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ABSTRACT: Hybrid DFT model calculations have been performed for some cobalt
complexes capable of oxidizing water. Since a very plausible mechanism for the oxygen-
evolving complex involving the cuboidal Mn4Ca structure in photosystem II (PSII) has
recently been established, the most important part of the present study concerns a
detailed comparison between cobalt and manganese as water oxidation catalysts. One
similarity found is that a M(IV)−O• state is the key precursor for O−O bond formation
in both cases. This means that simply getting a M(IV) state is not enough; a formal
M(V)O state is required, with two oxidations on one center from M(III). For cobalt,
not even that is enough. A singlet coupled state is required at this oxidation level, which
is not the ground state. It is shown that there are also more fundamental differences
between catalysts based on these metals. The favorable low-barrier direct coupling
mechanism found for PSII is not possible for the corresponding cobalt complexes. The
origin of this difference is explained. For the only oxygen-evolving cubic Co4O4 complex
with a defined structure, described by Dismukes et al., the calculated results are in good agreement with experiments. For the Co4
models of the amorphous cobalt−oxo catalyst found by Nocera et al., higher barriers are found than the one obtained
experimentally. The reasons for this are discussed.

1. INTRODUCTION

Photosystem II (PSII) is the only system in nature that
catalyzes water oxidation into dioxygen, protons, and electrons.
During the past decade the understanding of the structure1−4

and the O−O bond formation mechanism5 has increased
rapidly, where theoretical studies using density functional
theory have played a major role. At present, it can even be
claimed that a detailed knowledge of all the steps leading to O2-
formation and release is quite close.6−8 Further references to
the large amount of experimental and theoretical work done on
the PSII mechanism can be found in recent reviews.6,9−11 The
catalyst is the so-called oxygen-evolving complex (OEC), which
has a cuboidal structure with a Mn4Ca metal unit, connected by
oxo bonds. In parallel to the work on the natural system, there
has been, during recent years, an increased effort in making
synthetic systems that can perform the same task. The
information gathered on how nature has solved the problem
of utilizing sunlight and abundant metals in an efficient way
should be of significant importance in this context. In the
present study, the class of cobalt−oxide complexes have been
investigated by model calculations, and the mechanisms
obtained are compared to the one in PSII.
About 5 years ago, the group of Nocera et al found an

amorphous cobalt−oxide catalyst that has generated consid-
erable interest.12 The catalyst is self-healing and functions at
neutral pH. The active catalyst is believed to be formed of
clusters of various sizes. EXAFS studies indicate a cuboidal
structure with a Co4O4 building unit (CoO6 edge-sharing
octahedra),13,14 interestingly similar to the Mn4Ca unit of the

OEC. However, the turnover rate of this catalyst is several
orders of magnitude slower than the one of PSII,15 which
means that further work to improve the efficiency should be
possible.
Dismukes et al recently found another interesting cobalt

complex found to evolve oxygen. The structure of this
molecular complex has been determined showing that it also
has a cuboidal Co4O4 metal unit similar to the OEC.16 Since a
complex with one less cobalt did not evolve oxygen,17 it was
suggested that having the full cubic structure of the complex
should be a significant factor for catalysis. There are recent
reviews where further references to cobalt catalysts can be
found.18,19

The first synthetic molecular water oxidation catalyst, the so-
called blue dimer, was found by Meyer et al.20 It consists of a
ruthenium dimer with a bridging oxo, and with bpy ligands.
The Llobet catalyst is one among many other ruthenium
catalysts found later.21 The blue dimer and the Llobet catalyst
were recently compared using the present DFT approach.22

Licheng et al,23 found the most efficient molecular catalyst to
date, with a rate approaching that of PSII. Further references to
the vast amount of similar biomimetic work can be found in
recent reviews.18,21,24

There has only been one earlier theoretical study trying to
identify the O−O bond formation mechanism of the Nocera
catalyst.25 As a starting point for the studies, the simplest
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possible neutral complex was used with only water-derived
ligands. The same approach is used here, since the phosphates
in the actual catalyst are not believed to be significant for the
O−O bond-formation step.26 This conclusion was derived from
a zeroth-order dependence of the kinetics on the concentration
of the phosphate. Additional calculations performed have
shown that, when a water was replaced by a HPO4

2−, there was
no significant effect on the O−O bond-formation barrier.
Furthermore, in previous studies on PSII, it has been found that
substituting the actual ligands by water-derived ligands
(carboxylates by hydroxides and histidine by water) did not
have any qualitative effect on the mechanism.5 Although the
model is seemingly simple, there are many more investigations
that can be made with this model. One important remaining
question is to find the optimal protonation state of the model
complex at all stages. In fact, the optimized structure in the
present study for the all-Co(III) complex is over 40 kcal/mol
more stable than the one used in the previous study, see further
below. It is estimated that around 2000 configurations/
conformations/spin states have been investigated in the present
two-year study. In the case of PSII, it has been demonstrated

that finding the structure with the lowest energy is absolutely
essential for finding the correct mechanism.27 Another
difference from the previous study is an investigation of what
happens when the Co4O4 metal unit is modified by removing
or adding one cobalt. A third one is a determination also of the
redox steps of the catalytic cycle. With these additional
investigations performed here, the suggested mechanism is
quite different from the one of the previous study.
To understand water oxidation, the steps where electrons

and protons leave have to be explicitly treated. The strategy for
obtaining information about these latter steps is the same as has
been successfully used for studies of water oxidation in PSII and
proton pumping in cytochrome oxidase, among others.4,28,29 In
addition, the mechanism has also been investigated for the
cubic Co4O4 complex found by Dismukes et al.16

