ]. This calculation was
completed in much the same manner as the calculation of
the reaction order with respect to [OH− ]. By taking the log
of both sides of (7), the reaction order with respect to [O2 ],
p, can be expressed by the following derivative at constant
potential E and constant pH:


p=

∂ log i
∂ log[O2 ]



E,pH

.

(13)

Since the oxygen concentration in the electrode is directly
proportional to the oxygen partial pressure, the oxygen
concentration was varied by dilution with nitrogen. This was
controlled by measuring the flow rate of each gas before
mixing. The potentiostatic analysis was performed in the pH
range of 13.9 to 10.9.
From the potentiostatic data at each oxygen partial
pressure, the values of α and i0 for each oxygen partial
pressure were determined via the least squares computer
analysis outlined previously. These values could then be
inserted into (12) in order to calculate log i as a function
of the log of the oxygen partial pressure, log[O2 ] for each
set potential E. For each value of potential E, a least squares
analysis was performed on the data which yielded the order
of the reaction with respect to [O2 ] from the slope of the
function (13). The average of the orders calculated at all
potential values E was taken as the most probable order of
the reaction with respect to [O2 ].
3.4. Analysis of the Observed Rest Potentials. A limited analysis of the observed rest potentials (open-circuit potentials)
for oxygen reduction on these electrodes was conducted from
the data used to determine the reaction orders. This should
be considered to be a rough determination of dependence
of the rest potentials on [OH− ] and [O2 ] due to the small
number of data points available. They were suﬃcient to
indicate the dependencies though.
The observed rest potential, Er , can be expressed as a
function of the observed standard potential, Er0 , the total

number of electrons transferred in the reaction, n, the
concentration [OH− ], and the oxygen partial pressure,
[O2 ], by the following relation, assuming that the activity
coeﬃcients are 1:
Er = Er0 −






RT
m
ln [OH− ] [O2 ]− p .
nF

(14)

Equation (14) can be rearranged to yield
Er = Er0 −










2.3RTp
2.3RTm
log OH− +
log[O2 ].
nF
nF
(15)

From (15) and (9), it can be seen that the value of m can
be determined from the derivative of the potential, Er , with
respect to the pH, and the value of p from the derivative of
the potential Er , with respect to the log[O2 ] values:
m =




nF
2.3RT

nF
p =
2.3RT






∂Er
∂pH



,
[O2 ]

∂Er
∂ log[O2 ]

(16)



.
pH

These values should not be confused with the reaction orders
m and p. A least squares analysis is performed on the values
of Er as a function of pH and the log[O2 ] in which m and
p are determined from (16) for possible values of n ranging
from 1 to 4. This value is unknown since the equilibrium
potential may or may not be due to the 4 electron transfer
reduction of oxygen. The possibilities are discussed below.
3.5. Calculated Mechanistic Criteria. Figure 1 shows representative oxygen reduction kinetics on the two pure polymer
carbon electrodes developed in this study relative to the
kinetics on a Pt metal electrode. The maximum pyrolysis
temperature of the synthesised PCs was 1200◦ C. The Pt
electrode was obtained commercially and mounted in an
arrangement similar to the PCs such that the test conditions
of all the electrodes were equivalent. The kinetic analysis of
oxygen reduction on this Pt electrode was not conducted
since numerous studies have appeared in the general literature for this electrode [2]. However, the authors are aware
that it would be informative for the limiting current estimation. From the analysis of the obtained potentiostatic data, it
could be seen that there exists a limiting current density, il ,
of approximately 0.1 mA cm−2 for oxygen reduction on the
PC electrodes in oxygen-saturated electrolyte. This was also
the case for oxygen reduction on the shielded Pt electrode
under the same conditions of oxygen saturation and pH (see
Figure 1).
This was due to the limited diﬀusion of reactants to
the surface. For most of the tests, the hydroxyl anion
concentration was 0.83 M, decreasing to 8.3 × 10−4 M in
some tests. The solubility of oxygen in a KOH electrolyte
of 0.13 M is approximately 9.0 × 10−4 M [36]. The reactant
which is the probable cause of the limiting diﬀusion current
density is then oxygen since the il did not change as [OH− ]
decreased. Then, the depletion of oxygen at the surface as
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Potential (mV) versus RHE

