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Reduction and selective oxo group silylation of the
uranyl dication
Polly L. Arnold1, Dipti Patel1, Claire Wilson2 & Jason B. Love1

Uranium occurs in the environment predominantly as the uranyl
dication [UO2]21. Its solubility renders this species a problematic
contaminant1–3 which is, moreover, chemically extraordinarily
robust owing to strongly covalent U–O bonds4. This feature mani-
fests itself in the uranyl dication showing little propensity to par-
take in the many oxo group functionalizations and redox reactions
typically seen with [CrO2]21, [MoO2]21 and other transition metal
analogues5–9. As a result, only a few examples of [UO2]21 with
functionalized oxo groups are known. Similarly, it is only very
recently that the isolation and characterization of the singly
reduced, pentavalent uranyl cation [UO2]1 has been reported10–12.
Here we show that placing the uranyl dication within a rigid and
well-defined molecular framework while keeping the environment
anaerobic allows simultaneous single-electron reduction and selec-
tive covalent bond formation at one of the two uranyl oxo groups.
The product of this reaction is a pentavalent and monofunctiona-
lized [O5U…—OR]1 cation that can be isolated in the presence of
transition metal cations. This finding demonstrates that under
appropriate reaction conditions, the uranyl oxo group will readily
undergo radical reactions commonly associated only with transition
metal oxo groups. We expect that this work might also prove useful
in probing the chemistry of the related but highly radioactive plu-
tonyl and neptunyl analogues found in nuclear waste.

Reactions of the uranyl dication that result in the functionalization
or transformation of the U5O groups are rare. Examples include
atypical Lewis base behaviour of the uranyl dioxo group towards
alkali metals in the solid state13,14, and the formation of an unusual
O5U5ORB(C6F5)3 adduct involving significant and asymmetric
U5O bond lengthening15. Photolysis of uranyl phosphine oxide com-
plexes in the presence of alcohols results in two-electron reduction and
the formation of U(IV) alkoxides, via the highly oxidizing *UO2

21

excited state; the U(IV) complexes can be hydrolysed to regenerate
the uranyl dication cleanly16. Usually, the [UO2]1 cation sponta-
neously disproportionates to [UO2]21 and U(IV) phases in an aqueous
environment. We reported recently17 that the reaction between the
mono-uranyl complex, 1 (R 5 H), and transition metal silylamides
[M{N(Si(CH3)3)2}2] (M 5 Mn, Fe, Co) forms the molecular cation–
cation complexes, 2, in which, uniquely, the transition metal bonds to
the endo-uranyl oxygen atom (Fig. 1a), that is, the uranyl acts as a Lewis
base to the transition metal18; in this case, no electron transfer between
the metals was seen. In search of alternative synthetic routes, we have
found that the one-pot reaction between 1 (R 5 CH3), FeI2, and the
silylamide base KN(Si(CH3)3)2 at –78 uC resulted in the formation of
the new cation–cation complex [UO(OSi(CH3)3)(thf)Fe2I2(L)], 3, in
80% isolated yield, Fig. 1a (see Methods and Supplementary
Information for synthetic details; thf stands for tetrahydrofuran).

The X-ray single-crystal structure of 3 (Fig. 2a, and Supplementary
Information) shows that the macrocycle geometry remains wedge-
shaped, even though two tetrahedral Fe cations are now incorporated

in the lower cavity, and a Si(CH3)3 group is bound to the exo-uranyl
oxygen. The uranyl cation displays a distorted pentagonal bipyramidal
geometry with a linear O1–U1–O2 group (172.16(17)u). The U–O
bond distances confirm that the uranyl fragment in 3 is in the pen-
tavalent oxidation state. The endo-U1–O1 (1.870(4) Å) bond distance
in 3 is elongated compared with those of the hexavalent [UO2]21 com-
plexes 1 (R 5 H: U1–O1 1.790(4) Å) and 2 (M 5 Mn: U1–O1
1.808(4) Å), and is similar to experimental10–12,19 and calculated20,21

bond distances for pentavalent [UO2]1 (range 1.811 to 1.934 Å). The
exo-U1–O2 (1.993(4) Å) bond distance is appreciably longer than U1–
O1 (compare with 2 (M 5 Mn): U1–O2 1.768(5) Å), but is signifi-
cantly shorter than in tetravalent U–OSiR3 complexes22 and pentaval-
ent U–OR compounds23 (all greater than 2.0 Å). This implies that the
exo-U–O bond still retains some multiple bond character, but less than
that of the endo-U–O bond. Both Fe1 and Fe2 are four-coordinate and
bound to the macrocycle by single iminopyrrolides, and to each other
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Figure 1 | Reductive silylation of the uranyl dication. a, Synthesis of the
uranyl complex 1 and cation–cation complexes. b, Proposed mechanism.
Reagents and conditions (i) [UO2(thf)2{N(Si(CH3)3)2}2], thf
(thf 5 tetrahydrofuran); (ii) [M{N(Si(CH3)3)2}2], thf, heat (M 5 Mn, Fe, Co;
R 5 H); (iii) either KN(Si(CH3)2R9)2, MX2 (M 5 Fe, X 5 I, R9 5 CH3, C6H5;
M 5 Zn, X 5 Cl, I, R9 5 CH3) or KH, FeI2, N(Si(CH3)3)3 or
C6H5CH2Si(CH3)3; thf, –80 uC, R 5 CH3.
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by a bridging iodide (Fe1–I1 2.7317(13) Å, Fe2–I1 2.6335(13) Å, Fe1–
I1–Fe2 70.30(3)u). Notably, Fe1 bonds to the endo-uranyl oxygen
(Fe1–O1 1.946(4) Å) at a distance commensurate with a single dative
bond. The Fe-bridging iodide refined to 79.7(3)% occupancy; after
exploration of a number of alternative models the remaining electron
density was best modelled as a bridging chloride, considering both the
quality of the refinement and comparison of the resulting geometry
with literature values. The chloride contaminant has accumulated
in the crystal, and derives from amounts present in the original
[UO2(thf)2{N(Si(CH3)3)2}2] starting material.

We carried out experiments to probe the origin of the Si(CH3)3

group and to confirm the single electron transfer to form penta-
valent uranyl. A mixture of 1, FeI2, and the phenyl-substituted
KN(Si(CH3)2C6H5)2 reacts to afford the phenylsilyl-functionalized
[UO(OSi(CH3)2C6H5)(thf)Fe2I2(L)] 4, in high yield (see Supple-
mentary Information). Thus, it is clear that the silyl group originates
from either the silylamide base, KN(Si(CH3)2R9)2, or its by-product,
the disilazane HN(Si(CH3)2R9)2 (R9 5 CH3, C6H5). Analysis of the
mass balance for the by-product KI shows that two molar equivalents
are formed during the reaction, which implies that electron transfer
from KN(Si(CH3)2R9)2 does not occur; that is, the silylamide acts
solely as a base, and the HN(Si(CH3)2R9)2 by-product formed during
the reaction provides the silyl group. In contrast, chemical analogues
from the same group as uranium, the molybdenum and tungsten cis-
dioxo complexes [MVIO2(L9)2]2– (M 5 Mo, W; L9 5 1,2-S2C6H4),
are readily silylated, even in the absence of redox reactions, to afford
[MVIO(OSi(C6H5)2(C4H9)t)(L9)2]–. Furthermore, the silylated Mo
compound is rapidly hydrolysed to the Mo(IV) mono-oxo com-
pound [MoIVO(L9)2]2– (refs 24,25).

The isolation of the closed-shell Zn(II) compounds 5 and 6 con-
firms that the transition metal simply stabilizes the pentavalent
[UO(OSi(CH3)2R9)]1 fragment, without participating in redox
chemistry. Reaction between 1, KN(Si(CH3)3)2, and ZnX2 (X 5 Cl,
I) resulted in the formation of orange/brown [UO(OSi(CH3)3)(thf)
Zn2X2(L)], (X 5 I; 5, Cl; 6), in moderate yields, Fig. 1a (see online
Methods and Supplementary Information). The X-ray crystal struc-
ture of 5 (Fig. 2b, and Supplementary Information) is similar to that
of 3, again with trace chloride incorporated but in this case with an
occupancy of 52.7(3)%. The U…—O bond distances in 5 (U1–O1
1.867(3) Å, U1–O2 1.975(3) Å) are similar to those in 3, and are also
consistent with pentavalent uranyl. The U 5 O asymmetric stretch in
the infrared spectra of uranyl compounds is normally diagnostic, and
should decrease by 100–180 cm–1 on reduction to [UO2]1 (ref. 12).

However, the infrared spectra of pentavalent 3 to 6 are complex in the
fingerprint region and the expected U5O absorption features
between 800–700 cm–1 are masked by those of the macrocyclic ligand
and the O–SiR3 groups (Supplementary Fig. 1).

We have sought to generalize the reaction further, and have found
that the potassium silylamide may be replaced by potassium hydride,
another strong base, in combination with other sources of silyl group.
Thus, the replacement of KN(Si(CH3)3)2 by KH and either
N(Si(CH3)3)3 or C6H5CH2Si(CH3)3 is equally effective in the syn-
thesis of 3, affording isolated yields of up to 85%, via N–Si or C–Si
bond cleavage (see online Methods). In contrast, however, treatment
of 1 with a reductant (rather than a base), and a source of Si(CH3)3, in
these cases cobaltocene and trimethylsilyl triflate, does not result in
reductive silylation.

These data suggest that this new and general reaction to reductively
silylate the uranyl oxo group requires the deprotonation of the empty
macrocyclic cavity by the potassium base to form potentially an oxi-
dizing, U(VI) intermediate K2-1 (Fig. 1b) in which the endo-U5O
bond is coordinated by two K cations, and the exo-U5O bond is
now polarized sufficiently to engage in N–Si and C–Si bond cleavage.

Transition metal oxo bonds are weakened when a strong ligand is
in the trans position (the trans influence). In contrast, in uranyl
compounds, covalent interactions between the oxo ligands and the
metal f orbitals mutually strengthen the two trans U5O bonds, the
inverse trans influence26. In high-oxidation-state porphyrin-based
iron oxo chemistry, tuning the axial ligand markedly alters the reac-
tivity of the electrophilic Fe5O group towards alkane hydroxylation
and olefin epoxidation6. Likewise, by manipulating the uranyl oxo
within the molecular cleft, we have significantly disrupted the overall
UO2 bonding to activate the exo oxo group towards reductive silyla-
tion. The ready formation of strong O–Si bonds in 3 to 6 parallels that
seen in transition metal oxo chemistry in which hydrogen atom
abstraction reactions do not require metal-based radicals, but instead
depend on the strength of the bond between the oxidant and the
hydrogen atom9. Unfortunately, attempts to isolate the proposed
K2-1 intermediate have been unsuccessful. Thermally stable, penta-
valent, functionalized uranyl complexes are most readily isolated by
substitution of the two K cations by transition metal halides in a
reaction that eliminates KI and forms 3 to 6. The reaction to afford
3 is equally successful when carried out in the dark, confirming the
absence of any photochemically derived reactivity.

We recorded variable temperature magnetic measurements to
compare the f 1d 6d 6 UFe2 system 3 with the f 1d10d10 UZn2 system
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Figure 2 | X-ray crystal structures
of [UO(OSi(CH3)3)(thf)Fe2I2(L)]
and [UO(OSi(CH3)3)(thf)Zn2I2(L)].
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probability displacement) views of
(a) 3 and (b) 5. For clarity, all
hydrogen atoms and the minor thf
component have been removed.
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5. The room-temperature moment of 7.74 BM for 3 (BM 5 Bohr
magnetons), and the Curie–Weiss behaviour (2 to 300 K) suggests
the presence of two, high-spin, Fe(II) centres and one f 1 U(V) centre
(Supplementary Fig. 2) that are magnetically independent; the ther-
mal variation of the product of molar magnetic susceptibility and
temperature, xMT, is dominated by the magnetic contribution from
the Fe ions. In contrast, the magnetic behaviour for 5 (2 to 300 K)
should only contain contributions from the U centre27; it displays two
distinct regions (Supplementary Fig. 2) associated with the depopu-
lation of excited crystal field states of the U(V) f 1 cation and is similar
to that observed for the few known organometallic pentavalent
uranium complexes28,29. The moment at low temperature rises from
0.41 to 1.11 BM and increases to 2.38 BM at high temperature. In
contrast, the moment of a U(IV) (f 2) system would be expected to be
higher at room temperature (3.58 BM), and the reciprocal suscepti-
bility would become temperature-independent below about 40 K. A
preliminary electron paramagnetic resonance study of 5 in frozen
methyl-thf at 5 K (Supplementary Fig. 3) displays a strong, broad
resonance at g 5 2.2 that supports the presence of a single f electron.

We have shown that the use of a macrocyclic architecture to place
the uranyl ion in a rigid and asymmetric coordination environment
allows the generation of a reactive and highly oxidizing uranyl complex
which can selectively cleave N–Si and C–Si bonds to form singly, cova-
lently functionalized pentavalent uranyl complexes. These reactive U
oxo compounds may also provide functional chemical models for the
highly radioactive f1 plutonium and neptunium dioxo cations30.

METHODS SUMMARY
Working under a dry, oxygen-free dinitrogen atmosphere, with reagents dissolved

or suspended in aprotic solvents, and combined or isolated using cannula and

glove box techniques, we first treated the free macrocycle H4L with a bis(amido)

uranyl precursor, to form the hinged macrocyclic complex [UO2(thf)(H2L)] in

which one N4-donor compartment remains vacant. Treatment of this complex

with two equivalents of potassium base and a suitable silylated reagent (or a base
containing an ancillary silyl group) afforded a soluble complex in which the

uranium was shown to be both singly reduced and silylated at the exo oxo group,

as the UO(OSiR3) dication. This asymmetric pentavalent uranyl complex is then

readily isolated, purified, and characterized by a final salt elimination reaction to

produce two equivalents of potassium halide, and to place two transition metal

cations (as Fe or Zn chloride or iodide salts, MX) into the remaining cavity of the

macrocycle, affording [UO(OSiR3)(thf)(L)(MX)2]. We characterized all com-

pounds by elemental analysis, Fourier transform infrared spectroscopy, and either

variable-temperature magnetic moment measurements or nuclear magnetic

resonance (NMR) spectroscopy (paramagnetic and diamagnetic compounds

respectively). Additionally, we determined the solid-state structures of two of

the silylated complexes by single-crystal X-ray diffraction studies.

Full Methods and any associated references are available in the online version of
the paper at www.nature.com/nature.
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METHODS
[UO2(thf)(H2L)].thf, 1. To a stirred solution of [UO2(thf)2{N(Si(CH3)3)2}2]

(2.94 g, 4.0 mmol) in thf (20 ml, –78 uC) we added slowly a solution of H4L

(2.64 g, 4.0 mmol) in thf (20 ml, –78 uC). The resulting solution was allowed

to warm to room temperature over 16 h, after which the volatiles were removed

under vacuum and the residual solids redissolved in thf (15 ml). Addition of

hexane (20 ml) afforded a precipitate that was isolated by filtration, washed with

hexane (2 3 10 ml), and dried under vacuum to yield 3.76 g, 88% of 1 as a brown

solid. Analysis. Found: C, 56.00; H, 5.55; N, 10.51. C50H58N8O4U requires: C,

55.96; H, 5.46; N, 10.44%; infrared (Nujol, cm–1): n 908(s) (UO2 asymmetric
stretch).

[UO(OSi(CH3)3)(thf)Fe2I2(L)], 3. To a stirred mixture of 1 (0.27 g, 0.25 mmol)

and KN(Si(CH3)3)2 (0.10 g, 0.53 mmol) we added thf (20 ml) at –78 uC, and

added the resulting solution dropwise to stirred slurry of FeI2 (0.15 g, 0.50 mmol,

beads) in thf (10 ml, –78 uC). The resulting mixture was allowed to warm to

room temperature over 42 h, after which we removed the solid KI by filtration

and washed it with thf (2 3 5 ml). The combined filtrates were evaporated to

dryness, the residual solids extracted into hot toluene (20 ml), filtered and dried

under vacuum to yield 0.29 g, 80% of 3 as a dark red solid. Analysis. Found: C,

40.93; H, 4.07; N, 7.64. C49H57N8O3Fe2I2SiU requires: C, 40.93; H, 4.00; N,

7.79%. Magnetic moment (superconducting quantum interference device

(SQUID) 300 K): meff 7.74 BM; electron impact mass spectrometry: m/z 343

(37.7%, [UO(OSi(CH3)3)]1).

Alternative syntheses of 3. A. To a stirred mixture of 1 (0.10 g, 0.09 mmol) and

KH (9 mg, 0.23 mmol) we added thf (20 ml) at –78 uC, and allowed the mixture

to warm to room temperature over 45 min. We filtered the resulting mixture

dropwise by cannula into a stirred slurry of FeI2 (56 mg, 0.18 mmol) and

N(Si(CH3)3)3 (21 mg, 0.09 mmol) in thf (10 ml, –78 uC). Room-temperature
work up as above yielded 0.09 g, 69% of 3 as a dark red solid. B. To a stirred

mixture of 1 (0.10 g, 0.09 mmol) and KH (9 mg, 0.23 mmol) we added thf

(20 ml) at –78 uC and allowed the mixture to warm to room temperature over

45 min. We filtered the resulting mixture dropwise on to a stirred slurry of FeI2

(56 mg, 0.18 mmol) and C6H5CH2Si(CH3)3 (15 mg, 0.09 mmol) in thf (15 ml, –

78 uC). Room-temperature work up as above yielded 0.11 g, 85% of 3 as a dark

red solid.

[UO(OSi(CH3)3)(thf)Zn2I2(L)], 5. To a stirred mixture of 1 (0.34 g, 0.32 mmol)

and KN(Si(CH3)3)2 (0.13 g, 0.63 mmol) we added thf (20 ml) at –78 uC. After

15 min, we added the mixture dropwise to a stirred slurry of ZnI2 (0.20 g,

0.63 mmol) in toluene (20 ml, –78 uC). Room-temperature work up as above

yielded 0.21 g, 46% of 5 as a pale brown solid. Analysis. Found: C, 40.30; H, 3.91;

7.70. C49H57N8I2O3SiZn2U requires: C, 40.40; H, 3.95; N, 7.69%. Magnetic

moment (SQUID, 300 K): meff 2.38BM. Electron paramagnetic resonance spec-

troscopy (frozen glass methyl-thf solution, 5 K, 0–1.6 T, 2 mW, 9.610794 GHz):

g 5 2.2.

[UO(OSi(CH3)3)(thf)Zn2Cl2(L)], 6. To a stirred mixture of 1 (0.10 g,

0.09 mmol) and KN(Si(CH3)3)2 (0.036 g, 0.18 mmol) we added thf (15 ml) at

–78 uC. After 15 min, we added the mixture dropwise to a stirred slurry of ZnCl2
(0.025 g, 0.18 mmol) in toluene (20 ml, –78 uC). Room-temperature work up as

above yielded 0.06 g, 56% of 6 as a pale brown solid. Analysis. Found: C, 46.30; H,

4.50; 8.72. C49H57N8Cl2O3SiZn2U requires: C, 46.19; H, 4.52; N, 8.80%.

Magnetic moment (SQUID, 300 K): meff 3.01BM.

Reaction between 1 and KN(Si(CH3)3)2: attempted synthesis of
[UO(OSi(CH3)3)(thf)K2L]. To a stirred mixture of 1 (0.10 g, 0.10 mmol) and

KN(Si(CH3)3)2 (0.041 g, 0.21 mmol) we added thf (20 ml) at –78 uC. We allowed

the resulting red solution to warm to room temperature over 2 h, after which we

removed the volatiles from the now dark brown solution. We washed the solid

residues with toluene (1 3 10 ml) and dried them to form a dark brown solid,

which was redissolved in a minimal amount of thf (1–2 ml) and cooled (–30 uC) for

16 h. The resulting dark precipitate was isolated and was found to be no longer

soluble in thf. Elemental analysis indicated that the compound had decomposed.

Reaction between 1 and cobaltocene and trimethylsilyl triflate: attempted
synthesis of [UO(OSi(CH3)3)(thf)(H2L)] and cobaltocenium triflate. To a

stirred mixture of 1 (0.10 g, 0.09 mmol) and Co(C5H5)2 (0.017 g, 0.09 mmol)

we added thf (20 ml) at –78 uC, and added (CH3)3SiOTf (0.020 g, 0.09 mmol)

into the mixture by syringe. We allowed the mixture to warm to room temper-

ature over 16 h. We removed the volatiles from the now dark red solution to

afford a viscous red oil. Elemental analysis indicated that the compounds had

decomposed.

Reaction between 1 and excess KH for the identification of by-products. We

added cold thf (0.5 ml, –35 uC) and a few drops of C6D6 to cold (–35 uC) 1
(10 mg, 0.009 mmol) and KH (2 mg, 0.05 mmol) in a Teflon-tapped NMR tube.

Upon warming, we observed gas evolution, which we identified as dissolved

dihydrogen at d 5 4.4 p.p.m. in the 1H NMR spectrum.

Reaction between 1 and 2 KN(Si(CH3)3)2 for the identification of by-pro-
ducts. We added cold thf (0.5 ml, –35 uC) and a few drops of C6D6 to cold

(–35 uC) 1 (5 mg, 0.005 mmol), and KN(Si(CH3)3)2 (1.8 mg, 0.009 mmol) in

a Teflon-tapped NMR tube. By integration, one molar equivalent of

HN(Si(CH3)3)2 was observed in the 1H NMR spectrum.

Crystallography. Dark red single crystals of 3 (needle-shaped) and 5 (parallel-

epiped) were grown from saturated C6D6 solutions at room temperature.
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Uranium is a radioactive actinide metal that is typically 

found at low concentrations in soil and rock. There is a 

greater amount of uranium present on earth than some 

other metals; in fact uranium is nearly forty times more 

abundant than silver.
1
 Uranium occurs in the environment 

predominantly as the uranyl dication [UO2]
2+

.
2
 It is 

characteristically unreactive due to the stability of its 

uranium-oxygen double bond.
3
 Recently, however, Arnold 

et al. has discovered a method of reducing and selectively 

functionalizing the uranyl dication to a product that is a 

pentavalent and monofunctionalized cation. The research 

show the pentavalent uranyl cation can be isolated and 

characterized when first row cations are simultaneously 

present. The chemistry involved in this reduction may 

provide further insight into other reactions involving various 

highly radioactive elements found in nuclear waste, such as 

plutonyl.
2
 

Uranium contamination is a large environmental concern. It can 

be found deposited throughout both surface and ground water. 

This contamination is caused by uranium mining, irrigation of 

agricultural lands, and disposal of nuclear waste. Uranium is most 

commonly found in its oxidized form UVI, [UO2]
2+. Reducing the 

soluble uranyl dication to an insoluble UIV form, [UO2], is an 

important mechanism for the immobilization of uranium in 

aquatic sediments and for the formation of some uranium ores.3 

This would allow for an easier way to harvest uranium which 

would be beneficial due to its ability to be a radioactive energy 

source. The reduction of the uranyl dication sets precedent for 

chemistry that may characterize other radioactive actinide metals 

that have multiple redox states and are insoluble in their reduced 

form.3 

The fact that the uranyl dication is very soluble is caused by the 

linear and strongly covalent U=O bonds. This strong covalent 

bond makes functionalization of the oxo groups difficult and 

therefore the pentavalent uranyl complex uncommon. Essentially, 

Arnold et al. attempted to do what nature does, only better. This 

seems to be an ongoing theme in most inorganic and organic 

chemistry. Though uranium reduction is most often thought of as 

a non-biological process, it has been shown by Lovley et al. that 

its precedence lies within dissimilatory Fe(III)-reducing 

microorganisms, or organisms that can produce an inorganic 

element from an organic element.3  

The important feature of these microorganisms is that they can 

obtain energy for growth by electron transport to UVI.3 

Microorganisms, such as geobacter metallireducens strain GS-15, 

thrive in anaerobic environments by performing, essentially, a 

redox reaction with Fe(III) acting as the oxidizing agent and 

acetate as the reducing agent (Equation 1). 

 

CH3COO- + 8Fe(III) + 4H2O  8Fe(II) + 2HCO3- + 9H+    (1) 

 

Lovley et al. reported thermodynamic calculations that show, 

per electron transferred, acetate oxidation coupled to UVI 

reduction has the potential to yield more than twice the energy 

that is available from FeIII reduction.3 If more energy is produced, 

a more efficient process for removal of uranium contamination, 

and possibly other nuclear waste, can be achieved. Lovley et al. 

also show that when GS-15 is placed into an anaerobic 

environment with acetate as the only reducing agent and UVI as 

the only possible reductant, UVI was reduced to UIV over time as 

shown in Figure 1a.3 

 
Figure 1. (a) Relationship between GS-15 placed in an anaerobic 

environment with acetate as the only available reducing agent and U(VI) 

as the only possible reductant. (b) Addition of [2-14C]-acetate into the 

media caused the production of 14CO2 to be directly proportional to the 

reduction of UVI. Both figures support the idea that the reduction of UVI to 

UIV and the oxidation of acetate to carbon dioxide provided energy to 

probe the growth of GS-15. 

 

One of the key features of this redox reaction is the pentavalent 

uranyl cation, UO2
+. This intermediate, however, is very unstable 

due to its strong covalent U=O bonds. Although microorganisms 

are naturally able to readily reduce UVI to UIV, it has been quite a 

struggle for chemists to do the same.2 If functionalization of the 

uranyl oxygens is achieved, the covalent bond between the 

uranium and its oxygens will weaken and therefore make the 

reduction of [UO2]
2+ more feasible.  

Functionalization of the oxo groups on the uranyl dication will 

create a pentavalent uranyl complex. If the formation of a stable 

UO2
+ complex is found, this will afford scientists the opportunity 

to better understand its structure and other chemical properties 



 

and therefore possibly provide a better understanding of the 

natural reduction of uranium by microorganisms, such as GS-15. 

Unlike other similar elements that form stable and isolatable 

AnO+ species, the UO2
+ is very unstable because it readily 

disproportionates, or acts as both a reductant and an oxidant, into 

U(IV) and [UO2]
2+.4 This characteristic causes the formation of 

pentavalent uranyl species to be limited. In order to probe 

formation of a stable pentavalent uranyl complex, the utilization 

of cation-cation interactions must be employed.5,6 In order to 

comprehend the impact cation-cation interactions have on the 

stability of a pentavalent uranyl complex, the uranyl dication must 

first be understood. 

As previously stated, uranium is found in its most common, 

soluble form [UO2]
2+. This uranyl dication contains a uranium 

atom double-bonded to two oxygen atoms with linear geometry 

(O=U=O). Because this portion of the molecule is linear, ligands 

can only attach perpendicular to the O=U=O.  However, it is clear 

from the work of Arnold et al. and others that there is a way to 

allow the oxygen atoms to react.2 While in an anaerobic media, if 

the [UO2]
2+ is placed in a rigid asymmetric molecular framework, 

it will allow for both selective covalent bond formation at one of 

the oxo groups as well as single-electron transfer.2 Boncella 

suggests that the uranyl complexes adapt a Pac-Man-like structure 

in which the endo-uranyl oxygen atom interacts with the two 

potassium atoms ultimately perturbing the U=O bond and 

therefore allowing the exo-uranyl oxygen to be selectively 

functionalized.7 This is demonstrated by Arnold and Love’s recent 

finding that binding the linear O=U=O molecule within a Schiff 

base pyrrole macrocycle with a hinged geometry.8 Ultimately, this 

structural adaptation produces an isolable pentavalent and 

monofunctionalized [O=U-OR]+ cation. 

Burdet et al. believe that the production of these pentavalent 

and monofunctionalized uranyl species will favor metal cation 

interactions and therefore lead to the formation of cation-cation 

complexes. This phenomenon is due to the fact that the U=O 

oxygens have a lower Lewis basicity, making them more prone to 

accept electrons. The endo-oxygen is able to coordinate to the 

cations, leaving the exo-oxygen open for functionalization. 

The preparation of stable pentavalent uranium compounds 

[UO2]
+ is a tedious process that involves careful consideration of 

both ligands and the media.4 Burdet et al. reported the synthesis 

and characterization of the first isolated stable pentavalent uranyl 

iodide, {[UO2Py5][KI2Py2]}n, (1).4 This crystalline polymer is a 

result of cation-cation interactions between pentavalent uranyl 

complexes, [UO2]
+, and potassium. When 1 reacts with two 

equivalents of Kdbm in pyridine to produce blue crystals of 

{[UO2(dbm)2]4[K6Py10]}·I2·Py2 (2). This complex contains four 

pentavalent uranyl complexes presented in Figure 2.4 

 
Figure 2. Top and side ORTEP representations of 

{[UO2(dbm)2]4[K6Py10]}·I2·Py2 (2). 

Another noteworthy synthesis of a pentavalent uranyl complex 

was that of Natrajan et al. who have recently formed the first 

pentavalent uranium silicate.9 Their synthesis of 1 is the first 

known reproducible synthetic route to a UO2
+ coordination 

complex (Figure 3).9 They also report the first structurally 

characterized dioxouranium(V). Their product was synthesized 

via the reduction of UI3·thf by water and a pyridine solution 

(PyNO). This reaction is done through a two-electron oxidation of 

UIII. The reaction of [UO2Pyx]I and 2PyHI in the presence of 

potassium iodide led to the reproducible isolation of 1, suggesting 

the pyridine stabilizes the UO2
+ species against 

disproportionation.9 

 

 
Figure 3. ORTEP representations, both top and bottom, of the uranyl 

complex {[UO2Py5][KI2Py2]}n (1). 

 

Both Burdet et al. and Natrajan et al. provide some precedence 

for the reduction and selective oxo silylation of the uranyl 

dication performed by Arnold et al. The creation of 1 allows 

chemists to comprehend the electronic structure of the pentavalent 

uranyl species.9 Uranium, in this complex, is a seven-coordinate 

species affording pentagonal bipyramidal coordination geometry. 

It is coordinated by two trans oxo ligands and five coplanar 

pyridine nitrogen as shown in Figure 3.9 It can be noted that the 

large negative charge from the U=O oxygens allows the molecule 

to form the cation-cation complexes and the fact that the iodide 

ion is not coordinated to the metal ion in 1 allows easier 

dissociation of the U-I bond due to the higher electron density of 

UV.9 

Though [UO2]
+ is usually prone to disproportionation, Arnold 

et al. has been able to form a cation-cation complex through the 

reaction of a mono-uranyl complex (3), FeI2, and KN(Si(CH3)3)2 

to afford a phenylsilyl-functionalized 

[UO(OSi(CH3)3)(thf)FeI2(L)], (4) as seen in Figure 4.2 In this 

reaction, the silylation occurs at the exo-uranyl oxygen atom via 

single electron transfer. It was concluded that the silyl group 

comes from the silylated base or from the by-product, disilazane.2 

Like previously stated, bond distance between the uranium and 

oxygen atoms provide verification that a pentavalent complex was 

formed. 



 

 
Figure 4. The formation of a cation-cation complex through a mono-

uranyl species (3), FeI2, and KN(Si(CH3)3)2 affords a phenylsilyl-

functionalized [UO(OSi(CH3)3)(thf)FeI2(L)], (4). 

 

The ability of this uranyl ion to undergo selective silylation 

stems from the use of a flexible ligand that allows the pentavalent 

complex to adapt a rigid scaffold-type geometry.7 The 

deprotonation of this macrocyclic ligand by the potassium base 

allows the endo-uranyl oxygen to coordinate to the two potassium 

cations.2 This ultimately weakens the U=O bond and allows the 

exo-uranyl oxygen atom to become reactive. The structure for the 

observed uranyl complexes are defined because of the existence 

of non-valence, core electrons.7 According to Boncella, the 

energies of electrons in uranium are distorted, due to its high 

atomic number (z = 92), causing non-valence 6p core electrons to 

be pushed into a high-energy orbital with a large radius.7 Because 

the non-valence electrons are pushed to a higher-energy orbital, 

they are able to interact with 5f electrons resulting in a set of 

hybrid orbitals. The weak interaction of these uranium f hybrid 

orbitals and the oxo ligands causes the two trans U=O bonds to 

strengthen.2 This is what is known as the inverse trans 

influence.10 When the bonding interaction that stabilizes the U=O 

bonds is perturbed, the uranyl ion allows for reduction and 

selective oxo group silylation.7 

Silylation of the exo-uranyl oxygen probes a new relationship 

between actinide and transition metal oxo chemistry.2 The 

formation of the oxygen-silicon bond seen in the pentavalent 

uranyl complex is similar to hydrogen atom abstraction reactions 

in which the strength of the oxidant-hydrogen atom bond is the 

main driving force.2  

As shown by the aforementioned authors, the formation of a 

stable pentavalent and monofunctionalized uranyl species is a 

difficult task due to the readily occurring disproportionation of the 

UO2
+. Placing the O=U=O species into a Pac-man-like ligand 

structure can allow for reduction of the uranyl dication to UV with 

stability lying within the cation-cation interaction. The 

coordination of the endo-uranyl oxygen to the cations causes an 

inverse trans influence and therefore makes the exo-uranyl 

oxygen a more reactive species that is easily functionalized 

through selective silylation. 

The ability to create a stable pentavalent and selectively 

silylated uranyl species will allow chemists to further investigate 

its structure and various chemical properties in hopes of finding a 

way to efficiently reduce the soluble uranyl dication to an 

insoluble reduced form. This investigation will be expanded to 

other radioactive actinides possessing similar properties, such as 

neptunyl(V) and plutonyl(V).5,6 Further research will hopefully 

lead to an effective way to remove nuclear waste from the 

environment. 
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Direct Observation and Quantification
of CO2 Binding Within an
Amine-Functionalized Nanoporous Solid
Ramanathan Vaidhyanathan,1* Simon S. Iremonger,1 George K. H. Shimizu,1*
Peter G. Boyd,2 Saman Alavi,2 Tom K. Woo2*

Understanding the molecular details of CO2-sorbent interactions is critical for the design of better
carbon-capture systems. Here we report crystallographic resolution of CO2 molecules and their
binding domains in a metal-organic framework functionalized with amine groups. Accompanying
computational studies that modeled the gas sorption isotherms, high heat of adsorption, and CO2

lattice positions showed high agreement on all three fronts. The modeling apportioned specific binding
interactions for each CO2 molecule, including substantial cooperative binding effects among the
guest molecules. The validation of the capacity of such simulations to accurately model molecular-scale
binding bodes well for the theory-aided development of amine-based CO2 sorbents. The analysis
shows that the combination of appropriate pore size, strongly interacting amine functional groups,
and the cooperative binding of CO2 guest molecules is responsible for the low-pressure binding and
large uptake of CO2 in this sorbent material.

The capture and storage of CO2 emitted
from industrial processes are global chal-
lenges. In many industrial processes, CO2

is present at low partial pressures among other
gases that ideally should be recycled. The currently
employed capture method involves alkanolamine-
based solvents that act as CO2 scrubbers (1, 2) by
chemisorptive formation of N-C bonded carbamate
species (bonding energies are typically 100kJmol−1).
Regeneration of the amine requires cleavage of
this covalent bond by heating (at 100° to 150°C)
to release CO2. Major drawbacks of this process
include the corrosive nature and volatility of the
amines, their occasional decomposition, and most
prominently, the high energy cost of their regen-
eration (1, 2). The challenge is thus to couple ef-
ficient CO2 capture with facile release in a sorbent
material.

Porous systems, including zeolitic/zeotypic ma-
terials (3, 4), mesoporous silica (5–8), porous
carbon (9), and, more recently, metal-organic
frameworks (MOFs) (10–19), have been inves-
tigated for CO2 storage. Merging the inherent
sorptive behavior of porous solids with less-basic
amines offers a route to the sort of easy-on/easy-off
materials described above. Less-basic amineswould
favor physisorption over chemisorption of CO2,
thus greatly reducing the energy of regeneration.
This prospect has prompted research on many
amine-functionalized solid materials that on the
whole demonstrates that amines can enhance CO2

uptake (5–8, 17–19). Despite this conclusion,
experimental insights at a molecular level on the
nature of the NH2···CO2 interaction are lacking
(20). For materials such as silica and carbon, a

combination of factors (lack of order, large voids,
flexible amine groups, and randomadsorption sites)
makes the study of individual sorptive interactions
virtually unfeasible. In contrast, the crystallinity of

MOFs enables diffraction experiments to study
structure at a molecular level. Beyond character-
ization of the framework, in exceptional cases,
x-ray or neutron diffraction can allow direct visu-
alization of gases within pores (21–27) to eluci-
date specific binding interactions and enable better
sorbent design. Locating gas molecules in a MOF
is challenging, but the systems typically display
strong confinement effects on the guest molecules
and/or specific sites of strong interaction (such as
baremetal sites) that can serve as excellent models
for understanding the interactions of gases in all
porous systems.

We previously noted (28) that the MOF
Zn2(Atz)2(ox) (1) (Atz, 3-amino-1,2,4-triazole;
ox, oxalate) showed CO2 uptake at low pressures
with an initial heat of adsorption (DHads) of ~40
kJ mol−1 (Fig. 1 and fig. S4). After manifesting
the expected trend of decreased DHads with in-
creased coverage, the material showed a subse-
quent increase in DHads, which remained over
35 kJ mol−1 during continuous gas exposure, sug-
gesting a cooperativity effect in the binding mech-
anism. Here we describe a detailed study, via a
combination of crystallographic and computa-
tional methods, of the nature of CO2 binding in 1.
In a crystal structure of 1 loaded with CO2 mol-
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Research and Innovation, University of Ottawa, Ottawa, K1N
6N5, Canada.
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Fig. 1. (A) Structure of the Zn-Atz layer in 1 (Zn, cyan; C, black; N, blue; H, not shown). (B) Three-
dimensional structure of 1, wherein the Zn-Atz layers are pillared by oxalate moieties (O, red) to form a
six-connected cubic network shown as green struts. (C) Adsorption isotherms for different gases carried
out using 1. The inset shows heat-of-adsorption data calculated with the CO2 isotherms measured at 273
and 293 K (fig. S5). The zero-loading heat of adsorption was calculated, using a model based on the virial
equation (figs. S6 and S7 and table S2), to be 40.8 T 0.8 kJ mol−1.
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ecules, the CO2 binding sites are readily identi-
fied, even from room temperature diffraction data.
The characteristics of CO2 uptake in 1, including
isotherm, heat of adsorption, and location of CO2

molecules, are modeled with high accuracy via a
combination of classical grand canonical Monte
Carlo (GCMC) simulations, molecular dynamics
(MD) simulations, and periodic density functional
theory (DFT) calculations. Thus, 1·(CO2)1.3 serves
to calibrate these methods for modeling gas sorp-
tion in MOFs. The modeling enables the par-
titioning of CO2 binding in 1 into components
based both on neighboring groups and the nature
of interaction (electrostatics/dispersion).

Single crystals of 1 were prepared via a pro-
cedure modified from that previously reported
(28), for the phases with hydrated and evacuated
pores (29). X-ray crystallography of evacuated
1 showed no electron density in the voids, thus
confirming the effectiveness of the activation pro-
cedure and the stability of the crystal. CO2was then
loaded into evacuated crystals of 1, and x-ray dif-
fraction experiments conducted at 123, 173, 195,
and 293 K all yielded refinable data. The CO2

molecules could be located within the pores in all
cases andwere ordered except at 293K, where the
disorder could be modeled. The 173-K data set
yielded the best refinement parameters [refinement
factor (R) = 2.7%, weighted R (Rw) = 6.5%] and
will be used for structural discussions.

The 173-K structure refinement gave a for-
mula of 1·(CO2)1.30, which agrees well with the
calculated loading of 1.35 CO2 from the adsorp-
tion isotherms at 840 mbar and 293 K (which are
comparable conditions to those of single-crystal

experiments). In the lattice Zn, aminotriazolate
layers are pillared by oxalate ions, with free amine
groups lining the pores (Fig. 1).

Within each pore, two independent CO2 bind-
ing sites were located: CO2-I [O(100)-C(100)-
O(101)] and CO2-II [O(200)-C(200)-O(201)] (Fig.
2 and fig. S1). CO2-I, near the free amine group,
was 80% occupied, and CO2-II, closer to the ox-
alates, was 50% occupied; in filled pores, neither
CO2 molecule showed positional disorder. CO2

could interact with an amine via N-H···O hydro-
gen bonding or via an interaction between the N
lone pair and the C atom of CO2. The H atoms of
the amine groups were readily located in the
x-ray structure of 1·(CO2)1.30, enabling direct vi-
sualization of the H-bonding. CO2-I was adjacent
to the amine, with its electropositive C atom
oriented toward the electronegative N atom
[C(d+)···N(d–) = 3.151(8) Å; the C-N of mono-
ethanolamine carbamate was modeled as 1.45 Å
(30) and factoring C and N van der Waal radii =
3.25 Å]. The bowing of the protons on the N
atoms (~21° from the mean triazole plane)
confirms that the lone pair is not delocalized into
the triazole ring (Fig. 2). Both O atoms of CO2-I
are within the range of longer H-bonds to the
amine [N4-H···O100 = 3.039(4), O101 = 3.226(9)
Å], with angles also corroborating very weak
interactions [∠ N-H···O: O100 = 97.486(1)°;
O101 = 95.822(1)°]. The C atom of CO2-I also
interacts with an oxalate O atom lining the pore
[C(d+)…O(d–) = 3.155(8) Å]. The amine under-
goes stronger H-bonding with oxalate O atoms
[N4-H···O2 = 2.888(7), O4 = 2.122(2) Å, ∠ N-
H···O = 154.718(1)° and 137.843(1)°, respectively].

CO2-II was located between oxalate groups along
the b axis. The O(d–) of CO2-II interacts with the
C(d+) of the oxalate [O(d–)(CO2)…C(d+)(Ox) =
2.961(5) Å]. In contrast to CO2-I, CO2-II interacts
with a proximal amine via only a single H-bond
[(N8-H···O200 = 2.783(8),∠N-H···O = 101.953(1)°].
There is an interaction between CO2 molecules
as one O atom of CO2-I forms a contact with
the C of CO2-II [(C(d+)…O(d–) = 3.023(7) Å,
C200···O100]. This CO2-CO2 interaction is high-
ly relevant because it is most likely the origin of
the observed increasing DHads with loading.