The present study is also a starting point for a systematic
investigation of mechanistic differences between homogeneous
and heterogeneous catalysts for water oxidation. Two
homogeneous catalysts with a ruthenium dimer have been
studied with the present methods before.22 The somewhat
larger OEC complex in PSII has been well studied.6 A

Figure 1. Optimized structure for the neutral Co4-model where all metals are Co(III).
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comparison of the thermodynamics of the natural PSII catalyst
with heterogeneous metal−oxo catalysts has also been done,30

where similarities between the two types of catalysts were
pointed out. A remaining question is whether the actual O−O
bond-formation mechanisms also have similarities. The results
obtained so far for homogeneous catalysts indicate that an
oxygen radical is required for a low barrier for O−O bond
formation. The most common view is that for heterogeneous
catalysts the position of the Fermi level is the critical issue,
which might indicate that the mechanism could be quite
different in character than for homogeneous catalysts. The
present amorphous cobalt−oxo catalyst represents an interest-
ing intermediate case, which could give further insight into the
heterogeneous mechanism.

2. METHODS AND MODELS
In the calculations performed here, the B3LYP* functional with 15%
exact exchange31 (rather than 20% as in the original B3LYP
functional) was used, because of its superior performance in most
cases for describing transition metal redox reactions.4−6 In order to
test the stability of the DFT functional for the present biomimetic
systems, the results with 15% and 20% exchange were compared. The
results for the chemical steps were found to be quite similar with
differences of only 2−3 kcal/mol. For the redox steps the differences
are larger, but since these energies are fitted to the experimental
driving force, these differences are of minor importance. The DFT
energies reported here should thus be reasonably stable. The
energetics was obtained using large, nearly saturated basis sets (cc-
pvtz(−f), lacv3p+) in single-point calculations at geometries optimized
using a smaller basis set (lacvp*). Solvation effects were calculated
using the standard PBF solvent model in Jaguar.32 The dielectric
constant was chosen as 81.0, and a probe radius of 1.4 Å was used.
Zero-point vibrational effects were calculated using the lacvp* basis
set. All these calculations were done using the Jaguar program, except
for the transition state optimizations and frequency calculations, which
were performed using the Gaussian program.33

The procedure to set up energy diagrams is the same as in previous
studies on photosystem II, cytochrome oxidase, and the ruthenium
catalysts.4,28,29,22 In essence, the relative energies calculated are
assumed to reasonably accurately reflect the relative redox and pKa
values. The results of the calculations are then fitted to reproduce the
experimental exergonicity of the reaction, given by the experimental
redox potentials of the electron donor (H2O) and acceptor at the
given pH. The energies for the releases of the (H+,e−)-couples in the
redox accumulation part are uniquely determined by this exergonicity
and the calculated relative energies. Because the system after the
release of a (H+,e−)-couple maintains its charge, the effect of the
surrounding will be small and should be well described by the
dielectric cavity model. To determine the individual redox and pKa
values, where the surroundings play a major role, a single empirical
parameter has to be introduced. Since in the present case there are no
experimentally determined energies to compare to, only the
thermodynamics of the releases of the (H+,e−)-couples are reported.
The kinetics for these redox steps cannot be reliably computed using
the present models and are here assumed to be rather fast and not
rate-limiting, which has been supported by experiments on these
systems.26 However, this has been shown not always to be the case.34

For a nickel-containing catalyst the rate was in fact dependent on the
PCET steps involving the buffer.
The binding of a H2O molecule to the surrounding water medium

can give large errors for limited models. In the energy diagrams
presented below, an empirical value of 14 kcal/mol has therefore been
used (the same as in the previous studies), taken from experience from
numerous applications. In the case of the binding energy of an O2
molecule, a gain of entropy of 12 kcal/mol is used as an approximate
value for releasing it from a metal complex to the gas phase. Apart
from that case, the entropy effects were found to be small (less than 2
kcal/mol) when the topology remained but can be as large as 6 kcal/

mol when there were topological changes. For example, in the O−O
direct coupling pathway for the Co3 model, the entropy effects
increased by 6 kcal/mol after O−O bond formation. Zero-point effects
were included and are quite large for proton release steps. This
procedure for entropy and zero-point effects was used to be
compatible with the calculations on photosystem II, which were
done in that way. The energies in the diagrams can be regarded as free
energies.

It has recently been realized that dispersion effects, neglected in
DFT, could give significant contributions for metal complexes.35 In the
present study these are therefore added using the empirical formula of
Grimme.36 This formula depends only on the geometric and not on
the electronic structure. With a cutoff for short distances, the
dispersion contribution depends on the number of distances of
intermediate size in the structure. This means that, when molecules are
added, such as water, there will be an increase of dispersion and a
decrease when molecules, such as O2, leave. With the addition of
dispersion and the use of 15% exchange, most of the known main
failures of B3LYP for transition metal systems have been eliminated.