the rate of reduction increases results in a diﬀusion overpotential [34].
Plots of the applied potential as a function of ln[i/(il −
i)], as shown in Figure 2, gave linear relationships for the
oxygen reduction on the studied PCs in oxygen-saturated
KOH electrolytes of pH ranging from 13.9 to 10.9.
The use of these plots, combined with (6), enabled the
calculation of α, i0 , and il . The average values for these kinetic
parameters are as follows: 1.0 ± 0.08 for α, (1.0 ± 0.4) ×
10−8 A cm−2 (PCA) and (1.0 ± 0.2) × 10−6.5 A cm−2 (PCB)
for i0 , and (4.9 ± 0.4) × 10−5 A cm−2 (PCA) and (1.3 ±
0.2) × 10−4 A cm−2 (PCB) for il . We recall that the transfer
coeﬃcient α is an experimental parameter obtained from
the current-potential relationship, allowing us to evaluate the
mechanism of electrode reactions or to distinguish between
diﬀerent plausible mechanisms. In the present case the fitted
parameter α = 1 could suggest that if the anodic transfer
coeﬃcient, β (the factor in the anodic direction), is equal to
α, then α + β = 2; that is, our reduction mechanism could be
seen as a multistep electrode process involving the transfer
of two electrons (see below). The fitted parameter α = 1 has
been found by many workers as cited in [2].
Figure 3 shows the dependence of the oxygen reduction
kinetics on the electrolyte pH for the prepared PC electrodes,
and Figure 4 shows the dependence of the oxygen reduction
kinetics on the oxygen partial pressure for the prepared PC
electrodes in KOH electrolyte of pH = 13.9. In these figures,
i is the measured current density.
From these figures, (9) and (13), the values for m and p
could be calculated. The results indicate that for the pH range
of 13.9 to 10.9, the rate kinetics for oxygen reduction on the
PC electrodes can be represented by the following equation:


−1.4
−1
−0.6 −0.2
log[i/(il − i)]

0.2

(a)

Figure 1: A comparison of the oxygen reduction kinetics on
the prepared polymer carbon electrodes with that of a Pt metal
electrode.

PCA, pH 13.9–10.9 : i = K[O2 ] exp

pH 12.9
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−2.2 −1.8 −1.4

−1

−0.6 −0.2
log[i/(il − i)]

0.2

0.6

1

(b)

Figure 2: Plots of the potential as a function of log[i/(il − i)]
as calculated from the oxygen reduction kinetic data for the
PC electrodes. Oxygen-saturated KOH electrolyte. Constant ionic
strength maintained by dilution with 1 M KCl.

The value of m of −0.14 is interpreted to be a reaction
order of 0. The value of p was determined to be 0.28 ± 0.06
which can indicate an order of 1/3. In other words, it was
determined that on the PCA electrodes in the pH range of
10.9 to 13.9 and on the PCB electrodes in the pH range of
11.9 to 13.9, the average values for the order of reaction with
respect to [OH− ] and [O2 ] were 0 and 1, respectively, for the
PCA and −1/2 and 1/3, respectively, for the PCB, at constant
potential with respect to the SHE.
The data used to calculate the values m and p are plotted
in Figures 5 and 6, and possible experimental values for m
and p are tabulated in Table 1. In this table, the values for
the rest potential, used in the calculations of p for the PCA
electrode, were obtained by extrapolating the potentiostatic
data to an approximate current density of 10−8.4 A cm−2 ,
since the rest potentials were somewhat unsteady. This closeto-zero value was the minimum current density above which
steady potentials could be measured.

,

RT
p



[O2 ] exp

−FE

RT



.