Regarding the geometries of the CO2 mole-
cules, both appear, with sizeable uncertainties,
slightly bent [∠O-C-O: CO2-I, 175.72(1.01)°;
CO2-II, 177.15(1.66)°]. Given that a 3s range of
angles approaches or includes linearity and the
fact that neither chemical intuition nor themodeling
studies support a nonlinear structure, the apparent
bend of the CO2 molecules probably arises from
their positional distributions rather than any true
distortion in bonding. The C-O bond lengths
[CO2-I: 1.137(8), 1.079(9) Å; CO2-II: 1.141(13),
1.125(13) Å] were slightly shorter than reported
[1.155(1) Å] in a 150-K/ambient pressure structure
of pure CO2 (31). Variable-temperature x-ray crys-
tallography showed that although the CO2 bond
lengths and angles varied slightly with temperature,
their occupancies and orientations did not appre-
ciably change (table S1). A decrease in total gas
uptake would be expected with increasing tem-
perature; however, for 1, this did not change be-
tween 195 and 273 K. This observation, coupled
with the order of the gasmolecules, reinforces the
fact that the collective interactions are highly
favorable for CO2 binding. Insight regarding the
specific interactions was gained through compu-
tational modeling.

To investigate the nature of theCO2 interactions
with 1 and the cooperative guest-guest binding
effects, we used a combination of dispersion-
corrected (32) periodic DFT calculations and clas-
sical GCMC simulations andMD simulations (33),
in which the partial charge parameters were derived
from the periodic DFTcalculations bymeans of the
REPEAT method (34). Figure 3A displays the ex-
cellent agreement between the experimental and
GCMC-simulated CO2 adsorption isotherms of
1 at 273 K. The parameters associated with the
CO2-1 intermolecular potential were not adjusted to
obtain this quality of fit. Figure 3B shows a center-
of-mass probability density plot from a GCMC
simulation of 1 (at 850 mbar and 273 K), where
darker regions reveal a greater probability of finding
CO2.Even at 273K, binding sites arewell localized,
and the symmetry of the probability clouds sug-
gests two distinct binding sites, corroborating the
crystallography. To compare the CO2 binding sites
determined computationally and crystallographically,
the experimental CO2 positions are superimposed
on three-dimensional isosurfaces of the probabilities
for C andO in Fig. 3C. The remarkable agreement
between the simulated and experimental CO2 po-
sitions suggests that GCMC simulations that are
often used to study gas adsorption inMOFs (33, 35)

Fig. 2. X-ray structure of
CO2 binding in 1·(CO2)1.3 at
173 K. (A) The role of the
amine group of Atz in binding
CO2-I is depicted. TheH atoms
of the amine group (located
crystallographically) H-bond
to oxalate O atoms, directing
the N lone pair toward the
C(d+) atom of the CO2 mole-
cule. H-bond distances shown
are for H-acceptor interactions.
(B) Both crystallographically
independent CO2 molecules
are shown trapped in a pore,
showing the cooperative in-
teraction between CO2-I and
CO2-II molecules. The CO2…
NH2 interaction is represented
as a dotted purple bond, and
the CO2…CO2 interaction is
indicated as a dotted yellow
bond. (C) This panel shows
the other interactions present.
The CO2-I…Ox interactions
are shown in orange, and the
CO2…NH2 hydrogen bond in-
teractions are shown in green.
For clarity, H atoms are shown
in purple.
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not only reproduce adsorption isotherms but can
also accurately reproduce specific binding sites.

The nature of the CO2 binding was further
studied with dispersion-corrected periodic DFT
calculations. With all 16 binding sites in the unit
cell occupied, the resulting fully optimized ge-
ometry is in excellent agreement with the x-ray
structure, including the relevant CO2-amine and
CO2-oxalate distances (fig. S8). The exception to
this was the geometries of both CO2 molecules,
which, unlike their geometry in the x-ray anal-
ysis, were optimized to linear configurations, re-
vealing that there is minimal geometric distortion
from interaction with the framework. Radial dis-
tribution plots extracted from the GCMC sim-
ulations are also in agreement with the geometric
parameters determined by crystallography (fig.

S10). Although specific binding sites were located
experimentally, the CO2 binding is expected to be
dynamic in nature. This prospect has been in-
vestigated via classical MD simulations, which
show that, in a 1.4-ns time span, the CO2 mole-
cule can hop between several of the binding sites
I and II (Fig. 3D).

The CO2 binding energies were calculated at
various occupancies at the DFT level (29). When
1 is empty, CO2-I has a binding energy of 39.6 kJ
mol−1, which is in good agreement with the
experimental zero-loading DHads (40.8 T 0.8 kJ
mol−1). We see a strong cooperative enhance-
ment of CO2 binding that increases with loading.
Specifically, the binding energy of CO2-II in-
creases by 4.6 kJ mol−1 to 37.0 kJ mol−1 when an
adjacent site I is occupied. When 1 is fully oc-

cupied less one binding site, the binding energy
for CO2-II increases to 38.1 kJ mol−1, whereas
that of CO2-I is 44.2 kJ mol−1. Further insight
into the nature of the CO2 binding can be gained
by partitioning the total binding energy. This
analysis reveals that 82% of the binding energy
of site I is due to dispersion, whereas 18% results
from electrostatics (29). This contrasts with site
II, where the binding energy is almost entirely
(99%) due to dispersion interactions.

The cooperative binding in 1 can be attributed
to a combination of dispersion and electrostatic
interactions between CO2 molecules, which can
be quantified by using DFT to evaluate the
interaction energy between twoCO2molecules at
sites I and II in a vacuum (29). This calculation
gives a CO2-CO2 interaction energy of 3.9 kJ
mol−1, which accounts for most of the observed
4.6–kJ mol−1 binding enhancement. Of the 3.9–
kJ mol−1 interaction between CO2 molecules,
66% can be attributed to dispersion and 34% can
be assigned to electrostatics. The same analysis,
with the MOF fully loaded, attributes 61% of the
interaction to dispersion and 39% to electrostatics,
suggesting similar cooperativity at higher loadings.

Several key insights obtained from the de-
tailed analysis of the binding interactions in 1 have
implications for the design of future materials used
for the physisorption of CO2. The relatively high
binding energies observed in the material are dom-
inated by dispersion interactions. Because CO2

has a substantial quadrupole moment, there is op-
portunity to further increase the binding energies
through appropriately designed binding sites that
maximize the electrostatic interactions with CO2.
The importance of the cooperative guest binding to
the uptake of CO2 in 1 is another key insight. In
particular, the proper mutual orientation and high
density of binding sites can be used as a strategy to
increase CO2 binding energies. Further, we believe
that these strategies can be incorporated into mate-
rials with larger pores, in order to increase the
overall CO2 uptake capacity and binding energies,
thereby improving the uptake properties in the im-
portant low–partial-pressure regime. In the broadest
sense, via detailed modeling, this study lays the
groundwork for the design of easy-on/easy-off
physisorptive materials for CO2 capture, designed
from the characteristics of the guest molecules out-
ward rather than from the host framework inward.
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The Occurrence and Mass
Distribution of Close-in Super-Earths,
Neptunes, and Jupiters
Andrew W. Howard,1,2* Geoffrey W. Marcy,1 John Asher Johnson,3
Debra A. Fischer,4 Jason T. Wright,5 Howard Isaacson,1 Jeff A. Valenti,6
Jay Anderson,6 Doug N. C. Lin,7,8 Shigeru Ida9

The questions of how planets form and how common Earth-like planets are can be addressed
by measuring the distribution of exoplanet masses and orbital periods. We report the occurrence
rate of close-in planets (with orbital periods less than 50 days), based on precise Doppler
measurements of 166 Sun-like stars. We measured increasing planet occurrence with decreasing
planet mass (M). Extrapolation of a power-law mass distribution fitted to our measurements,
df/dlogM = 0.39 M−0.48, predicts that 23% of stars harbor a close-in Earth-mass planet (ranging
from 0.5 to 2.0 Earth masses). Theoretical models of planet formation predict a deficit of planets
in the domain from 5 to 30 Earth masses and with orbital periods less than 50 days. This region of
parameter space is in fact well populated, implying that such models need substantial revision.

The architecture of our solar system, with
small rocky planets orbiting close to the
Sun and gas-liquid giant planets farther

out, provides key properties that inform theories
of planet formation and evolution. As more plan-

etary systems are discovered, the planet occur-
rence fractions and distributions of mass and
orbital distance similarly shape our understanding
of how planets form, interact, and evolve. Such
properties can be measured using precise Doppler
measurements of the host stars that interact gravi-
tationally with their planets. These measurements
reveal the planetary orbits and minimum masses
(M sini, due to unknown orbital inclinations i).

In the core-accretion theory of planet forma-
tion, planets are built from the collisions and
sticking together of rock-ice planetesimals, grow-
ing to Earth size and beyond, followed by the
gravitational accretion of hydrogen and helium
gas. This process has been simulated numeri-
cally (1–4), predicting the occurrence of planets
in a two-parameter space defined by their masses
and orbital periods (P). These simulations pre-
dict that there should be a paucity of planets, a
“planet desert” (3), in the mass range from ~1

to 30 Earth masses (MEarth) orbiting inside of
~1 astronomical unit (AU), depending on the
exact treatment of inward planet migration.

We used precise Doppler measurements of
a well-defined sample of nearby stars to detect
planets having masses of 3 to 1000 MEarth or-
biting within the inner 0.25 AU. The 235 main-
sequence G-, K-, and M-type dwarf stars in
our NASA–University of California Eta-Earth
Survey were selected from the Hipparcos cat-
alog on the basis of brightness (V < 11), distance
(<25 pc), luminosity (MV > 3.0), low chromo-
spheric activity (logR′HK < −4.7), lack of stellar
companions, and observability from Keck Obser-
vatory. The resulting set of stars is nearly free of
selection bias; in particular, stars were neither
included nor excluded based on their likelihood
to harbor a planet. [The stars and planets are listed
in the supporting online material (SOM).] Here
we focus on the 166 G- and K-type stars, with
masses of 0.54 to 1.28 solar masses and B − V <
1.4. We analyzed previously announced planets,
new candidate planets, and nondetections on a
star-by-star basis to measure close-in planet oc-
currence as a function of planet mass.

We measured at least 20 radial velocities
(RVs) for each star, achieving 1 m s−1 precision
(5) with the HIRES echelle spectrometer (6) at
Keck Observatory. To achieve sensitivity on time
scales ranging from years to days, the observa-
tions of each star were spread over 5 years, with
at least one cluster of 6 to 12 observations in a
12-night span. Stars with candidate planets were
observed intensively, leading to several discov-
eries (5, 7, 8). In total, 33 planets (Fig. 1) have
been detected around 22 stars in our sample
(5, 7, 9–22), some of which were discovered by
other groups. Sixteen of these planets have P <
50 days. Our analysis also includes five can-
didate low-mass planets from the Eta-Earth
Survey with P < 50 days and false alarm prob-
abilities (5) of <5%.
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Introduction to metal-organic frameworks and the application on adsorption of CO2 
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ABSTRACT Different methods of adsorption of CO2 are 

reviewed. By comparison, functionalized metal-organic 

frameworks merge the inherent physisorption of porous 

solids with the chemical sorption of weak bases, showing 

advantages of less energy cost and higher uptake of CO2. 

Detailed discussion focuses on the choices of metal ions 

and organic ligands for synthesis of metal-organic 

frameworks. Also, incorporating experimental work with 

computational analysis reveal the specific binding 

interaction between guest molecules and the amine groups 

of the metal-organic frameworks, which can provide useful 

direction for the design of more efficient and selective 

functional metal-organic frameworks. 

Carbon dioxide is a kind of gas that is often produced during 

the industrial processes. However, direct emissions of CO2 into 

the atmosphere may cause green house effect that is responsible 

for change to warmth of the global climate. Therefore, separation 

of low partial pressures CO2 from other gases would be highly 

attractive for the purpose of ameliorating anthropogenic climate 

change.  

Several methods have been developed to capture CO2 among 

other gases and regenerate it later. Acids can react with bases, 

based on this simple principle, technology for gas desulfurization 

by using lime or limestone slurry has been developed. 1 Similarly, 

aqueous amine solutions can be used for CO2 absorption. 2 There 

are several mechanisms about this reaction; one general accepted 

mechanism shows as in the Scheme 1. 

Scheme 1. Mechnism of CO2 absorption by aqueous amine solution 

 

 

 

 

 

 

 

This is a termolecular concerted mechanism. The lone pair 

electrons on the nitrogen atom, serving as nucleophilic reagent, 

attack the electrophilic CO2. Simultaneously, proton transfers 

from the amino nitrogen atom to a nearby base molecule. The 

base can be water or another amine. The reasonableness of this 

mechanism has been proved by quantum chemical calculations. 

Calculations show that direct reaction of monoethanolamine and 

CO2 without addition base has a quite high barrier for changing 

from ground state to transition state with the activation energy 

about 170kJ/mol. 3 On the other hand, if termolecular reaction is 

considered, which regards a water molecule will serve as 

additional base, the activation energy will lower to 108kJ/mol. 

The decrease in activation energy shows that it is reasonable to 

think that carbamate acid molecule is formed from one CO2 

molecule and one amine molecule with one water molecule or 

another amine molecule acting as catalyst.  

Although widely used, this method has a major drawback. 

Releasing of CO2 from the carbamate acid requires the cleavage 

of C-N bond that has bonding energy about 100kJ/mol, 4 which 

means that regeneration of CO2 by this method is a high energy 

cost process. Besides, in the gas-liquid systems, a low 

concentration of amines present in the aqueous solution, causing 

corrosion problem.  

An alternative method to separate CO2 is the use of solid 

sorbents. Adsorption and separation of CO2 over a range of 

porous solid adsorbents have been well studied. Common physical 

absorbents, including activated carbons 5-6 and zeolites, 7-9 process 

relatively high CO2 adsorption capacities; however, they decline 

rapidly with increasing temperature. Solid chemical adsorbents, 

including hydrotalcite 10 and various basic metal oxides 11 can 

adsorb CO2 at high temperatures; however, they suffered from 

either low CO2 capacities or severe energy cost due to the high 

desorption temperatures.  

Another kind of promising solid sorbent is metal-organic 

frameworks, which is a new development on the interface 

between molecular coordination chemistry and materials science. 

They are composed of two major components: metal ions and 

organic molecules called linkers. The organic units are typically 

mono-, di-, tri-, or tetravalent ligands. Different combinations of 

metal ions and organic molecules can have different effects on the 

structure and properties of the metal-organic frameworks. 

Dictating how many ligands can bind to the metal ions and in 

which orientation can give some information of the metal’s 

coordination preference, which affects the size and shape of pores 

a lot.  

In order to make metal-organic frameworks, in principle, it is 

only necessary to react a potentially bridging ligand with a metal 

ion which has more than one vacant site. 12 However, for the 

purpose of characterization, it is only applicable to investigate 

several specific kinds of metal-ligand combination. Crystal 

structure of metal-organic frameworks is quite important to 

interpret their observed properties. Two kinds of structure can 

arise, either infinite extended polymetric or discrete closed 

oligometrc structures. The most detailed structural information 

will be gained from single crystal X-ray crystallography. 

Therefore, it is quite difficult to investigate structure of 

amorphous solid phases. To avoid an amorphous product, 

complexes that are used should be labile. From inorganic lecture, 

we know that complexes that can react very rapidly are called 

labile. One criterion for lability is that a reaction has half-life of 

one minute or less. Complexes that are labile usually have low 
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activation energy, which means that bond formation is rapidly 

reversible, so the initial formed kinetic products, which may be 

mixtures, have the opportunity to rearrange and give a single 

thermodynamically favored product. Usually, labile metal ions 

include Cu+, Cu2+, Ag+, Cd2+, Zn2+, Co2+ and Ni2+. Although there 

are exceptions, general rules can be given for the labile electronic 

structures. Labile complexes are generally those with low ligand 

field stabilization energies, including d1, d2, high-spin d4, high-

spin d5, high-spin d6, d7, d9, d10. 

Ligand types also need to be considered for the formation of 

ordered crystal structures. If a ligand has a number of possible 

conformations, the geometry of the frameworks will be hard to 

predict. A good way is to use rigid ligands that can reduce the 

orientation freedom of the ligand lone pairs, such as the following 

ligands.  

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Figure 1  Examples of rigid ligands used in the synthesis of metal-

organic frameworks 

 

Large pore metal-organic frameworks are quite effective for 

storing high capacities of the gas, usually at higher pressures. 

When the pressure is low, the effectiveness of the adsorption goes 

down. Also, the selection of adsorption is poor based on pore size 

only. One method to improve this is to chemically functionate the 

pores of the metal-organic frameworks with groups capable of 

interacting strongly with the guest molecules. Since amine groups 

can react easily with CO2 gas molecules, using amine-derivative 

metal-organic frameworks to adsorb CO2 gas molecules have 

been investigated. 13 However, details on the interaction between 

functional amine groups and CO2 are still lacking both on 

experimental level. In this article, 4 porous Zn-aminotriazolato-

oxalate compound, with a formula Zn2(C2O4)(C2N4H3)2 is used as 

the adsorbent. Diffraction experiments have been conducted to 

study the specific binding interactions between guest molecules 

and the metal-organic frameworks. Direct visualization of gases 

molecules within pores by the diffraction experiments, combining 

with computational modeling, makes the molecular details of 

CO2-sorbent interactions understandable. Cooperative binding of 

CO2 guest molecules has been proved by both experimental 

method and computational method. This is a key factor to 

influence the uptake of CO2. The meaning of this work is that 

with the foundational understanding of the binding between guest 

molecules and adsorbent, the theory-aided design of future metal-

organic frameworks that have low-pressure binding and large 

uptake of CO2 is possible.  

Details study of the nature of CO2 binding in Zn- 

aminotriazolato-oxalate compound can be obtained via a 

combination of experimental and computational methods.  

 X-ray crystallography of evacuated metal-organic frameworks 

shows no electron density in the voids, confirming the stability of 

the crystal. After loading into CO2, X-ray diffraction experiments 

shows that the CO2 molecules could be located within the pores. 

More detailed information about the location of CO2 within the 

pores can also be obtained. Typically, the metal-organic 

frameworks display strong confinement effects on the CO2, so it is 

possible to localize these gases molecules in the pores. 

Calculations based on this method shows a formula of 

Zn2(C2O4)(C2N4H3)2.(CO2)1.30. 

Via thermodynamics experiments, adsorption isotherms for 

different gases by Zn2(C2O4)(C2N4H3)2 are obtained, which shows 

the fact that Zn2(C2O4)(C2N4H3)2 can capture CO2 selectively by 

comparison with other kinds of gases. Calculations based on these 

thermodynamic data show the formula of 

Zn2(C2O4)(C2N4H3)2.(CO2)1.35, which agrees well with the one 

obtains from the crystallography. 

One important phenomena that is observed within 

Zn2(C2O4)(C2N4H3)2 is the cooperativity effect in the binding of 

CO2. Zn2(C2O4)(C2N4H3)2 showed CO2 uptake at low pressures 

with an initial heat of adsorption of 40kJ/mol. With the 

increasement of pressure of the CO2, the heat of adsorption of the 

material decreased. However, continuity of the exposure showed 

an increasement of the heat of adsorption. Another example of 

cooperativity effect of CO2 binding is that with increasing 

temperature, there would be expected to observe a decrease of the 

uptake of the gas. However, experiments conducting at 

temperature between 195 and 273K show that there is little 

change of the amount of uptake. To illustrate these facts, a 

combination of crystallographic and computational methods has 

been used. Study shows that within each pore, there are two 

independent CO2 binding sites. One can show as CO2-I, which 

locates near the free amine group; another can show as CO2-II, 

which locates closer to the oxalates. There are two ways of 

interaction between CO2 and amine. One is that CO2 interacts 

with an amine via N-H...O hydrogen bonding; another one is the 

interaction between the N lone pair and the C atom of CO2. 

Besides these, there is an interaction between two neighboring 

CO2 molecules. One O atom of CO2-I can form a contact with the 

C atom of CO2-II, which accounts for the cooperative effect.  

Details investigation of cooperative binding in 

Zn2(C2O4)(C2N4H3)2  by DFT shows that the nature of interaction 

between two neighboring CO2 molecules should include two 

kinds of interaction: dispersion and electrostatic interactions. 

Calculation shows that the interaction energy of CO2-CO2 is 

3.9kJ/mol, which is in accordance with the observed 4.6kJ/mol. 

Among the interaction energy, 66% is derived from dispersion 

and 34% is derived from the electrostatics.  

These carefully and complicatedly calculations provide a key 

insight to fully understand the binding interactions between CO2 

and the metal organic framework, which can give a guidance for 

the future design of the materials for CO2 adsorption. Studies 

show that three main factors, including appropriate pore size, 
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interaction between amine functional groups and guest molecules , 

and the cooperative binding of CO2 guest molecules, are 

responsible for the low-pressure binding and large uptake of CO2 

within the Zn2(C2O4)(C2N4H3)2 frameworks. One aspect of the 

future research on this topic should focus on the enhancement of 

the cooperativity of guest molecules. To enhance the cooperative 

effect, either dispersion interactions or electrostatic interactions 

should be strengthened. Since CO2 has a substantial quadrupole 

moment, it is possible to increase the electrostatic interactions 

between two neighboring CO2 molecules by improve the binding 

sites. Also, metal-organic frameworks with larger pores should be 

investigated more in order to discover materials with higher CO2 

uptake capacity and more selective on CO2 during low partial 

pressure.  
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A Fast Soluble Carbon-Free Molecular
Water Oxidation Catalyst Based on
Abundant Metals
Qiushi Yin,1 Jeffrey Miles Tan,1 Claire Besson,1,2 Yurii V. Geletii,1 Djamaladdin G. Musaev,1
Aleksey E. Kuznetsov,1 Zhen Luo,1 Ken I. Hardcastle,1 Craig L. Hill1*

Traditional homogeneous water oxidation catalysts are plagued by instability under the
reaction conditions. We report that the complex [Co4(H2O)2(PW9O34)2]

10–, comprising a Co4O4

core stabilized by oxidatively resistant polytungstate ligands, is a hydrolytically and oxidatively
stable homogeneous water oxidation catalyst that self-assembles in water from salts of
earth-abundant elements (Co, W, and P). With [Ru(bpy)3]

3+ (bpy is 2,2′-bipyridine) as the oxidant,
we observe catalytic turnover frequencies for O2 production ≥5 s−1 at pH = 8. The rate’s pH
sensitivity reflects the pH dependence of the four-electron O2-H2O couple. Extensive spectroscopic,
electrochemical, and inhibition studies firmly indicate that [Co4(H2O)2(PW9O34)2]

10– is stable
under catalytic turnover conditions: Neither hydrated cobalt ions nor cobalt hydroxide/oxide
particles form in situ.

Producing renewable clean energy has be-
come one of the most profound chal-
lenges of the 21st century (1). Most of the

world’s current energy supplies come from
sunlight converted to chemical energy by plant
photosynthesis. A central thrust of the current
energy research focuses on artificial photo-
synthesis (2, 3). Despite the intense global
efforts to develop viable abiological water
splitting systems, breakthroughs are needed
in selectivity, speed, and stability of all three
operational units: the sensitizer for light ab-
sorption and catalysts for water reduction and
oxidation. Developing a viable water oxida-
tion catalyst (WOC) has proven particularly
challenging (4). An effective WOC must be
fast; capable of water oxidation at a potential

minimally above the thermodynamic value
(H2O → O2 + 4H+ + 4e–; 1.229 – 0.059 × pH
at 25°C); and, critically, stable to air, water,
and heat (oxidative, hydrolytic, and thermal
stability). There are many research groups
working on heterogeneous and homogeneous
WOCs. Heterogeneous WOCs generally have
the advantages of low cost, ease of interface
with electrode systems, and, critically, oxidative
stability; but they are harder to study and thus
optimize than homogeneous catalysts, and
they tend to deactivate by surface poisoning or
aggregation (5–9). Recently, Kanan and Nocera
reported a robust heterogeneous WOC based
on earth-abundant cobalt and phosphate (8),
after earlier work by Creutz and Sutin (10), and
demonstrated self-assembly under turnover
conditions, a key to self-repair (11). More re-
cently, the groups of Mallouk (9) and Frei (12)
reported high catalytic water oxidation rates
by using colloidal IrO2•nH2O particles and
Co3O4 (spinel) particles, respectively. In con-
trast, homogeneous WOCs are more amenable

to spectroscopic, crystallographic, physicochem-
ical, and computational investigation and thus
more readily optimized. In addition, each in-
dividual molecule of a homogeneous catalyst
is, in principle, capable of doing chemistry (a
cost issue when precious metals such as Ru
are involved). However, nearly all homoge-
neous catalysts contain organic ligands that
are thermodynamically unstable with respect
to oxidative degradation. As a result, all ho-
mogenous WOCs with organic ligands reported
to date are oxidatively deactivated (13–23). A

1Department of Chemistry, Emory University, Atlanta, GA
30322, USA. 2Institut Parisien de Chimie Moléculaire, UMR
CNRS 7201, Université Pierre et Marie Curie Univ. Paris 06,
Case 42, 4 place Jussieu, 75005 Paris, France.

*To whom correspondence should be addressed. E-mail:
chill@emory.edu

Fig. 1. X-ray structure of Na10-1 in combined
polyhedral ([PW9O34] ligands) and ball-and-stick
(Co4O16 core) notation. Co atoms are purple;
O/OH2(terminal), red; PO4, orange tetrahedra; and
WO6, gray octahedra. Hydrogen atoms, water
molecules, and sodium cations are omitted for clarity.
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general goal is to realize WOCs that have the
stability, durability, and accessibility of hetero-
geneous metal oxide catalysts with the activity,
selectivity, and tunability of homogeneous cat-
alysts. To this end, a homogeneous polyoxomet-
alate (POM) WOC with oxidatively resistant
polytungstate units multiply ligating a Ru4O4 core
was recently reported (24–26). This WOC is as
fast as reported homogeneous catalysts contain-
ing organic ligands, but Ru is neither abundant
nor inexpensive and thus very likely prohibitive
for use on a realistic scale. Therefore, discovery
of a stable and fast homogenous WOC, without
organic ligands, based on earth-abundant elements
would be highly useful.

We report here a homogeneous catalyst, B-type
[Co4(H2O)2(a-PW9O34)2]

10– (1), that is free of
carbon-based ligands (Fig. 1). It is easily pre-
pared from readily available salts and oxides of
earth-abundant elements (Co, W, and P). To
explore POM-stabilized multi–Co-oxide clus-
ters as WOCs, we used the relatively strong
and stable stoichiometric oxidant, tris(2,2′-
bipyridyl)triperchlororuthenium(III), (henceforth
[Ru(bpy)3]

3+; Eq. 1). The oxygen yield was moni-

tored with gas chromatography by withdrawing
gas samples from the reaction vessel headspace
(24, 27).

4½RuðbpyÞ3�3þ þ 2 H2O →
WOC

4 ½RuðbpyÞ3�2þ þ 4 Hþ þ O2 ð1Þ

We examined eight cobalt-containing POMs
as WOCs (Table 1). Only [Co4(H2O)2(a-
PW9O34)2]

10– (1) was active. Cyclic voltammet-
ry of 1 mM 1 shows a large catalytic current
with a low overpotential for the water oxida-
tion (Fig. 2A). This characteristic feature is not
observed for complexes 2 through 8. Close
examination of the studied complexes reveals
that all cobalt-containing POMs have different
cobalt-core structures than 1, with the excep-
tion of [Co4(H2O)2(P2W15O56)2]

16– (2) (fig. S11).
However, 2 was synthesized and crystallized
at a much lower pH than 1 and is also known to
be unstable under our catalytic conditions (pH =
7.5 to 8.0) (28). The total yield of oxygen is
always less than 100% based on oxidant be-
cause of competing bipyridyl ligand oxidation

(10). A first-order hyperbolic fit of the O2 yield
to the concentration of 1 is consistent with this
description (fig. S1).

The turnover frequency (TOF) for 1 (Eq. 1)
at pH = 8 was >5 s−1, which compares well to
the 0.9 s−1 observed for the [Cp*(Cl)Ir(ppy)]
(where Cp* is 1,2,3,4,5-pentamethylcyclo-
pentadiene and ppy is 2-phenylpyridine) WOC
recently reported by Brudvig, Crabtree, and co-
workers (22). The rate of water oxidation cata-
lyzed by 1 is highly sensitive to pH. Increasing
pH from the initial value of 7.5 to 8.0 (sodium
phosphate buffer, NaPi) decreased the reaction
time from 270 s to 90 s (respective final pH
values after reaction are 7.3 and 7.5). The
reaction was faster still in a solution with a
higher buffer capacity at pH = 8.0 (a mixture of
30 mM NaPi and 30 mM sodium borate buffer;
final pH>7.9).With 1.2 × 10−4mM 1 and 2.4mM
[Ru(bpy)3]

3+, we obtained a turnover number
(TON, nO2/ncatalyst) ~ 103 in under 3 min. Accord-
ingly, the apparent TON also increases sharply at
higher pH because of the faster rate of water
oxidation. TON is limited by the concentration of
the [Ru(bpy)3]

3+, which, in turn, is limited by the
formation of an insoluble adduct between 1 and
[Ru(bpy)3]

3+/2+.
As noted above, the cobalt-containing POM,

1, is undemanding to synthesize. We prepared it
in over 35% yield in a one-pot equilibration
synthesis, as first reported by Weakley et al.,
that entailed simply heating Co2+, phosphate,
and tungstate in a 2:1:9 ratio in water at reflux
(29). This synthesis of 1 defines a mechanism
for self-repair, a strategy used in our previous
work (11) and in the recent work by Kanan and
Nocera on their heterogeneous cobalt phosphate
catalyst (8). Homogeneous catalysts like 1 use
discrete molecules in solution for turnover as
opposed to only select sites on the surface of
most heterogeneous catalysts. This is a likely

Table 1. Catalytic water oxidation by soluble POM systems. Reactions were run in 30 mM NaPi buffer,
initial pH = 8.0, 1.5 mM [Ru(bpy)3](ClO4)3, and ambient temperature. bpy is 2,2′-bipyridine, and O2
yield =

4nO2
nRuðbpyÞ3

· 100.

Complex Complex
concentration (mM)

bpy
(mM) TON O2 yield

(%)

[Co4(H2O)2(PW9O34)2]
10– (1) 0.0032 0.06 75 64

[Co4(H2O)2(P2W15O56)2]
10– (2) 0.0064 0.06 0 0

[Co(H2O)PW11O39]
5– (3) 0.0064 0.06 0 0

[Co(H2O)SiW11O39]
6– (4) 0.0064 0.06 0 0

[Co3(H2O)3(PW9O34)2]
12– (5) 0.0064 0.06 0 0

[Co3(H2O)3SiW9O37]
10– (6) 0.0064 0.06 0 0

[WCo3(H2O)2(CoW9O34)2]
12– (7) 0.0064 0.06 0 0

[Co7(H2O)2(OH)2P2W25O94]
16– (8) 0.0064 0.06 0 0

Fig. 2. (A) Cyclic voltammogram (CV) of 50 mM sodium phosphate solution
at pH = 8 without 1 (black) and with 1 mM 1 (red). (B) CV of aqueous 0.857
mM [Ru(bpy)3]

2+ alone (red), 3.2 mM 1 alone (black), 0.857 mM [Ru(bpy)3]
2+

combined with 3.2 mM 1 (green) or 1.6 mM 1 (yellow), and a postreaction
solution in which initially dissolved 0.857 mM [Ru(bpy)3]

3+ was reduced
through water oxidation catalyzed by 3.2 mM 1 (blue). The series of CVs for

0 mM 1 (red), 1.6 mM 1 (yellow), and 3.2 mM 1 (green) added to 0.857 mM
[Ru(bpy)3]

2+ shows increasing anodic current and decreasing cathodic cur-
rent, demonstrating the correlation between increasing catalytic current and
the concentration of 1. Conditions are as follows: 60 mM NaPi, pH = 8, scan
rate 25 mV s–1; potentials measured and reported versus an Ag/AgCl reference
electrode.
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factor in a far higher observed efficiency of cata-
lytic water oxidation per cobalt atom in the case
of 1 relative to the heterogeneous cobalt phos-
phate catalyst.

Aqueous cobalt ions and cobalt hydroxide/
oxides that form in situ from the former are both
known to be WOCs (6, 8, 10). Thus, we now
describe seven lines of experimental evidence
that 1 is a stable molecular WOC under turnover
conditions and does not form either aqueous
cobalt ions or cobalt hydroxide/oxide. The first
two arguments are that no changes are observed
in either the ultraviolet and visible absorption
(UV-Vis) or the 31P nuclear magnetic resonance
(NMR) spectra of a solution of 1 at pH = 8 (the
pH in the catalytic experiments) over a 1-month
period (figs. S3 and S4C). UV-Vis and 31P NMR
spectra also both establish that 1 is stable for at
least 1daywithin thepHrangeof3.5 to9 (fig. S4).

The third experimental probe of the stability
of 1 involved selective catalyst poisoning ex-
periments using 2,2′-bipyridine (bpy) as an
inhibitor (fig. S2). Bpy reacts with Co(aq)2+ to
form [Co(bpy)3]

2+ (30), inhibiting all water
oxidation activity. In contrast, the addition of
the same molar excess of bpy to solutions of
1 has a relatively minor effect on the apparent
water oxidation activity (Table 2). The observed
slight decrease in activity can be attributed to
bpy competitively coordinating to the cobalt
core of 1 or the irreversible oxidative degrada-
tion of bpy, which is proportional to the bpy
concentration. Similarly, aging 1 under reaction
conditions for 3 days had no effect on its cata-
lytic water oxidation activity (Table 2), whereas
aging Co(NO3)2 under the same conditions for 3
days substantially decreased its catalytic activity.
This observation tracks with well-known cobalt
hydroxide/oxide formation above neutral pH

(31), decreasing the effective surface area and
catalytic activity. In addition, at pH = 6.2, no
water oxidation was observed for reactions
catalyzed by 1, whereas Co(NO3)2 was still
capable of catalyzing a small extent of water
oxidation (Table 2). These results are consistent
with 1 being the catalytically active species and
its polydentate polytungstate ligands preventing
formation of cobalt hydroxide/oxide particles.

For our fourth probe of the stability of 1, we
characterized the postreaction solution contain-
ing 1 by using 31P NMR despite the low solu-
bility of 1 in the presence of excess [Ru(bpy)3]

2+.
When [1] = 0.015 mM, as few as 40 equiva-
lents of [Ru(bpy)3]

3+/2+ (corresponding to a TON
of eight to nine) made the postreaction solu-
tion supersaturated, as indicated by the for-
mation of a light yellow precipitate that forms
in minutes to hours. To prevent precipitation,
we removed [Ru(bpy)3]

2+ from the postreac-
tion solution by adding NaBPh4 and removing
solid [Ru(bpy)3][BPh4]2 by filtration. In the
31P NMR spectrum of this solution, 1 [1850 parts
per million, full width at half maximum (Dn1/2) =
600 Hz] was the only species detected besides
the free phosphate originating from the buffer
solution, indicating that 1 remains intact under
catalytic water oxidation conditions (fig. S5).

The fifth and sixth experimental probes of the
stability of 1 involved IR characterization and
reuse of the WOC after an initial catalytic run,
which we carried out under conditions scaled up
by a factor of 19 relative to run 1 in Table 2. After
the reaction was complete, we saturated the solu-
tion with [Ru(bpy)3]

2+, which acts as a counterion
for complex 1, resulting in its precipitation. The
infrared spectrum of the precipitate showed the
characteristic peaks of 1, a B-type sandwich
polytungstate, [Co4(H2O)2(PW9O34)2]

10–, at

1037, 939, 882, and 767 cm−1 (fig. S6),
indicating that the POM framework remains
intact after catalysis. For simplicity, we assumed
a 1:1 ratio of the [Ru(bpy)3]

2+ and 1 in the
precipitate and assigned the molecular formula of
the precipitate to be Na8Ru(bpy)3-1. Applying
the corresponding molecular weight, we used
~0.0032 mM Na8Ru(bpy)3-1 as catalyst in the
reaction of [Ru(bpy)3]

3+ with water in pH = 8
NaPi buffer in the presence of bpy. This
reaction gave an O2 yield of 49.3% and a
TON of 58 per 1, exactly reproducing the activity
of pure crystalline Na10-1 (run 2, Table 2).

The seventh argument for the stability of
1 during catalysis is voltammetric behavior dem-
onstrating that catalytic activity of the active
species is retained after turnover. Specifically, we
document an electrochemical-chemical mecha-
nism involving 1: in absence of 1, a conventional
voltammogram was observed for the [Ru(bpy)3]

3+/
[Ru(bpy)3]

2+ couple; however, upon addition
of 1, an increased anodic current peak and a de-
creased cathodic current peak were observed
for this couple (Fig. 2B). This indicates the
rapid reduction of [Ru(bpy)3]

3+ by 1 followed
by reduction of the oxidized 1 by water. The
observed catalytic current increased with cata-
lyst concentration (24). In addition, Fig. 2B com-
pares the current for a freshly prepared solution
of [Ru(bpy)3]

2+ and 1 (green line) with that for a
solution that has already undergone catalytic
chemical reduction of an equivalent amount
of [Ru(bpy)3]

3+ by 1 (blue line). These two
catalytic currents match, implying that there is
no evident catalyst deactivation and that the
concentration of 1 remains constant after catal-
ysis. In contrast, the same cyclic voltammetric
experiment usingCo(NO3)2 in place of 1 showed a
marked decrease in the catalytic water oxidation
current for the solution after chemical water oxida-
tion when compared with that of an analogous
solution containing unreacted [Ru(bpy)3]

2+ and
Co(NO3)2 (fig. S7). Once again, this finding is
consistent with aqueous cobalt hydrolyzing and
condensing to hydroxide/oxide particles under oxi-
dative conditions, decreasing the effective catalyst
concentration.

Computational studies of the electronic struc-
ture of 1 provide additional support for the
oxidative stability of the polytungstate ligands.
The four highest occupied molecular orbitals
(HOMOs) of a high-spin ground state 1 are
mostly cobalt core orbitals, and there is almost
no involvement of tungstate orbitals (fig. S8).
These findings indicate that the polytungstate
ligands are unlikely to participate in the water
oxidation reaction and should be effectively inert
under catalytic conditions.

Our reporting of this catalyst establishes d-
electron–transition metal oxide clusters stabilized
by robust polydentate POM ligands as a com-
pelling class of self-assembling inorganic com-
plexes capable of catalyzing fast water oxidation
in a homogeneous medium. This prompts the
examination of other POM-stabilized multi–

Table 2. The effect of bpy on the catalytic water oxidation activity of 1 and Co(aq)2+. Dashed entry
indicates not applicable.

Run Complex
Complex

concentration
(mM)

bpy (mM) Buffer TON O2 yield
(%)

1 1 0.0032 0 pH = 8 NaPi 78.1 66.7
2 1 0.0032 0.3012 pH = 8 NaPi 56 48
3 Co(NO3)2 0.013* 0.3012 pH = 8 NaPi 0 0
4 Co(NO3)2 0.060† 0.3012 pH = 8 NaPi 0.2 <4
5 Co(NO3)2 0.013 0 pH = 8 NaPi 23.4 80
6 No catalyst – 0 pH = 8 NaPi 0 0
7 1 0.0032 0 pH = 6.2

NaPi/phthalic acid‡
0 0

8 Co(NO3)2 0.013 0 pH = 6.2
NaPi/phthalic acid

10 35

9 1 0.0032 0.135 pH = 8 NaPi 70.3 60
10 1 (aged)§ 0.0032 0.135 pH = 8 NaPi 71.2 60.8
11 Co(NO3)2

(aged)§
0.013 0 pH = 8 NaPi 9.8 33.6

12 CoO|| 0.0032 0 pH = 8 NaPi 0 0
*Same theoretical cobalt concentration as 0.0032 mM 1. †Same solid mass as 0.0032 mM 1. ‡A mixed buffer of 30 mM
NaPi and 30 mM phthalic acid at pH = 6.2 was used. §A 1 mM stock solution in 30 mM pH = 8 NaPi was left for 72 hours
before use. ||Not soluble, suspension obtained after 10 min of sonication.
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transition-metal oxide cluster molecules involv-
ing both other metals (e.g., Fe and Mn) and new
POM ligands as candidate WOCs. Moreover,
the identification of a molecular Co-based WOC
may allow further investigation of its mecha-
nism of action, providing a basis for the under-
standing of Co-based water oxidation catalysis
in general. In addition, 1 may serve as a template
for future optimizations of all-inorganic WOCs
as well as their incorporation into water splitting
systems. No photosensitizers were used in this
report. Although [Ru(bpy)3]

3+ was used as a
stoichiometric oxidant in this study in order to
demonstrate the water oxidation activity of 1,
it is ultimately desirable to use solar power to
accomplish water oxidation. The apparently
straightforward use of [Ru(bpy)3]

2+ as a photo-
sensitizer, however, might not be optimal given
the oxidative instability of this complex.
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Oxoboryl Complexes: Boron−Oxygen
Triple Bonds Stabilized in the
Coordination Sphere of Platinum
Holger Braunschweig,* Krzysztof Radacki, Achim Schneider

Monomeric oxoboranes have hitherto been detected only as short-lived species in gas-phase or
low-temperature matrix experiments. Here, we report formation of the oxoboryl complex
trans-[(Cy3P)2BrPt(B≡O)] (Cy being cyclohexyl) by means of reversible liberation of
trimethylsilylbromide from the boron–bromine oxidative addition product of dibromo
(trimethylsiloxy)borane and [Pt(PCy3)2] in room-temperature toluene solution. The platinum
complex is inert toward oligomerization, even under photolytic conditions and at elevated
temperatures. The bromide was substituted by thiophenolate, and spectral parameters of both
products as well as results of computational and x-ray diffraction studies are in agreement with the
formulation of a triple bond between boron and oxygen. The boron–oxygen distance of 120.5(7)
picometers shows a bond shortening of 7.2% as compared with a double bond, which is similar
to the shortening observed in carbon–carbon analogs.