The optimized models used here for the amorphous cobalt oxide
were built empirically, see Figure 1, because no experimentally
determined structures exist. It should be noted that one second shell
water molecule has been added for all complexes since it is needed in
the water attack mechanism. This water was checked for all structures
and was removed from that structure when its binding energy was less
than 14 kcal/mol. In that case it is better bound in the water medium
surrounding the catalyst, which is not included in the model, and its
energy is taken to be 14 kcal/mol.

In the present type of investigation, it is very important to search for
the lowest energy state by looking at all possible protonation states
and spin combinations. However, in order to focus on the results of
main interest, all these details have been given only as ESI.

3. RESULTS AND DISCUSSION
The Results and Discussion section will be divided into three
subsections. The regular Co4O4 model cluster will be discussed
first, since it has been found to be the main building block of
the Nocera catalyst. However, the water oxidation mechanism
can also be associated with edges and defects of the catalyst.
Models where one cobalt was either removed or added were
therefore also studied with results presented in section 3.2. As
mentioned in the Introduction, the model complexes in these
studies have only water-derived ligands. This is not the case for
the system discussed in section 3.3, where results obtained for
the molecular Co4-catalyst recently found by Dismukes et al.
are discussed.
To obtain results also for the redox steps, the total driving

force has to be obtained from experiments. For electrolytic
water oxidation carried out at pH = 7, which has a redox
potential of 0.82 V, and with a redox potential for the oxidant of
1.29 V (vs NHE),12 the driving force (in kcal/mol) becomes:

Δ = × − × = −G 4 (0.82 1.29) 23.06 43.4

The use of this single experimental value is enough for
obtaining the thermodynamics of the redox steps using the
computed relative energies, since in the present study we are
only interested in the combined release of a (H+,e−)-couple.
This follows from the fact that the thermodynamics of the
reaction

× − × +

⇔ + Δ

+ −G E

G G

2 (H O) 4 [ (H , e ) shift]

(O )
2

2

is independent of the catalyst. With the explicit values for
G(H2O) = −76.418834 au (gas phase energy + ZPE − 14 kcal/
mol), E(H+, e−) = −0.499972 au (computed as a free hydrogen
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atom), G(O2) = −150.319980 au (gas phase energy + ZPE −
12 kcal/mol), and the driving force of −43.4 kcal/mol, the shift
becomes −92.1 kcal/mol which should be subtracted from the
calculated energies for each (H+,e−)-couple removed to form a
hydrogen atom in gas phase. G(H+,e−) is thus equal to
E(H+,e−) + shift. In comparison to the present system, the
corresponding driving force for PSII should be 41.5 kcal/mol
computed for the redox potential of P680

+ of 1.25 V. However, it
was recently realized that the enzyme is able to achieve a higher
redox potential of 1.47 V in the last two critical S-transitions,
leading to a total driving force of 51.5 kcal/mol.6

3.1. The Co4 Model Complex. The starting point for the
discussion of the reactivity of the neutral Co4 complex is the
resting state complex with oxidation states Co4(III,III,III,III),
shown in Figure 1 . This closed shell singlet complex is 44.2
kcal/mol more stable than the corresponding one used in the
previous study25 (the complexes have the same number of
oxygens and protons and the same spin). There are many
differences between the complexes, one of them being that the
present complex has two protonated oxo bridges; the previous
one had none. From the present study, the optimal complex
without protonated bridges is 22.0 kcal/mol more stable than
the one in the previous study. With one protonated bridge, the
energy decreases by 13.7 kcal/mol, and with two protonated
bridges, the energy goes down a further 8.5 kcal/mol. The
energy lowering is due not only to the favorable protonation of
the bridges per se, but the accompanying deprotonation of the
terminal ligands (to keep the charge neutral) also improves the
hydrogen bonding between these ligands.
A significant difference between the present cobalt complexes

and the manganese complex in PSII is the optimal spin-state. In
the OEC, having mainly carboxylates and oxo ligands, each
manganese has a high-spin configuration independent of
oxidation state. For the 6-coordinate cobalt complexes, Co(III)
and Co(IV) have low-spin ground states, singlet and doublet,
respectively, while Co(II) has a high-spin quartet ground state.
Forcing Co(III) to be only 5-coordinate changes the preferred
spin to be a high-spin triplet, but this coordination has never
been found optimal. The complex in Figure 1 thus has a closed
shell singlet configuration.
The Co(IV)−O• state plays a significant role in the

discussion below, as a necessary precursor for forming the

O−O bond. There are interesting and important electronic
structure differences between this state and the Mn(IV)−O•

state, the precursor for O−O bond formation in PSII. In the
case of manganese, this state prefers to have the oxygen spin
antiparallel to the high-spin coupled spins on the metal leading
to a triplet state. The corresponding quintet state, with an
oxygen spin parallel to the metal spins, is substantially higher in
energy. This is best understood as a mixing with the Mn(V)
O state, which is a triplet in high-spin coupling. The Mn−O
bond distance of 1.75 Å, which is shorter than a normal Mn−O
single bond of 1.85 Å and longer than a double bond of 1.60 Å,
gives further evidence for this mixing. In the case of cobalt, the
situation is reversed. The oxygen spin is then strongly preferred
to be parallel with the low-spin coupled metal spin, leading to a
triplet state. Again, this can be understood as a mixing with the
Co(V)O state which with low-spin coupling is a triplet. The
mixing is stronger for cobalt than for manganese with a Co−O
bond distance of around 1.65 Å.
The oxidation of the Co4 complex proceeds by removing