(17)

3.6. Discussion of Equilibrium Potentials. To derive what is
considered to be the most probable reduction mechanism
that can, at least partially, explain the oxygen reduction
kinetics on the polymer carbon electrodes tested in this work,
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Figure 3: The dependence of the oxygen reduction kinetics on the
electrolyte pH for the prepared PC electrodes in oxygen-saturated
KOH electrolyte of constant ionic strength maintained by dilution
with 1 M KCl.

a comparison had to be performed on the experimental
data and calculated parameters presented in the previous
subsections with the calculated mechanistic criteria determined from all the possible mechanistic paths examined,
as tabulated in a previous paper [2]. In that paper, 18
common mechanisms from the literature, with additional
modifications, are analysed on the assumption that the
Langmuir conditions of adsorption are obeyed. But, it should
be noted that by far many other mechanisms could be
postulated, namely, those which use catalysis by adsorbed
hydroxyl groups under the Langmuir conditions and those
using the Temkin conditions of adsorption.
In order to narrow the number of possible mechanisms,
it is beneficial to examine the results concerning the equilibrium potentials for oxygen reduction on the PC electrodes in
light of information from the general literature. The analysis
of the equilibrium potentials was presented in Section 3.4,
and the experimental results are listed in Table 1.
The first equilibrium potentials to be examined are those
produced by oxygen on the least active electrode, the PCA
pyrolysed in bulk. The observed equilibrium potentials could
be attributed to three possible oxygen reduction reactions.

−5

−4.6 −4.2

log(i (A cm−2 ))
(b)

Figure 4: The dependence of the oxygen reduction kinetics on the
oxygen partial pressure, [O2 ], for the prepared PC electrodes in
KOH electrolyte, pH 13.9.

These, in addition to the equations for the concentration
dependence of the equilibrium potentials, are given by the
following reactions:
O2 + 2H2 O + 4e−  4OH− ,
Er = 0.401 −







RT
ln
4F

OH−
[O2 ]

4

(18)

;

O2 + 2H2 O + 2e−  H2 O2 + 2OH− ,








[H2 O2 ] OH−
RT
Er = −0.146 −
ln
[O2 ]
2F

2

(19)
;

O2 + H2 O + 2e−  HO2 − + OH− ,
Er = Er0 −







RT
ln
2F



HO2 − OH−
[O2 ]



.

(20)

The results listed in Table 1 show that for (15), if n = 2, then
m ∼
= 1 and p ∼
= 1, and, if n = 4, then m ∼
= 2 and m ∼
= 2.
Comparison of these results with (18), (19), and (20) shows
that only (20) agrees with the experimental values for n, m ,
and p . Even though the experimental values should only
be considered to be approximate due to the small number
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Figure 5: Plots of the oxygen reduction rest potentials as a function
of the log of the oxygen partial pressure in KOH electrolyte at pH
13.9.

Figure 6: Plots of the oxygen reduction rest potentials as a function
of electrolyte pH for the PC electrodes in oxygen-saturated KOH
electrolyte of constant ionic strength maintained by dilution with
1 M KCl.

of data points, they were considered suﬃcient to distinguish
between the three probable equilibrium reactions. Equation
(20), based on the suggested net oxygen reduction reaction
on the PCA electrode, is in agreement with the results of
an earlier study by Taylor and Humﬀray [37], who used a
rotating ring-disc electrode for analysis of oxygen reduction
on a polymer carbon electrode. Much earlier studies by
Yeager et al. [38] on oxygen reduction in alkaline electrolyte
containing peroxide showed that the equilibrium could be
attributed to this reaction. The only oddity here is that Yeager
et al. [38] and Berl [39] found that the experimental value
for Er0 was −0.048 V/SHE at a pH of 14.0 whereas the value
calculated from thermodynamic data by Latimer [40] and
Berl [39] was −0.076 V/SHE at a pH of 14.0.
Since no added peroxide was present in the alkaline
solutions used in this study, it is interesting to calculate the
equilibrium concentration of HO2 − necessary to yield the
observed equilibrium potential on the pure polymer carbon.
Thus, some idea of the surface coverage of the peroxide
anion can be obtained. From the previous data, the observed
equilibrium potential which would occur at the pH of 14.0 is
0.082 V/SHE. Assuming activity coeﬃcients of unity, the use
of (20) gives

Table 1: Calculated dependence of the rest potential (open-circuit
potential) on the hydroxyl anion concentration, and the oxygen
partial pressure for oxygen reduction for the PC electrodes in KOH
electrolyte.