The element boron is popularly known for
its unique propensity to participate in mul-
ticenter bonds to compensate its intrinsic

electron-deficiency. Thus, various structural mo-
tifs have been described that exhibit boron with
coordination numbers higher than its actual va-
lency (1). However, not least because of the im-
portance of boranes in organic syntheses (2) the
chemistry of boron-containing compounds fea-

turing exclusively classical, electron-precise bonds
has been established during the last century, and
therefore examples with tricoordinate boron like-
wise are plentiful. Though species with dicoordi-
nate boron are considerablymore unusual, different
strategies to prepare and stabilize those compounds
have been applied successfully (3–8).

Since boroxine (H3B3O3) could be identified
as the product of highly energetic reactions of
different ternary systems (9), numerous attempts
have been undertaken to synthesize its mono-
meric counterparts, namely oxoboranes (XBOs).
However, those species could be detected only
in either gas-phase (10–13) or low-temperature
matrix isolation studies (14–19). Further evi-
dence for the existence of those compounds was
obtained through different trapping experiments
(20–22) or nuclear magnetic resonance (NMR)
spectroscopic observation of the corresponding
Lewis base adduct (22). Microwave (11) and in-
frared (IR) data (14–19) suggest a very strong
linkage of boron and oxygen; because of the simi-
larity of the photoelectron spectrum of H3CBO
with the isoelectronic H3CCNmolecule (12, 13),
the B–O linkage was described by a triple bond.
Nevertheless, probably because of the polar na-
ture of this bond, the highly reactive monomers
readily undergo cyclooligomerization even at tem-
peratures of approximately 50 K (19, 23) and
an x-ray structural elucidation could not be
performed.

Commonly, kinetic lability of low-valent spe-
cies can be compensated by use of bulky substit-
uents that inhibit bimolecular attack, as was
successfully demonstrated by the preparation of
a stable disilyne (24). In contrast, XBOs contain-

Institut für Anorganische Chemie, Julius-Maximilians-Universität
Würzburg, Am Hubland, 97074 Würzburg, Germany.

*To whom correspondence should be addressed. E-mail:
h.braunschweig@mail.uni-wuerzburg.de Scheme 1. Preparation of trans-[(Cy3P)2BrPt(BO)] (2).
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A Novel Brand of Water Oxidation Catalysts: the Groundwork for a New Generation 

John DiMeglio 

Department of Chemistry and Biochemistry, University of Delaware, Newark DE, 19716 

 

 Inspired by the global shift to renewable energy 

sources, there has been much effort to design viable water 

oxidation catalysts (WOCs). Previous WOCs have been 

plagued with instabilities or based on rare and expensive 

metals. Herein an analysis of a novel WOC based on earth 

abundant metals is described. This WOC was characterized 

via CV, 
31

P NMR, UV-Vis and IR spectroscopy. Further 

studies are suggested for the design and use of this new 

brand of WOC.  

 Renewable energy has been a scientific and politic hot-

topic for the past several decades. Inspired by the ever rising CO2 

levels in the atmosphere and our dependence on foreign oil , 

science has made strides toward alternative energy sources. Many 

of these advances have been in the area of solar energy. 

Nevertheless, we still lack a reliable way to store energy captured 

by the sun.1 Plants have perfected this, however by storing this 

energy in the form of chemical bonds via photosynthesis.2 

Inspired by this process, chemists have develop a series of water 

oxidation catalysts (WOCs). These WOCs are intended to use 

solar radiation to oxidize water to H2 and O2(Scheme 1). Recently 

a novel type of WOC, composed of abundant metals has been 

reported by Yin and co workers.3 To demonstrate the significance 

of this discovery, a brief history of WOC research is discussed.  

 

Scheme 1. The two half reactions for the oxidation of water to 

oxygen and hydrogen.  

 Fujishima and Honda were the first to report conditions 

for the photo-electrochemical oxidation of water. Using a TiO2 

electrode and a potential of nearly -0.5 V, they observed the 

evolution of O2(g) signifying water oxidation.4 However, since 

then more efficient pathways for water oxidation have been 

uncovered, included a series of homogeneous and heterogeneous 

catalysts. The former has the advantage of being easier to study 

and more efficient, while the ladder is typically cheaper and more 

stable.3  

 Some examples of homogeneneous WOCs include the 

[(bpy)2(H2O)Ru-O-Ru(H2O)(bpy)2] system that oxidized water 

via the pathway shown (Scheme 2). However, this dimer is 

unstable and after a few cycles a loss of catalytic activity as well 

as its distinctive blue color is observed.5 Newer homogeneous 

systems include the [RuIII
2(O)2(3,6-tBu2qui)2(btpyan)]4+ system 

(where 3,6-tBu2qui =3,6-di-tert-butyl-1,2-semiquinone and btpyan 

= 1,8-bis(2,2‘:6‘,2‘‘-terpyridyl)anthracene) which have been 

shown to have promote the catalytic oxidation of water.6 

However, this complex and several other similar are limited by 

the use of organic ligands, which are thermodynamically unstable 

in the presence of O2.
3 

 

Scheme 2. Oxidation of water proposed by Grensten, Samuels, 

and Myer, where cat. = [(bpy)2(H2O)Ru-O-Ru(H2O)(bpy)2].
5 

 Heterogeneous catalysts, however, are much more 

stable under these conditions. Examples include the self-

assembling Co, P, and K based catalyst reported by Kanan and 

Nocera, as well as IrO2●nH2O based nanoparticles reported by 

Youngblood and coworkers.7,8 Drawbacks to these systems 

include the inherit inefficiency of heterogeneous catalysis as well 

as the tendency for catalysts of these types to deactivate by 

surface poisoning and aggregation.3 

 It is clear that the most efficient WOC must have the 

activity and selectivity of a homogeneous catalyst with the 

efficiency and durability of a heterogeneous catalyst. With this in 

mind a homogeneous polyoxometalate (POM) WOC with 

oxidatively stable polytungstate ligands around a Ru4O4 core has 

been reported.9 Although this POM WOC has demonstrated the 

viability of homogeneous catalysts, it was limited by the rarity 

and expense of ruthenium.  

 An effort was therefore put forth to investigate potential 

POM WOC based on abundant metals. Yin and coworkers were 

the first to publish the use of [Co4(H2O)2(PW9O34)2]
10- (1, Figure 

1) as a WOC.3 The synthesis of this complex is trivial and 

involves a one-pot reaction of Co2+, phosphate, and tungstate salts 

as previously reported by Weakley et al.10 Other POM based Co 

complexes were made(2-8), however none of them showed 

reactivity toward water under oxidizing conditions (Table 1). 

Modeling studies have shown that 1 has a unique Co core 

structure that 3-8 lacked. Unfortunately, 2 which shares this core 

structure is unstable at the desired pH range of 7.5-8.0. 



 

 

Figure 1. X ray structure of 1, highlighting the Cu4O16 core with a 

ball and stick representation and the POM ligands as 

polyhedrons.3  

Table 1.  List of all POM based complexes investigated by Yin 

and co-workers. these reactions were run in a 30 mM NaPi buffer, 

initial pH = 8.0, 1.5 mM [Ru(bpy)3](ClO4)3, 1 was run at a 

complex concentration of 0.032 mM, while 2-8 were run at 

0.0064 mM complex concentration.3  

Complex TON O2 yield (%) 

[Co4(H2O)2(PW9O34)2]
10- (1) 75 64 

[Co4(H2O)2(P2W15O56)2]
10- (2) 0 0 

[Co(H2O)PW11O39]
5- (3)  0 0 

[Co(H2O)SiW11O39]
6- (4) 0 0 

[Co3(H2O)3(PW9O34)2]
12- (5) 0 0 

[Co3(H2O)3SiW9O37]
10- (6) 0 0 

[WCo3(H2O)2(CoW9O3)2]
12- (7) 0 0 

[Co7(H2O)2(OH)2P2W25O94]
16- (8) 0 0 

 These POM systems were evaluated by mixing the 

catalyst with the strong stoichiometric oxidant tris(2,2'-

bipyridyl)triperchlororuthenium(III) ([Ru(bpy)3]
3+) (Scheme 3). 

Aliquots were taken from the head space of this reaction and 

analyzed using GC. It was found that only 1 showed propensity to 

oxidize water to give an O2 yield (4n O2/n Ru(bpy)3) of 64 % and 

a turnover number (TON, n O2/n catalyst) of 75. The O2 yield is 

limited by the Ru(bpy)3 because of a competing reaction where 

the bipyridyl ligand gets oxidized. Likewise, the TON is limited 

by the amount of Ru(bpy)3, since this reagent is stoichiometric. 

Once it was determined that 1 was a potential WOC, further 

analytical information was obtained via CV, 31P NMR, UV-Vis 

and IR spectroscopy.3 

 

Scheme 3. Oxidation scheme proposed by Yin and co workers, 

where cat. = [Co4(H2O)2(PW9O34)2]
10-. 

 Cyclic voltamitry (CV) is a common electrochemical 

experiment where the oxidation and reduction potentials of a 

complex are evaluated by varying the potential across a working 

and reference electrode, while the current of the solution is 

measured. A third electrode, a reference is required to standardize 

these results to NHE.11 With this electrochemical technique in 

hand it was determined that 1 operates at a low-over potential for 

the water oxidation by examining the reductive wave 

corresponding to the catalytic current. (Figure 2) It was further 

shown that upon addition of 1 to a solution of [Ru(bpy)3]
3+, there 

is an increase in anodic current and a decrease in cathoic current. 

Further, as the concentration of 1 increases, the greater the change 

in anodic and cathodic currents. (Figure 3) These observations 

support that upon reduction of [Ru(bpy)3]
3+ by 1, there is a 

reduction of the oxidized form of 1 by water.  

 

Figure 2. CV of a 50 mM sodium phosphate solution without 1 

(black) and with 1 mM 1 (red).3  

 

Figure 3. CV of 0.857 mM [Ru(bpy)3]
2+ alone (red), 3.2 µM 1 

alone (black), 0.857 mM [Ru(bpy)3]
2+ with 1.6 µM 1 (yellow) or 

3.2 µM 1 (green), and a postreaction solution of 0.857 mM 

[Ru(bpy)3]
3+ and 3.2 µM 1 (blue).3 

 Since stability was a major issue for past WOCs an 

extensive effort was put forth to evaluate the longevity of 1 under 

various conditions. It was shown that over one month there was 

no change in the 31P NMR or UV-Vis spectra of 1 at a pH = 8. In 

another experiment, a molar excess of 2,2'-bupridine (bpy), a 

known inhibitor that reacts with free Co2+ ions was added to a 

solution of 1. After little change to its catalytic activity it is 

believed that there was minimal Co2+
(aq) ions in solution. Third, a 

13P NMR spectrum of a post reaction solution displayed no 

unexpected resonances. Further, 1 was precipitated out of a post 

reaction solution and characterized with IR spectroscopy. This 

solid was shown to retain its catalytic ability and via the presence 



 

of characteristic peaks, have its POM framework intact. Further 

CV experiments demonstrate that over time there is little change 

in the oxidation/reduction potentials for 1. (Figure 3) Lastly a 

computational analysis determined that four highest occupied 

molecular orbitals (HOMOs) for the high-spin ground state of 1 

have very little contribution from the POM orbitals. (Figure 4). 

Therefore, they are likely to be inert under catalytic conditions.  

 

Figure 4.  RI-PBE/PCM calculations for the four HOMO orbitals 

of 1, demonstrating the small contribution of the POM orbitals. 

 In conclusion Yin and coworkers have characterized a 

POM WOC that is stable under a variety of conditions and 

composed of abundant earth metals. However, further research is 

still needed for the practical use of such catalysts. In addition it 

would also be useful to study the efficiency of this catalysts under 

electrical potential (i.e. from a PV cell) rather than the chemical 

potential supplied by Ru(bpy)3. Further studies are also needed to 

fully under the mechanism of this reaction and perhaps allow the 

design of future POM WOC.  
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Stable Magnesium(I) Compounds
with Mg-Mg Bonds
Shaun P. Green,1,2 Cameron Jones,1* Andreas Stasch1*

The chemistry of the group 2 metals (beryllium, magnesium, calcium, strontium, and barium) is
dominated by the +2 oxidation state. Here, we report the reductions of two magnesium(II) iodide
complexes with potassium metal in toluene, leading to thermally stable magnesium(I) compounds,
(L)MgMg(L) (where L is [(Ar)NC(NPri2)N(Ar)]

– or {[(Ar)NC(Me)]2CH}
–, Ar is 2,6-diisopropylphenyl, Me

is methyl, and Pri is isopropyl) in moderate yields. The results of x-ray crystallographic and theoretical
studies are consistent with central Mg2

2+ units that have single, covalent magnesium-magnesium
bonding interactions with 2.8508 ± 0.0012 (standard deviation) and 2.8457 ± 0.0008 angstrom bond
lengths, respectively, and predominantly ionic interactions with the anionic ligands (L).

Magnesium is ubiquitous in living orga-
nisms, Earth’s crust, and seawater (1).
Like the other alkaline earth metals

(group 2 metals), magnesium is present in all its
known stable compounds in the +2 oxidation
state. It plays a major role in nature as the central
ion in chlorophyll because its redox-inert
character is important for the charge separation
in photosynthesis (1). The reduction of other
metal ions has involved the formation of direct
metal-metal bonds. For example, homonuclear
compounds, RMIMIR (where R represents an
organic or similar substituent and M is a metal),
of p- or d-block metals have been prepared with
the metal centers formally in the +1 oxidation
state. Two recent landmark advances in this field
are the synthesis of a chromium(I) dimer
[L'CrCrL', where L' is C6H3(C6H3Pr

i
2-2,6)2-2,6

and Pri is isopropyl] containing a metal-metal
quintuple bonding interaction (2) and the
synthesis of a zinc(I) compound, (h5-C5Me5)
ZnZn(h5-C5Me5) (where Me is methyl) (3).
Since the report on the latter, the chemical
similarities between zinc and the lighter group 2
metals have prompted theoreticians to examine
the possibility of preparing complexes of the type
RMMR (where M is Be, Mg, or Ca), with the
conclusion that such reduced s-block compounds
should be stable given the correct choice of
ligand (4–6). A number of magnesium(I)
compounds, for example, HMgMgH, have
previously been studied under, for example,
matrix isolation conditions (7), and mononu-
clear compounds, for example, MgI(NC), have
been detected in circumstellar clouds (8). More-
over, the formation of synthetically important
Grignard reagents, RMgX (where X is a halide),
has been proposed to proceed via magnesium(I)
compounds of the type RMgMgX (9). In ad-
dition, related cluster compounds, RMg4X, of
undetermined structure have been investigated
by using mass spectrometry experiments (10).

However, no examples of stable molecular group
2 metal(I) compounds have been isolated.

In the past 2 years, we have developed
and used the bulky guanidinate ligands,
[(Ar)NC(NR'2)N(Ar)]– [where Ar is 2,6-
diisopropylphenyl and R' is isopropyl (Priso)
or cyclohexyl (Giso)] to access complexes of
p-block elements in the +1 oxidation state, for
example, GaI(Giso) (11) and [GeI(Priso)]2 (12).
The ability of these sterically hindered, N,N'-
chelating ligands to stabilize low oxidation state
complexes is strikingly similar to that of bulky
examples from the well-studied b-diketiminate
class of ligand, for example, {[(Ar)NC(Me)]2CH}

–

(Nacnac) (13). Here, we report the use of both
Priso and Nacnac ligands to prepare molecular
magnesium(I) compounds that contain struc-
turally characterized magnesium-magnesium
bonds. We examined the nature of the bonding
in these compounds by theoretical studies and
also carried out preliminary reactivity studies.

The new magnesium(II) complex,
(Priso)Mg(m-I)2Mg(OEt2)(Priso) (OEt2 is di-
ethyl ether), was prepared as a precursor to
one of the target magnesium(I) compounds (14).
This was spectroscopically characterized, and its
x-ray crystal structure was determined (fig. S2).
Reduction of (Priso)Mg(m-I)2Mg(OEt2)(Priso)
and the known compound, MgI(OEt2)(Nacnac)
(15), with an excess of potassium metal in toluene
over 24 hours led to the crystalline magnesium(I)
compounds [Mg(Priso)]2 1 (colorless, yield of
28.5%) and [Mg(Nacnac)]2 2 (yellow, yield of
56.5%), respectively, after workup (Fig. 1) (14).
Although both compounds are air- and moisture-
sensitive, they are thermally stable and fully de-
compose only at temperatures in excess of 170°C
and 300°C, respectively, the former with deposi-
tion of elemental magnesium. The x-ray crystal
structure of each compound was obtained (Figs. 2
and 3) (16). Both possess distorted trigonal
planar coordination geometries with delocal-
ized ligand backbones. Although their Mg-N
distances [2.0736(10) (or ±0.0010) Å for 1 and a
mean value of 2.060 Å for 2; the number in
parentheses indicates the standard deviation]
are in the known range for Mg-N bonds (17),
they are longer than all such bonds in com-
plexes in which b-diketiminates ligate three-
coordinate magnesium(II) centers. Despite the
paucity of Mg-Mg bonds for comparison, the
lengths of those interactions in 1 and 2 are sim-
ilar [2.8508(12) Å and 2.8457(8) Å, respective-
ly]. Although these distances are considerably
shorter than those in diatomic or elemental mag-
nesium (3.890 Å and 3.20 Å, respectively) (18, 19),
they are longer than the sum of two mag-
nesium covalent radii (2.72 Å) (19). The dis-
tances are, however, in the range of previously

1School of Chemistry, Monash University, Post Office Box
23, Victoria 3800, Australia. 2School of Chemistry, Main
Building, Cardiff University, Cardiff CF10 3AT, UK.

*To whom correspondence should be addressed. E-mail:
cameron.jones@sci.monash.edu.au (C.J.); andreas.stasch@
sci.monash.edu.au (A.S.) Fig. 1. Formation of compounds 1, 2, and 5.
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calculated Mg-Mg separations in theoretical mo-
lecular compounds, for example, the cyclopenta-
dienyl magnesium(I) dimer, (C5H5)MgMg(C5H5)
[2.776 Å (B3LYP calculations) (4) and 2.809 Å
(BP86) (5)], the 2,6-diphenylphenyl magnesium(I)
dimer, {[C6H3(C6H5)2-2,6]MgMg[C6H3(C6H5)2-2,6]}
[2.838 Å (BP86) (6)], and HMgMgH [2.862 Å
(B3LYP) (4) and 2.884 Å (BP86) (5)]. It should also
be noted that two nonbonded Mg...Mg interactions
in one cluster compound, [Mg(THF)(m-C6H4)]4
(THF is tetrahydrofuran) (20), are shorter [2.804(2)
Å and 2.841(2) Å] than the separations in
1 and 2.

Considering the relatively longMg-Mg bonds
in 1 and 2, the possibility that these com-
pounds actually exist as hydride-bridged mag-
nesium(II) dimers, [Mg(L)(m-H)]2 (L is Priso
or Nacnac), cannot be overlooked. However,
the combined weight of the crystallographic,
spectroscopic, theoretical, and chemical evi-
dence discounts this possibility (vide infra).
First, the heterocycle least squares planes in
1 are orthogonal, whereas compound 2 has
close to orthogonal heterocycle planes (dihedral
angle is 80.2°) and is isostructural with the re-
lated metal(I) dimers, [MI(Nacnac)]2 [M is Zn
(21) or Mn (22)]. If 1 and 2 were hydride-bridged
dimers, their heterocycles would, instead, be ex-
pected to be close to coplanar. In addition, in the
final difference maps of the structural refinements
of both compounds, there were no regions of resid-
ual electron density of greater than 0.15 electrons
per cubic angstrom close to the Mg-Mg vectors,
again suggesting the absence of hydride ligands.

The nuclear magnetic resonance (NMR) spec-
troscopic data for diamagnetic 1 and 2 are con-
sistent with their proposed formulations. No
bridging hydride resonances were observed in
the expected chemical shift range in the 1H NMR
spectra of the complexes (23). In addition, their
electron ionization high-resolution accurate mass
spectra exhibit molecular ion envelopes with iso-
topic mass distributions that match well those cal-
culated for the hydride-free complexes (fig. S1).
In this respect, the stability of 2 in the gas phase is
demonstrated by the fact that it can be sublimed
intact at 230°C (circa 10−6 mm Hg). The Raman
spectra of the compounds display a number of
low-frequency absorptions, although none of
these can be confidently assigned as arising from
Mg-Mg stretching modes. Similarly, little informa-
tion regarding the structures of the complexes can
be obtained from their infrared spectra. Mg-H-Mg
stretching absorptions originating from the alter-
natively formulated complexes, [Mg(L)(m-H)]2,
would certainly lie in the fingerprint region (24)
and would, thus, be difficult to assign due to
overlap with low-frequency ligand modes. Be-
cause we have not yet been able to prepare au-
thentic samples of [Mg(L)(m-H)]2 by rational
routes (14), we cannot compare their infrared
spectra {and the infrared spectra of their deuterated
analogs, [Mg(L)(m-D)]2} with those of 1 and 2.

In order to examine the nature of the bonding
in 1, density functional theory (DFT) calcula-

Fig. 2. Molecular structure of 1 (hydrogen atoms omitted, ellipsoids shown at the 20% probability
level). Selected bond lengths and angles: Mg(1)-Mg(1)W 2.8508(12) Å, Mg(1)-N(1) 2.0736(10) Å,
N(1)-C(1) 1.3497(12) Å, N(2)-C(1) 1.389(2) Å; N(1)-Mg(1)-N(1)' 65.54(5)°, N(1)-C(1)-N(1)' 112.53(13)°,
N(1)-Mg(1)-Mg(1)W 147.23(3)°.

Fig. 3. Molecular structure of 2 (hydrogen atoms omitted, ellipsoids shown at the 20% probability level).
Selected bond lengths and angles: Mg(1)-Mg(2) 2.8457(8) Å, Mg(1)-N(2) 2.0547(13) Å, Mg(1)-N(1)
2.0643(13) Å, N(1)-C(2) 1.3354(18) Å, C(1)-C(2) 1.5135(19) Å, Mg(2)-N(3) 2.0571(13) Å, Mg(2)-N(4)
2.0656(12) Å, N(2)-C(4) 1.3251(17) Å, C(2)-C(3) 1.4041(19) Å, N(3)-C(31) 1.3269(18) Å, C(3)-C(4)
1.4041(19) Å, N(4)-C(33) 1.3368(17) Å, C(4)-C(5) 1.5116(19) Å, C(30)-C(31) 1.514(2) Å, C(31)-C(32)
1.409(2) Å, C(32)-C(33) 1.398(2) Å, C(33)-C(34) 1.5157(19) Å; N(2)-Mg(1)-N(1) 91.78(5)°, N(2)-Mg(1)-
Mg(2) 128.50(4)°, N(1)-Mg(1)-Mg(2) 139.35(4)°, N(3)-Mg(2)-N(4) 91.80(5)°, N(3)-Mg(2)-Mg(1)
129.65(4)°, N(4)-Mg(2)-Mg(1) 138.24(4)°.
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tions (B3LYP and BP86) (25) were carried out
on themodel complex, {Mg[(Ar'N)2C(NMe2)]}2
3 (Ar' is C6H3Me2-2,6). The geometry of the op-
timized structure was found to be in close agree-
ment with that in the crystal structure of 1 (i.e.,
with effectively orthogonal heterocycle planes)
but with slightly underestimated Mg-Mg bond
lengths (with B3LYP, 2.828 Å; with BP86,
2.839Å) and slightly overestimatedMg-Ndistances
(withB3LYP,mean =2.102Å;withBP86,mean =
2.114 Å). Figure 4A depicts the highest occupied
molecular orbital (HOMO) of the complex, which
largely comprises the metal-metal s-bonding inter-
action. The two lowest unoccupied orbitals, LUMO
(Fig. 4B) and LUMO+1 (fig. S4), are almost de-
generate (energy difference of 0.11 eV, 2.6 kcal
mol−1) and predominantly encompass metal-metal
p-bonding orbitals derived from metal px- and py-
orbital overlaps respectively. A similar arrange-
ment of frontier orbitals has been calculated for
[C6H3(C6H5)2-2,6]ZnZn[C6H3(C6H5)2-2,6] (26).
The HOMO-LUMO gap in 3 (4.02 eV, 93.0 kcal
mol−1) is comparable with those calculated for both
(C5H5)MgMg(C5H5) (3.87 eV, 89.5 kcalmol

−1) (5)
and [C6H3(C6H5)2-2,6]ZnZn[C6H3(C6H5)2-2,6]
(4.25 eV, 97.6 kcal mol−1) (26). In addition, the
results of a natural bonding orbital (NBO) analysis
(B3LYP) of theMg-Mg interaction in 3 indicate
a high s-character, single covalent bond (93.2%
s-, 6.0% p-, and 0.8% d-character; Wiberg bond
index = 0.914), whereas the metal-ligand inter-
actions are predominantly ionic (natural charge
for Mg, +0.82 mean, and for N, –0.97 mean).
Accordingly, the molecule can be viewed as an
anion-stabilized Mg2

2+ unit, as has been dis-
cussed for other model RMgMgR systems (4–6).

We were prompted to analyze the theoretical
hydride complex, {Mg[(Ar'N)2C(NMe2)](m-H)}2
4, using DFT calculations (B3LYP) for pur-

poses of comparison with 1 and 3. In contrast to
those complexes, the optimized geometry of 4 ex-
hibits coplanar heterocycles, oriented nearly or-
thogonal to the bridging, symmetrical Mg2H2 unit.
Scans of the potential energy hypersurface of
the less bulkymodel, {Mg[(HN)2C(NH2)](m-H)}2,
at density functional (B3LYP) and ab initio (MP2)
levels of theory, show this conformation to be the
global minimum (14). Moreover, there are no local
minima associated with any conformation of the
molecule in which the planes of the magnesium
heterocycles are orthogonal or close to orthogonal
with each other. Surprisingly, the Mg...Mg sepa-
ration in 4 at 2.770 Å (Mg-H mean distance =
1.890 Å) is substantially shorter than in 3, despite
a less pronouncedmetal-metal interaction (Wiberg
bond index = 0.307). In this respect, previous the-
oretical studies have concluded that metal-metal
distances in hydride bridged complexes can be
shorter than in corresponding hydride-free, metal-
metal bonded complexes (27). The results of all
calculations undertaken are fully consistent with
1 (and by implication 2) being a magnesium(I)
dimer, not a hydride bridged magnesium(II)
dimer.

Although 1 and 2 would be expected to be
highly reducing, we have found that they do
not react with dihydrogen or dinitrogen in
toluene, even at elevated temperatures (80°C)
or when irradiated with ultraviolet light (l =
254 nm). The lack of reactivity of the com-
plexes toward dihydrogen is not surprising
when it is considered that the closely related
addition of H2 to [(C5H5)MgMg(C5H5)] [to
generate two molecules of (C5H5)MgH] has
been calculated to be an endothermic process
(4). Surprisingly, exposure of the three-coordinate
magnesium centers in 1 and 2 to THF in C6D6

solutions does not lead to evidence of THF coor-

dination as judged by 1H or 13C{1H} NMR
spectroscopy. However, a weak, transient coor-
dination of THF cannot be ruled out in these ex-
periments on the basis of the results of the
reaction of 2 with the carbodiimide CyNCNCy
(Cy is cyclohexyl) in toluene at –70°C (Fig. 1).
This led to immediate loss of the yellow color of
2 and the isolation of the magnesium magnesio-
amidinate complex, 5, after warming the reaction
mixture to 20°C (14). Presumably, this reaction
occurs via an initial coordination of one N-center
of the carbodiimide at a magnesium center, fol-
lowed by a double reduction of the carbodiimide
and its concomitant insertion into the Mg-Mg
bond of 2 (28, 29). The spectroscopic data for 5
are consistent with the solid-state structure deter-
mined by an x-ray crystallographic study (fig. S4).
In contrast to the nearly orthogonal Mg(Nacnac)
least squares planes in 2, these planes in 5 are
mutually parallel and orthogonal to the CyN-
CNCy unit. Reaction of the carbodiimide with
the alternative hydride-bridged magnesium(II)
complex, [Mg(Nacnac)(m-H)]2, would not be ex-
pected to give compound 5 but instead C=N bond
hydromagnesiation.
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Activity of CeOx and TiOx
Nanoparticles Grown on Au(111) in the
Water-Gas Shift Reaction
J. A. Rodriguez,1* S. Ma,1 P. Liu,2 J. Hrbek,1 J. Evans,3 M. Pérez3

The high performance of Au-CeO2 and Au-TiO2 catalysts in the water-gas shift (WGS) reaction
(H2O + CO→H2 + CO2) relies heavily on the direct participation of the oxide in the catalytic process.
Although clean Au(111) is not catalytically active for the WGS, gold surfaces that are 20 to 30%
covered by ceria or titania nanoparticles have activities comparable to those of good WGS catalysts
such as Cu(111) or Cu(100). In TiO2-x/Au(111) and CeO2-x/Au(111), water dissociates on O
vacancies of the oxide nanoparticles, CO adsorbs on Au sites located nearby, and subsequent
reaction steps take place at the metal-oxide interface. In these inverse catalysts, the moderate
chemical activity of bulk gold is coupled to that of a more reactive oxide.

Nearly 95% of the hydrogen supply is
produced from the reforming of crude oil,
coal, natural gas, wood, organic wastes,

and biomass (1), but this reformed fuel contains 1 to
10% CO, the presence of which degrades the
performance of the Pt electrode in fuel cell systems
(2). To get clean hydrogen for fuel cells and other
industrial applications, the water-gas shift (WGS)
reaction (CO + H2O→CO2 + H2) is critical. Cur-
rent industrial catalysts for the WGS (mixtures of
Fe-Cr or Zn-Al-Cu oxides) are pyrophoric and nor-
mally require lengthy and complex activation steps
before usage (3). Au-CeO2 and Au-TiO2 nano-
materials have recently been reported to be very
efficient catalysts for the WGS (3–5). This is re-
markable because neither bulk Au (6) nor bulk
ceria and titania are known asWGS catalysts (3, 4).

The nature of the active phase(s) in these
metal/oxide nanocatalysts and the WGS reaction

mechanism are still unclear. For example, the
as-prepared Au-CeO2 catalysts contain nano-
particles of pure gold and gold oxides (AuOx)
dispersed on a nanoceria support. Each of these
gold species could be in the active phase (3–5),
and the ceria support may not be a simple spec-
tator in these systems (7). Although pure ceria is
a very poor WGS catalyst, the properties of this
oxide were found to be crucial for the observed
activity of the Au-CeO2 nanocatalysts (4, 6, 8).
Several studies dealing with metal/oxide pow-
der catalysts and the WGS reaction indicate
that the oxide plays a direct role in the reaction
(3, 4, 9, 10), but because of the complex nature of
these systems, there is no agreement on its role.
Thus, we performed a series of experiments to test
the chemical and catalytic properties of CeO2 and
TiO2 nanoparticles (NPs) dispersed on a Au(111)
template, as inverse model catalysts. Results of
density-functional calculations point to a very high
barrier for the dissociation of H2O on Au(111) or
Au(100) (11), which leads to negligible activity for
the WGS process. Even gold NPs cannot dis-
sociate water and catalyze the WGS reaction (11).

Part of the experiments described below were
carried out in ultrahigh-vacuum (UHV) chambers

that have attached a batch reactor (12) or have
capabilities for scanning tunneling microscopy
(STM) (13). High-resolution x-ray photoelectron
spectroscopy (XPS) spectra, probing only the
near-surface region in the oxide/gold systems
(5, 14), were acquired at the U7A beamline of the
National Synchrotron Light Source. To prepare the
TiO2/Au(111) surfaces, Ti atoms were vapor de-
posited on a gold substrate covered with NO2 at
100 K (15). The temperature was then raised to
700 K and the TiNOx particles were transformed
into TiO2. STM images indicated that this meth-
odology produces flat NPs of TiO2 exhibiting a
combination of rutile and anatase phases (15). The
NPs of ceria were prepared according to two dif-
ferent procedures. In the first one, labeled CeO2-I
here, alloys of CeAux/Au(111) were exposed to O2

(~5 × 10−7 torr) at 500 to 700 K for 5 to 10 min
(13, 14). The CeO2 NPs grew dispersed on the
herringbone structure of Au(111) (Fig. 1A) and
had a rough three-dimensional structure that did
not exhibit any particular face of ceria (Fig. 1B). In
the second procedure, labeled CeO2-II here, Ce was
vapor deposited onto Au(111) under an atmosphere
of O2 (~5 × 10−7 torr) at 550 K and then heated to
700 K. In these cases, the CeO2 NPs grew pref-
erentially at the steps between the terraces in the
Au(111) substrate (Fig. 1C) and displayed regions
with a CeO2(111) orientation. When there was a
deficiency of oxygen, groups or clusters of O va-
cancies were seen in STM images (Fig. 1D). This
result is similar to that found for bulk CeO2-x(111)
(16). High-resolution XPS showed that Au atoms
do not incorporate into the ceria lattice (14).
Gold 4f spectra taken at photon energies of 240 to
380 eV, probing only two to three layers near the
surface, showed the absence of the features ex-
pected for Au cations incorporated into ceria (5).

In Fig. 2, the WGS activity of a series of
TiO2/Au(111), CeO2-I/Au(111), and CeO2-II/
Au(111) surfaces is shown. The fraction of the
Au(111) substrate covered by the TiO2 or CeO2

particles was determined by means of ion-
scattering spectroscopy (5, 7). In the kinetics mea-
surements, the sample was transferred from the
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Upton, NY 11973, USA. 2Center for Functional Nano-
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Stable Magnesium(I) Compounds with Mg-Mg Bonds: A Summary and Expansion of 
Research Done By Andreas Stasch 1 

Amber A. S. Gietter 
Department of Chemistry and Biochemistry, University of Delaware, Newark, DE 19716 

RECEIVED: November 23, 2010 

Our knowledge of chemistry is in a constant state of flux, as 
one discovery can single-handedly change our understanding 
of science and discoveries made in the future.  Advances in 
the ever-evolving field that is chemistry allow seemingly once 
impossible and implausible ideas to become real molecules 
and reactions.  One area where this is exceptionally true is 
metal chemistry.  Transition metals are constantly investigated 
and, as this research details, advances in transitional metal 
chemistry has led to the creation, isolation, and application of 
Mg2

2+ complexes. 
One of the most interesting properties of metals is their 

ability to have multiple oxidation states.  Not only does this 
affect physical properties such as color and boiling point, but 
also ligand coordination and chemical reactivity.  The multiple 
oxidation states of transition metal complexes have been 
thoroughly investigated, but those of the main group elements 
are less explored.  Typically, when dealing with alkali earth 
metals, a +2 oxidation state is expected, with the electronic 
configuration 1s22s22p6.  However, as this research has shown, 
it is possible to obtain a stable +1 oxidation state (electronic 
configuration 1s22s22p63s1) on Mg when using an LxM-MLx 
framework.  One of the first groundbreaking examples of M-
M bonds was by Cotton and came in the form of [Re2Cl8]2-.2  
This discovery proved that it was possible to form stable M-M 
bonds without the assistance of a bridging hydride. A 
landmark discovery, and an inspiration to the research 
presented here occurred in 2004 by the Carmona group.3 The 
Carmona group successfully synthesized and characterized 
Zn2

2+ complexes.  Although this had already been 
accomplished with the heavier (and thus larger atomic radii) 
metals of group 12, (Cd and Hg),4 the isolation of a ZnI 
complex, with many physical and chemical similarities to 
group 2 metals, fostered hope that isolating an MgI-MgI bond 
was achievable.  

Although prior to this research, there were no examples of 
isolated MgI-MgI bonds, there are several examples of 
uncharacterized LxMg-MgLx complexes.5-7 Andrews and co-
workers successfully synthesized an HMgMgH complex.5 
Through IR and DFT calculations, they determined the MgI-
MgI bond length to be 2.867 Å.  Another investigation probed 
RMgMgX complexes for use as Grignard reagents.6 Here, 
MgI-MgI bond lengths ranged from 2.880 Å to 2.916 Å 
depending on the ligands used.  A general trend showed (he 
more electron withdrawing the ligand, the shorter the Mg-Mg 
bond length. Finally, MgI had been isolated in a MgI(CN) 
complex,7 although there was no investigation into the 
possibility of the formation of a M-M bond.  Spectroscopic 
data on these complexes is limited however because most are 
highly unstable and readily decompose.   

A previous investigation by Stasch and co-workers led to 
the isolation of the M1+ form of p-block elements Ge 1 and Ga 

2 using the LxM-MLx framework.8,9 In both instances, a 
bidentate nitrogen ligand with the general formula [(Ar)NC 
(NR’2)N(Ar)]- was employed (Figure 1). Using this success as 
a guide, N-heterocyclic carbene (NHC) ligand frameworks 
were again investigated.  The priso [(Ar)NC (NiPr2)N(Ar)]- 3 
and nacnac [(Ar)NC(Me)]2CH-  4 derivatives were isolated 
and used for further characterization (Figure 1).  These ligands 
were ideal for two reasons.  First, NHC ligands are notoriously 
good σ donors, and therefore able to aid to the stability of the 
Mg-Mg bond.  Also, it was later found the steric bulk of the 
ligands prevented disproportionation of the Mg-Mg bond,10 
likely due to the strong secondary stabilizing interactions of 
the ligands.11 
 

 
 
 
 
 
                                 Ar=C6H3

iPr2 -2,6 (Dip) 
 
 
 
 

 
 
Figure 1. Investigated M-L Frameworks of GeI, GaI, and MgI 

 
The synthesis of 3 and 4 is described in Scheme 1.  The 

iodine derivative of both complexes was reacted at room 
temperature in the presence of a potassium mirror for 24 
hours.  After work up, 3 (colorless) and 4 (yellow) were 
obtained in moderate yield (28.5% and 56.5% respectively).  
Surprisingly, the complexes exhibited good thermal stability.  
Compound 3 decomposed at 170°C while 4 was stable up to 
300°C.  Compound 4 is also stable in the gas phase, subliming 
at 230°C (10-6 mm Hg).  Compound 3 decomposed to Mg 
solid.12 
 
Scheme 1. Formation of compounds 3 and 4 

Ar= 2,6- iPr2C6H3

[(Priso)Mg(µ-I)2(OEt2)(Priso)]
or

[MgI(OEt2)(Nacnac)]

K(s), toluene

-(KI)
Mg

N

N

Ar

Ar

Mg
N

NH

Ar

Ar

3= Priso, 4= Nacnac
  

 
Once the complexes where successfully made, it was 

important to properly characterize the compounds to assure 
there was no bridging ligands causing an MgII complex.  
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Several techniques were used to accomplish this.  First, x-ray 
analysis was obtained for 3 and 4 (Figure 2) and the bond 
lengths analyzed.  It was determined the bond lengths were 
2.8508 Å (3) and 2.8457 Å (4).  Initially, these results were 
worrisome as the bond lengths were close to those reported for 
other MgI-MgI (see above), but not indicative of failure. These 
numbers were also drastically different from diatomic (3.890 
Å), elemental (3.20 Å), and nonbonded interactions between 
(Mg•••Mg, 2.804 Å) magnesium.  
 

 
 
Figure 2: X-ray spectra of complexes 3 and 4 
 

Even though the results coincided with other MgI species, it 
was important to further confirm the structure.  Several factors 
contributed to the dismissal of the presence of a bridging 
hydrogen.  First, inspection of the x-ray structures showed the 
NHC ligands to be nearly orthogonal, which is inconsistent 
with the coplanar ligand geometry normally observed in 
bridging complexes.  Further conformation came when 
creation of electron-density difference maps showed no 
regions with a ρ> 0.15 e-/ Å3 near the M-M bond.  Raman and 
IR spectroscopy were performed, but the results were unable 
to confirm or deny the existence of a bridge.  The final proof 
arose from NMR analysis.  Analysis of the NMR spectra did 
not show a hydride resonance near 3.70 ppm (obtained in 
C6D5CD3), the shift expected from bridged complexes.13  

Investigation into the nature of the MgI-MgI bond of 3 was 
also conducted.  DFT calculations (B3LYP/BP86) showed the 
HOMO corresponding to a M-M bond with high σ-character. 
Additional investigation into the M-M bond was done via a 
natural bonding orbital (NBO) analysis (B3LYP).  The results 
indicated one, covalent bond of almost entirely σ character 
(93.2% s, 6.0% p, 0.8% d). 

The reactivity of 3 and 4 was also investigated.  Contrary to 
expectations, neither compound was highly reducing as shown 
by their inertness to H2 and N2.1 Neither increased temperature 
nor UV light irritation facilitated reactivity.  Reactivity 
(Scheme 2) was observed between 4 and CyNCNCy.  When 
the reaction warmed to room temperature, a color loss of 
compound 4 was observed, and the unique magnesium 
magnesioamidinate, compound 5, was isolated.  X-ray data 
showed the NHC ligands had shifted and were parallel to each 
other and orthogonal to CyNCNCy, consistent to insertion of 
the ligand into the M-M bond. Encouraged by the reactivity 
with CyNCNCy, the investigation into the ability of the 
complex to act as a two-electron/ two-center reductant was 
continued.10 It was discovered that 4 showed promise as a 
selective reducing agent toward both organic and inorganic 
molecules (6-9, Scheme 2).10 Some examples, such as the use 
of Mg complexes to reduce cot2- were known, but were not 
able to be efficiently crystallized.14 The isolation and 
characterization of 6 shed light onto the Mg-cot interactions.  

X-ray data showed η2 coordination between metal and ligand.  
As with formation of 6, reduction of isocyanates 7 was 
known,15 but a compound where the ligands bridge two 
magnesium complexes has never been reported.  It is 
hypothesized this is caused by the sterics of the nacnac 
ligands.  The reaction of 4 with the azide species, AdN3 is the 
most interesting.  The product 8 contains six contiguous 
nitrogen atoms, yet was thermally and shock stable unlike 
similar compounds (and azides themselves for that matter).16 
Finally, azobenzene, a molecule previously only reducible by 
LaII complexes,17 was reduced to yield 9.  This is also one of 
the first examples of an azobenzene acting as a dianionic 
bis(κ2-azaallyl) ligand.  The structure of all complexes was 
confirmed crystallographically.  It was found the tetrahedral 
geometry of the metal center was distorted (although to 
varying degrees) by the bridging ligands. 

