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ABSTRACT: The carbon-supported cobalt(III) complex
of β-pyrrole-brominated 5,10,15-tris(pentafluorophenyl)-
corrole [Co(tpfc)Br8/C] is introduced as a nonplatinum
alternative for electrocatalytic oxygen reduction in aqueous
solutions. Through systematic work, the basic kinetic
parameters of this reaction were studied, using rotating
ring disk electrode electrochemical methods in the pH
range of 0−11. Pronounced catalytic activity was detected
in acid solutions along with shifts of the CoII/CoIII and O2
redox couples to more positive values (onset of 0.56 V at
pH 0). A series of independent measurements have been
used to prove that the dominant mechanism for oxygen
reduction by Co(tpfc)Br8/C catalysis is the direct four-
electron pathway to water.

Oxygen reduction reaction (ORR) is one of the most
important reactions in energy conversion technology,

such as fuel cells1 and metal−air batteries,2 as well as in
biological energy conversion devices3 and O2 sensors.4,5

Platinum and its alloys are still considered the most active
catalysts in an acid medium, but serious concerns are raised
regarding the feasibility and availability of platinum for large-
scale production of these energy devices. The consequential
quest for low-cost alternatives to platinum catalysts has led to
an extensive research of macrocyclic transition-metal complexes
in the last few decades.6,1,7 ORR aided by phthalocyanine- and
porphyrin-based catalysts has been extensively studied,8,9 but
much less is known about the utility of metal corroles regarding
heterogeneous O2 reduction.

10−13 Prominent 4e− reduction to
water was only achieved by the binuclear porphyrin-corrole
Co2(PCY) and biscorrole Co2(BCY) Co complexes, immobi-
lized on graphite electrode and at pH 0.10 ORR catalysis by the
mononuclear corroles Co(Me4Ph5Cor) (pH 0)10 and Co-
(mapc-t) (pH 4−11) promotes mainly H2O2 production.

13 The
electrochemical O2 reduction (pH 0, regular and Hangman
corroles supported on multiwall carbon nanotubes) could be
modulated by proton transfer from the hanging group to the
M−O2 active site as to reduce the % H2O2 fraction by 25%.12

The effective number of electrons in this reaction was below 3,
yet the reported % H2O2 in this work is among the lowest
reported for mononuclear corroles.
Our approach was to synthesize and measure the catalytic

activity and ORR properties on the cobalt(III) complex of β-
pyrrole-brominated 5,10,15-tris(pentafluorophenyl)corrole
[Co(tpfc)Br8; Figure 1a]. This structure contains the highest
possible number of electron-withdrawing groups on a corrole
ring, and we expected this to shift CoII/III and CoIII/IV to much

more positive potentials.14−16 We describe here ORR kinetics
on our catalyst within a wide range of pHs.
Figure 1b shows the cyclic voltammograms of Co(tpfc)Br8

supported on the high-surface-area carbon support XC72
[Co(tpfc)Br8/C] in both N2- and O2-saturated aqueous
phosphate solutions, at pH 4. There was no evidence for O2

reduction by the catalyst-free carbon support, but Co(tpfc)Br8/
C displayed an ORR onset potential of 0.32 V with peaks at
+0.11 and −0.29 V (and +0.56, +0.35, and −0.05 V,
respectively, at pH 0). The ORR onset potential follows
closely that of CoIII reduction to CoII under N2 at low pH
values, and the observation of two peaks is consistent with the
sensitivity of that redox couple to axial ligands (H2O and
H2PO4

− under current conditions).10 A comparison with other
mononuclear cobalt corroles reveals that the 0.56 V ORR onset
potential of Co(tpfc)Br8/C (pH 0) is the highest on record:
0.43−0.48 V Hangman corroles (pH 0),12 0.38 V for
Co(Me4Ph5Cor)

10 pH 0, and ∼0.14 V for Co(mapc-t)13 (pH
7).
A systematic study of ORR catalyzed by Co(tpfc)Br8/C was

carried out using a rotating ring disk electrode (RRDE), by
applying linear sweep voltammetry (LSV) from +0.78 to −0.3
V or down to −0.5 V at pH ≥ 7. While the disk potential was
linearly scanned, the platinum ring potential was set to 0.98 V,
which allows for examination of the diffusion-controlled
oxidation of H2O2 to O2. This potential is well below the
oxidation potential of H2O and above the reduction potential of
O2 in acidic pH. Figure 2a demonstrates the results of typical
O2 reduction by LSV measured at selected electrode rotation
speeds. More current is obtained at higher rpm (rounds per
minute), and the shape of each curve starts with a sharp current
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Figure 1. (a) Chemical structure of Co(tpfc)Br8. (b) Cyclic
voltammetery (50 mV/s) of Co(tpfc)Br8/C, pH 4 phosphate buffer
solution, in N2- and O2-saturated solutions.
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increase corresponding to kinetic control reaction or a mixed
kinetic and mass-transport rate, followed by a constant limiting
current. The limiting current is a typical indication of a fast
reaction, hence ascribed to diffusion. At pH above 7, the
limiting current is only seen at the lowest applied potential and
is not fully established (Figure 2b). The anodic current in
Figure 2b shows H2O2 oxidation on the RRDE platinum ring,
at a fixed rotation speed of 100 rpm and selected pHs. The
corresponding H2O2 oxidation current on the ring should be
correlated with the relevant disk activity. Ring currents were
corrected by the collection coefficient factor N of the electrode.
ORRs are most frequently characterized by two competing