(H+,e−)-couples. The energy levels reached from the
Co4(III,III,III,III) resting state up to the formal oxidation
state Co4(IV,IV,IV,IV) are shown in Figure 2. The electronic
structures are characterized by the number of oxygen radicals
(O•) found. A distinction is also made for cases when the
donating hydrogen bond to the oxygen radical is coming from
an OH or a H2O. As seen in the diagram the removal of a
(H+,e−)-couple is endergonic in every step. When the third
(H+,e−)-couple is removed, the energy, 17.3 kcal/mol, is
already so high that an additional O−O bond formation barrier
will most probably lead to a very slow reaction.
The first oxidation after the Co4(III,III,III,III) resting state,

with removal of one (H+,e−)-couple, leads to formation of a
doublet Co4(III,III,III,IV) state, where the proton removed
comes from a bridging hydroxo group. The energy goes up
slightly by 3.9 kcal/mol in this transition. The spin is almost
entirely located on a cobalt, with a spin-population of 0.93. This
result is quite different from a recent study of a Co4 complex,
where DFT calculations using a different functional (PBE0)
gave a completely delocalized spin at the same oxidation level.38

As already indicated in that study, the delocalization could be
due to a self-interaction error, which is different for different
functionals.39 None of the present model systems show any

Figure 2. Energy levels for Co4. Each structure is characterized by its formal oxidation state (at the x-axis), its spin-state, and by the number of
oxygen-radicals (O•). Only states that are reactive for O−O bond formation are kept in the diagram.
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delocalization of the type seen in that study. Since the spin is
entirely localized on cobalt in the present model, this state is
rather unreactive for oxidation of water. The energy required to
reach an oxyl radical state is 11.7 kcal/mol and is accompanied
by a proton transfer between a terminal hydroxide and a
bridging oxyl. From this oxyl radical state, a water attack gives a
barrier larger than 25 kcal/mol, which means an overall barrier
higher than 40 (3.9 + 11.7 + 25) kcal/mol. The high barrier is
partly obtained since the ground spin state for the peroxide
product is a quartet Co(II) state. The energy cost is high to
force Co(III) to be high spin in the reactant, or Co(II) to be
low spin in the product. Spin−orbit coupling would assist in the
spin-crossing, but it will not lower the barrier.37

With removal of a second (H+,e−)-couple the complex
reaches the formal Co4(III,III,IV,IV) state, to the left in Figure
3. Also in this case, a proton is removed from an OH-bridge,

leading only to unprotonated bridges. The oxidation occurs
again for a cobalt rather than for an oxygen ligand, leading to
degenerate singlet and triplet states. The energy goes up by
another 0.8 kcal/mol in this transition (a total of 4.7 kcal/mol).
Also in this case, radical transfer from cobalt to oxygen is
necessary for the complex to become reactive for O−O bond
formation. In fact, to obtain a sufficiently reactive state, the oxyl
radical has to be bound to a Co(IV), leading to a formal Co(V)
state. The transitions are here even more energy demanding.
The lowest lying singlet and triplet Co4(III,III,III,IV)−O•

states, are reached at the energies 19.8 and 13.8 kcal/mol,
respectively. It should be noted that the lower-lying triplet is
not included in Figure 2, since it has a very high barrier for O−
O bond formation. In both spin states, the lowest lying
degenerate singlet and triplet Co4(III,III,III,III)−O•−O• states
are found at 38.8 kcal/mol. A state with two oxygen radicals
was suggested as the O−O bond-forming state in the previous
study25 but is here found to be too high in energy.
Starting from the formal Co4(III,III,IV,IV) states with one or

more oxyl radicals, there are two possible types of mechanisms.
An O−O bond could be formed either by a water attack
mechanism or by bond formation with an oxo, another oxyl, or
a hydroxyl ligand, a direct coupling (DC) mechanism. In both
cases there is a change of spin-states, with the triplet preferred
for the reactant and the singlet preferred for the product. Both
mechanisms prefer singlet transition states, where the one for
the water attack is shown to the right in Figure 3. As seen in the
figure, the hydroxyl group is first deprotonated to a bridging
oxo, forming a terminal oxyl group. For the singlet
Co4(III,III,III,IV)−O• state, a water attack on the O• gives a
local barrier of 11.8 kcal/mol. However, since the resting state

for this reaction is the Co4(III,III,III,III) state, which is 19.8
kcal/mol lower in energy, this leads to an overall barrier of 31.6
kcal/mol. The triplet state gives a much higher barrier and is
thus unreactive. A direct coupling between O• and OH− gives
an overall barrier of 34.9 kcal/mol. Water attack is thus the
overall preferred pathway at this oxidation level.
The DC and water attack mechanisms are schematically

shown for the OEC in PSII in Figure 4 and for the present Co4

complexes in Figure 5. For PSII a very low barrier of 11.3 kcal/
mol for the DC mechanism was found previously.5,6 The reason
for the low barrier is illustrated in Figure 4a. In the OEC,
manganese prefers high-spin coupling of its d-electrons. This
means that the reactant Mn(IV) has three parallel d-electrons.
Since some mixture of Mn(V)O is favorable, the oxygen