 
Scheme 2.. Compounds formed from two-center/ two-
electron reductions by MgI-MgI bonds 
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In a separate study by Stasch and coworkers, the bridged 
magnesium (II) hydride Nacnac complex, 10, was isolated.18 
This presented the opportunity to study the reactivity of the 
bridged complex as a comparison.  Although bridged hydride 
structures similar to 10 were known, the results of reactivity 
were inconsistent and uninformative.19 Scheme 3 shows the 
results of a sister experiment.  There was no reactivity 
observed with tBuNCO or cot.  The other reagents, PhN=NPh, 
AdN3, and CyN=C=NCy all cleaved (rather than inserted into) 
the Mg-Mg bond affording compounds 11-13 in good yields.  
These results were analogous to previous studies done with 
calcium hydride and iron hydride complexes: 20,21 fostering 
hope more applications were obtainable. 
 
Scheme 3. Ability of [(nacnac)Mg-(µ-H)2Mg(nacnac)] to act 
as a reducing agent. 
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Compound 4 was also investigated for its reactivity towards 
Lewis bases and ethers.18 As shown in Scheme 4, 4 reacted 
with several ethers and Lewis bases to afford crystalline 
products 14-17. THF (14) and dioxane (15) proved to be only 
weakly coordinating as shown by the regeneration of 4 when 
placed under a vacuum or high temperatures.  NMR studies 
conducted showed the equilibrium heavily favored 4.  DMAP 
(16) and 4-tBuPy (17) however showed exceptional stability 
under both thermal (decomposing at 159-160°C and 248-
250°C respectively) and vacuum conditions.  NMR spectra 
showed no evidence of free Lewis base in solution.  All the 
complexes proved to be very stable towards disproportionation 
into Mg(s) and Mg2+

(aq). 
 

Scheme 4, Ether or Lewis Base Coordination to 4. 
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An x-ray analysis of all structures was also conducted.  As 
seen when 4 was used as a reducing agent, the Nacnac ligands 
rotated from orthogonal to essentially parallel and a distorted 
tetrahedral geometry was observed.  The most intriguing data 
collected however related to the exceptionally long Mg-Mg 
bond lengths.  As stated previously, the Mg-Mg bond length in 
4 is 2.8457 Å.  The observed bond lengths showed surprising 
variability (14= 3.0560 Å, 15= 3.1499 Å, 16= 3.1962 Å, 17= 
3.1260 Å).  More interesting still is the ligand donation 
strength does not correlate with the bond length.  The weakly 
donating dioxane (15) has the second longest bond length and 
the strongly coordinating 4-tBuPy (17) has the second 
shortest.  These observations force one to conclude electronic 
factors do not play a major role in determination of bond 
length for these complexes.  DFT investigation (B3LYP) of a 
similar complex ([(Mg[(HNCH)2CH]]2) and the THF adduct 
([(Mg[(HNCH)2CH](THF)]2) yielded a bond length difference 
of 0.08 Å (2.865 Å and 2.945 Å respectively) which is almost 
three times lower than observed (ΔÅ= 0.21).  Although sterics 
likely play some role in the discrepancy, a partial potential 
energy diagram was constructed to investigate the energy 
required to elongate the Mg-Mg bond (Figure 3).  As shown, 
the equilibrium is shallow so a 0.20 Å difference only 
increases the entire energy of the system by 1.2 kcal/mol.  
This means a sizeable bond elongation can occur with 
relatively small thermodynamic implications. 
Using these findings as a stepping-stone, Stasch and 
coworkers began even further expanding on the reductive 
ability of 4.  One path inspired by the above findings was the 
possibility of isolating a derivative of the Gomberg- 
Bachmann magnesium ketyl ([IMg(OCPh2•)]).22 The reaction 
was successfully accomplished to afford 18 (Scheme 5) in 
good yield.  Characterization and conformation of the product 
was obtained via x-ray analysis.  A sister experiment was 
conducted focusing on the reduction of a tricyclic aromatic 
compound, anthracene.  Scheme 5 details these reactions.  The 
original ligand was unreactive towards anthracene, so a 
modified aromatic group, C6H2Me3-2,4,6 (Mes 4a) was 
introduced.  This alteration proved effective, giving the 
reduced product 19 in good yield.  X-ray and NMR analysis  

Figure 3. Potential Energy Curve of ([(Mg[(HNCH)2CH]]2) As a 
Function of Distance 

 
confirmed the supposed structure.  These were the first 
examples of compounds of these types being successfully 
characterized. 
 
Scheme 5. Preperation of Gomberg- Bachmann 
Magnesium Ketyl and Reduction of Anthracene 
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A final unique example is the ability of 4 and 4a to act as a 

reducing agent for organometallic complexes.23 As shown in 
Scheme 6 below, the successful reduction of 20 to 21 was 
observed, but the yields (5% for 4 and 20% for 4a) were poor.  
This successful reduction however was encouraging.  There is 
precedence to believe the yield of these complexes and the 
scope of organometallic complexes reduced by magnesium 
will be expanded in the not so distant future (Stasch published 
the successful synthesis of dimeric alumninum complexes in 
October 2010).24 
 
Scheme 6. Utilizing 4 and 4a as Reductive Agents Towards 
Organometallic Reagents  
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Stasch and coworkers have shattered the previous view of 

alkaline metals as only existing as MII compounds.  They have 
forever changed the chemistry of magnesium and have opened 
the doors to exciting and intriguing new possibilities.  
Research relating to the expansion in practical application and 
improvement of Mg complexes is still expanding, although the 
current focus is mainly on its Lewis acid/base properties. Also, 
obtaining clean reactions with dihydrogen to yield magnesium 



 

hydride are being pursed.25 The investigation into new Priso, 
Giso, and Nacnac type ligands and the reactivity differences 
caused by both stereo and electronic altercations is ongoing.26 
It is also important to note, most of the above examples are the 
first with the small, lightweight, inexpensive, non-toxic 
magnesium metal.  Magnesium has shown ability to 
chemically replace highly toxic samarium among other 
undesirable metals. Also, the development of other group II 
metals, such as calcium and strontium, can be examined.  The 
already developed chemistry can be applied to Mg complexes 
and the developing chemistry of Mg complexes can shed 
insight onto the new reactivity of the other group II metals.27,28 
These facts make the investigation and development of 
synthetically useful methodology even more alluring. 
_______________________________________________ 
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LETTERS

Cleaving carbon–carbon bonds by inserting tungsten
into unstrained aromatic rings
Aaron Sattler1 & Gerard Parkin1

The cleavage of C–H and C–C bonds by transition metal centres is
of fundamental interest and plays an important role in the syn-
thesis of complex organic molecules from petroleum feedstocks1–6.
But while there are many examples for the oxidative addition of
C–H bonds to a metal centre, transformations that feature oxid-
ative addition of C–C bonds are rare. The paucity of transforma-
tions that involve the cleavage of C–C rather than C–H bonds is
usually attributed to kinetic factors arising from the greater steric
hindrance and the directional nature of the spn hybrids that form
the C–C bond, and to thermodynamic factors arising from the fact
that M–C bonds are weaker than M–H bonds2–5. Not surprisingly,
therefore, most examples of C–C bond cleavage either avoid the
kinetic limitations by using metal compounds in which the C–C
bond is held in close proximity to the metal centre, or avoid the
thermodynamic limitations by using organic substrates in which
the cleavage is accompanied by either a relief of strain energy or
the formation of an aromatic system2–5. Here, we show that a
tungsten centre can be used to cleave a strong C–C bond that is
a component of an unstrained 6-membered aromatic ring. The
cleavage is enabled by the formation of an unusual chelating
di(isocyanide) ligand, which suggests that other metal centres with
suitable ancillary ligands could also accomplish the cleavage of
strong C–C bonds of aromatic substrates and thereby provide
new ways of functionalizing such molecules.

We are currently developing the coordination chemistry of
molybdenum with respect to heterocyclic aromatic nitrogen com-
pounds to acquire a more detailed understanding of the reactions
involved in hydrodenitrogenation, the important process by which
nitrogen is removed from compounds in fossil fuels7,8. As part of
these investigations, we reported that quinoxaline (QoxH) reacts
with electron-rich Mo(PMe3)6 to give (g2-N,C-Qox)Mo(PMe3)4H

via oxidative addition of a C2H bond, and further demonstrated that
this complex converts sequentially to (g6-C4N2-QoxH)Mo(PMe3)3

and (g6-C6-QoxH)Mo(PMe3)3 in which the quinoxaline ligand coor-
dinates in an g6 manner through the heterocyclic and carbocyclic
rings, respectively (Fig. 1)8. (Here italics indicate the coordinating
atoms.) Seeking to discover a system that would achieve cleavage of
a C–N bond of the aromatic ring, we explored tungsten compounds
because this metal shows a greater ability to accomplish bond cleavage
via oxidative addition than does molybdenum9.

As illustrated in Fig. 1, the reaction of W(PMe3)4(g2-CH2PMe2)H
with QoxH indeed proceeds very differently to that for the molybdenum
system (see Supplementary Information for experimental details regard-
ing synthesis and compound characterization). Thus, instead of tung-
sten simply coordinating QoxH in an g6 manner, W(PMe3)4(g2-
CH2PMe2)H reacts with QoxH either (1) to induce C–C bond cleavage
and dehydrogenation to give [k2-C2-C6H4(NC)2]W(PMe3)4, or (2) to
form the dihydride complex (g4-C2N2-QoxH)W(PMe3)3H2 (15% and
24% yields, respectively, after 18 h at 90 uC). The dihydride complex does
not convert to [k2-C2-C6H4(NC)2]W(PMe3)4 under the reaction con-
ditions. The transformations observed for QoxH are also observed for
6-methylquinoxaline (QoxMeH) and 6,7-dimethylquinoxaline
(QoxMe2H), thereby demonstrating the generality of the reactions (see
Supplementary Information).

In addition to the dihydride (g4-C2N2-QoxH)W(PMe3)3H2, the
tetrahydride W(PMe3)4H4 is also formed in low yield (,5%) during
the course of the reaction. Although an obvious source for the hydride
ligands of these complexes is the H2 that is liberated during the forma-
tion of [k2-C2-C6H4(NC)2]W(PMe3)4, we note that the conversion of
QoxH to 2,29-biquinoxaline, (2,29-Qox)2 (identified by X-ray diffrac-
tion, see Supplementary Fig. 3) may also serve as a source of H2. Not
unexpectedly, the yield of (g4-C2N2-QoxH)W(PMe3)3H2 (86%),
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relative to that of [k2-C2-C6H4(NC)2]W(PMe3)4, increases con-
siderably if the reaction between W(PMe3)4(g2-CH2PMe2)H and
QoxH is performed under an atmosphere of H2 (see Supplementary
Information).

The dihydride complexes (g4-C2N2-QoxR2H)W(PMe3)3H2 (where
R2 5 H, H; Me, H; or Me, Me) represent unprecedented examples of
g4-coordination of this dinuclear aromatic compound via the hetero-
cyclic ring, as clearly seen from the structure of (g4-C2N2-
QoxMe2H)W(PMe3)3H2 shown in Fig. 2. As such, (g4-C2N2-
QoxR2H)W(PMe3)3H2 provide important new structural motifs for
the means by which heterocyclic nitrogen compounds may bind to the
surface of hydrodenitrogenation catalysts.

The most significant aspect of the reactions between
W(PMe3)4(g2-CH2PMe2)H and QoxR2H, however, pertains to the
formation of [k2-C2-C6H2R2(NC)2]W(PMe3)4: as is evident from the
structure of [k2-C2-C6H2Me2(NC)2]W(PMe3)4 in Fig. 3, the forma-
tion of these compounds requires the breaking of an aromatic C–C
bond that is substantially stronger than a typical C–C single bond10.
Remarkably, this unprecedented cleavage of the aromatic C–C bond
takes place in preference to that of the C–N bond. The latter bond
might have been expected to be more reactive because the cleavage of
the C-N bond in pyridine11 and its derivatives12–15 has been achieved
by various metal centres, thereby making the cleavage of the C–C
bond in the present system all the more remarkable.

The cleaved quinoxaline fragments within [k2-C2-C6H2R2(NC)2]-
W(PMe3)4, namely C6H2R2(NC)2, correspond to known di(isocya-
nide) compounds16. As such, [k2-C2-C6H2R2(NC)2]W(PMe3)4 may
be viewed as simple transition-metal isocyanide complexes of the
type ML4(CNR)2 for which there is precedent. However, the [k2-
C2-C6H2R2(NC)2]W(PMe3)4 complexes exhibit several interest-
ing structural features. For example, whereas the majority of
transition-metal isocyanide compounds have almost linear C–N–C
bond angles (the mean C–N–C bond angle for isocyanide com-
pounds listed in the Cambridge Structural Database (Version 5.30)
is 172u), the geometries at nitrogen in each of the [k2-C2-
C6H2R2(NC)2]W(PMe3)4 complexes are severely bent (125–128u).
Such bending, which has also been observed for some monodentate
isocyanide complexes17, is consistent with considerable metal-to-
ligand p-backbonding so that W5C5N–R is a better description
of the interaction than is WrC–;N1–R (ref. 18). Further evidence
for the multiply bonded nature of the W–C interactions in [k2-C2-
C6H2R2(NC)2]W(PMe3)4 is the observed average W–C bond length

of 1.93 Å, which compares favourably with the mean value of 1.98 Å
for structurally characterized compounds with W5CR2 double
bonds listed in the Cambridge Structural Database (Version 5.30),
but is much shorter than the mean W–C single bond length of 2.23 Å.

A high degree of backbonding is also suggested by the n(CN)
stretching frequencies of [k2-C2-C6H2R2(NC)2]W(PMe3)4 ranging
from 1,698–1,709 cm–1 (see Supplementary Information), which is
at the low end for transition-metal isocyanide complexes; for com-
parison, n(CN) for isocyanide complexes span a range of at least
2,310 cm–1 to 1,670 cm–1 (refs 19, 20). Similarly, the 13C nuclear
magnetic resonance (NMR) spectroscopic signals of transition-metal
isocyanide compounds span at least 151.8–238.7 parts per million
(p.p.m.) (refs 20, 21), with the compound having the most downfield
chemical shift, namely [Fe(CNXyl)4]22, having the lowest n(CN)
stretching frequency and a highly bent C–N–C bond angle of
144(3)u (e.s.d. in parentheses; ref. 20). The 13C NMR chemical shift
of 211.4 p.p.m. for [k2-C2-C6H3Me(NC)2]W(PMe3)4 (see Sup-
plementary Information) is thus also consistent with considerable
backbonding in this molecule.

An interesting point to note is that chelating isocyanide ligands are
not common because M–C–N–R moieties prefer to adopt linear
coordination at both nitrogen and carbon21. For this reason,
although o-(CN)2C6H4 has been employed as a ligand, it does not
chelate but instead serves as a bridging ligand22. In accord with such
behaviour, the smallest ring size previously reported for a complex of
a bidentate di(isocyanide) ligand is 12, as illustrated by [k2-C2-
CH2{OC6H4(NC)}2]Cr(CO)4 (ref. 23). The 7-membered ring of
[k2-C2-C6H4(NC)2]W(PMe3)4, featuring two W–C–N bond angles
that are close to linear (165u–169u), is thus exceptionally small for a
transition-metal complex of a bidentate di(isocyanide) ligand. The
ability to isolate such an unusual compound may result from the fact
that its mechanism of formation involves insertion of the tungsten
centre into the aromatic ring; indeed, treatment of W(PMe3)4(g2-
CH2PMe2)H with o-(CN)2C6H4 at room temperature results in
the immediate formation of an unidentified precipitate, with no
evidence for formation of [k2-C2-C6H4(NC)2]W(PMe3)4 by 1H
NMR spectroscopy.

Several different mechanisms could explain the observed forma-
tion of [k2-C2-C6H4(NC)2]W(PMe3)4, of which one involves the
direct insertion of tungsten into the C–C bond followed by two
a-hydrogen elimination steps. Such a process is in line with the
observation that electron-donating substituents on olefins promote
C–C bond cleavage, as exemplified by the use of enetetramines to
generate N-heterocyclic carbene compounds24,25. However, we
favour the alternative mechanism outlined in Fig. 4 that comprises a
series of C–H bond cleavage reactions to access a benzyne-type inter-
mediate [g2-C2-C6H4(NCCN)]W(PMe3)4H2, from which [k2-C2-
C6H4(NC)2]W(PMe3)4 is then obtained via a sequence that involves
reductive elimination of H2 and C–C bond cleavage. The feasibility of
this mechanism is supported by the report of the ruthenium benzyne
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complex (g2-C6H4)Ru(PMe3)4 (ref. 26), a structural analogue of the
proposed intermediate [g2-C2-C6H4(NCCN)2]W(PMe3)4. Further-
more, the observation of several other compounds such as mono-
nuclear (g2-N,C-Qox)W(PMe3)4H and (k2-N,C-Qox)W(PMe3)4H
(Fig. 4), and dinuclear (m–g2-N,C-k2-N,C-Qox9)[W(PMe3)4H]2

(Supplementary Fig. 2), during the course of the reaction provides
evidence that C–H bond cleavage is facile in this system. Note, how-
ever, that C–H bond cleavage is reversible and that the mere obser-
vation of (g2-N,C-Qox)W(PMe3)4H is thus not proof that this species
is directly involved in the C–C bond cleavage process. A computa-
tional analysis of the reaction is, therefore, needed to establish which
of the different mechanisms is the most reasonable for the observed
transformations.

Finally, we note that the overall cleavage of the C–C bond of the
benzyne-type species proposed in this system resembles the forma-
tion of bis(isocyanide) compounds by base-induced cleavage of dia-
minoacetylene species27, a process that is the reverse of the well-
known coupling reactions of isocyanides25,28,29. It is also worth noting
that acetylenic C–C bonds have been successfully cleaved using
metal-cluster complexes30.

In conclusion, we note that the cleavage of an aromatic C–C bond
by insertion of tungsten into an aromatic ring enables a quinoxaline
compound to be converted to an o-diisocyanobenzene derivative, a
transformation that may potentially be extended to other systems and
thereby provide a new means of functionalizing aromatic molecules.
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In the present paper, the authors disclose a method which 

uses a tungsten metal center and it can be used to cleave a 

strong C-C bond of an unstrained 6-membered aromatic 

ring. The reaction proceeds through an unusual chelating 

di(isocyanide) ligand. Thus, this method provides a new 

way of functionalizing strong C-C bonds. 

As we all know, the cleavage of C-H and C-C 
bonds and funtionalizing them plays an 
important role in organic synthesis of complex 
molecules. This is mostly accomplished by using 
transition metal centers. The review

2
 deals with a 

number of recent advancements dealing with 
methodologies directed towards the activation of 
C-C bonds in strained and unstrained molecules 
catalyzed by transition metal complexes. The 
review

3
 in Angew Chem International Edition 

deals with the transition metal insertion into 
strong C-C bonds in solution, the reaction 
mechanisms involved, reactivity patterns, factors 
controlling the competition between C-C and C-H 
bond cleavage, use of different metals, 
thermodynamics and kinetics of C-C bond 
cleavage etc. There are many examples of 
oxidative addition of C-H bonds to a metal center 
in literature, but the same involving C-C bonds is 
quite rare. This is mainly because of the kinetic 
factors arising from the greater steric hindrance 
and the directional nature of the sp

n
 hybrid 

orbitals that form the C-C bond. It can also be 
attributed to the thermodynamic factors due to 
the fact that M-C bonds are weaker than M-H 
bonds. So C-H bond cleavage is more prevalent.  
In current literature, examples of C-C bond 
cleavage find some loopholes. For examples, 
they avoid the kinetic limitations by using metal 
compounds in which the C-C bond is held in 
close proximity to the metal center. So the C-C 
bond effectively gets cleaved. Other examples 
which avoid the thermodynamic limitations make 
use of organic substrates in which C-C bond 
cleavage is accompanied by either a relief of 
strain energy or formation of a more stable 
aromatic system. Again the C-C bond effectively 
gets cleaved.  

In the present paper, the authors disclose a 
method which uses a tungsten metal center and 
it can be used to cleave a strong C-C bond of an 
unstrained 6-membered aromatic ring. The 
reaction proceeds through an unusual chelating 
di(isocyanide) ligand. Thus, this method provides 
a new way of functionalizing strong C-C bonds. 
A paper by Parkin

4
 studies the reactivity of 

Mo(PMe3)6 towards heterocyclic nitrogen 
compounds in transformations relevant to 
hydrodenitrogenation (HDN). HDN is a process 
by which nitrogen is removed from fossil fuels for 
minimizing NOx emissions. Again, a paper by 
Parkin

5
 discloses a method which uses a 

molybdenum catalyst, namely, Mo(PMe3)4H4 to 
effect hydrogenation of quinolone, isoquinoline 
and quinoxaline which is a necessary step in 
HDN. While studying the hydrodenitrogenation 
reaction of compounds by using molybdenum, 
the authors of the present paper found out that 
molybdenum reacts with quinoxaline via 
oxidative addition of C-H bond. In order to find a 
system which can cleave C-N bond of an 
aromatic ring, the metal tungsten was explored 
as it shows a greater ability to accomplish bond 
cleavage via oxidative addition than 
molybdenum

6
. 

 
Scheme 1. Reaction of quinoxaline with the 
molybdenum and tungsten complexes. 
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The reaction with tungsten proceeded differently 
as compared to molybdenum. W(PMe3)4(η

2
-

CH2PMe2)H reacts with QoxH to form: 1) [κ
2
-C2-

C6H4(NC)2]W(PMe3)4 by inducing C-C bond 



 

cleavage and further dehydrogenation and 2) 
(η

4
-C2N2-QoxH)W(PMe3)3H2 which is the 

dihydride complex. The dihydride complex does 
not convert to the C-C bond cleavage product 
under the reaction conditions. The same 
transformations were observed for 6-
methylquinoxaline and 6,7-dimethylquinoxaline. 
Hence, the reaction can be applicable to a 
number of similar substrates. The tetrahydride 
W(PMe3)4H4 is also formed in a very small 
quantity (<5 %). The source of hydride ligands 
for the reaction is the hydrogen that is liberated 
during the formation of the C-C bond cleavage 
complex, namely, [κ

2
-C2-C6H4(NC)2]W(PMe3)4.  

The yield of the dihydride complex (η
4
-C2N2-

QoxH)W(PMe3)3H2 increases considerably if the 
reaction between the tungsten complex and 
QoxH is carried out in an atmosphere of H2 
which is expected. The same η

4
 coordination is 

observed for the methylated QoxH: (η
4
-C2N2-

Qox
R2

H)W(PMe3)3H2. Where, R2= H,H ; Me,H ; 
Me, Me. These complexes provide new 
important structural motifs for 
hydrodenitrogenation reaction. 
The most significant aspect of this reaction 
however is the formation of the complex: [κ

2
-C2-

C6H2R2(NC)2]W(PMe3)4 where R= H,H or Me,H 
or Me,Me. The formation of these complexes 
involves an aromatic C-C bond cleavage. 
Aromatic C-C bonds are substantially stronger 
than the already strong aliphatic C-C bond. A 
paper by Wigley

7
 deals with the C-N bond 

cleavage in an η
2
-(N,C)-Pyridine complex 

induced by intramolecular metal to ligand alkyl 
migration as a model for HDN catalysis. IN the 
present paper, this aforementioned C-C bond 
cleavage takes place in presence of the more 
reactive C-N bond which is surprising. These κ

2 

complexes can be compared to simple transition 
metal isocyanide complexes of the type 
ML4(CNR)2. The cleaved QoxH fragments, 
namely, C6H2R2(NC)2 correspond to known 
di(isocyanide) compounds. These κ

2 
complexes 

exhibit some interesting features:  
1) The C-N-C bond angles are around 125-128

o
 

as compared to the almost linear (mean is 172
o
) 

C-N-C bond angles for other transition metal 
isocyanide complexes. Such bending is 
consistent with considerable metal to ligand π-
backbonding (it has been observed for some 
monodentate isocyanide compounds). This π-
backbonding can be shown as: W=C=N-R rather 
than the compound being shown as 
W C N R

. A paper by Kuznetsov
8
 deals with 

the study of transition metal complexes with 

nitriles and isocyanides and π-backbonding has 
been discussed extensively.    
2) The observed average W-C bond length is 
1.93Å which is comparable to structurally 
characterized compounds with W=CR2 double 
bonds whereas the average bond length for a 
W-C single bond is much larger at 2.23 Å. This 
is another evidence for π-backbonding. 
3) The stretching frequency of the [κ

2
-C2-

C6H2R2(NC)2]W(PMe3)4  compounds for the CN 
bond are in the range of 1698 to 1709 cm

-1
. 

These values are at the low end for transition 
metal isocyanide complexes. The normal range 
is 2310 to 1670 cm

-1
. This is further evidence of 

multiple bond character of the W-C bond. 
4) The 

13
C NMR chemical shift of 211.4ppm is 

also consistent with the backbonding in the κ
2 

complexes.   
Usually M-C-N-R groups prefer to adopt a linear 
coordination geometry at nitrogen and carbon 
and hence, chelating isocyanide ligands are not 
common

9
. The ligand in this paper o-(NC)2C6H4 

also serves as a bridging ligand instead of a 
chelating ligand. A paper by Espinct

10
 gives us 

the example of 1,2-Phenylene diisocyanide as a 
bridging ligand for metallotriangles. In 
accordance with this observation, the smallest 
ring size reported for a complex of a bidentate 
di(isocyanide) ligand is 12. The ring of the [κ

2
-

C2-C6H4(NC)2]W(PMe3)4 consists of 7 members 
with two W-C-N bonds that are close to linear 
(165

o 
to 169

o
). this ring is thus exceptionally 

small for a transition metal complex of a 
bidentate di(isocyanide) ligand. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 



 

Scheme 2. Plausible mechanism for the 
reaction. 
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There are several mechanisms proposed for the 
formation of the [κ

2
-C2-C6H4(NC)2]W(PMe3)4 

complex. One mechanism outlined involves the 
direct insertion of tungsten into the C-C bond 
which is then followed by two α-hydrogen 
eliminations. This mechanism has been said to 
be in accordance with the fact that electron 
donating substituents on olefins promote C-C 
bond cleavage. The authors however, present 
another mechanism which they think is more 
favorable. In this mechanism, initially there is a 
series of C-H bond cleavage reactions which 
gives access to a benzyne type intermediate [η

2
-

C2-C6H4(NCCN)]W(PMe3)4H2. This intermediate 
is further converted to [κ

2
-C2-

C6H4(NC)2]W(PMe3)4  through reductive 
elimination of H2 and C-C bond cleavage. The 
authors cite that this mechanism is supported by 
a report of ruthenium benzyne complex [η

2
-

C6H4]Ru(PMe3)4 
11

. This complex can be 
considered as a structural analogue of the 
intermediate [η

2
-C2-C6H4(NCCN)2]W(PMe3)4H2. 

Some other intermediates that are observed in 
this reaction are: (η

2
-N,C-Qox)W(PMe3)4H , (κ

2
-

N,C-Qox)W(PMe3)4H , (µ-η
2
-N,C- κ

2
-N,C- 

Qox’)[W(PMe3)4H]2. The presence of these 
intermediates confirm that the reaction proceeds 

through the second mechanism and that C-H 
bond cleavage is facile in this system. Still the 
observation of (η

2
-N,C-Qox)W(PMe3)4H cannot 

confirm that this species is involved in the C-C 
bond cleavage as C-H bond cleavage is 
reversible. 
The overall cleavage of the C-C bond in the 
given system resembles the process by which 
bis(isocyanide) compounds are formed by base-
induced cleavage of diaminoacetylene 
species

12,13
. Another points the authors note is 

that the cleaving of acetylenic C-C bonds have 
been cleaved using metal cluster complexes. 
In summary, the authors have provided a 
beautiful method in which an aromatic C-C bond 
in quinoxaline can be cleaved by insertion of 
tungsten to yield a o-diisocyanobenzene 
derivative. This methodology can be extended to 
other systems as well thus providing new ways 
of functionalizing organic molecules. 
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In Situ Formation of an
Oxygen-Evolving Catalyst in Neutral
Water Containing Phosphate and Co2+
Matthew W. Kanan and Daniel G. Nocera*

The utilization of solar energy on a large scale requires its storage. In natural photosynthesis,
energy from sunlight is used to rearrange the bonds of water to oxygen and hydrogen
equivalents. The realization of artificial systems that perform “water splitting” requires catalysts
that produce oxygen from water without the need for excessive driving potentials.
Here we report such a catalyst that forms upon the oxidative polarization of an inert indium
tin oxide electrode in phosphate-buffered water containing cobalt (II) ions. A variety of analytical
techniques indicates the presence of phosphate in an approximate 1:2 ratio with cobalt in this
material. The pH dependence of the catalytic activity also implicates the hydrogen phosphate
ion as the proton acceptor in the oxygen-producing reaction. This catalyst not only forms in situ
from earth-abundant materials but also operates in neutral water under ambient conditions.

Sunlight is the only renewable and carbon-
neutral energy source of sufficient scale to
replace fossil fuels and meet rising global

energy demand (1). The diurnal variation in local
insolation, however, demands a cost-effective
storage of solar energy for its large-scale utili-
zation. Of the possible storage methods, nature
provides the blueprint for storing sunlight in the
form of chemical fuels (1, 2). The primary steps
of natural photosynthesis involve the absorption
of sunlight and its conversion into spatially sepa-
rated electron/hole pairs. The holes of this wireless
current are then captured by the oxygen-evolving
complex (OEC) to oxidize water to oxygen and
the electrons are captured by photosystem I to
reduce NADP+ (nicotinamide adenine dinucleo-
tide phosphate) to NADPH (the reduced form of
NADP+), nature’s form of hydrogen (3). Thus,
the overall primary events of photosynthesis store
solar energy in a fuel by rearranging the chemi-
cal bonds of water to form H2 (i.e., NADPH)
and O2.

An approach to duplicating photosynthesis
outside of a photosynthetic membrane is to con-
vert sunlight into spatially separated electron/
hole pairs within a photovoltaic cell and then
capture the charges with catalysts that mediate
“water splitting” (1, 4). The four holes are
captured by a catalyst at the anode to produce
oxygen, and the four electrons are captured by a
separate catalyst at the cathode to produce
hydrogen. The net result is the storage of solar
energy in the chemical bonds of H2 and O2.

A key determinant of energy storage in ar-
tificial photosynthesis is the efficiency of the
water-splitting catalysts. Electrocatalysts that are
efficient for solar-to-fuels conversion must oper-
ate close to the Nernstian potentials (E) for the
H2O/O2 and H2O/H2 half-cell reactions shown in

Scheme 1 (half-cell potentials given in the con-
vention of reduction potentials).

The voltage in addition to E that is required
to attain a given catalytic activity—referred to as
overpotential—limits the efficiency of converting
light into catalytic current. Of the two reactions,
the H2O/O2 reaction is considerably more com-
plex (5). This reaction requires a four-electron
oxidation of two water molecules coupled to the
removal of four protons to form a relatively weak
oxygen-oxygen bond. In addition to controlling
this proton-coupled electron transfer (PCET)
(6, 7), a catalyst must tolerate prolonged exposure
to oxidizing conditions. Even at the thermody-
namic limit, water oxidation requires an oxidiz-

ing power that causes most chemical functional
groups to degrade. Accordingly, the generation of
oxygen from water presents a substantial chal-
lenge toward realizing artificial photosynthesis (8).

The fine-tuned molecular machinery of the
OEC oxidizes water at a low overpotential using
a Mn4O4Ca cluster (9–12). Outside the OEC, ex-
amples of water oxidation catalysts include first-
row spinel and perovskite metal oxides, which
require concentrated basic solutions (pH > 13)
and moderate overpotentials (<400 mV), and
preciousmetals and preciousmetal oxides, which
operate with similar efficiencies under acidic con-
ditions (pH < 1) (13–15). However, few catalysts
operate in neutral water under ambient condi-
tions. Neutral water is oxidized at Pt electrodes,
and some precious metal oxides have been re-
ported to operate electrocatalytically in neutral or
weakly acidic solutions (16). The development of
an earth-abundant, first-row catalyst that operates
at pH 7 at low overpotential remains a funda-
mental chemical challenge. Here, we report an
oxygen-evolving catalyst that forms in situ upon
anodic polarization of an inert electrode in neutral
aqueous phosphate solutions containing Co2+.
Oxygen generation occurs under benign condi-
tions: pH = 7, 1 atm, and room temperature.

Cobalt ions in the presence of chemical oxi-
dants such as Ru(bpy)3

3+ (bpy, bipyridine; Eo =
1.26, where Eo is the standard potential) catalyze
the oxidation of water to O2 in neutral phosphate
solutions (17, 18). Oxygen yields drop in these
reactions when oxidized Co species precipitate
from solution because the catalytically active
species is removed from the solution-phase re-
action. However, an oxidation-induced precipita-
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2H2OO2  +  4H+ + 4e–

2H2O

2H2 4H+ + 4e–

2H2  +  O2

Eanodic  =  1.23 V  –  0.059 (pH) V vs NHE

Ecathodic  =  0 V  –  0.059 (pH) V vs NHE

Erxn          =  –1.23 V

Scheme 1.
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Fig. 1. (A) Cyclic voltammagram in 0.1 M KPi electrolyte at pH 7.0 with no Co2+ ion present (black line)
and with 0.5 mM Co2+ present (red line). The potential was measured against a Ag/AgCl reference and
converted to NHE potentials by using E(NHE) = E(Ag/AgCl) + 0.197 V. (B) Current density profile for bulk
electrolysis at 1.29 V (versus NHE) in 0.1 M KPi electrolyte at pH 7.0 containing 0.5 mM Co2+. (Inset)
Profile in the absence of Co2+.
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tion may be exploited to prepare electrocatalysts
in situ if the precipitated material remains cat-
alytically active and can be oxidized at an electrode
surface. To explore this possibility forCo-catalyzed
water oxidation, we examined electrochemical oxi-
dations of aqueous solutions containing phosphate
and Co2+. Cyclic voltammetry of a 0.5 mM solu-
tion of Co(NO3)2 in 0.1 M potassium phosphate
pH7.0 (KPi electrolyte) exhibits an oxidationwave
atEp = 1.13V (whereEp is the peakpotential) versus
the normal hydrogen electrode (NHE), followed by
the onset of a strong catalytic wave at 1.23 V (Fig.
1A). A broad, relatively weak reduction wave is ob-
served on the cathodic scan. The presence of a cat-
alytic wave prompted us to examine the electrode
activity during controlled-potential electrolysis.

Indium tin oxide (ITO) was used as the elec-
trode for bulk electrolysis to ensure a minimal
background activity for O2 production. An elec-
trolysis at 1.29 V without stirring in neutral KPi
electrolyte containing 0.5 mM Co2+ exhibits a
rising current density that reaches a peak value
>1 mA/cm2 after 7 to 8 hours (Fig. 1B). During
this time, a dark coating forms on the ITO
surface, and effervescence from this coating be-

comes increasingly vigorous (19).The same results
are observed with either CoSO4, Co(NO3)2, or
Co(OTf )2 (where OTf = triflate) as the Co2+

source, which indicates that the original Co2+

counterion is unimportant and that this activity
does not depend on an impurity found in a specific
source. The amount of charge passed during the
course of an 8-hour electrolysis far exceeds what
could be accounted for by stoichiometric oxidation
of the Co2+ in solution (20). These observations are
indicative of the in situ formation of an oxygen-
evolving catalyst. Catalyst formation also pro-
ceeds on a fluorine tin oxide electrode and if KPi
is replaced by NaPi electrolyte. In a control ex-
periment, the current density during bulk elec-
trolysis under identical conditions in the absence of
Co2+ rapidly drops to a baseline level of ~25 nA/cm2

(inset in Fig. 1B).
The morphology of the electrode coating

formed during electrolysis in the presence of Co2+

was examined by scanning electron microscopy
(SEM). The electrodeposited material consists of
particles that have coalesced into a thin film and
individual micrometer-sized particles on top of
the film (Fig. 2A). The ITO substrate can be seen

through cracks in the film that form upon drying,
as evidenced by particles that are split into com-
plementary pieces. The film thickness gradually
increases over the course of the electrodeposition
(see fig. S4 for additional images). At maximum
activity under these electrolysis conditions, the
film is >2 mm thick. The x-ray powder diffraction
pattern of an electrodeposited catalyst shows
broad amorphous features and no peaks indica-
tive of crystalline phases other than the peaks as-
sociated with the ITO layer (fig. S1).

In the absence of detectable crystallites, the
composition of the electrodeposited material was
analyzed by three complementary techniques.
Energy-dispersive x-ray analysis (EDX) spectra
were obtained from multiple 100-to-300–m2

regions of several independently prepared sam-
ples. These spectra identify Co, P, K, andO as the
principal elemental components of the material
(Fig. 2B). Although the material’s morphology is
not ideally suited for quantitative EDX, the analy-
ses consistently indicate a Co:P:K ratio between
~2:1:1 and 3:1:1. To obtain an independent deter-
mination of elemental composition, electrolysis
was performedwith several larger ITO electrodes;
the deposited material was scraped off and com-
bined for a total yield of ~3 mg. Microanalytical
elemental analysis of the combined material in-
dicates 31.1% Co, 7.70% P, and 7.71% K, cor-
responding to a 2.1:1.0:0.8 Co:P:K ratio. Finally,
the surface of an electrodeposited catalyst on the
ITO substrate was analyzed by x-ray photoelectron
spectroscopy (XPS). All peaks in theXPS spectra
are accounted for by the elements detected above,
in addition to In and Sn from the ITO substrate.
The high-resolution P 2p peak at 133.1 eV is
consistent with phosphate. The Co 2p peaks at
780.7 and 795.7 eVare in a range typical of Co2+

or Co3+ bound to oxygen (fig. S2) (21). Together,
the x-ray diffraction and analytical results indi-
cate that electrolysis of a Co2+ solution in neutral
KPi electrolyte results in the electrodeposition of
an amorphous Co oxide or hydroxide incorporat-
ing a substantial amount of phosphate anion at a
stoichiometric ratio of roughly 2:1:1 for Co:P:K.
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Fig. 2. (A) SEM image (30° tilt) of the electrodeposited catalyst after 30 C/cm2 were passed in 0.1 M KPi
electrolyte at pH 7.0, containing 0.5 mM Co2+. The ITO substrate can be seen through cracks in the dried
film. (B) Typical EDX histogram acquired at 12 kV. cps, counts per second.
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Fig. 3. (A) Mass spectrometric detection of isotopically labeled 16,16O2 (black
line), 16,18O2 (blue line), and

18,18O2 (red line) during electrolysis of a catalyst
film on ITO in a KPi electrolyte containing 14.6% 18OH2. The green arrow
indicates the initiation of electrolysis at 1.29 V (NHE), and the red arrow
indicates the termination of electrolysis. (Inset) Expansion of the 18,18O2
signal. (B) Percent abundance of each isotope over the course of the

experiment. Average observed abundance of T2s is indicated above each line.
Statistical abundances are 72.9, 24.9, and 2.1%. (C) O2 production measured
by fluorescent sensor (red line) and theoretical amount of O2 produced (blue
line), assuming a Faradic efficiency of 100%. The green arrow indicates the
initiation of electrolysis at 1.29 V, and the red arrow indicates the termination
of electrolysis.
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Three experiments were performed to estab-
lish that the catalytic activity observed with this
material corresponds to authentic water oxida-
tion. Each of these experiments was performed in
neutral KPi electrolyte in the absence of Co2+.
Catalyst coatings (~1.3 cm2) were prepared in a
preliminary step as described above and stored
under ambient laboratory conditions until they
were used.

To confirm that water is the source of the O2

produced, electrolysis was performed in helium-
saturated electrolyte containing 14.6% 18OH2 in
a gas-tight electrochemical cell in line with a mass
spectrometer. The helium carrier gas was contin-
uously flowed through the headspace of the
anodic compartment into the mass spectrometer,
and the relative abundances of 32O2,

34O2, and
36O2 were monitored at 2-s intervals. Within
minutes of initiating electrolysis at 1.29 V, the
signals for the three isotopes began to rise above
their background levels as the O2 produced by
the catalyst escaped into the headspace. Upon
terminating the electrolysis 1 hour later, these sig-
nals slowly returned to their background levels
(Fig. 3A). The 32O2,

34O2, and
36O2 isotopes were

detected in the statistical ratio (72.9, 24.9, and
2.1% relative abundances, respectively) (Fig. 3B).

The Faradaic efficiency of the catalyst was
measured with a fluorescence-based O2 sensor.
Electrolysis was performed in KPi electrolyte in a
gas-tight electrochemical cell under an N2 atmo-
sphere with the sensor placed in the headspace.
After initiating electrolysis at 1.29 V, the percent-
age of O2 detected in the headspace rose in ac-
cord with what was predicted by assuming that
all of the current was caused by 4e– oxidation of
water to produce O2 (Fig. 3C). The amount of O2

produced (95 mmol, 3.0 mg) greatly exceeds the
amount of catalyst (~0.2 mg), which shows no
perceptible decomposition during the course of
the experiment.

The stability of phosphate under catalytic con-
ditions was assayed by 31P nuclear magnetic res-
onance (NMR). Electrolysis in a two-compartment
cell with 10 mL of KPi electrolyte (1 mmol phos-
phate) on each side was allowed to proceed until
45 C had been passed through the cell (0.46mmol
electrons). Electrolysis solutions from both cham-
bers show single, clean 31P resonances, which
indicate that the electrolyte is robust under these
conditions (fig. S3). Together, the mass spectrom-
etry, Faradaic efficiency, and 31P NMR results
demonstrate that the electrodeposited catalyst
cleanly oxidizesH2O toO2 in neutralKPi solutions.

The current density of a catalyst on ITO was
measured as a function of the overpotential (h) in
KPi electrolyte without Co2+ (black circles in
Fig. 4A). At pH 7.0, appreciable catalytic current
is observed beginning at h = 0.28 V, and a current
density of 1 mA/cm2 (corresponding to 9 mmol
O2 cm

–2 h–1) requires h = 0.41 V. The Tafel plot
deviates slightly from linearity, possibly reflect-
ing an uncompensated iR drop caused by the
surface resistivity of the ITO (8 to 12 ohms per
square). Substantial improvements in the activity

profile may be attainable without changing the
catalyst composition by depositing on alternative
substrates or improving ohmic contact to the ITO.