reaction pathways (Scheme 1):17 (a) 4e− reduction directly to

H2O (k1); (b) 2e− reduction to H2O2 (k2), which may be
followed by slower reduction to H2O by the same catalyst (k3).
H2O2 can detach from the electrode surface and thus be
detected by the ring electrode in RRDE experiments (k4).
One distinction between the 4e− and 2e− pathways is by the

ratio of the ring current (Ir) to disk current (Id).
17 The RRDE

curves presenting Id and the corresponding Ir at pH of 0, 1, and
7 are presented in Figure 2b. There is a simultaneous increase
in the O2 reduction peak on the disk and H2O2 oxidation on
the ring. It is also seen in Figure 2b that H2O2 oxidation
displays a constant current on the ring (Ir) in parallel to a
diffusion-limiting current on the disk. This means that the ratio
of the ring-to-disk currents (Ir/Id) is potential-independent
below 0.3 V. Similar behavior is seen at pH 2 and 4 (not
shown). At pH 7, where no limiting current is attained, the ring
current initially increases and reaches a maximum at −0.2 V
and then decreases at even lower potentials. We attribute this
change in the ring current as a shift between the 2e−

mechanism (k2 and k3) and the 4e− mechanism (k1) at high
overpotentials.18 Nevertheless, at low pH, the predominant
path is 4e−, as argued below.
The two other complementary parameters that serve well as

indicators for the reaction pathway are the number of electrons
(n) in the overall reaction and the % H2O2. These parameters
were calculated from eqs 1 and 2 using the RRDE results.19

= +n I I I N4 /( / )d d r (1)

= +I N I I N%H O 100(2 / )/( / )2 2 r d r (2)

Table 1 summarizes the calculated values of n and % H2O2 at
pH 0−9 and at overpotentials that correspond to both E1/2 and

the final potential, as illustrated in Figure 2b. The number of
electrons involved in ORR is somewhat lower at E1/2 than at
the final measured potential but is 3.7−4 at almost all pH
values. A reciprocal behavior is seen in the H2O2 percentage;
higher values of H2O2 are observed at E1/2 than at lower
potentials (high overpotentials). Interestingly, the highest n
values and lowest % H2O2 are at the intermediate pH of 3−4.
At these pHs, ORR is essentially assigned completely to
reduction of O2 to H2O via the direct 4e− pathway with no
peroxide formation. Comparison with previously reported
values for mononuclear Co corroles (55% H2O2 for Co-
(Me4Ph5Cor),

10 40% H2O2 and n = 2.7 at E1/2 for Co(tpfc)Cl ,
and 25−55% with n = 2.5−2.9 by the Hangman corroles),12

clearly shows that the bromine-substituted corrole has a much
higher selectivity for the desirable 4e− reaction.
The ability of Co(tpfc)Br8/C to reduce the H2O2 molecules

possibly formed in the 2e− ORR path was also examined, by
adding 0.25 mM H2O2 to a 1 M HClO4 O2-free solution and
applying LSV to this electrode while revolving at 100 rpm. The
measured cathodic current under these conditions was about 2
orders of magnitude lower than that of an O2-saturated
solution. This clearly shows that the catalytic activity of
Co(tpfc)Br8 toward H2O2 at pH 0 is actually negligible,
consistent with previous reports on both mono- and bis-cobalt
corroles.10,20 These results suggest that k3 in Scheme 1 equals
zero and hence could be fully detected by the ring, unlike H2O2
on catalysts like platinum. What is more, when H2O2 was added
to an O2-saturated solution, the LSV measured at 300 rpm and
pH 0 revealed a negative effect on the ORR reduction current:
the measured reduction potential at 0.9 mA decreased from
0.38 to 0.31 V and 0.23 V as the H2O2 concentration increased
from 0 to 0.01 mM and 0.1 M, respectively.
Resolution of the ORR kinetic current was carried out by

analyzing the RDE results by the Koutecky−Levich method.