Figure 3. (Left) Optimized structure for the neutral Co4-model where
two of the metals are Co(IV). (Right) Optimized TS-structure with
overall barrier of 31.6 kcal/mol. Figure 4. Schematic mechanism for O−O bond formation in PSII; the

DC mechanism in a and the water attack mechanism in b.

Figure 5. Schematic mechanism for O−O bond formation for Co4 at
the formal (III,III,IV,IV) oxidation level; the DC mechanism in a and
the water attack mechanism in b.

Journal of the American Chemical Society Article

dx.doi.org/10.1021/ja4053448 | J. Am. Chem. Soc. 2013, 135, 13804−1381313808



radical will have a spin which is antiparallel (down-spin) to the
manganese spins (up-spins), see above. As the O−O bond
forms, a down-spin electron is transferred to the second
Mn(IV). Since the product Mn(III) also should be high-spin
coupled, its d-electrons have to have down-spins. With this, an
electron can flow from one bond to the other without changing
its spin, and there will be no spin-crossing when the product
(closed shell) peroxide is formed. For the water attack in Figure
4b there is no such possibility, and a spin-crossing is therefore
required, leading to a high barrier. For cobalt, the situation is
quite different since Co(IV) and Co(III) prefer low-spin
coupling. First, for the reactant, a parallel orientation of the
oxygen and Co(IV) spins is preferred, in contrast to the case in
the OEC, as discussed above. Since the lowest product is a
closed shell peroxide, a spin-crossing is required, and the barrier
is high, see Figure 5a. For cobalt, the situation is the same for
the water attack mechanism as for the DC mechanism, in
contrast to the case of manganese. A spin-crossing is required
also for the water attack mechanism, and the barrier is high,
Figure 5b. In conclusion, the same favorable situation for
formation of the O−O bond as found for the OEC in PSII, is in
principle not possible for cobalt complexes, unless other ligands
can be found which lead to a preference for high-spin rather
than low-spin coupling of the d-electrons, or if still another
radical is formed, on oxygen or possibly on a ligand. As seen
below, an additional oxidation is too costly for the present
systems. The arguments given here when comparing cobalt and
manganese are similar in spirit to the Woodward−Hoffmann
rules in organic chemistry, but use spin instead of orbital
symmetry.
The third oxidation after the formal Co4(III,III,III,III) state,

with removal of another (H+,e−)-couple, leads to a formal
Co4(III,IV,IV,IV) state. The optimal solution is a degenerate
doublet and quartet Co4(III,III,IV,IV)−O• states. The energy
goes up further by 12.6 kcal/mol in this transition. Note that,
for this degenerate doublet state, the component where the
metal spins are antiferromagnetically coupled is unreactive for
O−O bond formation, since the peroxide formation leads to a
high-spin triplet Co(III) state that is high in energy. There is
another doublet Co4(III,III,IV,IV)−O• state where the metal
and the oxygen spins are antiparallel, which is reactive for O−O
bond formation but 6.2 kcal/mol higher in energy. The water
attack transition state has a local barrier of 12.8 kcal/mol, which
means an overall barrier of 36.3 (= 3.9 + 0.8 + 12.6 + 6.2 +
12.8) kcal/mol. By moving one proton from the terminal water
ligand to one of the oxo bridges, the degenerate doublet and
quartet Co4(III,III,IV,IV)−O•−(OH)− states are found. Similar
to the above situation, the low-lying doublet has antiferro-
magnetically coupled metal spins but ferromagnetically coupled
metal and oxygen spins. This doublet, however, is reactive for
O−O bond formation via either direct coupling or water attack
transition states, found at energies of 34.2 kcal/mol for direct
coupling and of 36.1 kcal/mol for the water attack. The
Co4(III,III,IV,IV)−O•−O• state can be obtained by further
proton rearrangement but lies much higher in energy.
A fourth oxidation after the formal Co4(III,III,III,III) state,

with removal of another (H+,e−)-couple, leads to a formal
quintet Co4(IV,IV,IV,IV) state. The energy goes up by another
8.3 kcal/mol. The degenerate singlet and triplet states, which
are reactive for O−O bond formation at this stage, are more
than 8.7 kcal/mol higher than the quintet ground state, which
essentially excludes this transition.