The catalyst used to obtain the Tafel plot at
pH 7 was subsequently transferred to KPi
electrolyte at pH 4.6, and the current density
was measured at a constant applied potential
(1.24 V) while the pH was increased incremen-
tally to 9.4 by adding aliquots of concentrated
KOH. A plot of the log of current density versus
pH exhibits a steep initial rise that levels off in the
high-pH range such that increasing the pH from 8
to 9.4 at this applied potential has little effect
(Fig. 4B). These data can be converted to a Tafel
plot by using Eq. 1 (Scheme 1) and accounting
for iR drop (see Fig. 4 legend). A comparison to
the Tafel plot obtained at pH 7 indicates that the
catalyst exhibits approximately Nernstian behav-
ior from pH 5 to 8: Increasing the pH by one unit
at constant applied potential (1.24 V) has nearly
the same effect as increasing the overpotential by
0.059 V at pH 7 (red circles in Fig. 4A). This
result implicates a reversible ne–, nH+ removal
before the rate-determining step for O2 evolution
in this pH range (here, n is the number of equiv-
alents). Thus, an important component of the
activity at pH 7 with this catalyst is the existence
of one or more intermediates precedingO2 forma-
tion that are deprotonated reversibly byHPO4

2– in
a PCETevent (22). The pH-independent behavior
above pH 8 at the applied potential may indicate a
change in mechanism, most likely involving a
deprotonated intermediate.

In addition to mediating the deprotonation re-
quired for catalysis, the KPi electrolyte provides
a medium for in situ catalyst formation. Given
that phosphate is a structural element and that the
catalyst forms under oxidizing conditions, it is
plausible that deposition is driven by the inter-
action of phosphate andCo3+. By judicious choice
of other metal-anion pairs or combinations of
multiple metals and anions, it may be possible to
access other oxygen-evolving catalysts that form

in situ and operate in neutral solutions. In situ
formation is advantageous because, in principle,
it enables catalyst deposition on a variety of sub-
strates, including those that are too delicate to
tolerate traditional catalyst preparation techniques.
This attribute is important for interfacing a cata-
lyst with a variety of electrochemical or photo-
electrochemical cell designs.

In situ formation also implies a self-repair mech-
anism. Proposed molecular mechanisms involving
O2/H2O cycles at Co centers suggest that catalytic
reactions cycle among Co2+-, Co3+-, and Co4+-
oxo oxidation states (18, 23). The propensity of
metal ion dissolution has been shown to correlate
with ligand substitution (24). Given that Co3+ is
substitutionally inert relative to Co2+, a dynamic
equilibrium between Co2+-HPO4

2– in solution
and Co3+-HPO4

2– on the anodically poised elec-
trode may be established. More generally, if a
catalytic cycle involves an oxidation state that is
prone to dissolution, this process can be countered
by continual catalyst formation by establishing an
equilibrium with the judicious choice of an anion.

The results reported herein highlight a new
area of exploration for the development of easily
prepared, earth-abundant catalysts that oxidize
water. If artificial photosynthesis is to enable the
storage of solar energy commensurate with global
demand, water-splitting chemistry will need to be
performed at a daunting scale. Storing the equiv-
alent of the current energy demand would require
splitting more than 1015 mol/year of water, which
is roughly 100 times the scale of nitrogen fixation
by the Haber-Bosch process. The conditions under
which water splitting is performed will determine
how solar energy is deployed. The catalyst reported
here has many elements of natural photosynthesis,
including (i) its formation from earth-abundant
metal ions in aqueous solution, (ii) a plausible
pathway for self-repair, (iii) a carrier for protons
in neutral water, and (iv) the generation of O2 at
low overpotential, neutral pH, 1 atm, and room
temperature.
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Fig. 4. (A) Tafel plot (black circles), h = (Vappl – iR) – E(pH 7) (where Vappl is the applied potential),
of a catalyst film on ITO in 0.1 M KPi electrolyte pH 7.0, corrected for the iR drop of the solution.
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The Global Atmospheric Circulation
on Moist Isentropes
Olivier Pauluis,1* Arnaud Czaja,2 Robert Korty3

The global atmospheric circulation transports energy from the equatorial regions to higher
latitudes through a poleward flow of high-energy and -entropy parcels and an equatorward
flow of air with lower energy and entropy content. Because of its turbulent nature, this
circulation can only be described in some averaged sense. Here, we show that the total mass
transport by the circulation is twice as large when averaged on moist isentropes than when
averaged on dry isentropes. The additional mass transport on moist isentropes corresponds
to a poleward flow of warm moist air near Earth's surface that rises into the upper
troposphere within mid-latitudes and accounts for up to half of the air in the upper
troposphere in polar regions.

Earth absorbs shortwave radiation from the
Sun and emits back longwave radiation to
space. Although the total amounts of en-

ergy received and emitted are about equal, Earth
absorbs more energy than it emits in the equa-
torial regions and emits more energy than it ab-
sorbs at high latitudes (1). Such imbalance requires
an energy transport by the atmosphere and the
oceans, with the former responsible for the bulk
of the transport in mid-latitudes (2). Determining
the relationship between the atmospheric energy
transport and the global distribution of temper-
ature and humidity is a central question for our
understanding of the Earth's climate.

Averaging the global atmospheric circulation
usually implies computing a zonal and temporal
mean over a sufficiently long period. One of the
most common descriptions is the Eulerian mean

circulation (1), obtained by averaging the flow
at constant pressure or geopotential height. The
Eulerian mean stream function Yp is defined as

Ypðp; fÞ ¼ 1

t ∫
t

0
∫
2p

0
∫
psurf

p
va cos f

dp

g
dldt ð1Þ

Here, p is pressure, f is latitude, t is the time
period over which the average is computed, psurf
is surface pressure, l is longitude, a is Earth's
radius, v is the meridional velocity, and g is the
gravitational acceleration. Figure 1A shows the
annual mean stream function on pressure sur-
faces based on the National Centers for Environ-
mental Prediction–National Center for Atmospheric
Research (NCEP-NCAR) Reanalysis monthly
data (3) from January 1970 to December 2004.
The Eulerian-mean circulation exhibits a three-cell
structure in each hemisphere: the Hadley cell in
the tropics, the Ferrel cell in mid-latitudes, and a
polar cell at high latitudes. The Hadley and polar
cells, with air parcels moving poleward at high
altitude and equatorward at low altitude, are direct
circulations that transport energy toward the poles.
In the Ferrel cell, the flow is poleward near the
surface and equatorward at high altitude. This cor-
responds to an energy transport toward the equa-

tor. Nonetheless, in mid-latitudes, synoptic-scale
(~1000 km) eddies transport more energy toward
the poles than is brought equatorward by the Ferrel
cell, so that the total energy transport in the atmo-
sphere remains poleward.

An alternative to the Eulerian mean circula-
tion is to average the circulation on isentropic
surfaces (4–6). In atmospheric sciences, it is com-
mon to use the potential temperature q instead of
entropy. The potential temperature is given by

q ¼ p0
p

� � R
Cp
T , with p the pressure, R the ideal gas

constant, Cp the specific heat, T the temperature,
and p0 = 1000 mbar an arbitrary reference pres-
sure. Potential temperature is conserved for re-
versible adiabatic transformations in the absence
of a phase transition, and a surface of constant
potential temperature corresponds to isentropic
surfaces. The stream function Yq(q,f) on poten-
tial temperature surfaces is defined by

Yqðq0; fÞ

¼ 1

t ∫
t

0
∫
2p

0
∫
psurf

0
Hðq0− qÞva cos f dp

g
dldt ð2Þ

Here,H(x) is the Heavyside function, withH(x) =
1 for x ≥ 0 and H(x) = 0 for x < 0. Figure 1B
shows the annual mean stream function on poten-
tial temperature surfaces based on the NCEP-
NCAR Reanalysis daily data from January 1970
to December 2004.

In contrast to the Eulerian mean circulation,
the circulation in isentropic coordinates exhibits a
single overturning cell in each hemisphere. Be-
cause the atmosphere is stratified in potential
temperature (∂zq > 0), the isentropic circulation
corresponds to a poleward flow at upper levels
balanced by a return flow near Earth's surface—
in the direction opposite to the Eulerian mean
circulation (4). The meridional mass transport on
an isentrope can be written as

rqv ¼ rqv þ rq′v′ (3)
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The world is in an energy crisis and in need of a renewable 
resource for energy.  Solar energy is a renewable source 
that could provide the energy that is needed, but for it to be 
an effective source of energy there needs to be a way to 
store the energy it can produce.  Nature stores solar energy 
by converting water into oxygen and hydrogen through 
photosynthesis.  Artificial systems of water splitting need 
catalysts that can split water without very high potentials.  
This paper reports a catalyst that forms on an inert indium 
tin oxide electrode in phosphate-buffered water containing 
cobalt(II) ions.  Many techniques were used to determine 
that this catalyst splits water with very little overpotential.  
The catalytic activity is pH dependent and the hydrogen 
phosphate ion is the proton acceptor in the oxygen-
producing reaction.  The catalyst forms in situ from earth-
abundant materials and also functions in neutral water 
under ambient conditions. 

CO2 levels are rising at a rapid rate and are currently greater 
than 380 ppm.  Over the past 650,000 years and probably 
longer, CO2 levels have been between 210 and 300 ppm.  At 
the rate CO2 levels have been increasing the concentration of 
CO2 is expected to be between 550 – 650 ppm before the end 
of the 21st century.  The exact repercussions of a CO2 
concentration this high are not for certain, but it could have 
potentially disastrous effects on the environment. 

In order to try and contain the CO2 level and keep it from 
rising indefinitely, carbon neutral energy sources are needed.  
There are three main sources of carbon neutral energy that 
could be employed to help slow the increase of CO2 
concentration.  The three ways are nuclear fission, carbon 
capture and storage, and renewable energy.  The problem with 
using nuclear fission is the impracticality of building enough 
nuclear reactors in a short enough period of time to have the 
desired effect.  A nuclear reactor would need to be built every 
1.6 days for the next 45 years to produce enough power to 
limit CO2 emissions.  The time scale for nuclear fission is too 
long to have an important effect on carbon emissions in the 
near future.  Carbon capture and storage involves dissolving 
CO2 into underground aquifers and keeping it there.  
Underground aquifers can leak and if this is the case the 
trapped CO2 will end up back in the atmosphere.  It is very 
difficult to determine the amount of leakage in an aquifer and 
even if it is determined for one aquifer, every aquifer is 
different.  If leakage can be minimized CO2 sequestration 
through this method could help limit CO2 emissions in the 
short term, but is not a long term solution.  The third way of 
slowing down the carbon emission rate is to use renewable 

energy.  There are multiple forms of renewable energy 
including biomass, wind power, and solar power.  Of these 
three sources of energy solar power provides the greatest 
amount.  More solar energy strikes the surface of the earth in 
one hour than all of the energy consumed on the planet in one 
year. 

The use of solar power requires the capture of energy from 
the sun and then its storage.  Due to the intermittency of 
sunlight, storage of excess energy produced during the day is 
vital to making solar power a viable energy source. There are 
three main ways to store energy on the scale needed to power 
the world when the sun is not out.  The first is to store the 
energy in batteries, but there are no batteries cheap enough to 
store the required amount of energy and there is not very much 
room for improvement in battery technology.  A second way 
to store energy would be to store it mechanically.  For 
example, the excess energy during the day could be used to 
power a turbine to pump water up hill and then at night the 
water would flow back down and create energy.  This method 
is not practical due to the large volumes of water that would 
need to be pumped and released every day.  A third way in 
which solar energy could be stored is by storing it chemically.  
This means using solar energy to break and make chemical 
bonds.  Nature stores solar energy chemically through 
photosynthesis.  In photosynthesis the energy from the sun is 
used to convert water molecules into oxygen and natures 
equivalent of hydrogen, NADPH (1). 

One way to recreate photosynthesis outside of a cellular 
membrane is to convert the sunlight into spatially separated 
electron/hole pairs and then capture the charges with catalysts 
that mediate water splitting.  The holes are found at the anode 
and a catalyst there produces oxygen whereas the electrons are 
found at the cathode and a catalyst turns them into hydrogen.  
This process stores the solar energy in the chemical bonds of 
H2 and O2 (2).  Bard and Fox state that figuring out how to 
efficiently undergo this process is the holy grail of chemistry 
(3).  The major problem with this is the efficiency of the 
catalyst.  Efficient catalysts will operate close to the Nernstian 
potentials for the half-cell reactions and must be able to 
withstand oxidizing conditions.  The half-cell reactions for the 
oxidation of water can be seen in Scheme 1 (2). 

Half-cell reactions are a part of reduction-oxidation (redox) 
chemistry.  Redox chemistry is a class of chemistry that 
involves the transfer of electrons among reactants.  In a redox 
reaction there are two parts (halves) of the reaction, the 
oxidation half and the reduction half.  The reason a redox 
equation can be broken into two halves is that in order for an 
oxidation to occur a reduction also needs to occur.  This is 
because when a chemical species is oxidized it loses electrons 
and these electrons need to go into another molecule.  When 
this second molecule gains these electrons that is called 



 

reduction.  Every half reaction has a potential assigned to it 
that is referenced to the standard hydrogen electrode.  The 
standard hydrogen electrode undergoes the half reaction 
shown in Scheme 2 and is assigned a potential of 0 V. 

The catalyst within a cell that splits water is called the 
oxygen-evolving complex (OEC).  The OEC uses a Mn4O4Ca 
cluster to oxidize water to oxygen and release electrons that 
reduce NADP+ into NADPH.  Other catalysts that can oxidize 
water are first row spinel and perovskite metal oxides and 
precious metals and their oxides.  The former require 
moderate overpotentials and very basic solutions (pH 13-15) 
and the latter have similar efficiencies, but require very acidic 
solutions (pH <1) (2).  An overpotential is the difference 
between the amount of current used to complete a reaction and 
how much current is needed theoretically.  For every 
electrochemical reaction done the smallest overpotential 
possible is desired because that would make the reaction the 
most efficient.   

There are very few catalysts that oxidize water under 
neutral conditions.  Pt electrodes can reduce neutral water 
along with some precious metal oxides when operated 
electrocatalytically (2).  Sutin et. al. reported a Co2+ catalyst 
that oxidized water to O2 at neutral pH.  In that paper they use 
Ru(bpy)3

3+ and they believe the Co2+ goes through a Co4+ 
intermediate before forming H2O2 and regenerating Co2+ (4).  
This paper reports an oxygen-evolving catalyst that forms in 
situ in neutral aqueous phosphate solutions containing Co2+. 

It has been shown that Co2+ ions in the presence of oxidants 
in neutral phosphate solutions catalyze the oxidation of water 
to O2.  In these reactions cobalt oxides precipitate out and 
cause the yields of the reactions to diminish.  This paper 

proposes that if the precipitates were still catalytically active 
there would be no drop off in production with the formation of 
solid cobalt oxides.  

Cyclic voltammetry was performed on an aqueous solution 
containing phosphate and cobalt ions.  An oxidation wave was 
observed at Ep=1.13 V vs. NHE along with a strong catalytic 
wave that began at 1.23 V (Figure 1) (2).  Cyclic voltammetry 
is an electrochemical technique that involves a working 
electrode, a counter electrode, and a reference electrode.  The 
working electrode is the electrode where the reaction of 
interest takes place whereas the counter electrode is just there 
to make sure current can flow through the system.  The 
reference electrode is a stable electrode with a well-known 
potential.  The use of a reference electrode allows for the 
potential of the cell to be determined.  Currently there is no 
way to determine the potential of a cell absolutely, it must be 
referenced to a known potential. 

Bulk electrolysis was performed using an indium tin oxide 
(ITO) working electrode to minimize the background activity 
of O2.  When the peak current is reached (>1 mA/cm2) a dark 
coating forms on the ITO electrode and effervescence 
increases rapidly (Figure 1).  To rule out the possibility of this 
effervescence coming from the anion or an impurity in 
solution the same results were observed with various Co2+ 
salts.  These results are due to the formation of an oxygen 
evolving catalyst on the ITO electrode. 

The compound formed on the ITO electrode was analyzed 
by energy-dispersive x-ray analysis (EDX), microanalytical 
elemental analysis, and x-ray photoelectron spectroscopy 
(XPS).  The EDX experiment consistently returned Co:P:K 
ratios between 2:1:1 and 3:1:1 (Figure 2).  The microanalytical 
elemental analysis determined the compound was composed 
of 31.1% Co, 7.70% P, and 7.71% K which corresponds to a 
2.1:1.0:.8 Co:P:K ratio.  The XPS spectra contained Co, P, K, 
In, and Sn.  The indium and tin were from the electrode 
whereas the cobalt, phosphorous and potassium were from the 

2H+(aq) + 2e-  H2   E= 0 V 

Figure 1. (A) Cyclic voltammagram at pH 7 where the black line is without Co2+ ions and the red line is with Co2+.  (B) Current density 
profile for bulk electrolysis at 1.29 V at pH 7 containing Co2+. (Inset) In the absence of Co2+. 

Scheme 1. Half-Cell Reactions for the Oxidation of Water 

Scheme 2. Standard Hydrogen Electrode Potential Half Reaction 
 



 

compound.  There was a phosphorous 2p peak at 133.1 eV that 
corresponds to phosphate and there were Co 2p peaks at 780.7 
and 795.7 eV.  These two peaks correspond to typical Co2+ or 
Co3+ bound to oxygen.  All three of these experiments lead to 
the conclusion that an amorphous cobalt oxide or hydroxide 
containing phosphate anion is forming with a ratio of 2:1:1 for 
Co:P:K.   

The next step was to prove that the oxygen being formed 
was actually coming from the oxidation of water and not 
something else in the solution.  In order to establish this they 
performed three more experiments in neutral KPi electrolyte 
without any Co2+ present.  The first experiment that was done 
was running the electrolysis in a helium saturated electrolyte 
containing 14.6% 18OH2.  The 32O, 34O, and 36O levels were 
monitored and detected with a relative abundance of 72.9%, 
24.9%, and 2.1% respectively.  The second experiment run 
was to test the Faradaic efficiency.  A fluorescence-based O2 
sensor was used to detect the amount of O2 in the headspace of 
the reaction.  The amount of O2 they detected correlated to the 
amount expected from the 4e- oxidation of water.  In addition 
the amount of O2 formed was much greater than the amount of 
catalyst so it seems that there is not really any decomposition 
of the catalyst during electrolysis.  The third experiment was 
to make sure the O2 formed was not coming from the 
phosphate in the solution.  In order to determine this 
electrolysis was done in solutions only containing the KPi 
electrolyte and phosphate.  After 45 C had gone through the 
solution a 31P NMR was taken of the solution and there were 
only single clean peaks.  This means that the phosphate was 
not degrading under electrolysis and therefore was not the 
source of the O2 formed during the reaction. 

Electrochemical studies were then done on the catalyst to 
learn more about it.  The current density of the catalyst was 
measured as a function of the overpotential (η).  This was 
graphed as a Tafel plot and appreciable catalytic current can 
be seen at η=.28 V (Black Dots Figure 3).  The current density 
reaches 1 mA/cm2 at η=.41 V.  This same catalyst was tested 
under different pH levels and the log of the current density 
increased linearly until a pH of 8 was reached at which point 
the increase leveled off.  This data was converted to a Tafel 
plot and it displays Nernstian behavior from pH levels 5-8 
(Red Dots Figure 3).   The reason for the leveling off of the 

Tafel plot above pH of 8 may be due to a change in the 
mechanism. 

The KPi electrolyte provides a medium for in situ catalyst 
formation.  The deposition of this catalyst may be driven by 
the interaction of phosphate and Co3+.  It may be possible to 
form other oxygen-evolving compounds from other metal-
anion pairs that form in situ under neutral conditions.  A big 
benefit of in situ formation of a catalyst is that it allows for 
catalysts to be used in situations too sensitive for a normal 
catalyst.  Another benefit of in situ formation of a catalyst is 
that it incorporates a self-repair mechanism.  A proposed 
mechanism for this in situ formation involves forming an 
equilibrium between Co2+-HPO4 and Co3+-HPO4.  If a catalytic 
cycle involves an oxidation state that is prone to dissolution, 
continuous formation of catalyst can happen (2).  In this case 
the oxidation state prone to dissolution is Co2+ because it has 
been shown that Co2+ has a much shorter lifetime than Co3+ 
(5).  Co2+ has a shorter lifetime than Co3+ because metals with 
lower oxidation states react more rapidly. 

Overall this article reports a water oxidation catalyst that 
can be formed in situ from earth-abundant metals at a neutral 
pH.  In order for water splitting chemistry to store the world’s 
energy supply 1015 moles of water will have to be split every 
year.  This very large scale may be hard to obtain, but this may 
be applicable on a smaller scale in a short time period. 

The main part of this research that needs to be completed 
still is characterization of the catalyst.  The percent 
composition of the catalyst is roughly known, but if a more 
detailed account of what the catalyst actually consisted of 
could be obtained that would be very useful.  A crystal 
structure would help in many ways such as figuring out a 
mechanism for the catalysis.  31P NMR was taken to determine 
the stability of the phosphate in solution, but was not taken of 
the catalyst itself.  This may give some insight into the 
structure of the catalyst. 
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Figure 2. EDX histogram acquired at 12 kV. Counts per second. 
Figure 3.  The black circles are a Tafel plot of a catalyst film 
on the ITO electrode at pH of 7.  The red circles are a Tafel 
plot of the pH data. 
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Ligand exchanges and selective catalytic
hydrogenation in molecular single crystals
Zheng Huang1, Peter S. White1 & Maurice Brookhart1

Chemical reactions inside single crystals are likely to be highly
selective, but examples of single crystal to single crystal (SC–SC)
transformations are uncommon, because crystallinity is difficult
to retain following the rearrangement of atoms in the solid
state1–19. The most widely studied SC–SC transformations involve
solvent exchange reactions in porous coordination polymers or
metal–organic frameworks, which take advantage of the robust
polymeric networks of the hosts2,8,9–11. Examples of reactions
occurring within molecular organic crystals generally involve
photo-induced reactions, such as the coupling of alkenes or
alkynes within the crystal1,2,12–15. For nonporous molecular in-
organic or organometallic crystals, single-crystal transformations
involving the formation or cleavage of metal–ligand bonds are
rare17–21; known examples usually involve ligand loss from the
single crystal and reversible religation, a process sometimes
accompanied by decay of the single crystal to a microcrystalline
powder20,21. Here we report a series of SC–SC transformations that
involve the interchange of multiple small gaseous ligands (N2, CO,
NH3, C2H4, H2 and O2) at an iridium centre in molecular single
crystals of a pincer Ir(I) complex. The single crystal remains intact
during these ligand-exchange reactions, which occur within the
crystal and do not require prior ligand extrusion. We reveal a
selective catalytic transformation within a nonporous molecular
crystal: pincer iridium single crystals ligated with nitrogen, ethyl-
ene or hydrogen show selective hydrogenation of ethylene relative
to propylene (25:1) when surface sites are passified by CO.

Our interest in using iridium pincer complexes in catalytic reac-
tions22,23 led to the synthesis of [Ir]-N2 (see Fig. 1), a square planar
Ir(I) complex supported by the bulky, electron-deficient pincer
ligand C6H3[OP(C6H2(CF3)3-2,4,6)2]2-1,3 (see Supplementary
Information). Crystallization of [Ir]-N2 from toluene gave light-
red single crystals that were discovered to undergo SC–SC exchange
reactions with small gases to yield [Ir]-CO, [Ir]-NH3, [Ir]-C2H4, [Ir]-
(H)2(H2) and [Ir]-O2. Structures of all complexes were established by
X-ray diffraction analysis. Table 1 and Supplementary Table 1 sum-
marize all crystal data and selected bond distances and angles; dis-
placement ellipsoid plots (ORTEP) of all structures are shown in
Fig. 1.

In mononuclear [Ir]-N2, nitrogen coordinates to Ir(I) in an end-on
mode (Fig. 1) with a N(2)–N(1)–Ir(1) bond angle of 176.5(5) u and a
N(1)–N(2) bond distance of 1.106(5) Å (free N2 5 1.098 Å).
Analogous complexes bearing less hindered pincer ligands form
dinitrogen-bridged dinuclear complexes, for example [C6H3-2,6-
(OPtBu2)2]Ir–N;N–Ir[C6H3-2,6-(OPtBu2)2] (refs 24, 25). In [Ir]-
N2, the four CF3-substituted aryl rings form a deep pocket around
the Ir centre and prevent dimer formation. Crystals of [Ir]-N2 have a
non-merohedral twinned structure with a rotation of ,180 u about the
reciprocal axis [0, 0, 1]. (All the other derived structures show this
twinning behaviour.) Each unit-cell contains two independent [Ir]-N2

molecules, related by a crystallographic centre of symmetry, and five
toluene molecules (Fig. 2a). One of the toluene molecules is disordered
about an inversion centre and is located at the corner of the unit-cell.
As depicted in Fig. 2b, the [Ir]-N2 molecules are stacked along the a
axis to form channels which are filled with the (disordered) toluene
molecules. Along the b axis there is a second channel, which is filled
with four toluene molecules per unit-cell (Fig. 2c).

Exposure of single crystals of [Ir]-N2 to 1 atm of CO results in a
rapid (,1 min) colour change from light red to orange with reten-
tion of the single-crystal morphology. Examination of this crystal by
X-ray diffraction revealed that a carbonyl complex, [Ir]-CO, had
been formed (Fig. 1). The Ir(1)–C(43) and C(43)–O(44) bond dis-
tances are 1.937(5) Å and 1.101(7) Å, respectively, and are consistent
with analogous bond lengths in a similar pincer Ir(I)-CO complex26.

Similar ligand-substitution reactions occur when crystals of [Ir]-
N2 are exposed to ammonia, ethylene or hydrogen. Reaction of [Ir]-
N2 with NH3 results in a colour change from pale red to dark red in
less than 1 min, and formation of [Ir]-NH3 (Fig. 1). The Ir(1)–N(1)
distance of 2.163(8) Å (where numbers in parentheses represent one
estimated standard deviation) is close to the Ir–N distance in a similar
square planar pincer Ir(I)-NH3 complex27. Treatment of single crys-
tals of [Ir]-N2 with 1 atm ethylene forms deep-red single crystals of
[Ir]-C2H4 within a few hours. Ethylene is bound perpendicular to the
square plane with Ir(1)–C(43) and Ir(1)–C(44) distances of
2.182(8) Å and 2.168(8) Å. Single crystals of [Ir]-N2 exposed to H2

(,1.5 atm) do not show a significant colour change after several days;
however, analysis by X-ray diffraction revealed complete loss of
nitrogen and formation of an apparent tetrahydride. It is problematic
to locate metal-bound hydrogen atoms by X-ray diffraction, so we
confirmed the formation of a tetrahydride using solution 1H NMR
spectroscopy. Dissolution in toluene-d8 of crystals exposed to H2

(135 min) reveal a broad signal at 29.21 p.p.m. (23 uC) in the 1H
NMR spectrum, which integrates for four hydrogens. The chemical
shift of 29.21 p.p.m. is consistent with similar pincer iridium tetra-
hydrides25. The structure of this tetrahydride is very likely to be an
Ir(III) dihydride g2-dihydrogen complex [Ir]-(H)2(H2)28.

[Ir]-N2, [Ir]-CO, [Ir]-NH3 [Ir]-C2H4, and [Ir]-(H)2(H2) all have
the same space group and essentially identical lattice parameters. The
pincer ligand sets of these systems are superimposable, as are the
positions of the toluene molecules in the crystal. Figure 3 shows a
superposition of [Ir]-N2, [Ir]-CO, [Ir]-NH3, [Ir]-C2H4 and [Ir]-
(H)2(H2), which clearly demonstrates the fidelity of ligand and solvent
positions in each of these structures.

Under air, pale-red single crystals of [Ir]-N2 acquire a dark-green
colour in less than 12 h and retain single-crystal morphology. X-ray
diffraction analysis revealed loss of N2 and formation of a mono-
peroxo Ir(III) complex, [Ir]-O2. Oxygen binds to Ir in a side-on mode
with an O(3)–Ir(1)–O(4) bond angle of 39.3(5) u. The pentacoordi-
nate Ir(III) centre has a distorted trigonal bipyramidal geometry with
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the two P atoms occupying axial positions. The Ir(1)–O(3) and Ir(1)–
O(4) bond distances are 2.052(10) Å and 2.024(10) Å, respectively.
The O(3)–O(4) bond distance of 1.372(15) Å is typical of peroxo
complexes29. [Ir]-O2 is slightly distorted from [Ir]-N2 compared to
the other four systems (Table 1) and is composed of at least three (and
possibly further minor, unidentifiable) components as a result of a
twin/split structure.

The transformations described above all involve displacement of
nitrogen from [Ir]-N2. Other SC–SC interconversions are possible,
depending on the relative binding strengths of the ligands. For
example, [Ir]-C2H4 converts to [Ir]-CO (,30 min under 1 atm of
CO) and [Ir]-(H)2(H2) converts to [Ir]-CO (in ,1 min under 1 atm
of CO). CO has the strongest binding affinity in this series, because
none of the other ligands studied displace CO from [Ir]-CO. In

addition to X-ray analysis, all ligand-exchange reactions were con-
firmed by NMR analysis to be quantitative. Following exchange, the
excess gaseous ligand was removed under vacuum and crystals were
dissolved and analysed by solution NMR spectroscopy. Size selecti-
vity is shown in exchange reactions: exposure of single crystals of
[Ir]-N2 to 1 atm of propylene does not lead to any displacement of
nitrogen over the course of five days, but exposure of a toluene-d8

solution of [Ir]-N2 to 1 atm of propylene results in complete displace-
ment of nitrogen in 10 min.

Exposure of single crystals of [Ir]-N2 to high vacuum at 25 uC
results in no loss of nitrogen or toluene over one week, whereas
displacement of N2 by CO or NH3 occurs in minutes. This indicates
that ligand exchanges occur within the crystal, not by means of nitro-
gen loss from the crystal followed by diffusion of CO or NH3 into the

Table 1 | Crystal data and structure-refinement summary.
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Crystal system Triclinic Triclinic Triclinic Triclinic Triclinic Triclinic
Space group P-1 P-1 P-1 P-1 P-1 P-1
a (Å) 12.4720(3) 12.4680(5) 12.4758(5) 12.4844(6) 12.4334(11) 12.769(3)
b (Å) 14.0891(4) 14.1099(6) 14.0658(5) 14.2365(6) 14.0615(12) 13.637(3)
c (Å) 18.6382(5) 18.6021(7) 18.5976(6) 18.5497(9) 18.6354(14) 17.835(3)
a (deg) 108.865(2) 108.852(3) 108.155(2) 108.791(3) 108.879(5) 99.088(13)
b (deg) 99.010(2) 98.939(3) 99.291(3 98.572(3) 98.956(6) 87.194(15)
c (deg) 97.567(2) 97.635(3) 97.445(3) 98.284(3) 97.594(6) 96.357(17)
V (Å3) 3002.11(14) 3000.1(2) 3003.56(19) 3020.6(2) 2986.6(4) 3046.3(10)
Z 2 2 2 2 2 2

T (K) 100(2) 100(2) 100(2) 100(2) 100(2) 100(2)
R

1
[I.2s(I)] 0.0389 0.0415 0.0556 0.0531 0.0445 0.1090

wR
2

(all data) 0.0866 0.0916 0.1305 0.1313 0.1001 0.2925

Numbers in parentheses indicate one estimated standard deviation. a, b, c, unit-cell parameters; a, b, c, unit-cell angles; V, unit-cell volume; T, sample temperature; Z, number of formula units in the
unit cell; R1 5

P
| Fobs 2 Fcalc | /

P
| Fobs | ; wR2 5 (

P
w(Fobs

2 2 Fcalc
2)2)1/2/

P
wFobs

2.

Air
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H2
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[Ir]-NH3
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< 1 min
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< 1 d

Figure 1 | Single-crystal structures of [Ir]-N2, [Ir]-CO, [Ir]-NH3, [Ir]-C2H4,
[Ir]-(H)2(H2), and [Ir]-O2. Iridium, dark green; phosphorus, pink; fluorine,
light green; oxygen, red; nitrogen, dark blue; carbon, grey; hydrogen, light
blue. Hydrogen atoms are omitted for clarity, except for those in C2H4, NH3

and H2 ligands. All SC–SC transformations occur at 25 uC in the presence of
1 atm of gas, except for the transformation of [Ir]-N2 to [Ir]-(H)2(H2), for
which 1.5 atm of H2 was used.
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nitrogen-depleted crystal. Exposure of single crystals of [Ir]-N2 to
toluene-d8 vapour did not lead to observable toluene-h8/toluene-d8

exchange at 25 uC. However, toluene loss can be observed at higher
temperatures. For example, heating crystals of [Ir]-N2 at 75 uC for
30 min, followed by exposure to high vacuum at 75 uC for 1 min
results in the complete loss of the disordered toluene, but single-
crystallinity is retained. X-ray analysis shows that N2 is still bound
to the Ir centre and the ordered toluene molecules are observed in the
same positions as before in the channel along the b axis, but that the
disordered toluene molecules are absent from the channel along the a
axis (Supplementary Fig. 3). Heating crystals of [Ir]-N2 at 75 uC for
5 min followed by exposure to vacuum for 1 min also results in com-
pete loss of disordered toluene, as shown by solution NMR analysis of
dissolved crystals. Exposure of such crystals to toluene vapour for
1 day at 25 uC results in recapture of toluene and restoration of the
original structure, as shown by X-ray analysis (Supplementary Fig. 4).
Although the disordered toluene is more labile than the ordered
toluene, longer periods of heating result in loss of both ordered
and disordered toluene. It can be fully restored on exposure to toluene
vapour (see Supplementary Information). We verified these results by
thermogravimetric analysis, which shows toluene loss beginning at
65 uC with nearly complete loss of all toluene by 100 uC (heating rate
5 uC min21, Supplementary Fig. 6).

These results suggest that ligands enter the crystal via the channel
occupied by the disordered toluene, which provides direct access to
the Ir–ligand coordination sites. Loss of a tiny fraction of disordered
toluene could provide a mechanism for entry by a small ligand,
followed by diffusion along the channel by means of successive inter-
changes with neighbouring toluene molecules. The free volume of the
crystal, as estimated by the PLATON program30 using a modified

method (see Supplementary Information), is only ,0.2% (,6 Å3)
per unit-cell volume of 3,002 Å3, and supports exclusion of all but the
smallest ligands.

Single crystals of [Ir]-N2, [Ir]-C2H4 and [Ir]-(H)2(H2) are hydro-
genation catalysts for gas-phase mixtures of hydrogen and ethylene.
For example, treatment of single crystals of [Ir]-N2 containing
0.6mmol Ir with ,120 equiv. of ethylene and 200 equiv. of hydrogen
(relative to Ir, total pressure ,2.3 atm) at 25 uC produced ethane (95%
conversion after 5 h). Heating the system at 75 uC increased the hydro-
genation rate and led to more than 99% conversion in 30 min.
Catalysts maintain single-crystal morphology throughout the hydro-
genation process. The deep-red colour of the crystals suggests [Ir]-
C2H4 as the dominant catalyst resting state. The crystals show no loss
of catalytic activity after three recycles. This hydrogenation of alkenes
with organometallic single crystals seems to be unprecedented.

Catalytic hydrogenation of ethylene versus propylene showed
selectivity. In initial experiments, single crystals of [Ir]-N2 or [Ir]-
C2H4 (0.6mmol) were treated with ,200 equiv. of hydrogen and
120 equiv. each of ethylene and propylene (total pressure ,3.2 atm).
Hydrogenation at 25 uC occurs with a turnover frequency of 5 per
minute with formation of ethane and propane in an initial ratio of
1.8:1. In comparison, when an equimolar gaseous mixture of ethylene
and propylene was hydrogenated with 10% palladium on carbon,
ethane and propane formed in an initial ratio of 1:1, indicating no
selectivity for hydrogenation using this heterogeneous catalyst. Given
that propylene cannot penetrate the channels of these crystals, this
moderate selectivity was surprising and indicated that hydrogenation
may occur unselectively at surface or near-surface sites. We reasoned
that these sites could be passivated by CO, because CO cannot be
displaced in the crystals by either ethylene or hydrogen. Thus, we
exposed crystals of [Ir]-N2 to a CO/N2 mixture (0.6% vol. CO,
0.5 equiv. relative to Ir) for four days. Using these passivated crystals
the rate of hydrogenation is significantly reduced, with negligible
turnover at 25 uC, as expected. However, hydrogenation of a mix of
200 equiv. hydrogen/12 equiv. ethylene/120 equiv. propylene at 75 uC
(total pressure ,2.4 atm, 1:10 molar ratio of ethylene:propylene)
occurred with a turnover frequency of 0.3 per minute and produced
an initial ratio (,15% consumption of ethylene) of ethane:propane of
2.5:1, indicating a significant increase in selectivity for ethylene hydro-
genation, to 25:1. It seems likely that the small fraction of propylene
that undergoes hydrogenation may be occurring at surface or near-
surface sites that were not poisoned by CO. The fact that disordered
toluene can be ejected from the crystal at 75 uC explains the significant
increase in turnover frequency. These iridium complexes carry out
catalytic hydrogenation of both ethylene and propylene in solution,
but with low selectivity (see Supplementary Information).

In summary, we have observed a series of SC–SC transformations
in which small gaseous ligands N2, CO, NH3, C2H4, H2 and O2

undergo rapid exchange at Ir centres in nonporous molecular single

c

c

c

a

b

b

a b c

Figure 2 | Unit-cell and stacking diagrams of single-crystal [Ir]-N2.
Colours as in Fig. 1. a, Unit-cell of single-crystal [Ir]-N2 along a direction.
b, Stacking diagram of single-crystal [Ir]-N2 along a direction, showing the

disordered toluene (light blue). c, Stacking diagram along b direction
(hydrogen atoms are omitted for clarity).

Figure 3 | Superposition of crystal structures. [Ir]-N2, purple; [Ir]-CO,
dark blue); [Ir]-NH3, light blue; [Ir]-C2H4, green; [Ir]-(H)2(H2), red.
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crystals of an iridium(I) pincer complex. Substitutions occur asso-
ciatively within the crystal and not by ligand loss followed by uptake
of the incoming ligand. Most remarkable is that single crystals of [Ir]-
N2, [Ir]-(H)2(H2) or [Ir]-C2H4 function as alkene-hydrogenation
catalysts. When surface and near-surface sites are passivated by treat-
ment with CO, a 25:1 selectivity is observed for hydrogenation of
ethylene versus propylene, suggesting that hydrogenation occurs
within the crystal. To our knowledge, this is the first demonstration
of a catalytic hydrogenation reaction occurring within the interior of
an organometallic crystal. The substrate selectivity shown demon-
strates the potential for using molecular crystals to carry out selective
catalytic reactions.
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21. Lennartson, A., Håkansson, M. & Jagner, S. Cis- and trans-bis(benzoylacetonato)-
pyridinecopper(II): co-crystallisation of isomers and reversible pyridine loss with
retention of crystallinity. N. J. Chem. 31, 344–347 (2007).

22. Goldman, A. S. et al. Catalytic alkane metathesis by tandem alkane
dehydrogenation-olefin metathesis. Science 312, 257–261 (2006).

23. Huang, Z. et al. Highly active and recyclable heterogeneous iridium pincer
catalysts for transfer dehydrogenation of alkanes. Adv. Synth. Catal. 351, 188–206
(2009).

24. Ghosh, R., Kanzelberger, M., Emge, T. J., Hall, G. S. & Goldman, A. S. Dinitrogen
complexes of pincer-ligated iridium. Organometallics 25, 5668–5671 (2006).
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Ligand exchanges and selective catalytic hydrogenation in molecular single crystals 
Review by Tatsiana Haidzinskaya 

RECEIVED DATE 11/23/2010

ABSTRACT Single crystal to single crystal (SC–SC) 

transformations were studied for Ir(I) complex with a pincer 

ligand. The exchange of small ligands such as N2, CO, NH3, 

C2H4, H2 and O2 was observed on the metal center.  The 

crystal structure of the complex was retained. The 

mechanism for the substitution was proposed to be 

associative with small ligands approaching a metal center 

via crystal channels. The complex is also capable of 

selective catalytic hydrogenation, which makes it the first 

demonstration of a catalytic hydrogenation reaction 

occurring within the interior of an organometallic crystal. 

Chemical transformations of a single crystal are very 

uncommon because crystallinity is  difficult to retain after the 

reorganization of the atoms in the chemical reactions.1 The most 

studied single crystal to single crystal (SC–SC) transformation 

involves solvent exchange reactions in porous coordination 

polymers or metal–organic componds.2 The removal of solvents 

without affecting the single crystal nature of the coordination 

complexes is not necessarily considered as structural 

transformation. However, many complexes undergo distortion and 

sliding of network structures, change in conformation and 

coordination environment during solvation, or desolvation 

processes.3 A number of porous rigid coordination polymers often 

exhibit zeolitic behavior and retain single crystal nature during 

solvation and desolvation.4 Kitagawa, Yaghi, Atwood and others 

have reported that these rigid porous coordination polymers can 

be used as gas storage materials.5 The removal of solvents during 

SC-SC conversion has also been found to accompany by change 

in magnetic properties,6 negative thermal expansion7 and 

luminescent properties.8 Another example of single crystal to 

single crystal (SC–SC) transformations is the formation or 

cleavage of metal–ligand bonds.9 These reactions are very rare 

and sometimes result in the crystal decay with the formation of  a 

microcrystalline powder.10  

 
Figure 1.  Single-crystal structures of [Ir]-N2, [Ir]-CO, [Ir]-NH3, [Ir]-C2H4, [Ir]-(H)2(H2), and [Ir]-O2. Iridium, dark green; 

phosphorus, pink; fluorine, light green; oxygen, red; nitrogen, dark blue; carbon, grey; hydrogen, light blue. Hydrogen atoms 
are omitted for clarity, except for those in C2H4, NH3 and H2 ligands. All SC–SC transformations occur at 25 

o
C in the presence 

of 1 atm of gas, except for the transformation of [Ir]-N2 to [Ir]-(H)2(H2), for which 1.5 atm of H2 was used. 