0.082 = −0.048 − (0.030) log HO2 − ∴ HO2 −
= 4 × 10−5 M.

(21)

This bulk concentration could then ideally correspond
to a planar surface concentration of 8×1010 molecules
HO2 − /cm2 if no concentration gradient of peroxide anions
is present between the bulk solution and the surface. On the
assumption of 1015 sites/cm2 [41–44] and one HO2 − anion
per site, a surface coverage of 8 × 10−5 is calculated for
adsorbed HO2 − . Even if a concentration gradient of 10 to
100 times the bulk concentration exists at the surface, the
coverage due to HO2 − would be less than 10−2 . Thus, it is at
least safe to say that the surface blockage due to this reaction
intermediate would be insignificant.

Electrode
PCA
Er0 = 80 mV versus SHE

PCB
Er0 = 130 mV versus SHE

n
1
2
3
4
1
2
3
4

m (±0.1)
0.6
1.3
1.9
2.6
0.5
0.9
1.4
1.9

p (±0.1)
0.5
0.9
1.4
1.9
0.2
0.4
0.5
0.7

See (15); Er is the rest potential, and Er0 is the standard rest potential; n refers
to the possible number of electrons transferred for the proposed equilibrium
reaction.

It is also beneficial to examine the data on the observed
equilibrium potentials for oxygen reduction on the PCB
electrode, the activated electrode, before discussing the
probable reaction mechanisms. As determined in Section 3.4
and Table 1, the results indicate that the equilibrium is a twoelectron process and of the equilibrium reactions discussed,
only (20) gives the correct dependence of the equilibrium
potential on pH and [O2 ] for these electrodes. Independent
of the kinetic data, these results would indicate that oxygen
reduction on the PCB electrode is a two-electron process,
yielding one OH− and the peroxide anion HO2 − instead of
the four-electron reduction of oxygen to four OH− anions.
However, the kinetic data dispute this conclusion since the
reaction order with respect to oxygen was determined to be
approximately 1/3 for oxygen reduction on this electrode.
No two electron mechanism yielding the peroxide anion or
molecule and a reaction order with respect to oxygen of 1/3
can be written unless a totally illogical assumption is made.
One would have to assume that the oxygen to oxygen bond
in the diatomic molecule is broken in a step preceding the

rate-determining step and then reformed to yield a peroxide
anion in the rate-determining step (RDS) or a subsequent
step. Such a possibility is considered improbable due to the
large irreversibility of oxygen reduction which is generally
attributed in the literature to the low exchange current
density and the diﬃculty of breaking the oxygen to oxygen
bond. Isotopic investigations of the peroxide oxygen couple,
which yields (20) by Davies et al. [45], proved that all the
peroxide anion oxygen originated from gaseous oxygen and
that the oxygen to oxygen bond is not actually broken in
the formation of the peroxide anion. It has also proved to
be impossible to write a two-electron mechanism which also
yields the correct transfer coeﬃcient and the correct order of
the reaction with respect to [OH− ], in addition to the correct
reaction order with respect to [O2 ].
The only way to account for both the observed equilibrium potential dependence and the kinetics is to assume
that the equilibrium potential for oxygen reduction on the
PCB electrode is a mixed potential. If two separate reactions
are occurring on an electrode surface, one cathodic and one
anodic, then the potential at which the currents are equal and
cancel each other, to yield a net current of zero, is called a
mixed potential.
Here, it is suggested that the most probable cause for
the anodic reaction is the oxidation of peroxide anions
at the inactive PCA sites. The rest potentials for oxygen
reduction on the PCB electrodes were approximately 50 mV
to 60 mV anodic to the equilibrium potential for oxygen
reduction established on the PCA electrodes. The equilibrium reaction on the pure polymer carbon sites was
attributed to reaction (20). If the inactive PC sites on the
PCB electrodes are considered to be equivalent in oxygen
reduction activity to the carbon sites on the PCA electrodes,
then this equilibrium could be considered as representing the
reaction occurring on the inactive sites of the PCB electrodes.
Since the potentials established on these active electrodes
by the oxygen reduction kinetics could be anodic to the
established equilibrium potentials of the inactive pure PC
sites (established from the PCA electrodes), then a net anodic
overpotential could exist at these inactive sites. In summary,
the O2/HO2 − redox reactions occur at the inactive sites; the
O2 /OH− reduction and the HO2 − /O2 oxidation occur at the
active sites. In other words, the inactive sites have a key role
for the anodic peroxide oxidation, and the active sites have
a key role for the cathodic oxygen reduction. Thus, if any
peroxide anions adsorbed at these inactive sites, they would
be preferentially oxidised to O2 by reaction with OH− . If
HO2 − intermediates are produced by the reduction of oxygen
at the active sites, then the possibility exists for the surface
migration of at least a portion of these intermediates to
the inactive sites. Alternatively, it could be more probable
that the peroxide anions are formed on similar to PCA
electrode sites and that their decomposition would preferably
be occurring on the excessive active sites of the PCB electrode
surface. Depending on the overall potential of the electrode,
these intermediates could then be oxidised at the inactive
sites. At the potential at which this oxidation of surfacemigrated intermediates at the inactive sites is equal in rate to
the complete oxygen reduction occurring at the active sites,
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Figure 7: The creation of the oxygen reduction rest potential at
PCB electrodes by a mixed potential in oxygen-saturated KOH
electrolyte at pH 13.9.