In summary, the lowest barrier obtained for the neutral Co4
model complex is 31.6 kcal/mol for a water attack with the
formal Co4(III,III,IV,IV) state. This is considerably higher than
the barrier for the amorphous experimental system of 21.8
kcal/mol (calculated from TS-theory) and indicates that there
are differences between the amorphous system and the present
Co4 model. The corresponding computed barrier for PSII is
11.3 kcal/mol.6

3.2. Co3, Co5 and Larger Model Complexes. In order to
investigate the role of possible defects for cobalt−oxo
complexes, the water oxidation activity was also studied for
Co3 and Co5 models, where one cobalt was either removed or
added. As for the Co4 complex, each cobalt is 6-coordinate, and
the number of protons have been adjusted to keep the cluster
neutral. An energy diagram, similar to the one discussed above
for Co4 was constructed also for Co3, see Figure 6. Starting with

the closed shell singlet Co3(III,III,III) state, the first step is a
removal of a (H+,e−)-couple to reach a formal doublet
Co3(III,III,IV) state, 4.9 kcal/mol higher in energy. This state
has one Co(IV). The lowest active complex is obtained for a
bridging oxyl radical coupled to a Co3(III,III,III) state at 10.7
kcal/mol. The state with a terminal oxyl radical instead is 4.6
kcal/mol higher. Again, as in the Co4 case, this state with only
one formal Co(IV) is unreactive. The water attack has a barrier
of over 30 kcal/mol, and that for the DC mechanism is even
higher. With another (H+,e−)-couple removed, the energy goes
up to 11.2 kcal/mol, and a formal Co3(III,IV,IV) state is
reached. The lowest active formal Co(V) state with one
bridging oxyl radical is at an energy of 13.0 kcal/mol. For the
water attack mechanism the local barrier from the
Co3(III,IV,IV) singlet reactant is 16.1 kcal/mol, leading to an
overall barrier of 27.3 (16.1 + 11.2) kcal/mol. The transition
state is shown to the left in Figure 7. For the DC case, two
bridging oxyl radicals are involved with an overall barrier of
31.6 kcal/mol, to the right in Figure 7. The lowest barrier for
Co3 is thus not too different from the Co4 case, but somewhat
lower with 27.3 kcal/mol compared to 31.6 kcal/mol. The
conclusion is that the Co3-model, which should represent a

Figure 6. Energy levels for Co3. Each structure is characterized by its
formal oxidation state (at the x-axis), its spin-state, and by the number
of oxygen radicals (O•). Only states that are reactive for O−O bond
formation are kept in the diagram.
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defect of the perfect crystal, lowers the barrier but not as
dramatically as one might have expected.
The Co3 mechanism was followed through the full cycle. The

release of O2 is a rather complicated process with several steps.
In the first step, a superoxide radical is formed. At that stage,
the spin-distribution becomes very complicated. One cobalt
with spin s = 1.79 can be described as a triplet Co(III) state. A
second cobalt has spin s = 2.72 and is therefore a quartet
Co(II), while the third cobalt has no spin and is thus a clean
Co(III) state. One spin resides on the superoxide radical, which
means that there are a total of about six unpaired spins, which
would correspond to a septet state if ferromagnetic coupling
had been used.
In the next step a water molecule becomes bound to the

Co(II) cobalt. The superoxide remains the same as do the spins
on cobalt. The barrier is 12.5 kcal/mol with respect to the
resting reactant. In the final, third step of O2 release, there is an
early TS with similar spins as in the previous steps, except that
there is an antiferromagnetic coupling between O2 and the
Co(III) cobalt. The barrier for this step is 13.4 kcal/mol. The
product can be described as a Co3(III,II,II) state with a free

triplet O2. To return to the resting Co3(III,III,III) state, one
water needs to be added, and two (H+,e−)-couples need to be
removed. These two steps are quite exergonic with −25.0 and
−15.7 kcal/mol, respectively. The energy diagram is shown in
Figure 8.
Isotope-labeling experiments have been done for the Nocera

catalyst, with labeled oxygens in the catalyst and unlabeled
oxygens in the water solvent.12 It is found that most O2 initially
released has unlabeled oxygens from the solvent water. It is also
known that the oxygens bound as oxo groups in the catalyst
only exchange with the surrounding water at a very slow time-
scale, much slower than that of oxygen evolution. This best fits
a water attack mechanism for the initial O2 release. After a
while, labeled oxygens from the cobalt−oxide catalyst start to
appear in O2. With mixed labels, this should come from a water
attack mechanism involving a bridging oxo group. If both
oxygens are labeled this fits best with a DC mechanism.
However, since oxygen exchange between the solvent and the
catalyst could not be ruled out at the time scale of the
experiments, conclusions are not easily drawn from these
experiments. It has also been found that the catalyst is rather
quickly broken down.12 Using Co3 as a model, it is
straightforward to understand why. In the DC mechanism,
removal of the peroxide in the cluster leads to very large
structural changes. For the water attack mechanism the water
attack is on a bridging oxyl radical which also severely disrupts
the cluster. Since for the Co4 cluster the water attack is on a
terminal oxyl radical, the distortions should be much less
dramatic.
It was finally tested if a lower barrier could be obtained by

charging the complex. The complexes described above are all
neutral. A proton was first added to create a positive complex.
This led to an increased energy cost for the two steps when the
cluster is oxidized to reach the active redox level. This extra cost
remains when the O−O bond is formed and the added proton

Figure 7. Optimized TS-structures for water attack for Co3, to the left,
and for direct O−O coupling, to the right.