 

Figure 2. Unit-cell and stacking diagrams of single-crystal [Ir]-N2. Colors as in Fig. 1. a, Unit-cell of single-crystal [Ir]-N2 
along a direction. b, Stacking diagram of single-crystal [Ir]-N2 along a direction, showing the disordered toluene (light blue). c, 
Stacking diagram along b direction (hydrogen atoms are omitted for clarity). 

 

Maurice Brookhart et. al. from the University of North Carolina 

reported a study on a single crystal of  Ir(I) complex with a pincer 

ligand.11 The researchers observed the exchange of small ligands 

such as N2, CO, NH3, C2H4, H2 and O2 on the metal center with 

the retention of the crystal structure. The scientists also 

discovered selective catalytic hydrogenation of ethylene to ethane 

in the presence of propylene when the metal center is ligated with 

N2, C2H4, H2 and small amounts of CO. This is the first reported 

catalytic hydrogenation reaction that occurs within the interior of 

a molecular single crystal, which opens up the opportunity for the 

further development of the research area where single crystals 

could be used as catalysts in the catalytic reactions with high 

selectivities. 

The researchers started the project with the synthesis and 

characterization of Ir(I) complex with a pincer ligand ligated with 

nitrogen. [Ir]-N2 – is a square planar complex, and after the 

recrystallization from toluene it has a light red color. Bond length 

and angles are provided in the Table 1. The bulky, electron-

deficient pincer ligand C6H3[OP(C6H2(CF3)3-2,4,6)2]2-1,3 with the 

four CF3-substituted aryl rings was used to create a pocket and 

prevent dimerization. Each unit cell contains two molecules of 

[Ir]-N2 complex and five molecules of toluene. One molecule of 

toluene is disordered about an inversion center and located at the 

corner of a unit cell. The other four solvent molecules are highly 

ordered (Figure 2). 

With [Ir]-N2 complex in hand, the researchers decided to 

investigate the possibility of ligand exchange reactions. The 

crystal was exposed to gaseous small ligands such as CO, NH3, 

C2H4, H2 and O2. In the case of CO, a rapid color change was 

observed. Within one minute after the exposure to carbon 

monoxide the complex changed its color from light red to orange. 

When exposed to NH3 atmosphere, [Ir]-N2 complex became dark 

red in less than one minute; and in case of ethylene, it took several 

hours for a complex to acquire a deep red color. In all provided 

examples, the crystal structure was retained and the analysis of the 

products by X-ray diffraction showed the loss of nitrogen and the 

formation of [Ir]-CO, [Ir]-NH3, and [Ir]-C2H4 complexes 

correspondingly. When [Ir]-N2 complex was exposed to H2 no 

color change was observed, but X-ray diffraction and proton 

NMR confirmed the loss of nitrogen and the formation of a tetra 

hydride. [Ir]-N2, [Ir]-CO, [Ir]- NH3, [Ir]-C2H4, and [Ir]-(H)2(H2) 

complexes have the same lattice parameters and the pincer ligand 

sets are superimposable (Figure 3). Under air, [Ir]-N2 complex 

gradually changes color to dark green and the X-ray diffraction 

analysis shows the formation of a monoperoxo Ir(III) complex. 

The structure of the complex is distorted and not superimposable 

with the previously described complexes. The exposure of the 

[Ir]-N2 complex to propylene does not lead to the displacement of 

nitrogen. All ligand displacement transformations were found to 

be quantitative.  

Figure 3.  Superposition of crystal structures. [Ir]-N2, 
purple; [Ir]-CO, dark blue); [Ir]-NH3, light blue; [Ir]-C2H4, 
green; [Ir]-(H)2(H2), red. 

 

To determine the mechanism of ligand exchange reaction the 

researchers decided to carry out several experiments by exposing 

a crystal to vacuum and heat. When the complex was exposed to 

high vacuum at room temperature for one week the loss of 

nitrogen or toluene was not observed. It proved that the ligand 

displacement did not happen through a dissociative mechanism. 

As we discussed in class, in the dissociative mechanism the metal-

ligand bond is fully broken before the new metal-ligand bond is 

formed. The stability of the complex under vacuum at room 

temperature proves that the metal-nitrogen bond is relatively 

strong and does not break spontaneously under reaction 

conditions. Exposure of a single crystal to toluene-D8 did not lead 

to observable toluene-H8/toluene-D8 exchange at room 

temperature as well. When the crystal was heated under vacuum, 

the complete loss of toluene was observed. The loss of toluene 

started at 65 oC with the disordered toluene and at 100 oC 

complete loss of toluene was detected. The following exposure of 

the crystal to the toluene vapor led to the restoration of the 

original structure. The researchers suggested that ligands enter the 

crystal via the channel occupied by the disordered toluene. The 

loss of small amounts of toluene gives a possibility for a small 

ligand to enter the channel and diffuse through the channel to the 

ligand metal coordination site.  

Because iridium complexes are known to catalyze 

hydrogenation reactions, the scientists were interested in the 

catalytic abilities of a single crystal [Ir]-N2 as a hydrogenation 

catalyst. The researchers exposed the complex to a 



 

Table 1. Crystal data and structure-refinement summary. 

 

mixture of ethylene (120 equivalents) and hydrogen (200 

equivalents) at room temperature and obtained ethane in 95 % 

yield after 5 hours. Increasing the temperature to 75 oC led to 99% 

conversion in 30 minutes.  This is the first reported catalytic 

hydrogenation reaction that occurs within the interior of a 

molecular single crystal. An interest in selective hydrogenation 

led to another experiment where equimolar mixture of ethylene 

and propylene under the same conditions gave 1.8:1.0 mixture of 

ethane to propane. Higher selectivity was expected due to the fact 

that propylene cannot penetrate the channels of the crystals. It led 

to the conclusion that hydrogenation occurs not only at the metal 

center inside the crystal but on the surface and near surface sites 

of the crystal as well. These sites could be passivated with CO due 

to the strong binding affinity of the ligand and the observation that 

ethylene and hydrogen cannot displace CO from the complex. The 

researchers exposed crystals of [Ir]-N2 to a CO/N2 mixture (0.6% 

vol. CO, 0.5 equiv. relative to Ir) for four days and used these 

passivated crystals in the hydrogenation reaction. The rate of the 

reaction was considerably reduced, but the selectivity was 

increased to 25:1 ratio of ethane to propane. The rate of the 

reaction can be increased by heating the reaction mixture with 

reduction of selectivity. 

In conclusion, the scientists observed ligand exchange 

transformations in nonporous molecular single crystals of an 

iridium (I) pincer complex. The proposed mechanism of this 

associative exchange is via crystal channels occupied by toluene. 

The complex is also capable of selective hydrogenation, which, 

according to the authors, makes it the first demonstration of a 

catalytic hydrogenation reaction occurring within the interior of 

an organometallic crystal. For the future directions, I would 

suggest the researchers to search for another transition metal 

complex capable of selective hydrogenation inside the crystal. I 

would test Rh, Co, Ru, Os, Pd, Pt complexes for similar 

transformations. I believe it would be necessary to enlarge the size 

of the crystal channels to increase the substrate scope of the 

reaction. It can be achieved by using larger ligands, such as tris-

pyrazolyl borate, or solvent molecules, such as mesitylene or 

1,3,5-triisopropylbenzene. Larger channels might provide the 

opportunity for selective hydrogenation of larger molecules, for 

example, butene and propene. To check if the 

selectivity is based solely on the size of the ligands I would  

recommend to run the hydrogenation reaction of ethylene and 

propylene in solution. If no selectivity is observed, crystal 

 

 

 

 channels are responsible for the selectivity. I also suggest running 

the hydrogenation reaction with alkynes. Selective hydrogenation 

of acetylene in the presence of propyne may be of scientific 

interest as well. 
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 [Ir]-N2 [Ir]-CO [Ir]-NH3 [Ir]-C2H4 [Ir]-(H)2(H2) [Ir]-O2 

Formula C59.5H31F36IrN2O2P2 C60.5H31F36IrO3P2 C59.5H34F36IrNO2P2 C61.5H35F36IrO2P2 C59.5H35F36IrO2P2 
C59.5H31F36 

IrO4P2 

Crystal 

System 
Triclinic Triclinic Triclinic Triclinic Triclinic Triclinic 

Space group P-1 P-1 P-1 P-1 P-1 P-1 

a (A°) 12.4720(3) 12.4680(5) 12.4758(5) 12.4844(6) 12.4334(11) 12.769(3) 

b (A°) 14.0891(4) 14.1099(6) 14.0658(5) 14.2365(6) 14.0615(12) 13.637(3) 

c (A°) 18.6382(5) 18.6021(7) 18.5976(6) 18.5497(9) 18.6354(14) 17.835(3) 

! (deg) 108.865(2) 108.852(3) 108.155(2) 108.791(3) 108.879(5) 99.088(13) 

" (deg) 99.010(2) 98.939(3) 99.291(3) 98.572(3) 98.956(6) 87.194(15) 

# (deg) 97.567(2) 97.635(3) 97.445(3) 98.284(3) 97.594(6) 96.357(17) 

V (A°3) 3002.11(14) 3000.1(2) 3003.56(19) 3020.6(2) 2986.6(4) 3046.3(10) 

Z 2 2 2 2 2 2 

T(K) 100(2) 100(2) 100(2) 100(2) 100(2) 100(2) 

R1 [I>2s(I)] 0.0389 0.0415 0.0556 0.0531 0.0445 0.1090 

wR2 (all 

data) 
0.0866 0.0916 0.01305 0.1313 0.1001 0.2925 



the ion trap, which alters the spectrum of the emitted
photons and degrades the quantum interference,
reduces the average fidelity by less than 1%.

The entangling gate central to this tele-
portation protocol is a heralded, probabilistic
process. The net probability for coincident de-
tection of two emitted photons is given by Pgate ¼
( pBell)½ pphTfiberTopticsx(DW/4p)�2 ≈ 2:2� 10−8,
where pBell = 0.25 accounts for the detection
of only one out of the four possible Bell states;
pp = 0.5 is the fraction of photons with the cor-
rect polarization (half are filtered out as being
produced by s decays); h = 0.15 is the quantum
efficiency of each PMT; Tfiber = 0.2 is the cou-
pling and transmission of each photon through
the single-mode optical fiber; Toptics = 0.95 is the
transmission of each photon through the other
optical components; x = 1 – 0.005 = 0.995, where
0.005 is the branching ratio into the 2D3/2 level;
and DW/4p = 0.02 is the solid angle of light col-
lection. The attempt rate of 75 kHz is currently
limited by the time of the state preparation mi-
crowave pulse, resulting in about one successful
teleportation event every 12 min. However, the
expression for Pgate reveals multiple ways to
substantially increase the success rate. The most
dramatic increase would be achieved by increas-
ing the effective solid angle of collection, which,
for instance, could be accomplished by surround-

ing each ion with an optical cavity. Although im-
provements that increase the success probability
of the gate operation can enhance scalability, even
with a low success probability this gate can still
be scaled to more complex systems (16).

The fidelity obtained in the current experi-
ment is evidence of the excellent coherence prop-
erties of the photonic frequency qubit and the
“clock” state atomic qubit. Together, these com-
plementary qubits provide a robust system for
applications in quantum information. The tele-
portation scheme demonstrated here could be
used as the elementary constituent of a quantum
repeater. Moreover, the entangling gate imple-
mented in this protocol may be used for scalable
measurement-based quantum computation.
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Femtosecond XANES Study of the
Light-Induced Spin Crossover
Dynamics in an Iron(II) Complex
Ch. Bressler,1 C. Milne,1 V.-T. Pham,1 A. ElNahhas,1 R. M. van der Veen,1,2
W. Gawelda,1,2* S. Johnson,2 P. Beaud,2 D. Grolimund,2 M. Kaiser,1,2
C. N. Borca,2 G. Ingold,2 R. Abela,2 M. Chergui1†

X-ray absorption spectroscopy is a powerful probe of molecular structure, but it has previously been
too slow to track the earliest dynamics after photoexcitation. We investigated the ultrafast
formation of the lowest quintet state of aqueous iron(II) tris(bipyridine) upon excitation of the
singlet metal-to-ligand-charge-transfer (1MLCT) state by femtosecond optical pump/x-ray probe
techniques based on x-ray absorption near-edge structure (XANES). By recording the intensity
of a characteristic XANES feature as a function of laser pump/x-ray probe time delay, we find that
the quintet state is populated in about 150 femtoseconds. The quintet state is further evidenced by
its full XANES spectrum recorded at a 300-femtosecond time delay. These results resolve a
long-standing issue about the population mechanism of quintet states in iron(II)-based
complexes, which we identify as a simple 1MLCT→3MLCT→5T cascade from the initially
excited state. The time scale of the 3MLCT→5T relaxation corresponds to the period of the
iron-nitrogen stretch vibration.

There is a large class of iron(II)-based
molecular complexes that exhibit two
electronic states closely spaced in energy:

a low-spin (LS) singlet and a high-spin (HS)
quintet state. They therefore manifest spin cross-
over (SCO) behavior, wherein conversion from a
LS ground state to a HS excited state (or the
reverse) can be induced by small temperature or
pressure changes or by light absorption (1, 2).

The SCO phenomenon has been much studied
using steady-state (2) and ultrafast (3–6) optical
spectroscopies, with the goal of identifying the
elementary steps leading to formation of the HS
state. A representative energy level diagram of all
Fe(II)-based complexes is shown in Fig. 1 (7).
The main difference between them concerns the
absolute energies of states, not their energetic or-
dering (2). All crystallographic studies point to an

Fe-N bond elongation by ~0.2 Å in the HS com-
pared to the LS state (1, 2). Theoretical studies
show that the Fe-N bond length of the singlet and
triplet metal-centered (MC) 1,3T states lies half-
way between those of the LS and HS states (7).
Obviously, accessing the HS excited state by
absorption of light from the LS ground state is
forbidden by the spin selection rules. Therefore,
the doorway to the HS state is ideally via the
singlet metal-to-ligand-charge-transfer (1MLCT)
that exhibits strong absorption bands in the visi-
ble spectrum, or via the weakly absorbing and
lower-lying 1,3T states (1, 2). The time scale and
the route going from the initially excited 1MLCT
state to the lowest-lying quintet state are still the
subject of debate. Steady-state spectroscopic studies
at cryogenic temperatures showed that excitation
into the MC 1,3T states leads to population of the
5T2 state with a quantum efficiency of ~80% (2).
Researchers therefore concluded that the relaxa-
tion cascade from the 1MLCTstate to the HS 5T2
state proceeds via the intermediate 1,3T states.
However, for excitation of the 1MLCT state, the
relaxation process was reported to occur with
100% efficiency at both 10 K (2) and at room
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temperatures (8, 9), thus questioning the involve-
ment of the intermediate 1,3T states. Ultrafast laser
studies established that the relaxation cascade from
the initially excited 1MLCT state to the lowest
excited quintet state 5T2 is complete in <1 ps (3–5),
but this result was indirectly inferred, as neither
the intermediate MC states nor the final 5T2 state
have spectroscopic transitions in the region of the
probe (>350 nm). McCusker and co-workers (6)
proposed that the 1MLCT state relaxes to a man-
ifold of strongly mixed singlet and triplet MC
states down to the quintet state, the latter being
considered to be the only one clearly defined by
its spin quantum number S. However, the steady-
state spectroscopic studies of Hauser and co-
workers (2) point to a clear classification of all
MC states according to their spin character, thus
excluding strong state mixings.

Iron(II)-tris(bipyridine) ([FeII(bpy)3]
2+), which

is the molecule studied here, serves as a model
system for the family of Fe(II)-based SCO com-
plexes. Early events of the relaxation cascade in
aqueous [FeII(bpy)3]

2+ were recently investigated
using femtosecond resolved fluorescence and tran-
sient absorption by Gawelda et al. (5) upon 400-nm
excitation of the 1MLCT state. They observed a
prompt (~30 fs) intersystem crossing (ISC) to the
3MLCT state, followed by a departure from this
state within ~120 fs (Fig. 1B). The subsequent
steps and the arrival into the HS state were not
observed directly, and the final step of the photo-
cycle, the radiationless HS→LS transition, was
identified via the recovery of the ground-state
bleach with its 665-ps lifetime. For 400-nm
excitation, the relaxation cascade from the ini-
tially excited 1MLCTstate to the HS state implies
dissipation of 2.6 eVof energy in <1 ps and, were
it to proceed via the intermediate MC states, it
would entail a back electron transfer, followed by
at least three ISC events, as well as an Fe-N bond
elongation by 0.2 Å. This elongation was recent-
ly measured by x-ray absorption spectroscopy
(XAS) studies with 50- to 100-ps resolution on
[FeII(tren(py)3)]

2+ (10) and [FeII(bpy)3]
2+ (11, 12)

in solution. The structural change manifests itself
through substantial modifications of the x-ray absorp-
tion near-edge structure (XANES) at the FeK-edge,
which we exploit in the present study of the ultra-
fast light-induced SCO of aqueous [FeII(bpy)3]

2+.
So far, most x-ray studies with subpicosecond

time resolution have used diffraction to investi-
gate strain, coherent phonon dynamics, or melting
phenomena in solid materials (13–15). Scatter-
ing does not require wavelength tunability, and
sources of (monochromatic) femtosecond x-ray
pulses (obtained by plasma emission from metal
targets struck by intense ultrashort laser pulses)
have readily been available for some time now.
Diffraction is also a collective phenomenon in
crystals, delivering rather strong signals. For
chemical and biological systems that may be dis-
ordered and diluted in solution, x-ray absorption
spectroscopy is a more suitable probe (12, 16, 17).
However, it requires rather stable sources of tun-
able ultrashort x-rays. Subpicosecond x-ray plasma

sources have been implemented for time-resolved
XAS studies on the few picoseconds (18) to tens
of picoseconds time scale, but their use is chal-
lenging because of their poor shot-to-shot stabil-
ity and low fluxes (19, 20). Synchrotron sources
(12, 17) deliver very stable radiation with reason-
able fluxes, although the pulse durations lie in the
50- to 150-ps range. The recently developed slic-
ing scheme (21) has allowed the extraction of
tunable femtosecond x-ray pulses from a syn-
chrotron and was first implemented for soft x-ray
absorption studies of the electronic changes re-
sulting from the photo-induced ultrafast insulator-
metal phase transition in VO2 bulk crystals (22)
and the ultrafast demagnetization dynamics in solid
nickel (23). For structural determination, hard
x-rays (>2 keV) are better suited, and the recent
implementation of the slicing scheme for 5 to
20 keV radiation at the Swiss Light Source (SLS,
PSI-Villigen) (24) opens the possibility of carry-

ing out ultrafast XANES studies on dilute molecu-
lar systems in liquids. By applying this technique,
we have succeeded in following the structural
changes in real time upon visible light excitation
of aqueous [FeII(bpy)3]

2+, and moreover we have
unraveled the mechanism of the ultrafast spin
crossover in this class of molecules.

Briefly (25), a 100-mm-thick free-flowing liquid
jet of an aqueous solution of 50 mM [FeII(bpy)3]

2+

was excited by an intense 400-nm laser pulse
(115-fs pulse width, repetition rate 1 kHz), and a
tunable femtosecond hard x-ray pulse from the
slicing source was used to probe the system in
transmission mode at 2 kHz. The flux of the
femtosecond x-ray source was about 10 photons
per pulse at 7 keV. We recorded the transient
difference absorption spectra by alternating de-
tection of signals from the laser-excited and the
unexcited sample, thus achieving a precise
intrinsic energy calibration that compensates for

Fig. 1. (A) Representative poten-
tial energy curves of Fe(II)-based
SCO complexes as a function of the
Fe-N bond distance (7). The mani-
fold of MLCT states is shown as a
shaded area. [FeII(bpy)3]

2+ has pre-
dominantly Oh symmetry with a trig-
onal (D3) distortion. The MC states
are represented by their symmetry
character (A, T, and E) in the D3
group: the LS 1A1 ground state has
a completely filled e4a1

2 configura-
tion (deriving from the t2g

6 subshell
in Oh symmetry), whereas the anti-
bonding e (eg in Oh symmetry) or-
bital is empty. Per electron that is
promoted from the t2g subshell to
the eg subshell (for easier reading
we will use the Oh nomenclature
hereafter), the metal-ligand bond length increases by as much as 0.1 Å (1, 7). For the series of 1,3T(t2g

5eg)
states, the Fe-N bond length is expected to lie between the values observed for the ground and the high-
spin 5T2 (t2g

4eg
2) states. (B) Relaxation cascade as determined by ultrafast laser spectroscopy upon

excitation of aqueous [Fe(bpy)3]
2+ at 400 nm (5). The intermediate MC states are not shown because they

are optically silent in the region >350 nm and were therefore not observed in (5). (C) For the [Fe(bpy)3]
2+

complex, the Fe-N bond length is 1.97 Å in the low-spin 1A1(t2g
6) ground state (32) but increases by 0.2 Å

in the high-spin 5T2 (t2g
4eg

2) state, as determined by picosecond XAS experiments (11).

Fig. 2. (A) Fe K-edge XANES
spectrum of the LS state of aqueous
[FeII(bpy)3]

2+ (black trace) and of
the HS quintet state (red dots). The
latter is determined from the LS
spectrum and the transient spec-
trum (B) measured at a time delay
of 50 ps after laser excitation at
400 nm (11). (B) Transient XANES
spectrum (difference in x-ray ab-
sorption between the laser-excited
sample and the unexcited sample)
recorded 50 ps after laser excitation
at 400 nm (red dots) (11). Note the
increase in absorption at the so-called
B-feature. The blue stars represent
the transient spectrum recorded at a
time delay of 300 fs in the present
work. Error bars, T1 SD (25).
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drifts of the laser or synchrotron energies and
fluxes. The time resolution was <250 fs (25).

Figure 2A shows the Fe K-edge XANES
spectra of aqueous [FeII(bpy)3]

2+ in its ground
(LS) and excited (HS) state. The spectrum of
the latter was retrieved from the LS spectrum
and the difference spectrum recorded 50 ps after
laser excitation (red dots in Fig. 2B) (11). The
strongest increase in absorption upon LS to HS
conversion occurs at the so-called B-feature (ar-
row in Fig. 2), which was previously identified as
a structure-sensitive above-ionization multiple-
scattering resonance (26). The increase in inten-
sity of the B-feature is concomitant with the
increase in Fe-N bond distance upon LS to HS
conversion, reflecting a well-established correla-
tion between edge absorption intensity and bond
distance [see, e.g., (27)]. For the present system,
this correlation was confirmed (fig. S1) by a sim-
ulation of the XANES spectrum using the Minuit
XANES (MXAN) code (11, 28), which addition-
ally shows a nearly linear relationship between the
Fe-N bond elongation and the intensity of the
B-feature. The B-feature intensity is therefore a
signature of the Fe-N bond elongation, and it
allows us to distinguish the various states that can
be grouped by their similar Fe-N bond distances:
(i) the LS ground and the 1,3MLCT states; (ii) the
1,3T states, which exhibit an elongation of 0.1 Å
relative to the ground state (7); and (iii) the 5T
state, which exhibits a 0.2 Å elongation (11).
Based on this correlation, we analyze the ob-
served light-induced changes at the B-feature
as a function of the time delay between the
optical pump pulse and the x-ray probe pulse in
the femtosecond to picosecond time domain.

Figure 3 shows the transient signal at the
B-feature as a function of time delay (the inset
shows an expanded region out to 10 ps). It is
characterized by a steep rise followed by a pla-
teau beyond 250 to 300 fs, which suggests that
the system has reached the HS state within this
time frame. This suggestion is confirmed by the
energy scan recorded at a time delay of 300 fs
(blue stars in Fig. 2B), which agrees with the
transient absorption spectrum recorded at 50-ps
time delay. Considering a simple four-level kinetic
model 1A1→

1MLCT→3MLCT→5T, we simu-
lated the signal with no adjustable parameters,
assuming (i) an optical/x-ray cross-correlation of
250 fs; (ii) the 1MLCT and 3MLCT decay times
measured in (5) (Fig. 1B); (iii) the cross sections
at the B-feature for the LS and HS states (Fig. 2A),
as well as for the intermediate 1,3T states, derived
from the relationship between the Fe-N bond elon-
gation and the B-feature intensity (25); and (iv)
the absorption cross section of the MLCT state(s).
For the latter, based on our previous study of
the analogous [RuII(bpy)3]

2+ molecule (29), the
MLCT and LS XANES are expected to be sim-
ilar, except for a shift to higher energies of the
MLCT XANES spectrum, due to the oxidation
of the central metal atom (over the time the
system remains in the MLCT manifold). At the
Fe K-edge, this oxidation state shift amounts to
at most +2 eV based on a study of Fe(II)- and
Fe(III)-hexacyanide (30).

Figure 3B shows the simulated time evolution
of the signal due to the various states, including
(solid curves) and excluding (dashed curves) the
MLCT states, as well as the resulting total signal
(red traces). The blue shift of theMLCTspectrum

should lead to an initial decrease in absorption of
the signal, which we do not observe. The simu-
lations (green trace in Fig. 3B) confirm that our
pump-probe correlation time brings this initial sig-
nal decrease below our experimental sensitivity,
thus accounting for its absence in the data. Also,
we note that time zero is hardly affected by
inclusion of the signal due to the MLCT state,
and its value changes by at most 40 fs when
comparing the simulations with and without the
(temporary) oxidation shift. Finally, introducing
the 1,3T state(s) can reproduce the data only for a
fitted relaxation time of <60 fs (25). Such a short
lifetime, however, is unrealistic because it cor-
responds to the period of high frequency modes
of the system, which in addition would need to be
shared among the 1,3T states that all have po-
tential curves with identical equilibrium distances
and curvatures along the Fe-N coordinate (Fig.
1A). Consequently, the agreement between the
experimental and the simulated time trace (Fig.
3A) implies that the rise time (~150 fs) of the
x-ray absorption of the HS state corresponds to the
decay of the 3MLCT state (5). Thus, the popu-
lation of the 3MLCT state proceeds to the quintet
state directly and bypasses the intermediate 1,3T
states. Furthermore, the derived relaxation time
scale corresponds to the period of the Fe-N stretch
mode, which lies in the 130- to 160-fs range for
all Fe(II)-based complexes, according to Raman
studies (31). Therefore, here the observation of
the structural dynamics allows us to unambigu-
ously unravel the population relaxation pathway.

Because the 3MLCT state lies about 1.5 eV
above the quintet state (Fig. 1), the latter is pop-
ulated in high vibrational levels. However, we do
not observe vibrational cooling in the quintet
state, because XANES spectroscopy is in general
not very sensitive to Debye-Waller factors, which
reflect the uncertainty in atomic coordinates due
to thermal motion.

The general picture of the light-induced SCO
process that emerges from this study becomes
very simple and is summarized in Fig. 1B. The
full cascade reduces a two-step ISC process,
1MLCT→3MLCT→5T. The bypassing of the in-
termediate 1,3T states resolves the issue of mul-
tiple ultrafast ISC steps among states that are
quasiparallel with respect to the Fe-N coordinate
(Fig. 1A). Dissipation of the energy difference in the
ultrafast cascade is accounted for by storage of vi-
brational energy in the quintet state. Finally, the unit
quantum efficiency of the SCO process from the
1MLCTstate into the quintet statemakes sense in the
context of excluding any leakage back to the ground
state (9) through the bypassing of the 1,3T states.

Considering that [FeII(bpy)3]
2+ is a model

system for all Fe(II)-based SCO complexes, we
believe that our results are of general validity to
this family. These results also underscore the
power of ultrafast x-ray absorption spectroscopy
for the study of molecular structural dynamics of
dilute systems. In the present case, resolving the
structural dynamics unravels the pathways of spin
and electronic relaxation.

Fig. 3. (A) Time scan of the signal
(blue points) at the B-feature (at
7126 eV) (Fig. 2B) as a function of
laser pump/x-ray probe time de-
lay after excitation of aqueous
[FeII(bpy)3]

2+ at 400 nm. The inset
shows a long time scan up to a
10-ps time delay. The red trace
is the simulated signal assuming
a simple four-step kinetic model
1A1→

1MLCT→3MLCT→5T to describe
the spin conversion process [see
(B)]. The vertical arrow displays the
expected effect of the elongation of
0.2 Å for the Fe-N bond elongation
DR between the LS and HS states.
Error bars, T1 SD (25). (B) Simu-
lated transient absorption traces of
the individual states (black, green,
and blue) and total (red) trace
based on a four-step kinetic model
1A1→

1MLCT→3MLCT→5T, with the
1MLCT→3MLCT intersystem crossing
taking place in 20 to 30 fs and the
depopulation of the 3MLCT state
taking place in 120 fs, as deter-
mined by ultrafast fluorescence and transient absorption studies (5). Neglect of the absorption decrease
due to the MLCT states (dashed traces) does not affect the final simulated signal. The kinetics were
convoluted with a cross-correlation of 250 fs between laser and x-ray pulse.
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Complementary Active Sites Cause
Size-Selective Reactivity of Aluminum
Cluster Anions with Water
Patrick J. Roach,1 W. Hunter Woodward,1 A. W. Castleman Jr.,1*
Arthur C. Reber,2 Shiv N. Khanna2

The reactions of metal clusters with small molecules often depend on cluster size. The selectivity
of oxygen reactions with aluminum cluster anions can be well described within an electronic
shell model; however, not all reactions are subject to the same fundamental constraints. We
observed the size selectivity of aluminum cluster anion reactions with water, which can be
attributed to the dissociative chemisorption of water at specific surface sites. The reactivity
depends on geometric rather than electronic shell structure. Identical arrangements of multiple
active sites in Al16

–, Al17
–, and Al18

– result in the production of H2 from water.

Metal clusters possess electronic shells
that result from quantum confinement
of the nearly free valence electrons (1–3).

Because the shell structures of clusters and atoms
are similar, shell-filling concepts from traditional
valence bond theory can be applied to the descrip-
tion of clusters (4, 5). The result of a chemical
interaction may then be explained through the
energy minimization that results when a cluster
closes an incomplete electronic shell (closed shell
n = 2, 8, 18, 20, 34, 40, …), either by direct
ionization or through the formation of a covalent
or ionic bond (3–11). A cluster can therefore be
assigned as a superatom analog of a specific
group of the periodic table on the basis of the
difference between its valence electron count and
the number of electrons required to fill the nearest
superatomic shell (8–11).

The previously reported size-selective reac-
tions of Al clusters with O2 (4, 6–11) result from
the superatomic electronic structure. However,
the observed selective reactivity of Al cluster
anions with water is inconsistent with the closing
of superatom shells. For example, Al23

– and
Al37

– are both considered by the superatommod-
el to have rare gas–like closed electronic shells
(4) yet adsorb water molecules, whereas Al14

–

and Al46
– have open electronic shells but do

not adsorb water molecules (fig. S1) (12). We
investigated what combination of geometric and
electronic features could account for this ob-
served reactivity. We found that pure Al cluster
anions of certain sizes harbor distinct active sites
in which a pair of adjacent Al atoms is respon-
sible for the dissociative chemisorption of water.
The complementary active site consists of one Al
atom that acts as a Lewis acid and a second Al
atom that acts as a Lewis base. The ability of an
adjacent pair of different elements to promote
similar chemical activity is known inmetal oxides
(13) and at the interface of dissimilar metals (14)
because of the different electron affinity of each
element. In the current case, however, we show

that the conditions required for reactivity are met
in certain clusters that consist of only a single
element. Understanding how a specific shape or
size will affect the affinity of a metal cluster
toward a specific reagent may facilitate future
efforts to design either stable or reactive materials
for specific technological applications (15–18).

Reactions between water (12) and anionic Al
clusters comprising 7 to 60 atoms (Fig. 1) were
observed under multicollisional conditions in a
fast-flow reactor (fig. S2) (12). When water was
introduced into the fast-flow reactor, products
were observed that we have assigned as adducts
of Al anion clusters with water. Most clusters
adsorbed one or more water molecules with vary-
ing intensity, whereas no adducts were observed
for other species (fig. S1) (12). The distinct dif-
ferences in the reactivity of similarly sized clus-
ters suggests that small differences in electronic
and geometric structure play an important role in
determining the reactivity of aluminum nano-
structures with water.

Al12
– is the smallest cluster that reacts to form

a product of observable intensity (Fig. 2A); thus,
we analyzed this species by a first-principles ap-
proach within a gradient-corrected density func-
tional formalism (12). The initial interaction we
considered between a water molecule and an Al
cluster anion was the nucleophilic attack of water
on the Al surface. This reaction requires the
donation of lone-pair electrons from water to the
lowest unoccupied molecular orbital (LUMO) of
the cluster (or LUMO+1 in odd-electron species,
as the lone pair interacts most stronglywith levels
where both spin states are unoccupied) where the
probability density of the vacant orbital protrudes
out from the cluster structure into vacuum (19–22).
Previous rules proposed by Chrêtien et al. (23)
suggest that the susceptibility of a specific spe-
cies to a nucleophilic reactant is increased as the
relative energy of a cluster’s LUMOdecreases, as
compared to other species (fig. S3A) (12). Al-
though the observation of a strong Al12H2O

–

product peak (the LUMO energy of Al12
– is a

1Departments of Chemistry and Physics, Pennsylvania State
University, University Park, PA 16802, USA. 2Department
of Physics, Virginia Commonwealth University, Richmond,
VA 23284, USA.

*To whom correspondence should be addressed. E-mail:
awc@psu.edu

23 JANUARY 2009 VOL 323 SCIENCE www.sciencemag.org492

REPORTS



 

 

Femtosecond XANES Study of the Light-Induced 
Spin Crossover Dynamics in an Iron(II) Complex 

Yuan Hu 
Brown Laboratories, Department of Chemistry and Biochemistry, University of Delaware, Newark, Delaware 19716 

RECEIVED DATE (automatically inserted by publisher); E-mail: yuanhu@udel.edu

Recently, a new technique--femtosecond optical pump/x-ray 
probe is been employed to investigated the ultrafast 
formation of the lowest quintet state of aqueous iron(II) 
tris(bipyridine) upon excitation of the singlet metal-to-ligand-
charge-transfer (1MLCT) state based on x-ray absorption 
near-edge structure (XANES). 

There is a long-standing issue1-12 about the population 
mechanism of the singlet state (low spin state) to the quintet state 
(high spin state) in iron(II)-based complexes. X-ray absorption 
spectroscopy with subpicosecond time resolution, has been used 
as a powerful probe of molecular structure to uncover the 
mechanism, which turns out to be too slow to track the earliest 
dynamics after photoexcitation. 

Chergui and his coworkers solve this issue.  
They have used the femtosecond optical pump/x-ray probe 

technique based on x-ray absorption near-edge structure 
(XANES), to investigate the ultrafast formation of the lowest 
quintet state of aqueous iron(II) tris(bipyridine) [FeII(bpy)3]2+ 
upon excitation of the singlet metal-to-ligand-charge-transfer 
(1MLCT) state. The observation of the structural dynamics allows 
them to unambiguously unravel the population relaxation 
pathway. They found that the quintet state is populated in about 
150 femtoseconds, which was evidenced by its full XANES 
spectrum recorded at a 300-femtosecond time delay. They 
identify it as a simple 1MLCT→3MLCT→5T cascade from the 
initially excited state. 

As it is concerned, a lot of metal complexes exhibit two 
electronic states: a high-spin (HS) state and a low-spin (LS) state, 
which mainly depends on the difference between the splitting 
energy (Δ) and the pair energy (P). When the two energies are 
close to each other, an interconversion of the spin states of the 
complex can occur. This phenomenon is called Spin Crossover 
(SCO). 

 
 

 
 
 
 
 
 
 
 
 
 
 
 
 

Figure 1. The principal types of spin transition curves (high spin fraction 
γHS vs temperature T) : (a) gradual ; (b) abrupt ; (c) with hysteresis ; (d) 
two steps; (e) incomplete13 

There are several types of SCO phenomenon depicted in Figure 
1, in which γHS (the high-spin molar fraction) is plotted vs. 
Temperature. The figure shows a gradual spin transition (Figure 
1a), an abrupt transition (Figure 1b), an abrupt transition with 
hysteresis (Figure 1c), a two-step transition (Figure 1d), and an 
incomplete transition (Figure 1e).  

The SCO complexes are very useful, since the spin states of 
complexes can be easily changed as a result of external stimuli 
such as a variation of temperature, pressure, light irradiation or an 
influence of a magnetic field.14 They have an ideal inherent 
molecular bistability (HS and LS) in which a single molecule or 
an assembly of molecules can be used as active elements in novel 
thermal switches, optical switches or information memory devices, 
since the bistability leads to changes in the colour of the material 
and major magnetic changes15. 

A larger class of iron(II)-based complexes are found processing 
the SCO property. Iron is the first row transition metal. The 
iron(II) has 6 d-electrons. The splitting energy (Δ) of octahedral 
structure between eg and t2g is very small. The iron(II)-based 
molecular complexes exhibit two electronic states: a high-spin 
(HS) state and a low-spin (LS) (scheme 1). The spin multiplicity 
of HS state is quintet, and the one of LS state is singlet. 
According to the multiplicity, the HS state is paramagnetic and 
the LS state is diamagnetic (Figure 2). 
 
 
 
 
 
 
 
 
 
 
 
 
 

Figure 2. The iron(II)-based molecular complexes 
exhibit two electronic states 

Spin selection rules tell us transitions between states of 
different spin multiplicities are forbidden. That is to say, the 
transition from singlet LS to quintet HS is forbidden by selection 
rules, since they have different spin multiplicities.  

Figure 3 is Tanabe-Sugano diagram for a transition metal ion 
with d6 electrons. From the lecture we know that, 5T2

5E, 
1A1

1T1, 1A1
1T2 are allowed. They have the same spin 

multiplicity. 
As the spin multiplicity changes in SCO, the mechanism of the 

SCO here turns out to be a big issue. 
However, there is another way to the HS state, which is via the 

singlet metal-to-ligand-charge-transfer (1MLCT) which may 
exhibit strong absorption bands in the visible spectrum with molar 



 

 

absorptivity about 1,000~50,000 M-1·cm-1, or via the weakly 
absorbing and lower-lying 1,3T states.7, 13 The time scale and the 
route( going from the initially excited 1MLCT state to the lowest-
lying quintet state) are the subject of debate. X-ray absorption 
spectroscopy (XAS) is used to discover the mechanism, but the 
time resolution is subpicosecond, which has turned out to be too 
slow to track the earliest dynamics after photoexcitation. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

Figure 3. Tanabe-Sugano diagram for a transition 
metal ion with d6 electrons. 

In the class, we have learned that, XANES affords the metal 
oxidation state and coordination environment. The spin 
multiplicity affects the coordination environment. So HS and LS 
display different spectra (figure 4A). 

 

 

 

 

 

 

 

 

 

 
 
 
Figure 4A. The Fe K-edge XANES spectra of aqueous [FeII(bpy)3]2+ in its 
ground (LS) and excited (HS) state.  
Figure 4B. The spectrum of the latter was retrieved from the LS spectrum 
and the difference spectrum recorded 50 ps after laser excitation (red dots 
in Figure 4B).10 (50 PS = 50,000 FS) 

By applying femtosecond x-ray pulses, the structural changes 
in real time upon visible light excitation of aqueous iron(II)-
tris(bipyridine) ([FeII(bpy)3]2+), which serves as a model system 
for the family of Fe(II)-based SCO complexes are followed , and 
the mechanism of the ultrafast spin crossover in this class of 
molecules is unraveled. 

The most significant consequences of SCO are the changes in 
metal-to-ligand bond distances. Usually, HS state has a larger 
volume than LS state. When the spin multiplicity changes from 
LS to HS, the metal-to-ligand bonds will be elongated, due to the 
population of the eg orbitals which have a slight antibonding 
character. X-ray crystallography can be used to measure the bond 
distances between the metal and the ligands, which give insight 

into the spin state of the complex.16 
The strongest increase in absorption intensity upon LS to HS 

conversion is called B-feature (arrow in Figure 4)17-31 which 
complies with the increase in Fe-N bond distance10. 

Figure 4A shows the XANES of Fe(II) from excited (HS) state 
to its ground (LS), and Figure 4B shows the XANES of the 
complex excited from its ground (LS) to excited (HS) state 
spectrum which is recorded at 300 fs and 50 ps after laser 
excitation (red dots in Figure 4B)10. That means the complex 
exhibits HS state within 300 fs, as the spectrum at 300 fs is the 
same as that at 50 ps, which is a long time equal to 50,000 fs. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 5A. Time scan of the signal (blue points) at the B-feature as a 
function of laser pump/x-ray probe time delay after excitation of aqueous 
[FeII(bpy)3]2+ at 400 nm. 
Figure 5B. Simulated transient absorption traces of the individual states 
(black, green, and blue) and total (red) trace based on a four-step kinetic 
model 1A1 →

1MLCT → 3MLCT → 5T, with the 1MLCT → 3MLCT 
intersystem crossing taking place in 20 to 30 fs and the depopulation of 
the 3MLCT state taking place in 120 fs, as determined by ultrafast 
fluorescence and transient absorption studies. 

Figure 5A shows the transient signal at the B-feature as a 
function of time delay (the inset shows an expanded region out to 
10 ps). It is characterized by a steep rise followed by a plateau 
beyond 250 to 300 fs, which suggests that the system has reached 
the HS state within this time frame. And this result is confirmed 
by the energy scan recorded at a time delay of 300 fs in Fig 4A. 
 

 

 

 

 

 

 

 

 

 

 

 

 
Figure 6. Representative potential energy curves of Fe(II)-based SCO 
complexes as a function of the Fe-N bond distance. 



 

 

From figure 6, several ways to accomplish the change of spin 
states could be assumed. Chergui and his coworkers have 
investigated all of the possible ways by simulated transient 
absorption traces of the individual states (black, green, and blue) 
and total (red) trace based on a four-step kinetic model 1A1→
1MLCT→3MLCT→5T (fig 5B). 

Consequently, the agreement between the experimental and the 
simulated time trace (Figure 5A) implies that the rise time (~150 
fs) of the x-ray absorption of the HS state corresponds to the 
decay of the 3MLCT state. 

The observation of the structural dynamics allows Chergui and 
his coworkers to unambiguously unravel the population relaxation 
pathway. They summarized the general picture of the light-
induced SCO process that emerges from this study in Figure 7.  

 
 

 

 

 

 

 

 

 

 

 
Figure 7. Relaxation cascade as determined by ultrafast laser 
spectroscopy upon excitation of aqueous [FeII(bpy)3]2+ at 400 nm. 