the net current density would drop to zero. This would be
the established rest potential. Such a possibility is illustrated
by the data presented in Figure 7. The cathodic reduction
data for an active (PCB) and an inactive (PCA) electrode is
plotted in the form of potential, Ehe , as a function of log i.
In addition, the expected oxidation curve for the peroxide
anion on the electrode (or the inactive PC sites) is drawn
as calculated from the reduction data and the equilibrium
responsible for the oxygen reduction on the PCA electrodes.
The expected transfer coeﬃcient (αa ) for the oxidation of
the peroxide anion [HO2 − ] by OH− can be calculated from
the following equation derived by Bockris and Reddy [46]:

αa + αc =

 

n
.
ν

(22)

In this equation, the number of electrons transferred in
the net equilibrium reaction, n, is 2, the number of times
the expected RDS is expected to occur for the complete
2 electron transfer (ν, the stoichiometric number) will be
found to be 1 once the proposed mechanism is discussed,
and the transfer coeﬃcient for the oxygen, αc , on these
inactive carbon sites was found to be 1. This data gives an
expected αa of 1 using (20). Since the anodic and cathodic
functions should intersect at the equilibrium potential, then
the proposed anodic oxidation of the peroxide anion is
drawn in Figure 7. If the inactive sites on the PCB electrodes
are assumed to be equivalent to the sites on the PCA
electrodes, then the potential at which the oxidation current
density of the peroxide anions on the inactive sites is equal
but opposite in sign to the reduction current density of
the oxygen at the active sites, the net observable current
density, would be expected to drop to zero. As illustrated in
Figure 7, this predicted behaviour was exactly what occurred
experimentally.
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4. Conclusions

Mechanism C:

Before drawing conclusions regarding possible mechanistic
paths, it should be noted that only a partial kinetic analysis
was performed on two-polymer carbon electrodes, both
being interrelated with strong basic similarities. Both diﬀered
only in the preparative procedure used, with the alteration
of surface sites and the creation of pure electrode surfaces
(PCAs) and mixed electrode surfaces (PCBs). For this
reason, it was useful to propose a comprehensive reduction
mechanism to account for oxygen reduction on these more
active and less active electrodes rather than two separate
mechanisms totally unrelated to each other. In this manner,
it may be possible to account for the diﬀering kinetics as due
to minor changes in one or two reaction steps. The possible
mechanistic paths were chosen from those presented in paper
[2], which lists the kinetic equations and the mechanistic
criteria.
The kinetics of oxygen reduction on the PCA electrodes
were found in Section 3.5 to obey the ideal rate law (17), in
the pH range 13.9 to 10.9, KOH electrolyte. The resulting
overall equilibrium responsible for the equilibrium potential
was found to be (20) (Section 3.6).
The kinetics are indicative of a nonelectrochemical RDS
in which an electron transfer step precedes it and is in
equilibrium or in a steady state. The determination of the
Tafel slope would also be indicative on this issue. The overall
mechanism has to yield the net two-electron reduction
previously discussed. In order to give the observed kinetics,
it is necessary that the first electron transfer step involves the
formation of an adsorbed O2 − intermediate either during or
following the adsorption of an O2 molecule. The probable
mechanisms which obey these restrictions are presented. The
RDS which yields the correct reaction kinetics is indicated for
each mechanism.