Figure 8. Energy diagram for the full water oxidation cycle with the Co3 model complex.
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is therefore no advantage for water oxidation. For a negative
complex where one proton is removed, a barrier of 27.1 kcal/
mol was obtained. This is almost identical to the one for the
neutral complex of 27.3 kcal/mol. No advantage of charging the
complex has therefore been found.
Some Co5 model complexes were also studied, with

structural details shown as Supporting Information The most
straightforward way to place a fifth Co(III) on the optimal
Co4(III,III,III,III) complex is to put it on in a way that modifies
the Co4 complex as little as possible. This leads to a complex
where three ligands are shared. After minor proton rearrange-
ments the lowest energy structure was obtained. When only the
Co4 part is oxidized twice, the energy goes up by 9.8 kcal/mol,
compared to 4.7 kcal/mol for the bare Co4 complex, see above.
The total barrier for O−O bond formation (of a type similar to
that for the Co4 complex) lies at 33.1 kcal/mol, which is
actually somewhat higher than for Co4 at 31.6 kcal/mol. Some
searches (based on the experience from Co4) for lower
transition states were made, but no lower barrier was found. A
different type of Co5 complex was also tried, where the fifth
cobalt only shares two ligands with the Co4 part. The optimal
complex of this type is 15.4 kcal/mol higher in energy than the
one with three shared ligands. However, from this point the
total barrier for water attack is only 24.7 kcal/mol, which could
have some bearing on larger clusters.
Some Co8 complexes were also investigated; the first one was

with linearly connected Co4 cubes. Surprisingly, if the two
oxidations are restricted to the central cube, the energy goes up
by as much as 48.8 kcal/mol. The reason is probably the
presence of μ4-O bridges on the central cube, which are much
less negative and therefore do not stabilize the required formal
Co(V) state.
3.3. The Dismukes Co4 Complex. As mentioned in the

Introduction, Dismukes et al. have reported water oxidation
activity for the molecular catalyst Co4O4(OAc)4(py)4, with a
rate that corresponds to a barrier of about 20.0 kcal/mol (using
TS theory).16 It should be noted that this is for a redox
potential of 1.43 V of the oxidant, higher than the one used for
the Nocera-type complexes of 1.29 V. The catalytic pathway
was here studied only in the steps from Co4(III,III,III,III) to
Co4(III,III,IV,IV). At the formal Co4(III,III,III,IV) level, one
cobalt is oxidized, and a proton is released from a water
molecule entering from the bulk. This leads to a terminally
bound hydroxyl ligand. At the formal Co4(III,III,IV,IV) level,
the oxidation is followed by another proton release, giving a
reactive terminal oxyl radical with its spin antiparallel to the
spin on the Co(IV) it binds to. As, discussed above, this is the
singlet excited state of a formal Co(V) state. The state where
the oxygen spin is parallel to the Co(IV) spin is 5.6 kcal/mol
lower in energy but it is unreactive. Other geometries with two
hydroxyl ligands instead of one oxo ligand have been tried, but
all lie higher in energy. The structural conformation does not
allow a favorable O−O direct coupling mechanism, and a water
attack mechanism is therefore preferred. The water is
deprotonated by an OAc− ligand, and the critical O−O bond
length is 2.12 Å (see Figure 9 to the left). The barrier for the
single step of water attack is 14.4 kcal/mol. However, just as for
the Nocera-type catalysts discussed in the previous sections, the
Co4(III,III,III,III) solution is the lowest energy species on the
potential energy surface. With a redox potential of 1.43 V, as
used in the experiments, the overall barrier for O−O bond
formation is calculated to be 23.0 kcal/mol. From the study of
the full catalytic cycle for Co3, it can safely be assumed that the

steps following O−O bond formation are not rate limiting. This
means that the calculated barrier is in good agreement with the
experimental barrier of 20.0 kcal/mol.
The barrier for the Dismukes complex is thus substantially

lower than for the Co4 model discussed above for the Nocera-
type complex with 31.6 kcal/mol. However, the difference in
redox potential is very important in this context. This difference
of 0.14 V (3.2 kcal/mol) leads to an advantage every time a
(H+,e−)-couple is released. Two of these releases are part of the
height of the barrier. Assuming that all of this energy is used for
(H+,e−) release, the barrier for the Dismukes complex would
increase if the lower redox potential was used by 2 × 3.2 to 29.4
kcal/mol, only 2.2 kcal/mol lower than for the Nocera-type
Co4 complex of 31.6 kcal/mol. Still, the difference of 2.2 kcal/
mol corresponds to more than 1 order of magnitude in rate and
further investigations of this difference was therefore
performed. The origin of this difference could, of course, be
the different ligands used but also the difference in protonation
of the oxo groups. In the Dismukes complex all oxo groups are
unprotonated, while in the best model of the Nocera-type Co4
complex two oxo groups are protonated. To make the systems
more similar, the OAc− in the Dismukes complex was
substituted by a water−hydroxide pair and py with a water,
without further redistribution of protons in contrast to what
was done for the Nocera-type complex. As a result, there are
water−hydroxide hydrogen-bonding pairs on four of the six
cubic faces. The other two faces have two water molecules that
are not hydrogen-bonded to each other. The structures are
optimized from Co4(III,III,III,III) to Co4(III,III,IV,IV). During
the oxidations, a water molecule is deprotonated to form an
oxyl radical with its spin antiparallel to the one on Co(IV),
exactly as for the complex with the real ligands. The water
attack transition state, shown to the right in Figure 9, has an
O−O bond length of 2.05 Å . The barrier of this single step is
13.0 kcal/mol. With the redox potential used for the Dismukes
complex of 1.43 V, the overall barrier should be 25.2 kcal/mol.
With the lower redox potential of 1.29 V the barrier becomes
31.6 kcal/mol, in exact agreement with the one for the Nocera-
type complexes discussed above. The electronic configuration is
also the same for the two types of complexes. The protonation
states of the oxo ligands, therefore, do not seem to affect the
rate. Subtle differences in the character of the ligands are
instead the probable reasons for the 2.2 kcal/mol lower barrier
height for the Dismukes complex.