The full cascade reduces a two-step Intersystem crossing (ISC) 
process 1MLCT→3MLCT→5T. ISC is a process involving a 
transition between two electronic states with different spin 
multiplicity. 

Their results are thought to be of general validity to all Fe(II)-
based SCO complexes, since [FeII(bpy)3]2+ is a model system. 
They also proved a powerful new method can be employed in the 
future study of molecular structural dynamics of dilute systems. 
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Palladium (Pd) generally prefers low oxidation states. So far, no
stable Pd compound with a �5 oxidation state is known. Here, we
report two multinuclear Pd compounds containing Pd centers
ligated by five silicon (Si) atoms. A thermal condensation reaction
of [{1,2-C6H4(SiMe2)(SiH2)}PdII(Me2PCH2CH2PMe2)] (Me � methyl)
afforded two stereoisomers of dinuclear PdII compounds and a
trinuclear Pd compound as major products and a tetranuclear Pd
compound as a minor product. The structures of the four Pd
compounds were confirmed by single-crystal x-ray structure anal-
ysis. The dinuclear Pd compounds have a dimeric structure of
[{1,2-C6H4(SiMe2)(SiH)}PdII(Me2PCH2CH2PMe2)] connected through
a Si–Si single bond formed by dehydrogenation of two molecules
of the starting compound. The trinuclear and tetranuclear Pd
compounds proved to have Pd centers bonded to five Si atoms with
normal Pd–Si single-bond distances. Theoretical calculations of the
trinuclear and tetranuclear Pd compounds accurately reproduced
their x-ray structures and suggested that all of the Pd–Si bonds of
the central Pd atoms have a relatively high single-bond character.

transition metal � hydrosilanes � oxidation states

Palladium (Pd) compounds provide useful catalysts for organic
transformations to produce a wide range of organic compounds

such as pharmaceuticals, agrochemicals, and organic materials for
various applications (1, 2). Organopalladium compounds, typical
intermediates in Pd-catalyzed organic transformations, generally
prefer low formal oxidation states such as 0 and �2. Only relatively
recently has the importance of organopalladium compounds with a
�4 formal oxidation state been recognized (3, 4). The first stable
organopalladium compounds with this �4 formal oxidation state,
PdIV(C6F5)2Cl2(L–L) (L–L � bidentate neutral ligands), were
isolated in 1975 (5); then, alkylpalladium(IV) species were also
isolated and intensively studied (3, 6). However, an organopalla-
dium compound with a formal oxidation state exceeding �4 has
never been identified. On the other hand, highly electronegative
fluorine ligands reportedly can produce �5 and �6 oxidation states
in inorganic Pd compounds, although such species are unstable and
have not been well characterized (7, 8). Electrochemical formation
of PdO3 is also suggested (9). It is also known that more electropos-
itive ligands such as hydride and silyl ligands can form stable
transition-metal compounds with high formal oxidation states such
as K2ReVIIH9, (Me5C5)IrVH4, and (Me5C5)MV(H)2(SiEt3)2 (M �
Co, Rh, Ir) (10–14).

We have found that sterically less demanding chelating silyl
ligands are useful in stabilizing silyl transition-metal compounds
with high formal oxidation states (15) and reported silylpalladi-
um(IV) (16) and silylnickel(IV) compounds (17). During our effort
to synthesize silyl group 10 transition-metal compounds with formal
oxidation states exceeding �4, we obtained a trinuclear Pd com-
pound 1 (Fig. 1), which has a central Pd atom ligated by six Si atoms
(18). X-ray structure analysis of compound 1 showed a possible
Si–Si bonding interaction between two pairs of Si atoms and lead
to two possible structural descriptions, 1a (six Pd–Si single bonds,
formal oxidation state �6) and 1b (two Pd–Si single bonds and two
Si–Si �-bonds coordinating to the Pd atom, formal oxidation state

�2) (18, 19). Theoretical calculations for compound 1 suggested
that 1b more appropriately represented the bonding structure of
this compound than did 1a (20, 21). In this article, we describe two
multinuclear Pd compounds, each of which has a Pd center ligated
by five Si atoms. X-ray structure analysis as well as theoretical
calculations suggested that each Pd–Si bond of the central Pd atoms
has a relatively high single-bond character.

Results and Discussion
The trinuclear Pd compound 1 was synthesized by the thermal
condensation reaction of three molecules of Pd(II) compound
[{1,2-C6H4(SiH2)2}PdII(R2PCH2CH2PR2)] 2. We simply modified
the structure of the starting Pd compound 2 by putting two methyl
groups on one of the two Si atoms. Because the Si–C bonds are
much less reactive toward transition metals than are Si–H bonds,
the modified compound [{1,2-C6H4(SiMe2)(SiH2)}PdII(dmpe)] 3
[dmpe � 1,2-bis(dimethylphosphino)ethane] was expected not to
produce a compound similar to 1.

A thermal condensation reaction of compound 3, which was
prepared by the reaction of 1,2-C6H4(SiMe2H)(SiH3) (22) with
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Fig. 1. Two structural description of compound 1.
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[Pd(PEt3)2(dmpe)], took place at 80°C or higher (Fig. 2). At 80°C
in toluene, dinuclear compound 4 with a new Si–Si single bond was
initially formed as a mixture of two stereoisomers as judged by 1H
and 31P NMR spectroscopy. The structures of the two stereoiso-
mers were confirmed to be meso- and dl-isomers by x-ray structure
analysis (vide infra). With continued heating at 80°C for 2 days,
trinuclear compound 5 started to emerge, and 31P NMR spectros-
copy identified four signals with equal intensities for this com-
pound. A separate experiment in an NMR tube heated at 100°C for
6 days afforded compounds 4 (meso- and dl-isomers in a 7:3 ratio)
and 5 as the main products. The reaction slowed gradually, and the
conversion of 3 reached �70% after 6 days. The yields of 4 and 5
estimated by 1H NMR integration were 55% and 39%, respectively,
based on the converted 3. Compounds 4 and 5 were isolated by
fractional solvent extraction/crystallization procedures. During the
attempts to isolate and crystallize compound 5, a tiny amount of
minor product, tetranuclear compound 6, was unexpectedly ob-
tained as single crystals. Although compound 6 was formed in a low
yield, the existence of 6 in the reaction mixture was easily confirmed
by 1H NMR spectroscopy in tetrahydrofuran (THF)-d8, in which
some of the signals of 6 were well separated from those of other
compounds. The estimated yields of compound 6 in the reaction
mixture varied (1–5%) depending on the reaction conditions. The
product distribution largely depended on the concentration and
reaction temperature. Higher concentration and higher reaction
temperature favor the formation of 5 and 6.

The structures of the two isomers of 4, 5, and 6, respectively,
were unambiguously determined by the x-ray structure analysis.
Figs. 3 and 4, respectively, show the molecular structures of
meso- and dl-4. The Pd–Si, Pd–P, and Si–Si bond distances in
meso- and dl-4 (Table 1) were all in their typical ranges.

Fig. 5a shows the molecular structure of 5, and its structural
features are as follows. The central Pd atom, Pd1, no longer
retains the chelating phosphine ligand as is the case in 1 but
instead is ligated by five Si atoms. The geometry of the Pd1(Si)5
moiety may be described as highly distorted, square-based
pyramidal with Si5 at the apical position. The five Pd1–Si bond
distances range from 2.2903(8) to 2.4015(8) Å (Table 2) and are
comparable to typical Pd–Si single-bond distances [2.26–2.45 Å]
(Cambridge Structural Database, Version 5.27, November
2005). These distances contrast with those in compound 1, in
which four are long [2.437(3)–2.562(3) Å, average 2.483(3) Å for

1 bearing dmpe ligands]. One (Si6) of the six Si atoms in 5 is not
bonded to Pd1 but forms a Si–Si single bond (Si3–Si6) with a
common distance [2.3414(12) Å]. In compound 1, there are two
short Si���Si contacts [2.488(4)-2.589(4) Å], whereas compound 5
has no such short Si���Si contact [the shortest Si���Si contact is
2.8919(13) Å, Si3���Si5]. The Pd���Pd distances [2.7677(3) and
2.7996(3) Å] suggest possible weak interatomic interactions.
Another unique feature of compound 5 is that one (Si1) of the
Si atoms is pentacoordinate. As mentioned above, the Pd1–Si1
distance is comparable to common Pd–Si single-bond distances,
but the Pd2–Si1 [2.5273(10) Å] and Pd3–Si1 [2.5966(9) Å] bond
distances are much longer than is common.

The molecular structure of compound 6 is shown in Fig. 5b.
Compound 6 is crystallographically C2-symmetric. The geometry of
the Pd1(Si)5 moiety can be described as distorted trigonal bipyra-
midal [or hexagonal bipyramidal for the Pd1(Si)5(Pd)3 moiety]. Five
atoms (Pd1, Pd2, Pd2*, Pd3, and Si1) locate on the same plane,
whereas two Si atoms (Si2 and Si2*) deviate from the plane by 0.59
Å. The Pd1–Si1, Pd1–Si2(Si2*), and Pd1–Si3(Si3*) bond distances
of 2.3265(13), 2.2944(9), and 2.4357(10) Å, respectively, are similar

Fig. 2. Synthesis of compounds 4–6.

Fig. 3. Thermal ellipsoid plots (50% probability level for Pd, P, Si, and C
atoms) of meso-4 determined by single-crystal x-ray diffraction. Hydrogen
atoms on the carbon atoms are omitted for clarity.

Fig. 4. Thermal ellipsoid plots (50% probability level for Pd, P, Si, and C
atoms) of dl-4 determined by single-crystal x-ray diffraction. Hydrogen atoms
on the carbon atoms are omitted for clarity.
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to those of common Pd–Si single bonds. The axial Pd1–Si3(Si3*)
bond distances are relatively long; this is partly because the two axial
Si atoms [Si3 and Si3*] locate in trans to each other, and the strong
trans-influence (or structural trans-effect) of Si atoms lengthens the
Pd–Si bond distances (23). The three equatorial Si atoms (Si1, Si2,
and Si2*) are pentacoordinate, like Si1 in compound 5. The Pd–Si
distances for the outer Pd atoms [2.5124(5)–2.6093(9) Å] are much
longer than those of common Pd–Si single bonds.

Although it is difficult and less meaningful to assign a formal
oxidation state for each atom in cluster-type compounds (19, 20),
an unusual �5 formal oxidation state may be assigned to the central
Pd atoms (Pd1) in 5 and 6, if each Pd1–Si bond is simply counted
to increase the formal oxidation state of Pd1 by �1. Therefore, we
carried out density functional theory calculations for 5 and 6 to
obtain further information about the structures of compounds 5
and 6. We also further evaluated the bonding of 5 and 6, using
Mayer’s bond order analysis (24) and Bader’s atoms in molecule
(AIM) analysis (25); the former was used for the bonding analysis
of compound 1 (20), and the latter searches for bond critical points
and indicates the existence of a chemical bond between two atoms
sharing the bond critical point. Both calculated structures of 5 and
6 accurately reproduced the x-ray structures of 5 and 6. Table 2
summarizes selected bond distances obtained from x-ray analysis
and density functional theory calculations and Mayer bond orders
for 5 and 6 [see supporting information (SI) Tables 4 and 5 for
Cartesian coordinates for the calculated structures of 5 and 6, and
see SI Tables 6 and 7 for further lists of Mayer bond orders for 5
and 6]. For compound 5, the bond orders of the five Pd1–Si bonds
(0.67–0.77) are higher than the highest value (0.63) calculated for
the Pd–Si bonds of the central Pd atom in compound 1 (20). The

total bond orders of the five Pd1–Si bonds (3.63) is also higher than
that of the six central Pd–Si bonds (3.32) in 1 (20). The calculated
bond orders and the bond distances determined by x-ray analysis
suggest that the five Pd1–Si bonds in 5 have a relatively high
single-bond character. The bonds between the pentacoordinate Si1
and terminal Pd atoms (Pd2 and Pd3) have lower bond orders
(average 0.50), as expected from the long bond distances. The total
(3.59) and individual bond orders (0.67–0.75) of the five Pd1–Si
bonds in 6 are at a level similar to those of 5, suggesting that the five
Pd1–Si bonds in 6 also have a relatively high single-bond character.
The six outer Pd–Si bonds in 6 have lower bond orders (average
0.48), as expected from the long bond distances.

Because attempted AIM analysis on compounds 5 and 6 failed
as a result of its inability to find bond critical points for the C–H
bonds of the benzene rings of 5 and 6, we carried out AIM analysis
on model systems M5 and M6 (Fig. 6a; see also SI Figs. 7 and 8),
which were constructed by removing carbon atoms from 5 and 6,
respectively. The Cartesian coordinates of core regions were fixed,
while the positions of the substituted hydrogen atoms were
optimized. Thus, the nature of the chemical bonds of the core
regions in the model compounds M5 and M6 should be the same
as those in the real systems. AIM analysis on M5 and M6 was
successful and indicated the existence of bond critical points in all
Pd1–Si bonds of M5 and M6 (Fig. 6b). This result also supports the
bonding nature of Pd1–Si bonds of compounds 5 and 6. Mayer bond
order analysis (Table 2) suggested a possible weak bonding inter-
action between Pd atoms in compounds 5 and 6 (bond order �
0.20–0.22) and also between Si3 and Si5 atoms (bond order � 0.28)
in compound 5, although the Si3���Si5 distance is long. AIM analyses
on the model compounds showed the existence of bond critical
points only between Pd atoms in M6 but not between Pd atoms or
Si3 and Si5 atoms in M5.

The formation of silylpalladium compounds with unusual Pd
centers ligated by five Si atoms represents one of interesting
features of Si ligands in transition metal chemistry. Although
interest in the chemistry of transition metal compounds with Si
ligands is rapidly growing (26), the field is still at the initial stage of
development compared with the organometallic chemistry of tran-
sition metals. We believe Si ligands will provide further unique
chemistry of transition metals and lead to the development of
unique catalyses.

Materials and Methods
All manipulations of air-sensitive materials were carried out under
a nitrogen atmosphere by using standard Schlenk tube techniques

Fig. 5. Thermal ellipsoid plots (50% probability level for Pd, P, Si, and C atoms) of compound 5 (a) and compound 6 (b) determined by single-crystal x-ray
diffraction. Hydrogen atoms on the carbon atoms (for 5 and 6) and carbon atoms on the phosphorus atoms (for 6) are omitted for clarity.

Table 1. Selected bond distances (Å) for compounds meso- and
dl-4

Bond meso-4 dl-4

Pd1–Si1 2.3634(10) 2.3713(16)
Pd1–Si2 2.3405(9) 2.3626(14)
Pd2–Si3 2.3632(17)
Pd2–Si4 2.3613(15)
Pd1–P1 2.3307(10) 2.3259(16)
Pd1–P2 2.3391(9) 2.3465(15)
Pd2–P3 2.3277(17)
Pd2–P4 2.3402(15)
Si–Si 2.3720(13) 2.355(2)
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or in a glovebox filled with argon or nitrogen. Toluene-d8, THF-d8,
and benzene-d6 were distilled from Na/benzophenone ketyl. All
other anhydrous solvents were purchased from Kanto Chemicals or
Aldrich and degassed before use. 1H (499.1 MHz), 29Si (99.1 MHz),
and 31P (202.0 MHz) NMR spectra were recorded on a JEOL
LA500 spectrometer. Chemical shifts are given in parts per million,
using external references [tetramethylsilane (0 ppm) for 1H and
29Si, and 85% H3PO4 (0 ppm) for 31P] or residual solvent signal for
the 1H NMR in THF-d8 (the residual solvent signal at lower field
position was set to 3.60 ppm), and coupling constants are reported
in hertz.

Synthesis of [{1,2-C6H4(SiMe2)(SiH2)}Pd(dmpe)], 3. A toluene solution
(5 ml) of Pd(PEt3)4 (300 mg, 0.52 mmol) and dmpe (78 mg, 0.52

mmol) was stirred at room temperature overnight. Volatiles were
removed under vacuum to leave Pd(PEt3)2(dmpe) as a viscous
solid. To the solid was added toluene (5 ml) and 1,2-
C6H4(SiMe2H)(SiH3) (87 mg, 0.52 mmol) at 0°C. During the
addition of 1,2-C6H4(SiMe2H)(SiH3), a small amount of gas evo-
lution was observed. Then the mixture was stirred at room tem-
perature for 12 h under a nitrogen atmosphere. Removal of the
volatiles under vacuum and washing the residual solid with hexane
gave 3 in 72% yield (157 mg) as a pale brown powder. The product
is practically pure and used for the following reactions without
further purification. 1H NMR (toluene-d8) � 0.73 (t, 6H, JP-H � 2),
0.92–1.04 (m, 16H), 5.57 (t, 2H, JP-H � 10, JSi-H � 158), 7.32 (t, 1H,
JH-H � 7), 7.36 (t, 1H, JH-H � 7), 7.82 (d, 1H, JH-H � 7), 8.07 (d, 1H,
JH-H � 7). 31P NMR (toluene-d8) � 13.2 (br). 29Si{1H} NMR
(toluene-d8, dept) � �17.7 (d, JP-Si � 137, (JH-Si � 158), SiH2). The
measurement parameters were adjusted to the silicon atoms with
directly bound hydrogen atoms. The JH-Si value was determined by
1H-coupled spectrum. 29Si{1H} NMR (toluene-d8, inept) � 31.8 (d,
JP-Si � 145, SiMe2). The measurement parameters were adjusted to
the silicon atoms with two methyl groups. Anal. Calcd. for
C14H28P2PdSi2: C, 39.95; H, 6.71. Found C, 40.14; H, 6.65.

Thermal Condensation Reaction of 3. Isolation of compounds 4 and 5. A
toluene solution (10 ml) of 3 (507 mg, 1.20 mmol) was heated in an

Table 3. Calculated and observed 29Si NMR chemical shifts
[� (ppm)] of compounds 5 and 6

Compound 5 Compound 6

Si Calculated Observed Calculated Observed

Si1 122.1 130.9 101.6 103.0
Si2 (Si2*) 25.8 25.0 147.0 (147.1) 139.3
Si3 (Si3*) 194.8 173.1 24.6 (24.5) 19.0
Si4 43.5 38.7 — —
Si5 202.7 210.7 — —
Si6 �32.1 �21.1 — —

The atomic numbering refers to that in Fig. 5.

Table 2. Experimental (x-ray diffraction) and calculated bond distances and Mayer bond
orders for compounds 5 and 6

Bond

Distance, Å

Experimental Calculated Bond order

Compound 5

Pd1–Si1 2.3526(11) 2.401 0.672
Pd1–Si2 2.4015(8) 2.457 0.747
Pd1–Si3 2.3385(8) 2.384 0.709
Pd1–Si4 2.3464(11) 2.405 0.729
Pd1–Si5 2.2903(8) 2.326 0.769
Pd2–Si1 2.5273(10) 2.564 0.542
Pd2–Si3 2.3832(9) 2.443 0.628
Pd3–Si1 2.5966(9) 2.652 0.455
Pd3–Si5 2.4033(11) 2.439 0.668
Pd1–Pd2 2.7996(3) 2.939 0.200
Pd1–Pd3 2.7677(3) 2.899 0.211
Si3���Si5 2.8919(13) 2.928 0.280

Compound 6

Pd1–Si1 2.3265(13) 2.349 0.673
Pd1–Si2 or Pd1–Si2* 2.2944(9) 2.32 0.747
Pd1–Si3 or Pd1–Si3* 2.4357(10) 2.508 0.713
Pd2–Si1 or Pd2*–Si1 2.5124(5) 2.572 0.519
Pd2–Si2 or Pd2*–Si2* 2.5781(10) 2.621 0.460
Pd3–Si2 or Pd3–Si2* 2.6093(9) 2.649 0.449
Pd1–Pd2 or Pd1–Pd2* 2.7332(3) 2.815 0.204
Pd1–Pd3 2.7013(4) 2.804 0.218

Fig. 6. AIM analysis. (a) Structure of model compounds M5 and M6. (b) AIM
analysis results for model compounds M5 and M6. Some of hydrogen atoms are
omitted for clarity. Dots between the atoms represent the bond critical points.
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oil bath at 90°C for 44 h, at 95°C for 51 h, and then at 100°C for 47 h.
After cooling to room temperature, volatiles were removed under
vacuum to give crude solid products. NMR measurement of the
crude products showed that the conversion of 3 was �68% and the
formation of 4 (�39%, meso-4/dl-4 � 72/28) and 5 (�23%) as
major products. The crude products were dissolved in THF (�20
ml) and filtered through a membrane filter (Sartorius Minisart SRP
15, no. 17573). The filtrate was evacuated to remove volatiles, and
the remaining solid was extracted with hexane (3 � 4 ml) and
hexane/toluene mixture (1/1, 3 � 3 ml), leaving a solid mixture
mainly consisting of 4 and 5. The solid was dissolved in toluene (20
ml) by heating at 100°C for a few minutes. After cooling to room
temperature, the supernatant was transferred to another Schlenk
tube to remove a small amount of undissolved materials on the
bottom. A few crystals of 4 were added to the solution to induce
crystallization, and the mixture was kept at room temperature for
1 day to give almost colorless crystals of 4. The supernatant was
removed by decantation, and the remaining crystals were washed
with toluene (1 � 1 ml and 2 � 0.5 ml) and hexane (1 � 0.5 ml and
2 � 1 ml) and dried under vacuum to give 65 mg of 4 (meso-4:dl-4 �
78:22). The supernatant was evacuated to remove the solvent, and
the resulting solid was dissolved in 16 ml of 1,2-dimethoxyethane
(DME) by heating in an oil bath at 100°C for a few minutes. Keeping
the solution at room temperature for 1 day gave orange-red crystals
of 5 containing DME as a cocrystallization solvent. The superna-
tant was removed by decantation, and the remaining crystals were
washed with DME and hexane to give 27 mg (6%) of 5. The
separated supernatant was evacuated to remove the solvent, and the
resulting solid was recrystallized from toluene to give additional 4
(58 mg). Total isolated yield of 4 was 24%. Compound 4: 1H NMR
(benzene-d6, 4:1 mixture of meso- and dl-isomers) � 0.43 (d, 6H of
meso-isomer, JP-H � 3); 0.69–1.15 (m, 38H of meso-isomer and 44H
of dl-isomer); 5.62 (ddd, 2H of dl-isomer, JP-H � 4, 8, 23, Si-H); 5.86
(ddd, 2H of meso-isomer, JP-H � 5, 8, 19, Si-H); 7.21–7.37 (m, 4H
of meso-isomer and 4H of dl-isomer); 7.67 (d, 2H of meso-isomer,
JH-H � 7); 7.81 (d, 4H of dl-isomer, JH-H � 8); 8.07 (d, 2H of
meso-isomer, JH-H � 7). 31P NMR (benzene-d6, 4:1 mixture of meso-
and dl-isomers) � value 10.2 (d, meso-isomer, JP-P � 13); 10.6 (d,
dl-isomer, JP-P � 15); 10.9 (d, meso-isomer, JP-P � 13); 13.3 (d,
dl-isomer, JP-P � 15). Anal. calcd. for C28H54P4Pd2Si4: C, 40.04; H,
6.48. Found C, 40.43; H, 6.48. Compound 5. 1H NMR (THF-d8) �
�0.10 (s, 3H, SiCH3), �0.08 (s, 3H, SiCH3), �0.03 (s, 3H, SiCH3),
0.07 (d, 3H, JP-H � 8, PCH3), 0.13 (d, 3H, JP-H � 7, PCH3), 0.20 (d,
3H, JP-H � 9, PCH3), 0.43 (d, 3H, JP-H � 8, PCH3), 0.45 (s, 3H,
SiCH3), 0.70 (s, 3H, SiCH3), 0.72 (s, 3H, SiCH3), 1.44 (d, 3H, JP-H
� 7, PCH3), 1.54 (d, 3H, JP-H � 9, PCH3), 1.59 (d, 3H, JP-H � 7,
PCH3), 1.61 (d, 3H, JP-H � 8, PCH3), 1.50 - 1.85 (m, 8H,
PCH2CH2P), 6.86–6.90 (m, 2H), 7.00–7.11 (m, 4H), 7.15 (dt, 1H,
JH-H � 1 and 7), 7.37–7.40 (m, 1H), 7.45–7.49 (m, 1H), 7.60–7.67 (m,
2H), 7.76–7.85 (m, 2H), 8.01 (d, 1H, JH-H � 7 Hz). 31P{1H} NMR
(THF-d8) � 15.7 (dd, JP-P � 10 and 31), 17.3 (dd, JP-P � 12 and 29),
18.9 (dd, JP-P � 10 and 29), 21.0 (dd, JP-P � 12 and 31). 29Si{1H}
NMR (THF-d8, nne) � �21.1 (d, JP-Si � 6, Si6), 25.0 (s, Si2 (or Si4)),
38.7 (d, JP-Si � 18, Si4 (or Si2)), 129.8–132.0 (m, Si1), 173.1 (d,
JP-Si � 113, Si3), 210.7 (ddd, JP-Si � 12, 34, 122, Si5). The assignment
is based on the coupling pattern of the signals as well as the
prediction by the theoretical calculations (Table 3). IR (KBr
pellet, cm�1) 1999 (Si–H), 1972 (Si–H). Anal. calcd. for
C36H64P4Pd3Si6�C4H10O2 C, 40.08; H, 6.22. Found C, 40.27; H, 6.23.
Isolation of compound 6. A toluene solution (100 ml) of 3 (910 mg,
2.16 mmol) was heated in an oil bath at 100°C for 6 days. The
estimated molar ratio of 3/4 (two isomers)/5/6 by 1H NMR spec-

troscopy was 73/19/7.7/0.3 at this stage. The solution was evacuated
to reduce the volume to �40 ml and then was heated in an oil bath
at 100°C for 58 h. The estimated molar ratio of 3/4 (two isomers)/5/6
by 1H NMR spectroscopy was 48/34/17/1 at this stage. The mixture
was evacuated to dryness and washed with hexane (2 � 7 ml and
3 � 5 ml) to leave solid materials. The solid was dried under
vacuum, dissolved in toluene (7 ml), and heated in an oil bath at
100°C for 84 h. The estimated molar ratio of 3/4 (two isomers)/5/6
by 1H NMR spectroscopy was 29/38/30/3 at this stage. The mixture
was evacuated to dryness and reacted with 1,2-C6H4(SiMe2H)
(SiH3) (111 mg, 0.67 mmol) in THF (10 ml) at 40°C for 11 h [this
hydrosilane selectively reacted with compound 4 to form an un-
identified product(s), which has much higher solubility in hexane
than does 4 and can be easily removed from the mixture by solvent
extraction]. The mixture was evacuated to dryness and washed with
hexane (4 � 5 ml), hexane/toluene (3/2) mixture (4 � 5 ml), and
hexane/toluene (1/1) mixture (3 � 7 ml). The residue was dissolved
in THF (20 ml), filtered through a membrane filter (Sartorius
Minisart SRP 15, no. 17573), and evacuated to dryness to give
yellow-brown solid (179 mg). 1H and 31P NMR spectroscopy
showed that the solid consisted of 5 and 6 in a 92:8 molar ratio.
Fortunately, compound 6 has higher solubility in DME but much
lower solubility in diethyl ether than does 5. The solid was extracted
with DME (6 ml) to give a mixture of 5 and 6 in a 3:4 molar ratio
and to leave pure 5 (153 mg, 19% yield). Then, the mixture (after
evacuation) was extracted with diethyl ether (1 � 3 ml, 1 � 2 ml,
1 � 1 ml) to leave compound 6 with �80% purity by 1H and 31P
NMR spectroscopy (9 mg). Compound 6: 1H NMR (THF-d8) �
�0.48 (s, 6H, SiCH3), �0.37 (s, 6H, SiCH3), 0.03 (d, 6H, JP-H � 7,
PCH3), 1.36–1.40 (m, 12H, PCH3), 1.48–1.51 (m, 6H, PCH3),
1.56–1.58 (m, 6H, PCH3), 1.68 (d, 6H, JP-H � 7, PCH3), 1.50–1.90
(m, 12H, PCH2CH2P), 6.06 (tt, 2H, JP-H � 7 and 20, SiH2), 6.62 (t,
2H, JH-H � 7, aromatic H), 6.91 (t, 2H, JH-H � 7, aromatic H), 6.94
(d, 2H, JH-H � 7, aromatic H), 7.76–7.93 (br m, 2H, SiH), 7.89 (d,
2H, JH-H � 7, aromatic H). The assignments of SiH2 and SiH signals
are based on the coupling patterns of the signals and the prediction
by the theoretical calculations. 31P{1H} NMR (THF-d8) � 11.7–12.6
(m), 14.1 (s). 29Si{1H} NMR (THF-d8, dept) � 102.0–103.9 (m, Si1),
138.1–140.5 (m, Si2 and Si2*). The measurement parameters were
adjusted to the silicon atoms with directly bound hydrogen atoms.
The assignments of the signals are based on the prediction by the
theoretical calculations (Table 3). 29Si{1H} NMR (THF-d8, inept)
� 19.0 (s, Si3 and Si3*). The measurement parameters were adjusted
to the silicon atoms with two methyl groups.

X-Ray Data Collection, Structure Determination, and Refinement. For
details on x-ray data collection, structure determination, and
refinement for compounds meso-4, dl-4, 5, and 6, see SI Materials
and Methods and SI Data Set.

Computational Details. The calculations for geometry optimiza-
tions, vibrational frequency analysis, NMR chemical shifts,
Mayer’s bond-order analysis, and AIM analysis were carried out
with the Gaussian 03 program package (27). For further details
on computations, see SI Materials and Methods.
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The first examples of multinuclear Pd
V
 supported by silicon atoms 
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Abstract: The condensation of three [{1,2-

C6H4(SiH2)2}Pd
II
(R2PCH2CH2PR2)]  molecules  had 

previously been reported to give rise to a complex which 

was originally reported as having a +4 oxidation state on 

Palladium (Pd). Since then it has been assigned a formal 

Pd
II
 oxidation, however, due to the difference of reactivity of 

hydro-silanes and alkyl-silanes the condensation of three 

units of [{1,2-C6H4(SiH2)(SiMe2)}Pd
II
(R2PCH2CH2PR2)] gave 

rise to 3 new complexes of unique structure. For the first 

time we report two multinuclear compounds with a +5 

oxidation state on Palladium.   

Palladium IV and other Pd species of high oxidation state 

have been of great interest to many chemists in the last five 

years.
1
 While the existence of Pd

IV 
has been reported in the 

literature for over three decades,
2
 it has not been until recently 

that stable complexes have been well characterized.
3-9

 Due to 

the reactive nature of palladium in high oxidation states there 

has been relatively few species isolated. There are also many 

works containing Pd
IV

 proposed intermediates (many of which 

are stable enough for thorough characterization) that with or 

without heating can undergo reductive elimination.
6-9

 The Pd
IV 

species have been of great interest due to the prospects of a 

Pd
II
-Pd

IV
 catalytic cycle similar to the well established and 

accepted Pd
0
-Pd

II
 catalytic cycle. Most of the Pd

IV 
complexes 

described have either been supported by halogens and 

chelating ligands such as 2-phenylpyridine and 1,2-

disilylbenzenes.  

 
Scheme 1. Synthesis of 2 with Two Representations of the 

Structure of 2. 
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Two decades ago Canty described the interest of applying 

the chemistry of Pd
IV

 beyond the known complexes supported 

by chelating nitrogen donor ligands to those supported by 

other ligands or phosphines due to their predominant role in 

Pd
0
-Pd

II
 catalytic cycles.

10 
Herein is the description of 2, 4, 5, 

and 6 which contain not only high oxidation state, but are 

complexes supported by ligands other than nitrogen
 
donor 

ligands, namely silanes. The complexes described may give 

further understanding of the unusual bonding nature of the 

metalloid silicon in varying electronic states. 

The condensation of three molecules of [{1,2-

C6H4(SiH2)2}Pd
II
(R2PCH2CH2PR2)] 1  gives rise to 2 which 

after much scrutiny by the scientific community has been 

given a formal oxidation state of +2.The bonding interactions 

between the Si-Si bond and metal center is of particular 

interest and worthy of complex analysis. Similarly the 

condensation of 3 initially gave rise to 4, and when this 

dinuclear compound was heated further to 80°C for 48h, the 

formation of 5 occurred. During purification 6 was found as a 

single crystal, which was later confirmed by 
1
HNMR as being 

in the crude mixture in low amounts. The formation of 4 arises 

from a new Si-Si bond, and contains two typical square-planar 

Pd
II
 metal centers. The bonding interactions in 2 can now be 

described as square-planar like, but the mode of bonding is 

quite atypical and worthy of some discussion. 
 

Scheme 2. Synthesis of 4, 5, and 6. 
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Compounds have been prepared that have a tautomeric 

relationship between the η
2
 form and oxidative addition to the 

metal to the silicon-hydrogen bond of a silane (Figure 1a).
11

 

Palladium has been seen to activate di-silanes presumably by a 

similar mechanism, activating a Si-Si bond to undergo 

interesting chemical reactions.
12, 13

 If it is viewed that the Si-Si 

bond  is σ donating to Pd in 2, there is the possibility that the 

empty σ* orbital on silicon could accept electrons from the 

dxz and dyz orbitals given appropriate geometry and overlap, 

which are indeed present in the molecule.
14

 This may account 

for the low bond order with respect to both Si-Si and Si-Pd 

2 



 

bonds. This back-bonding phenomena is present in some 

simple organic silicon containing molecules such as 

tetrasilylamine (H3Si)3N. The planar geometry of this molecule 

is accounted for by the sharing of the filled 2pz orbital on 

nitrogen to the empty 3d orbital on each of the Si atoms 

caused by good overlap (Figure 1b) .
15

 It has also been shown 

that given the proper substituents on silicon, a transannular 

bond can be formed intramolecular between nitrogen and 

silicon (Figure 1c).
16   
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Figure 1. Bonding Interactions of Silicon. (a) 
Tautomerization of Si-H-metal bond, (b) Lone pair to empty 
d orbital contribution gibing rise to planar molecule, (c) The 
NSi transannular bonding of quasisilatranes. 

 
The bonding nature of this unique complex may be 

nonlinear similar to a description by Bater.
17

 He showed that 

in diborane (also in a metalloid species) the density of the 

electrons is bent inward to maximize their efficiency of the 

electron deficient species (Figure 2). The overall geometry of 

2 can be described as a near square planar Pd
II
 species if 

arrows are drawn from  the centroid (cen) of the Si-Si bonds to 

the palladium. This gives a planar coordination with Si-Pd-Si, 

Si-Pd-cen, and cen-Pd-cen angles all close to 90° which sum 

to 360°.
14

  

 

 

 
Figure 2. Vector of Charge Distribution about Diborane. 
Note the bond paths linking the two equatorial protons to 
the axial borons are bent inward so to maximize efficiency 
in the electron deficient heterocycle. 

 
While the bond order for this molecule is arguably greater 

than two, it would be unconventional to assign a higher 

oxidation state when the molecule contains many elements of 

a Pd
II
 complex. A common method for giving a numerical 

value for bond order is Meyer’s bond order (MBO) analysis.
18

 

It is an exceptionally strong tool for the determination of 

bonds in many organic compounds. The way chemists 

commonly depict bonds on paper may correlate little to the 

values calculated for metalloids like silicon and boron. For 

example Boron-Boron, Boron-Nitrogen, and Boron-Hydrogen 

bonds gave MBOs less than 0.5 in B2H6 and B3NH3.
18

 This 

may not be unexpected in the case of the ammonium borane 

complex where the interaction can be drawn as a complexing 

arrow. Values of under 0.5 for B-H bonds however may 

suggest that without alterations of parameters to compensate 

for such non-classical electronic valences, MBOs can vary.  

Modifications or additional variables have commonly been 

invoked to explain bond order. In the early description of a 

chemical bond by Pauling a bond order was describes as equal 

to the exponential of ((the difference of a bond from its 

common value) over a variable).
19 

The common value for a 

bond is based on averages of measured distances and the 

variable is appropriately fitted.  

Similar to this MBOs also change nonlinearly with regard to 

distance, so a small distance can account for a drastic change 

in order. Tanaka and coworkers deemed “typical Pd-Si single 

bond distances” to be (2.26-2.45 Ǻ) after computation using 

Cambridge Structural Database for their pool of molecules.   

Experimental values of 2.4357 and 2.2944 Ǻ gave MBOs of 

0.71 and 0.75 respectivly.
3 
Perhaps there are other factors to be 

considered when looking at Pd-Si bonds which can account 

for the observed distances. 
 

 

 
Figure 3: Structure of Compounds 5. 

      

Ligands that give Structural Trans Effects (STEs) are strong 

σ donors and anionic silyl ligands are known to exhibit some 

of the largest STEs to opposing ligands in both square planar 

and octahedral complexes.
20

 In the report of the first hexa-

valent Pd
IV

 complex, Tanaka noted a larger STE from silicon 

than from phosphorus in compound 6.
5
 Compounds 5 and 6 

contain two opposing silicon ligands which may be expected 

to have the longest of the Pd-Si distances. However, this is 

only true of one of the two Si atoms in 5. This may be due to 

the Si3-Pd1 bond being a bridge of three metallacycles and the 

rings’ conformations adding additional force to draw the Si 

atom slightly closer to the Pd center than the opposing ligand.  

Typically the STE is thought of as acting by strong electron 

donation into the d orbital on the metal and in effect 

lengthening the opposing  bond interacting with the same d 

orbital. When the geometry is atypical as in 5, which can be 

described as highly distorted square based pyramidal, the STE 

of the equatorial ligands is difficult to propose. Complex 6, 

having a distorted hexoganal-bipyrimidal structure, also lacks 

linearly opposing geometry about the equatorial ligands and 



 

their Pd-Si bond distances are all slightly shorter than the 

middle of the typical range. 

An aspect of 5 which is unique is one of the Si atoms. 

Besides it bridging 3 metals (μ3), Si1(Figure 3) has an 

expanded octet with 5 bonds; making it formally a silicate. 

One might expect the Pd1-Si1 bond to be slightly longer due 

to the greater electron density about the Si nucleus. That bond 

distance seems to remain consistent while the lengths between 

the Si1-Pd2 and Si1-Pd3 are substantially longer to 

compensate. Compound 6 also contains silicates, Si1, Si2 and 

Si2’, all located around the distorted hexagon perpendicular to 

the pseudo-axis. 
 

 
 
Figure 4: Structure of Compounds 6. 

 

Compounds 5 and 6 both contain five Pd-Si bonds that are 

within the bond distances of typical Pd-Si single bonds. 

Ultimately one can draw single bonds from each silicon and 

count each Pd-Si bond to increase the oxidation state of 

palladium to +5. There are no short distances between 

adjacent Si atoms, so no side-on σ donation can be proposed. 

The central Pd
V
 metals are the first reported, and their 

existence greatly expands our understanding of the electronic 

versatility of silicon and palladium. The synthesis of similar 

complexes of high oxidation state on palladium but without 

the presence of multiple metal centers would be even more 

profound. Certainly the multiple metal centers have influence 

in stabilizing the central metal and DFT calculations for the 

HOMO of 2 have shown the HOMO to be a hybrid between σ 

bonds on silicon, dxy orbitals on the outer Pd metals, and dz
2
 

orbital on the central Pd atom.
21 

Sanford’s work with Pd
II
-Pd

IV
 catalytic cycles and stable 

Pd
IV

 organometallic complexes has shown stable high 

oxidation states on Pd are possible and can be useful in 

synthetic chemistry.
6-9 

The work described above gives 

examples of Pd
V
 complexes which are not only higher in 

oxidation state than what was commonly considered possible 

for transient species, but compounds stable enough for 

isolation. Future work relating to the work described above 

could include exploration of other silicon ligands or other 

ligands to support high oxidation states of palladium, 

developing Si-Si bond forming chemistry by reductive 

elimination of Pd
V
 species which might give Pd

III
 species, 

attempt to isolate a Pd
III

 species, development of unique 

catalysts using Pd
V
 intermediates, and development of new 

algorithms, variables, or modifications of MBO giving a 

normalized unit for typical boron and silicon bond lengths; to 

adjust for the unique bonding nature of metalloids.  
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A diiron(IV) complex that cleaves strong
C–H and O–H bonds
Dong Wang1, Erik R. Farquhar1, Audria Stubna2, Eckard Münck2* and Lawrence Que, Jr1*

The controlled cleavage of strong C–H bonds such as those of methane poses a significant and industrially important
challenge for chemists. In nature, methane is oxidized to methanol by soluble methane monooxygenase via a diiron(IV)
intermediate called Q. However, the only two reported diiron(IV) complexes have activities towards C–H bonds that fall far
short of the activity of this biological catalyst. In this paper, we model the chemistry of MMO-Q by generating an oxo-
bridged diiron(IV) complex by electrochemical oxidation. This species is a more effective oxidant. It can attack C–H bonds as
strong as 100 kcal mol21 and reacts with cyclohexane 100- to 1,000-fold faster than mononuclear FeIV==O complexes of
closely related ligands. Strikingly, this species can also cleave the strong O–H bonds of methanol and t-butanol instead of
their weaker C–H bonds, representing the first example of O–H bond activation for iron complexes.

T
he controlled cleavage of strong C–H bonds such as those of
methane remains an elusive goal and one of great industrial
and practical importance. In nature, methane hydroxylation

occurs by oxygen activation through the action of soluble and par-
ticulate methane monooxygenases (MMOs) found in methane-
metabolizing bacteria1–4. The much better characterized soluble
MMOs have a non-haem diiron active site that reacts with O2 to
produce an oxo-bridged diiron(IV) oxidant called Q that effects
the transformation5–8. The generation of a diiron(IV) complex that
can oxidize strong C–H bonds thus represents an appealing chal-
lenge for synthetic chemists.