Mechanism A:

O2 + M + e−  MO2 −
−

(23a)
−

MO2 + MH2 O  MOH + MO2 H

RDS

(23b)

MO2 H−  M + HO2 −

(23c)

MOH + e−  M + OH− .

(23d)

Mechanism B, where M∗ refers to an active site:

O2 + M + e−  MO2 −
MO2 − + M∗  M + M∗ O2 −

(24a)
RDS

(24b)

2M∗ O2 − + H2 O  MO2 + M∗ O2 H− + OH−

(24c)

M∗ O2 H−  M∗ + HO2 − .

(24d)

O2 + M + e−  MO2 −

(25a)

MO2 − + MOH  MO2 H− + MO RDS

(25b)

MO2 H−  M + HO2 −

(25c)

MO + H2 O + e−  MOH + OH− .

(25d)

Mechanism D:
O2 + M + e−  MO2 −
−

(26a)
−

MO2 + H2 O  MO2 H + OH
MO2 H + e−  M + HO2 − .

RDS

(26b)
(26c)

Mechanism B was suggested by Taylor and Humﬀray [37]
who also postulated the RDS to be the surface diﬀusion of
adsorbed O2 − intermediates to active sites. This mechanism
would seem to be unlikely since step (24c) represents a
trimolecular process. However, the surface diﬀusion step
from an inactive site to an active site is a plausible RDS
and could be inserted into mechanisms A, C, or D. Yet such
a RDS would be expected to produce a dependence of the
current density on agitation of the electrolyte, but such a
dependence was not observed in this research nor in other
results in the literature [12, 38, 47]. Mechanism C is proposed
by the authors but is considered to be unlikely since the
qualitative analysis of the voltammograms (not shown here)
indicated a low coverage of oxygen-containing redox groups
on the surface (such as MOH). Mechanisms A and D have
been suggested by Apple and Appleby et al. [12, 47] from
extensive studies of oxygen reduction on carbon materials in
alkaline electrolyte [2]. Mechanism A has also been proposed
by many other workers (see [2]) in their extensive studies
on oxygen reduction on Pt, Rh, Ag, and so forth, in acid
or alkaline electrolytes whenever peroxide was the reaction
product. However, studies by Damjanovic et al. [48–50]
contradict those studies favouring a coupled-electron proton
transfer rather than a separated electron transfer as given
in (23a). Thus, it is clear that there is an urgent need to
resolve such contradictions in order to understand the charge
transfer sequence of electrochemical oxygen reduction. The
first three steps of mechanism D were suggested by Hurlen
et al. [51] to account for oxygen reduction to peroxide
anion on silver electrodes in alkaline electrolytes. It is then
impossible to positively distinguish between mechanisms A
or D as responsible for the kinetics. It should be noted,
however, that Damjanovic et al. [50] proposed in their
rotating ring-disc studies of oxygen reduction on Pt in acid
or alkaline electrolytes that the HO2 -adsorbed intermediate
does not result in the formation of peroxide anion. Such
an intermediate was used in the mechanisms to explain
the kinetics of oxygen reduction in which no peroxide
anions at all were detected by the ring-disc technique, and
the overall reduction was a four-electron process. If this
assumption is correct, then step (26c) in mechanism D would
be improbable since it proposes the formation of an HO2 −
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from an adsorbed HO2 intermediate. For this reason and the
fact that mechanism A has received more general support by
previous investigators, mechanism A is assumed to be more
correct, that is, the more probable to explain present results,
followed by mechanism D, to explain oxygen reduction on
the electrode in alkaline electrolyte. Mechanism A with step
(23b) as the RDS gives the following predicted kinetics:


i = k2 K1 [O2 ] exp −



FE
.
RT

(27)