4. CONCLUSIONS
Water oxidation mechanisms have been studied for a large
number of different cobalt complexes, most of them with four
cobalt atoms. For the only system for which the structure has

Figure 9. Optimized TS-structures for water attack for the Dismukes
complex, to the left, and for the water and hydroxide substituted
structure to the right.
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been experimentally determined, the Dismukes complex,16 the
calculated barrier is in good agreement with the measured one,
23.0 compared to 20.0 kcal/mol. For all systems studied here, a
redox level with two Co(IV) (the rest Co(III)), is the lowest
level where water oxidation activity is significant. Furthermore,
a state with an oxygen radical coupled to a Co(IV) state, a
formal Co(V) state, is needed for reactivity, which often
requires appreciable additional excitation from the correspond-
ing state with two Co(IV) centers. The best mechanism found
is a water attack on the oxygen radical. For the Dismukes
complex, the endergonic release of two (H+,e−)-couples is
needed to reach the active redox level. This means that this
endergonicity will be part of the rate-limiting barrier. While the
local O−O bond formation step is not helped in a significant
way by an oxidant with a high redox potential, the release of
(H+,e−)-couples is. The redox potential of the oxidant used for
the Dismukes complex is 1.43 V.
To analyze the reactivity of the amorphous cobalt complexes

by Nocera et al, a simple model was used with only water
derived ligands. This type of model has been used before,25

with quite different results than the ones obtained here. For the
Co4 model complex a high barrier of 31.6 kcal/mol was found
here for a mechanism very similar to the one found for the
Dismukes complex. This barrier for the Nocera-type complex
may thus appear to be much higher than the one of 23 kcal/
mol for the Dismukes complex, but that one was obtained for a
higher redox potential of 1.43 V. If the barriers are transformed
to the same redox potential of 1.29 V and assuming that all of
the difference in redox potential is used for (H+,e−) release, the
barriers for the two types of systems are much more similar,
differing by only 2.2 kcal/mol. The effect of the higher redox
potential is not obvious without a detailed mechanism at hand,
but depends on how many releases of (H+,e−)-couples are part
of the rate-limiting barrier, and could in principle have given a
zero effect.
Since the lowest barrier obtained for the present Co4 models

of the Nocera complex is much higher than the one measured
for the amorphous system, 31.6 kcal/mol compared to 21.8
kcal/mol, additional investigations were done. Co3 and Co5
models, and some larger ones, were taken as examples of more
irregular structures where defects and edges might show effects
on the water oxidation rates. The Co3 complexes were studied
in as much detail as the Co4 complexes, but only small defect or
edge effects were found, lowering the barrier to 27.3 kcal/mol.
Perhaps, more irregular structures might appear for even larger
clusters. Alternatively, the rather low barrier obtained for the
Nocera catalyst, might be due to the presence of other types of
atoms in the clusters, like alkali atoms, which could have effects
as dopants. The phosphates in the catalyst are not believed to
be significant for the water oxidation mechanism.26 Another
possibility might be that the more accessible electrons for a
larger system would allow still another local (H+,e−) release,
making the final O−O bond formation even easier. An entirely
different mechanism, not involving an oxyl radical, is at the
present stage considered very unlikely. It should perhaps finally
be mentioned that there are as yet some uncertainties
concerning the experimental rate. Dau et al have given a rate
of 0.2 s−1 with a higher redox potential of 1.45 V,40

corresponding to a barrier of 18.6 kcal/mol. At 1.45 V, our
computed barrier for the Co3 complex is 20.4 kcal/mol, which
is actually quite close to the one given by Dau et al.
The most important conclusion drawn here concerns the

intrinsic difference between manganese and cobalt clusters as

water oxidation catalysts. For the manganese cluster in PSII, a
very efficient direct coupling mechanism is possible, see Figure
4, which is not possible for cobalt clusters of the type studied
here, see Figure 5. This difference is due to the different type of
optimal spin coupling. Manganese prefers high-spin coupling
which allows a smooth formation of the O−O bond from the
oxyl reactant to the peroxide product. Cobalt, on the other
hand, prefers low-spin coupling for the relevant high oxidation
states, which forces a costly change of electronic structure
during the formation of the O−O bond.
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