= + ωI I I1/ 1/ 1/ (1/ )c k L
0.5

(3)

Figure 3a show a series of Koutecky−Levich plots (1/
cathodic current (1/Ic) versus 1/square root of the rotating
speed (ω−0.5; eq 3) measured at increasing overpotential (η)
applied to Co(tpfc)Br8/C RRDE in a perchloric acid solution
of pH 0. The slopes of the lines equal the inverse Levich
limiting current (IL

−1), and the intercept equals the 1/kinetic
current (Ik

−1) at each potential. Ik increases with the applied
overpotential, as expected from the Tafel equation of an
irreversible electrochemical reaction.21 However, in the pH
range of 11−4, there was very little change in the kinetic
currents, while distinctive increases were seen below pH 4.

Figure 2. O2 reduction measurements by LSV of 2 mV/s of
Co(tpfc)Br8/C using (a) a RRDE (0−2400 rpm) in a phosphate
buffer at pH 2 and (b) disk (cathodic currents) and platinum ring
(poised to 0.98 V; anodic currents) electrodes at 100 rpm in solutions
of pH 0, 1, 4, and 7.

Scheme 1

Table 1. Total Number of Electrons n and % H2O2 at
Selected pHs

pH na % H2O2
a nb % H2O2

b

0 3.6 19.1 3.7 15.2
1 3.8 10.7 3.8 11.1
3 3.8 9.5 3.9 4.6
4 3.9 2.5 4.0 1.0
7c 3.0 49.7 3.7 17.0
9c 3.7 16.8 3.9 7.0

aMeasured at E1/2.
bMeasured at IL.

cThe limiting current was not
reached.
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Figure 3b shows the pH dependence of the ORR kinetic
current presented in a logarithmic scale. The slope at pH < 4,
which corresponds to the order of the reaction in [H+]
[ρ(H+)], is derived from (−∂ log Ik/∂pH)E,[O2], to yield a slope
of 0.25 on average. This value is much smaller than 1.0 reported
for phthalocyanines absorbed on graphite electrodes,22 as well
as the data for Co(mapc-t), from which ρ(H+) can be
calculated as 0.5−1 at pH 4−11.13 The much lower values of
ρ(H+) in our study imply that the first electron transfer
accompanied by O2 adsorption, and not proton transfer, is the
rate-limiting step in the case of Co(tpfc)Br8/C.

1,23,22

The calculated Tafel slopes (∂η/∂ log Ik) measured at the pH
range of 11−0 increased from about 110 mV/decade at pH 11
to 146 mV/decade at pH 0. These relatively high Tafel slope
values provide further evidence that a first one-electron transfer
step is the rate-determining step at those potentials assuming a
transfer coefficient of α = 0.5.23,24

The close proximity of the CoIII/II redox potential under N2
to that measured at half of the limiting current in the LSV−
RDE experiment under O2 and pH 0−4, is an excellent example
of the redox activation of the catalyst. At higher pH the reaction
is more sluggish (Figure 3b), and the redox resides at higher
potentials than E1/2. We ascribe this behavior to axial ligand
effects, which interferes with O2 adsorption at pH 4−11. Below
pH 4, the affinity to axial ligands is heavily reduced because of
their protonation, which is consistent with the pH dependence
of the CoIII/II peak potential (gradually decreasing from 0.4 V at
pH 0 to 0.22 V at pH 4, with no further changes at higher pHs).
The heterogeneous rate constant ko was calculated for each

of the kinetic currents at pH 0. As the overpotential increased
toward cathodic potentials, the ORR reaction rate constant
increased as well: from 9 × 103 M−1 s−1 at 0.1 V to 6.6 × 104

M−1 s−1 at an overpotential of 0.22 V. Collman reported a value
of 4 × 103 M−1 s−1 at 0.2 V for Fe(tpfc), which corresponds to
an overpotential of 0.29 V. The ko value calculated in our case is
more than 1 order of magnitude higher, in support of faster
kinetics. Kadish reported a ko value of 5.7 × 105 M−1 s−1 for
ORR on Co(Me4Ph5Cor) at an arbitrary potential.10

We have introduced the cobalt(III) complex of a β-pyrrole-
brominated corrole as the catalyst for molecular O2 reduction at
a very positive potential, made possible because of the effect of
the electron-withdrawing bromides on the CoIII/CoII redox
potential. The carbon-supported catalyst exhibits very fast
reduction kinetics at pH ≤ 4, and the vast majority of the O2
electroreduction proceeds directly to H2O. Both the pH-
dependent kinetic currents and the Tafel slopes indicate that
the rate-limiting step is O2 adsorption to the catalyst’s active
site. A comparison with other corrole-based ORR catalysts
reveals the superiority of Co(tpfc)Br8 by all of the above-listed
parameters. Taken together with the recently reported

efficiency of electron-poor cobalt(III) corroles as catalysts for
an O2-evolving reaction (the reverse of ORR),25 suggests a
great potential of these complexes in fuel cells.
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Figure 3. Typical Koutecky−Levich plots of 1/I versus ω−0.5 at
selected overpotentials at 1 M HClO4 (a) and the pH dependence of
Ik from Koutecky−Levich plots at pH 0−11 and overpotentials of 80−
220 mV (b).
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