The concentration of vacant sites [M] and adsorbed water
[MH2 O] are assumed to be constant and included in k2 .
Using the mechanisms described in paper [2] and the
conclusions presented previously on the observed opencircuit potentials, it was tried to establish a reduction
mechanism to account for the kinetics of oxygen reduction
on the PCB electrode.
In the open literature, there are essentially three classes
of proposed mechanisms for oxygen reduction. Some mechanistic paths use only oxide intermediates. Other paths
use peroxide intermediates with no aid from absorbed
OH groups while some paths use peroxide intermediate in
addition to catalysis by adsorbed OH groups.
As presented in Section 3, the following ideal rate law
holds for oxygen reduction on the PCB electrode in the
pH range of 13.9 to 11.9 (KOH electrolyte, constant ionic
strength):


i = K OH−

−1/2



[O2 ]1/3 exp −



FE
.
RT

(28)

No pH-induced change was detected for oxygen reduction
on this electrode.
Of the mechanisms presented, only the calculated kinetics for the following mechanism (see Table 18 of [2]) approximates simultaneously the observed kinetics represented by
(27) and (28) for oxygen reduction on the PCA and PCB
electrodes; respectively,
M + O2 + e−  MO2 −

(29a)

MH2 O + MO2 −  MOH + MO2 H−

(29b)

MO2 H−  MO + OH−

(29c)

MO + MH2 O  2MOH

(29d)

−

(29e)

−

MOH + e  M + OH .

If step (29b) is considered the RDS, the calculated rate
equation is


i = k2 K1 [MH2 O][M][O2 ] exp −



FE
,
RT

(30)

which agrees with (27) for the PCA electrode. If step (29e) is
considered the RDS, then the calculated rate equation can be
written:
i = K5 K4 K3 K2 K1 [M][MH2 O]2


5FE
× exp −
.

6 RT

1/3 

OH−

−1/3

[O2 ]1/3
(31)

This equation gives α = 5/6 (0.83) and m = −1/3 (−0.33),
which do not agree with the observed kinetics (α = 1.02
± 0.08, m = −0.50 ± 0.04) represented by (28) for oxygen
reduction on the PCB electrode in the pH range of 13.9
to 11.9. It was also concluded earlier in this paper that
the observed open-circuit potential was a mixed potential
formed by the anodic oxidation of peroxide anion intermediates and the overall four-electron reduction of oxygen,
but it is clear that mechanism (29a)–(29e) is not a likely
explanation for the observed open-circuit potential (see
Table 1). In fact, the observed m and p values were 0.9
± 0.1 and 0.4 ± 0.1, respectively, and the calculated values
based on mechanism (29a)–(29e) are 2 and 1, respectively.
These reasons eﬀectively lower the probability that the
reduction mechanism (29a)–(29e) can explain the observed
mechanistic criteria. Equation (29a) as well as (23a), is
also contradicted on a recent article by Qi et al. [52],
where these authors performed density functional theory
simulations of O2 on Pt(111) surface finding that all oxygen
adsorbates are charge neutral, so the 4 electron transfers
always occur concurrently with the 4 proton (hydronium)
transfers from the aqueous electrolyte; that is, all electron
transfers are proton-coupled, rather than separated transfers.
In summary, it is certain that the kinetics cannot be easily
studied on the PC electrodes. But, that is a fact that the PCB
electrode shows an enhanced activity for oxygen reduction
in comparison to the PCA electrode. Extensive elemental
surface analysis and determination of any induced structural
alteration by the preparation procedure was beyond the
scope of this research. Such analysis, complemented by
further electrochemical studies, would be necessary to help
elucidate the nature of the inactive and active surface sites,
and this is being more easily accomplished with further
research in progress at the moment, which will be published
in the near future. A short and qualitative discussion on
the surface sites of the two catalysts, that is, ordered or
disordered, and their link to the adsorption and reaction
mechanisms would also be beneficial in such a publication.
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