To date, only two types of (m-oxo)diiron(IV) complexes have been
characterized. The first example, represented by two complexes
of tetraamido macrocyclic ligands (TAMLs) characterized by
Ghosh et al.9, is stable at room temperature, but no oxidation
chemistry involving C–H bond cleavage has been reported. The
second example, reported by Xue et al.10, uses the neutral tetradentate
N4 ligand tris(3,5-dimethyl-4-methoxypyridylmethyl)amine to
form [FeIV

2(m-O)2(N4)2]4þ and serves as a synthetic precedent for
the FeIV

2(m-O)2 core proposed for MMO-Q. This complex is stable
for only 1 hour at 240 8C and can attack the weak C–H bonds of
dihydroanthracene. These (m-oxo)diiron(IV) complexes thus
exhibit reactivities that fall far short of that associated with the
diiron active site of soluble MMO. In this study, we report a much
more strongly oxidizing (m-oxo)diiron(IV) complex, obtained by
electrochemical oxidation of its (m-oxo)diiron(III) precursor, that is
capable of cleaving not only the strong C–H bonds of cyclohexane
but also the even stronger O–H bonds of aliphatic alcohols.

The starting point for this study is [FeIII
2O(L)2]2þ (1), a

(m-oxo)diiron(III) complex of L, where L is N,N-bis-(30,50-dimethyl-
40-methoxypyridyl-20-methyl)-N 0-acetyl-1,2-diaminoethane. Its struc-
ture (Fig. 1a) shows that L acts as a pentadentate ligand with an N4O
donor set, where the N4 subset binds to one iron centre
and the oxygen atom coordinates to the other iron site. This structure
resembles that of a recently described complex of a closely related
ligand11, both having a (m-oxo)diiron(III) unit that is supported
by two carboxamido bridges. The fact that the bridging
moieties are connected to the terminal ligands results in
smaller Fe–(m-O)–Fe angles than are typically found for closely

related (m-oxo)bis(m-carboxylato)diiron(III) complexes12, and these
(m-oxo)bis(m-carboxamido)diiron(III) complexes have the shortest
Fe–Fe distances (approximately 3 Å) in this class of complexes.

Cyclic voltammetry (CV) of 1 in CH3CN at room temperature
reveals the presence of two redox waves (Fig. 2a). Scanning anodically
from 0 V versus the ferrocenium/ferrocene couple (Fcþ/0) elicits an
oxidative wave with a peak potential Ep,a¼þ1.07 V versus Fcþ/0;
scan reversal below 1.2 V gives rise to a reductive wave with a peak
potential Ep,c¼þ0.33 V, which is not observed unless the oxidative
wave at þ1.07 V is also present. A similarly large separation of
the oxidative and reductive waves was observed by Wieghardt
and co-workers13 in the one-electron oxidation of related
(m-oxo)bis(m-carboxylato)diiron(III) complexes. Although not strictly
reversible according to CV criteria (for example, reversibility requires a
peak separation between Ep,a and Ep,c of approximately 0.06 V), these
one-electron redox transformations are reversible according to spectro-
potentiometric and chemical methods. More interestingly, increasing
the potential above 1.20 V in the CV experiment on 1 reveals a
second redox process (Fig. 2a) with a half-wave potential
E1/2¼þ1.50 V versus Fcþ/0; in this case, the separation between the
oxidative and reductive waves (DE¼ 0.07 V) approaches that expected
for reversible CV behaviour. These results suggest that 1 can be
oxidized in two one-electron steps to attain a diiron(IV) oxidation state.

Controlled potential bulk electrolysis has been used in this study to
prepare sufficient amounts of the oxidized species for detailed spectro-
scopic characterization. The complex 1 exhibits optical features at
370 nm (1¼ 3,400 M21 cm21), 432 nm (1¼ 2,200 M21 cm21),
508 nm (1¼ 730 M21 cm21) and 680 nm (1¼ 180 M21 cm21)
(Fig. 2b, dotted line), the latter two bands being characteristic of a
(m-oxo)diiron(III) complex with an Fe–O–Fe angle of approximately
1308 (refs 12 and 14). Electrolysis of 1 at potentials above þ0.70 V
versus Fcþ/0 in CD3CN at 240 8C produces a dark-red species 2
with absorbance maxima at 550 nm (1¼ 1800 M21 cm21) and
878 nm (1¼ 770 M21 cm21) (Fig. 2b, solid line). These features
resemble those reported by Wieghardt and co-workers13 in the one-
electron oxidation of (m-oxo)bis(m-carboxylato)diiron(III) complexes
to generate iron(III)iron(IV) derivatives. The complex 2 is stable for
several days at 240 8C, and can be re-reduced to regenerate 1 in quan-
titative yield either electrochemically by shifting to a potential below
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þ0.70 V or chemically by the addition of one equivalent of ferrocene.
Thus, the oxidation of 1 to 2 is reversible. Counting charge during the
oxidative electrolysis reveals the extraction of one electron from 1, con-
sistent with the reductive titration. Thus, 2 is a one-electron-oxidized
derivative of 1.

Increasing the bulk electrolysis potential to þ1.70 V after the for-
mation of 2 in CD3CN at 240 8C affords a black species 3 with no
distinct absorption bands (Fig. 2b, dashed line). The complex 3 is
much less stable than 2, but its half-life of about 1 hour at 240 8C
is sufficiently long to allow its spectroscopic characterization. It is
formed in 85% yield, as indicated by Mössbauer spectroscopy (see
below) and reductive titration (Fig. 2b, inset), where the addition of
0.85 equivalent of ferrocene converts 3 to 2. Thus, 3 is a two-elec-
tron-oxidized derivative of 1. The time required to accumulate 3 is
much longer than that for complete conversion of 1 to 2, and the
yield of 3 is greater with CD3CN as solvent in place of CH3CN
(85% versus only 30%) and with KPF6 as electrolyte in place of a qua-
ternary ammonium salt—substitutions that minimize the number of
potentially oxidizable C–H bonds in the electrolysis medium.

X-ray absorption spectroscopy demonstrates that oxidation of 1 to 2
and 3 occurs at the iron centres. As shown in Fig. 3a and Table 1, the Fe
K-edge exhibits a progressive blue shift from 1 to 2 to 3, the total upshift
of 1.5 eV being in accord with a stepwise increase in the oxidation state
of the diiron unit in this series. Extended X-ray absorption fine struc-
ture (EXAFS) analysis (Fig. 3b and Supplementary Fig. S1; Table 1 and

Supplementary Tables S2–S4) reveals further structural details. For 1,
the respective Fe–N/O and Fe–C distances of 2.11 and 3.07 Å are as
expected for the ligand L bound to a high-spin iron(III) centre. These
distances decrease by 0.15 and 0.2 Å in 2 and 3, respectively, which
is consistent with the iron centres in these complexes undergoing a
transition to low spin on oxidation. There are additional features in
the EXAFS results that are assignable to the Fe–O–Fe unit. The
Fe–m-O distance of 1.78 Å in 1 decreases to 1.71 Å in 2 and 3; the
latter distances compare favourably with those of the two crystallogra-
phically characterized [FeIV

2(O)(TAML)2]22 complexes (1.7284(8)
and 1.744(3) Å)9. The Fe–Fe distance increases from 2.97 Å in
1 to 3.07 Å in 2 and 3.08 Å in 3. The changes in Fe–Fe distance are
comparable to the 0.05–0.08 Å increase observed on one-electron
oxidation of [FeIIIMIII(m-O)(m-O2CR)2(Me3TACN)2]2þ (M¼ Fe or
Cr; TACN¼ 1,4,7-triazacyclononane) and [FeIIIFeIV(m-O)2(N4)2]3þ

(refs 10,13). These results suggest strongly that the (m-oxo)bis(m-car-
boxamido)diiron core is maintained on oxidation (Fig. 1b).

Mössbauer studies also show that oxidation occurs at the iron
centres. The 4.2 K zero-field Mössbauer spectrum of 1 exhibits a
single quadrupole doublet with parameters and high-field behaviour
typical of an antiferromagnetically coupled (m-oxo)diiron(III) unit,
as expected (Table 1). On oxidation to 2 and 3, the isomer
shifts decrease substantially to values near 0 mm s21 (Table 1), indi-
cating that the high-spin iron(III) sites of 1 convert to low-spin iron
centres. The corresponding spectrum of 3 (Fig. 4a) also exhibits a
single quadrupole doublet representing 85–90% of the iron
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in the sample with parameters (DEQ¼ 2.14 mm s21 and
d¼20.05 mm s21). These parameters are nearly identical to those
of [FeIV

2(m-O)2(N4)2]4þ, where the individual iron sites are S¼ 1
(ref. 10). The 8.0 T spectra of 3 (Fig. 4b) and [FeIV

2(m-O)2(N4)2]4þ

both lack paramagnetic hyperfine structure, indicating antiferromag-
netic coupling between the two FeIV sites to provide a dimer ground
state with S¼ 0. Given the likely N4O2 ligand set, we assume that the
local sites of 3 have S1¼ S2¼ 1, in accord with observations of S¼ 1
ground states for other FeIV(N4O2) complexes15,16.

The complex 3 has the highest redox potential (þ1.50 V versus
Fcþ/0) among the three types of (m-oxo)diiron(IV) complexes syn-
thesized thus far, being respectively 1.7 and 0.7 V more positive
than those of [FeIV

2(m-O)(TAML)2]22 and [FeIV
2(m-O)2(N4)2]4þ

(refs 9,10). The redox potential of 3 is also more positive than the
value of þ0.90 V versus Fcþ/0 determined for [FeIV(O)(N4Py)]2þ

(N4Py¼N,N-bis(2-pyridylmethyl)-bis(2-pyridyl)methylamine)17,
a complex with a terminal Fe¼O unit that has been found to cleave
the C–H bonds of cyclohexane18. Thus, 3 should be a fairly
powerful oxidant.

Reactivity studies demonstrate that 3 can cleave C–H bonds with
bond dissociation energies DC–H as high as 100 kcal mol21, and the
logarithm of the second-order rate constants normalized on a per
hydrogen basis (log k02) for these oxidations correlates inversely with
the strength of the C–H bonds being cleaved (Fig. 5). In all cases
studied, hydrocarbon oxidation results in the quantitative reduction
of 3 to 2 (Supplementary Fig. S2), demonstrating that 3 acts as a one-
electron oxidant. Cyclohexane (DC–H¼ 99.3 kcal mol21) is oxidized
by 3 with a second-order rate constant k2¼ 8.1� 1022 M21 s21

at 10 8C, whereas the oxidation rate for cyclohexane-d12
(DC–D¼ 100.6 kcal mol21) is a factor of 3.5 smaller (Supplementary
Fig. S3). This kinetic isotope effect (KIE) of 3.5 shows that C–H bond
cleavage is an important component of the rate-determining step.
However, the observed formation of 2, but not its conjugate acid,

suggests that protonated 2 is a strong acid and readily loses the
proton acquired in the hydrogen-atom abstraction step.

Gas chromatographic analysis of the products of cyclohexane
oxidation under anaerobic conditions shows the formation of
cyclohexene and 1,3-cyclohexadiene in respective yields of 13%
and 9% (but no cyclohexanol or benzene), accounting for 63%
of the oxidizing equivalents available in the conversion of 3 to 2
(Supplementary Table S6). The oxidizing equivalents unaccounted
for may be ascribed to the self-decay of 3, which has a first-order
rate constant of 0.003 s21, which is about a factor of 3 smaller than
the pseudo-first-order decay constant of 0.01 s21 observed in the
presence of 0.1 M cyclohexane. For comparison, we have also
investigated the oxidations of cyclohexene and 1,3-cyclohexadiene
by 3 independently under the same experimental conditions as
above. Because of their much weaker C–H bonds, these substrates
react very rapidly with 3 and quantitatively afford 2 in both reac-
tions. Cyclohexene and 1,3-cyclohexadiene are respectively con-
verted to 1,3-cyclohexadiene and benzene in 47% and 45% yields
per diiron(IV) unit, which account for at least 90% of the oxidizing
equivalents in each reaction. The absence of hydroxylated products
in the reactions above suggests that C–O bond formation after the
initial hydrogen-abstraction step may be disfavoured owing to the
bridging nature of the oxo atom and the consequent requirement
for cleavage of two Fe–O bonds to form the alcohol product.
Instead, dehydrogenation occurs either by abstraction of the
b-hydrogen atom of the alkyl radical by a second diiron(IV)
centre or by electron transfer from the alkyl radical to another
diiron(IV) molecule to generate the cation, followed by loss of a
proton from the b-carbon atom19221. Thus, 3 acts as a hydro-
carbon dehydrogenating agent, rather than as a hydroxylating
agent (Fig. 6).
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simulations assuming an S¼0 ground state and two equivalent Fe sites

with d¼20.05 mm s21, DEQ¼ 2.14 mm s21 and asymmetry
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Table 1 | X-ray absorption and Mössbauer spectroscopic data for [Fe2O(L)2]n1.

Complex Edge energy (eV) r(Fe–m-O) (Å) r(Fe–N) (Å) r(Fe–C) (Å) r(Fe–Fe) (Å) d (mm s21) DEQ (mm s21)

1 7,124.1 1.78 2.11 3.07 2.97 0.45 1.30
2 7,124.9 1.70 1.96 2.89 3.07 0.07* 1.57
3 7,125.6 1.71 1.96 2.88 3.08 20.05 2.14

*Complex 2 is a valence-delocalized FeIIIFeIV complex that yields one doublet with d¼0.07 mm s21 at 120 K; a more detailed description of this interesting complex will be presented in a future publication.
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Figure 3 | X-ray absorption spectra of complexes 1, 2 and 3.

a, X-ray absorption edge spectra of 1 (solid line), 2 (dashed line), and

3 (dot–dashed line), showing the blueshift of the Fe K-edge transition with

progressive oxidation of the iron centres. b, Fourier transform of the

Fe K-edge EXAFS data (k3x(k)) and unfiltered EXAFS spectra (k3x(k), inset)

of 3, where k is the photoelectron wave vector, x(k) is the X-ray absorption

cross-section and r 0 is the Fe–X distance plus phase shift. Experimental data

are shown by dotted lines and fits by solid lines. The Fourier transform range

is k¼ 2.0–15.0 Å21. The fit parameters are shown in bold italics in

Supplementary Table S4.
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Interestingly, the aliphatic alcohols methanol (DC–H¼
96.1 kcal mol21) and t-butanol (DC–H¼ 100 kcal mol21) also serve
as substrates for oxidation by 3, with respective k2 values of 0.14
and 0.30 M21 s21. These values, when normalized on a per-hydrogen
basis, fall well above the line for the linear correlation shown in Fig. 5.
Kinetic studies of methanol and t-butanol with different degrees of
deuteration (Supplementary Figs S4 and S5, respectively) show that
changing the C–H bonds to C–D bonds does not affect their respect-
ive oxidation rates. However, deuteration of the O–H bond results in
a KIE of 1.4–1.5. Thus, oxidation of these alcohols seems to proceed
via O–H, rather than C–H, bond cleavage.

The notion of O–H bond cleavage by 3 is supported by 1H-NMR
spectroscopic analysis of the t-butanol oxidation products under
anaerobic conditions, revealing the formation of acetone (d¼ 2.1)
and 2-methylpropene (d¼ 1.73, 6H; d¼ 4.67, 2H) in respective
yields of 50% and 40% (Supplementary Table S7). Cleavage of the
t-butanol O–H bond should yield a t-butoxyl radical that would
decay readily to acetone via the well-documented b-scission
pathway22. On the other hand, 2-methylpropene derives from
acid-promoted dehydration of t-butanol via the t-butyl cation23. The
protons needed for this transformation are generated in the course of
bulk electrolysis from oxidation of the solvent as mentioned above.
Unfortunately, we cannot find an appropriate base that is able to neu-
tralize these protons before substrate addition but is not readily oxidized
by 3. However, in support of our proposal, a comparable yield of
2-methylpropene (but no acetone) is observed when 3 is first reduced
to 2 by 1 equivalent of ferrocene before the addition of t-butanol.

Both alcohols have DO–H values greater than 105 kcal mol21

(105.2 and 106.3 kcal mol21 for methanol and t-butanol, respect-
ively)24, and these O–H bonds are cleaved by 3 instead of the
weaker C–H bonds in the molecule. Indeed, on a per-hydrogen
basis, the O–H bond of t-butanol is cleaved by 3 about 50 times
faster than a C–H bond of cyclohexane, which has a DC–H compar-
able to that of the C–H bonds of t-butanol. Similarly, 3 reacts 10 times
faster with the O–H bond of methanol than with a C–H bond of
cyclooctane. Given the high redox potential of 3, it may react by elec-
tron transfer from one of the non-bonding oxygen orbitals of the

substrate, instead of the hydrogen atom transfer (HAT) process typi-
cally associated with C–H bond cleavage. However, having an oxygen
atom in the substrate is apparently insufficient to trigger this alterna-
tive mechanism, because the oxidation rates of both THF and t-butyl
methyl ether (t-BME) fall nicely on the line correlating log k02 and
DC–H (Fig. 5). We therefore propose that for alcohol oxidation,
proton transfer from the O–H group is coupled with the electron
abstraction from the O atom. Such a proton-coupled electron trans-
fer mechanism would be consistent with the observation of an
O–H/O–D KIE that is smaller than for C–H bond cleavage (Fig. 6).

The complex 3 is thus unique among iron-based oxidants in its
ability to cleave both strong C–H and O–H bonds. Table 2 compares
rate constants for 3 and selected mononuclear oxoiron(IV) complexes.
The complex 3 differs from the other complexes listed in the table in
having a bridging oxo group instead of a terminal oxo group. Of
note is the significantly larger second-order rate constant for cyclo-
hexane oxidation by 3 at 10 8C compared with those obtained at
25 8C for [FeIV(O)(Bn-TPEN)]2þ and [FeIV(O)(N4Py)]2þ (ref. 18).
Even without accounting for the 15 8C temperature difference, 3 is
still respectively over two and three orders of magnitude more effective
at oxidizing cyclohexane than [FeIV(O)(Bn-TPEN)]2þ and
[FeIV(O)(N4Py)]2þ. The latter two complexes are the most reactive
of the oxoiron(IV) complexes that have been isolated or generated in
high yield. This greater reactivity of 3 may derive from its much
higher redox potential.

On the other hand, 3 seems to be less reactive than
[FeIV(O)(OH2)5]2þ, a transient species trapped from the reaction
of [FeII(OH2)6]2þ and O3 at pH 1 (Table 2)25. Owing to its short
half-life, [FeIV(O)(OH2)5]2þ has only been characterized by its ultra-
violet and Mössbauer spectral properties26. Its FeIV/III potential has
been estimated to be comparable to that of 3 on the basis of its
ability to oxidize chloride ion27, but [FeIV(O)(OH2)5]2þ reacts with
CH3CN more rapidly than 3 by a factor of more than two orders
of magnitude. An important difference between 3 and
[FeIV(O)(OH2)5]2þ is the spin state of the individual iron centres,
the former being S¼ 1 and the latter S¼ 2. A number of density
functional theory calculations suggest that high-spin oxoiron(IV)
centres have lower activation barriers for C–H bond cleavage28231,
and the greater C–H bond cleavage activity of [FeIV(O)(OH2)5]2þ

supports this notion.
The complex 3 also differs from the Fe¼O complexes listed in

Table 2 in its preference to cleave the O–H bonds of methanol
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and t-butanol, rather than their C–H bonds. This difference is
strikingly demonstrated by the observation of C–H/C–D KIEs of
4–8 for methanol oxidation by the three oxoiron(IV) complexes25,32

and the absence of a KIE for oxidation by 3. Instead, for methanol
and t-butanol oxidation by 3, there is a small but measurable
O–H/O–D KIE. Why 3 should specifically target the O–H bond
instead of the weaker C–H bonds of the alcohol is not clear, and
will be the subject of further investigation.

In conclusion, we have generated and characterized a novel
diiron(IV) complex 3 with a redox potential þ1.50 V versus Fcþ/0,
the highest FeIV/III potential determined electrochemically to
date9,10,13,17,33235. This high potential suggests that 3 should be a
powerful oxidant. Indeed, 3 can cleave the strong C–H bonds of
cyclohexane, whereas [FeIV

2(m-O)2(N4)2]4þ, a complex that serves
as the synthetic precedent for the FeIV

2(m-O)2 core proposed for
MMO-Q (ref. 10), can only attack the weak C–H bonds of dihy-
droanthracene. Furthermore, 3 reacts much faster with cyclohexane
than do mononuclear FeIV¼O complexes of closely related ligands.
Unexpectedly, we find that 3 preferentially cleaves the stronger O–H
bonds of methanol and t-butanol instead of their C–H bonds, repre-
senting the first example of O–H bond activation for iron com-
plexes. However, the rate of cyclohexane oxidation by 3 is still
orders of magnitude smaller than the rate of oxidation of
methane by the diiron(IV) intermediate Q of MMO36,37. This reactiv-
ity gap may arise from a difference in the spin states of the individ-
ual iron centres in the complexes (S¼ 1 for 3 and S¼ 2 for Q). The
complex 3 also differs from MMO-Q in that it carries out substrate
dehydrogenation rather than hydroxylation. From this perspective,
the action of 3 more closely resembles that of fatty acid desaturases,
which, like MMO, also have diiron active sites and are thus pro-
posed to generate diiron(IV) oxidants in their catalytic cycle38. As
discussed for 3 above, the difference in the reactivities of MMO
and the fatty acid desaturases may hinge on the relative ease by
which C–O bond formation between the incipient alkyl radical
and the Fe–OH unit (that is, oxygen rebound) can take place relative
to electron transfer between them19221, and the results for 3 can
help us understand how different but related enzyme active sites
can modulate the outcome of substrate oxidation. Lastly, our intri-
guing results demonstrate that complexes with very high FeIV/III

potential can be generated in high yield and characterized spectro-
scopically, and they set the stage for future efforts aimed at more
efficient hydrocarbon oxidation by synthetic iron complexes.
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Figure 1. Three reported (µ-oxo)diiron(IV) compounds.  
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Cleavage of C-H bonds is a difficult process to be 

completed artificially. This is accomplished in Nature using 

methane monooxygenase that has a diiron(IV) intermediate 

called Q. The diiron(IV) complex presented here models the 

structure of the MMO-Q to be able to cleave C-H bonds. 

The presented system is has been able to cleave C-H 

bonds as strong as 100 kcal mol
-1

 and able to react with 

cyclohexane at a much higher rate than reported 

mononuclear Fe(IV)=O systems. This complex has also 

shown the ability to cleave O-H bonds, which is the first iron 

complex to do so 

Controlling the cleavage of a C-H bond is a difficult task to 

perform. There are potential uses for a synthetic system that is 

able to selectively cleave a C-H bond that would be able to be 

adapted to industry. Efficient systems in Nature have shown the 

potential to perform such transformations, such as methane 

monooxygenase (MMOs). Methanotrophs are able to use a 

diiron(IV) intermediate of the MMOs called Q that is able to 

convert methane to methanol for energy.1 A conversion such as 

this could have industrial applications as well as the ability to 

reduce the release of the potent greenhouse gas. 

The previous work that has been performed using diiron(IV) 

complexes is very limited. There have been only two previously 

reported structures, as seen in Figure 1. The first put forth by 

Ghosh et al2 used the tetraamido macrocycle ligands (TAMLs), 

which provide the complex with high stability and is able to 

maintain the (µ-oxo)diiron(IV) core (Figure 1a). The reactivity of 

this complex was shown to be able to catalytically transfer oxygen 

to PPh3. This complex was also able to oxidize benzyl alcohols to 

the aldehyde selectively, without forming any carboxylic acid 

groups through a two-electron type reaction. The complex reacts 

with the efficiency to covert 60 equivalents of benzyl alcohol to 

the aldehyde with 1 equivalent of the diiron(IV) complex. Cyclic 

voltammetry of the compound revealed that it goes through a 

reversible one-electron transfer making the complex FeIV-O–FeIII. 

Although able to perform oxidation reactions of alcohols and PPh3 

this complex does not display any C-H activation, which is the 

overall goal of the research presented in this current paper. 

  The second of the previous compounds that has been reported 

with the (µ-oxo)diiron(IV) core (Figure 1b). The reactive 

compound is formed from the bulk electrolysis of a FeIIIFeIV 

precursor. The diiron(IV) compound is able to be formed with 

electrolysis at 900 mV for an hour giving a relative stable 

compound that is able to characterized. The reactivity of the 

compound was limited compared to that of MMO-Q. The 

difference was attributed by the author as having a nitrogen rich 

environment around the Fe-O diamond core, where as nature has 

an oxygen rich environment around the diiron(IV) core of the 

MMO-Q. The high spin state of the diiron(IV) core of MMO-Q is 

also a notable difference between the natural and synthetic 

versions. This was further confirmed using DFT calculations that 

the oxidative power of the complex is increased with the inclusion 

of high spin states of iron(IV). The spin state of a metal has been 

talked about in great detail during class. The factors that affect the 

spin state of a metal are the oxidation state, number of orientation 

of ligand and the type of ligand. The oxidation of the system 

proposed is Fe(IV) which is achieved only through electrolysis 

with these systems. The ligands in the compound are mostly 

pyridine type rings as well as amines and oxygen. Given the 

oxidation state and the rather strong field ligands it is of no real 
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surprise that the spin state of the iron atoms are low spin in this 

complex.  

In this current paper, the complex describes shows improved 

reactivity toward the cleavage of C-H bonds. The complex begins 

as a (µ-oxo)diiron(III) (1) which is a pentadentate ligand, 

donating with four nitrogen atoms and one oxygen.  

The analysis begins with cyclic voltammetry, which is scanned 

anodically with ferrocene as the standard, as seen in Figure 2. 

Two redox waves were observed with the first oxidation at Ep,a = 

+1.07 V with the corresponding reductive peak at Ep,c = +0.33 V 

on the return sweep. The large difference between the peaks limits 

the transformation and not considered to be reversible. The 

second oxidative peak observed while scanning anodoically was 

at Ep,a = +1.53 V with the corresponding reductive wave at Ep,c = 

+1.46 V. The difference between the peaks is 0.07 V, which is 

approaching the 0.06 V CV criteria to identify a transition as 

being reversible. 

The result of the CV is that species 1 is able to go through a 

one-electron transfer to make iron(IV)iron(III) derivative (2). 

Complex 2 is stable at -40 °C for several days if the potential 

remains above +0.70 V and can regenerate complex 1 if the 

potential is dropped below +0.70 V in quantitative yield, making 

this transformation a reversible process.  

Redox chemistry is a topic that was discusses during the course 

and the determination of the favorability of oxidation and 

reduction. Cyclic voltammetry, which was also discussed, is an 

application of using redox chemistry to determine the potential at 

which the electron transfers is able to take place. This is done by 

measuring the current while the potential of the electrode is swept 

between the boundaries that are set. This allows for the 

determination of the potential needed to either oxidize or reduce a 

given compound as seen above and can help determine the 

potential for bulk electrolysis as well 

The conversion of complex 2 to complex 3 (Figure 1c), the 

diiron(IV) species can be accomplished using bulk electrolysis 

with a potential of +1.70 V. Complex 3 was stable enough for 

spectroscopic characterization, however the half life was reported 

as about 1 hour at -40 °C. The conversion of 2 to 3 is also less 

efficient than the conversion for 1 to 2. The yield was reported as 

85% but is solvent dependent. The best results were seen using 

CD3CN in place of acetonitrile. The electrolyte was limited to 

KPF6 rather than quaternary-ammonium salts to limit the C-H 

bonds in the solution.  

The structure was solved using extended X-ray absorption fine 

structure (EXAFS) analysis allowing for the determination of the 

distances between the iron atoms as well as the bond lengths of 

the Fe-O-Fe between the different complexes. The distances are 

higher in complex 1 as it is in high spin state, where as the 

distances are shorter in the low spin states of iron in 2 and 3. The 

oxidation states were further confirmed using Mossbauer studies.  

The reactivity of the active complex 3 was studied through 

kinetic isotope effects (KIE). The studies revealed that 3 has the 

ability to cleave relatively strong C-H bonds that are around 100 

kcal mol-1. The KIE of 3.5 showed that the cleavage of the C-H 

bond is a large part of the rate determining step of the reaction. 

The study also revealed the formation of complex 2 after cleavage 

of the C-H bond. This indicated that 3 acts through a one electron 

donation for the bond cleavage. The formation of 2 is seen and not 

the conjugate acid, showing that the hydrogen is lost from the 

complex into the solution. 

The products of the reaction were monitored as cyclohexane 

was reacted with 3. The products that were seen were cyclohexene 

and 1,3-cyclohezadiene in poor yields. There was no formation of 

benzene or cyclohexanol. Further studies were performed with 

using cyclohexene and 1,3-cyclohexadiene as reactants. The 

cyclohexene was converted to 1,3-cycloheadiene in 47% yield, 

while the 1,3-cyclohexadiene was converted to benzene in 45% 

yield. The products of the reactions are the result of C-H bond 

cleavage with no showing of alcohol products. The authors 

propose two mechanisms for the formation of the products. The 

first is the initial formation of the alkyl radical which is followed 

by the removal of a β-hydrogen of the alkyl radical by a second 

diiron(IV) center. The other proposed mechanism is the electron 

transfer from the alkyl radical to the diiron(IV) center to create a 

cation, which then loses a proton at the β-position to form the 

double bond.  

Figure 2. CV of 1 in CH3CN at room temperature. 
 

  

Figure 3. Oxidative reactivity of 3. 

 

 

Figure 4. Reaction Scheme of 3 with cyclohexane 

and t-butanol. 
 

 



 

Table 1. Second-order rate constants for he reactions with iron(IV) complexes. 

Complexes E1/2 
(FeIV/III) 
(vs Fc+/0) 

Fe spin 
state 

Cyclo-C6H12 CH3CN Methanol t-butanol Ref 

3 1.50 S = 1 0.081 [C-H], 3.5 0.014 0.14 [O-H, 1.5] 0.30 [O-H, 1.4]  
 

[Fe(O)(Bn-
TPEN)]

2+ 
>0.90 S=1 3.9 x 10

-4
 2 x 10

-6
 [C-H, 4] 2.8 x 10

-3
 NA 4,5 

[Fe(O)(N4Py)]
2+

 0.90 S=1 5.5 x 10
-5

 2 x 10
-7

 4.4 x 10
-4

 [C-H, 
7] 

NA 6,7 

[Fe(O)(OH2)5]
2+

 ~1.4 S=2 NA 4.1 [C-H, 4.1] 572 [C-H, 4.4] 60 8 
MMO-Q NA S=2 (3-4)x10

4
 for CH4     

 

 

The study of 3 with the reaction of aliphatic alcohols such as 

methanol and t-butanol also gave interesting results. The KIE 

studies were performed first with the deuteration of the C-H 

bonds, which showed no impact on the kinetics of the reaction. 

The deuteration of the O-H bonds however, showed a KIE of 1-

1.5, which leads to the interpretation that the reaction goes 

through the O-H bond cleavage rather than the cleavage of C-H.  

The products of the reaction of 3 with t-butanol were monitored 

using 1H NMR, where the formation of acetone and 2-

methylpropene was seen. The reaction is proposed to go through 

the formation of the radical at the oxygen and then lead to the 

formation of acetone. They propose that the alcohol proton 

transfer from the O-H is coupled with the loss of an electron from 

the oxygen from a non-bonding orbital (Figure 4).   

The formation of the 2-methylpropene indicates that a 

competing reaction is taking place. This is proposed to be caused 

by the electrolysis of the solvent to give the protons needed to 

make the t-butyl cation that undergoes dehydrogenation.  This 

would be avoided if the solution would be able to buffered to 

prevent the reaction of the protons with the t-butanol, however, 

the authors have not been successful in finding a base that would 

not be oxidized by complex 3.   

In Table 1 are listed iron species that have been characterized 

and have shown the ability to perform similar chemistry as that of 

complex 3. The first is [Fe(O)(Bn-TPEN)]2+ complex that uses the 

pentadentate ligand as a form of nonheme oxoiron(IV) complex.4 

This compound has shown too active in C-H activation but in 

much lower rates. This complex hydroxylates alkanes rather than 

the one-electron transfer mechanism put forth by the authors of 

this paper.  

The second complex is another nonheme pentadentate ligand 

that forms the complex [Fe(O)(N4Py)]2+.5 This compound again 

uses the oxoiron(IV) structure, however the compound is activate 

through electrolysis from the FeII species through a two-electron 

transfer. This differs from the previous compound that activated 

from FeIII by electrolysis. The reactivity of this system is lower 

than that of the recent report as well as the previous mononuclear 

system. 

The third mononuclear FeIV complex that is compared is 

[Fe(O)(OH2)5]
2+, which is different from the others in that it has a 

high spin state at the iron center. This high spin state allows for a 

greater rate of reactivity, which is seen in acetonitile, methanol 

and t-butanol. The shortcoming of this complex is that the 

stability of the complex is limited and being immiscible in 

nonpolar solutions like that of cyclohexane. The activated 

iron(IV) complex is accessed using a two electron process, but 

due to the instability of the complex the potential at which the 

FeIII/FeIV transformation has not been fully established.  

The reactivity of MMO-Q with the rate constant for the 

reaction with methane is still greatly above that of the synthesized 

compounds. This structure still provides a synthetic target in 

which to pursue in order to achieve the desired goal of C-H 

activation. 

Kinetics and rate laws were another topic that was covered in 

class and although KIEs were not specifically discussed, 

understanding the general scheme of kinetics allows for 

understand of the meaning.  

The overall goal of the research is rather well defined, with the 

pursuit of a structure that is comparable to that of the active 

intermediate MMO-Q. In the current work the authors propose a 

compound that is relatively reactive, however lacks in stability as 

well as high rates of reactivity. The reactivity of the mononuclear 

iron(IV) complex and the MMO-Q is much higher than that of the 

other complexes, which can be possibly correlated to the high spin 

state of the iron. Therefore the overall goal of the research should 

be in the direction of a stable high spin diiron(IV) complex that is 

stable enough to be used as a C-H activator.  

In the current paper the only solvent that is used for the cyclic 

voltammetry is deuterated acetonitrile because of the need to a 

solvent that does not contain C-H bonds. It would be interesting to 

see the effects of other solvents, whether it be other deuterated 

solvents or a solvent such as carbon tetrachloride that also does 

not contain C-H bonds.  

The ability to determine an acceptable base that can be used to 

keep the reaction neutral but not provide other potential C-H 

bonds to be cleaved is a challenge that should be investigated 

further. This may provide better results as well as future 

applications in the next systems that will be designed for the 

cleavage of C-H bonds.  
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but creates increased mass transport losses at
current densities of >0.1 A cm−2. It is clear
from these results that improvements in electrode
mass transport properties are required to over-
come this performance loss.

The results of 100-hour durability tests in
fuel cells using hydrogen/oxygen and hydrogen/
air as anode/cathode gases are shown in fig. S4.
Relative to the stable current densities obtained
by Bashyam and Zelenay (32) for tests per-
formed under the same conditions (0.2 A cm−2

with H2/O2 at 0.5 V; 0.13 to 0.14 A cm−2 with
H2/air at 0.4 V), the initial current densities pro-
duced by the catalyst in this work (0.75 A cm−2

with H2/O2 at 0.5 V; 0.58 A cm−2 with H2/air
at 0.4 V) were much higher and remained higher
throughout the 100-hour period, with final values
of 0.33Acm−2withH2/O2 at 0.5Vand 0.36Acm−2

with H2/air at 0.4 V.
The best NPMC in this work has a much

higher initial activity, but less stability, than those
prepared by Bashyam and Zelenay according to a
nonpyrolytic method based on a cobalt salt and
polypyrrole deposited on carbon black (32).
Continued research must now focus on improving
the stability of these NPMCs and optimizing their
cathode mass-transport properties.

References and Notes
1. H. A. Gasteiger, S. S. Kocha, B. Sompalli, F. T. Wagner,

Appl. Catal. B 56, 9 (2005).
2. H. A. Gasteiger, J. E. Panels, S. G. Yan, J. Power Sources

127, 162 (2004).

3. R. Jasinski, Nature 201, 1212 (1964).
4. J. P. Dodelet, in N4-Macrocyclic Metal Complexes,

J. H. Zagal, F. Bedioui, J. P. Dodelet, Eds. (Springer,
New York, 2006), pp. 83–147.

5. S. Gupta, D. Tryk, I. Bae, W. Aldred, E. Yeager,
J. Appl. Electrochem. 19, 19 (1989).

6. M. Yuasa et al., Chem. Mater. 17, 4278 (2005).
7. N. P. Subramanian et al., J. Power Sources 157, 56

(2006).
8. E. B. Easton, A. Bonakdarpour, J. R. Dahn, Electrochem.

Solid State Lett. 9, A463 (2006).
9. R. Z. Yang, A. Bonakdarpour, E. B. Easton, P. Stoffyn-Egli,

J. R. Dahn, J. Electrochem. Soc. 154, A275 (2007).
10. J. Maruyama, I. Abe, Chem. Commun. 2007, 2879

(2007).
11. T. E. Wood, Z. Tan, A. K. Schmoeckel, D. O’Neill,

R. Atanasoski, J. Power Sources 178, 510 (2008).
12. A. Garsuch, K. MacIntyre, X. Michaud, D. A. Stevens,

J. R. Dahn, J. Electrochem. Soc. 155, B953 (2008).
13. T. Schilling, M. Bron, Electrochim. Acta 53, 5379

(2008).
14. A. H. C. Sirk, S. A. Campbell, V. I. Birss, J. Electrochem.

Soc. 155, B592 (2008).
15. J. Maruyama, N. Fukui, M. Kawaguchi, I. Abe, J. Power

Sources 182, 489 (2008).
16. V. Nallathambi, J.-W. Lee, S. P. Kumaraguru, G. Wu,

B. N. Popov, J. Power Sources 183, 34 (2008).
17. U. I. Koslowski, I. Abs-Wurmbach, S. Fiechter, P. Bogdanoff,

J. Phys. Chem. C 112, 15356 (2008).
18. J. Maruyama, J. Okamura, K. Miyazaki, Y. Uchimoto,

I. Abe, J. Phys. Chem. C 112, 2784 (2008).
19. J. M. Ziegelbauer et al., J. Phys. Chem. C 112, 8839

(2008).
20. F. Jaouen, F. Charreteur, J. P. Dodelet, J. Electrochem. Soc.

153, A689 (2006).
21. F. Jaouen, M. Lefèvre, J. P. Dodelet, M. Cai, J. Phys. Chem. B

110, 5553 (2006).
22. F. Jaouen, J. P. Dodelet, J. Phys. Chem. C 111, 5963

(2007).

23. F. Jaouen, A. M. Serventi, M. Lefevre, J. P. Dodelet,
P. Bertrand, J. Phys. Chem. C 111, 5971 (2007).

24. F. Jaouen, S. Marcotte, J. P. Dodelet, G. Lindbergh,
J. Phys. Chem. B 107, 1376 (2003).

25. F. Charreteur, F. Jaouen, S. Ruggeri, J. P. Dodelet,
Electrochim. Acta 53, 2925 (2008).

26. See supporting material on Science Online.
27. U. S. Department of Energy, Technical Plan: Fuel Cells,

2007 (www1.eere.energy.gov/hydrogenandfuelcells/
mypp/pdfs/fuel_cells.pdf).

28. F. Charreteur, S. Ruggeri, F. Jaouen, J. P. Dodelet,
Electrochim. Acta 53, 6881 (2008).

29. F. Jaouen, J. P. Dodelet, Electrochim. Acta 52, 5975
(2007).

30. M. Lefèvre, J.-P. Dodelet, Electrochim. Acta 53, 8269
(2008).

31. Although detailed cost analysis of these Fe-based
electrocatalysts was not performed, their principal
elements are carbon, nitrogen, and iron and they require
no expensive precursors or processing steps. Their
manufacturing cost is conservatively estimated to be at
least two orders of magnitude lower than that of
current Pt-based ORR catalysts for PEMFCs.

32. R. Bashyam, P. Zelenay, Nature 443, 63 (2006).
33. Supported by General Motors of Canada and the

Natural Sciences and Engineering Council of Canada.
The Cabot Corporation provided the carbon black.
U.S. patent application US 61/112,844 related to this
work was filed on 10 November 2008.

Supporting Online Material
www.sciencemag.org/cgi/content/full/324/5923/71/DC1
Materials and Methods
SOM Text
Figs. S1 to S4
Tables S1 and S2
References

19 December 2008; accepted 9 February 2009
10.1126/science.1170051

Consecutive Thermal H2 and
Light-Induced O2 Evolution from Water
Promoted by a Metal Complex
Stephan W. Kohl,1 Lev Weiner,2 Leonid Schwartsburd,1 Leonid Konstantinovski,2
Linda J. W. Shimon,2 Yehoshoa Ben-David,1 Mark A. Iron,2 David Milstein1*

Discovery of an efficient artificial catalyst for the sunlight-driven splitting of water into
dioxygen and dihydrogen is a major goal of renewable energy research. We describe a
solution-phase reaction scheme that leads to the stoichiometric liberation of dihydrogen and
dioxygen in consecutive thermal- and light-driven steps mediated by mononuclear, well-defined
ruthenium complexes. The initial reaction of water at 25°C with a dearomatized ruthenium
(II) [Ru(II)] pincer complex yields a monomeric aromatic Ru(II) hydrido-hydroxo complex
that, on further reaction with water at 100°C, releases H2 and forms a cis dihydroxo complex.
Irradiation of this complex in the 320-to-420–nanometer range liberates oxygen and
regenerates the starting hydrido-hydroxo Ru(II) complex, probably by elimination of hydrogen
peroxide, which rapidly disproportionates. Isotopic labeling experiments with H2

17O and
H2

18O show unequivocally that the process of oxygen–oxygen bond formation is intramolecular,
establishing a previously elusive fundamental step toward dioxygen-generating
homogeneous catalysis.

Thedesign of efficient catalytic systems for
splitting water into H2 and O2, driven by
sunlight without the use of sacrificial

reductants or oxidants, is among the most
important challenges facing science today, under-

pinning the long-term potential of hydrogen as a
clean, sustainable fuel (1, 2). In this context, it is
essential to enhance our basic understanding of
the fundamental chemical steps involved in such
processes (3–17). Of the two parts of the water-

splitting cycle, the oxidation half-cycle to form
O2 presents the greatest challenge. Well-defined
metal complexes that catalyze water oxidation to
dioxygen are rare and generally require a sac-
rificial strong oxidant. The molecular mecha-
nisms of such systems, including that of the
intensively studied “blue dimer” cis,cis-[(bpy)2
(H2O)Ru

IIIORuIII(OH2)(bpy)2]
4+ (3, 11, 12), are

generally thought to involve metal oxo interme-
diates and bimolecular steps, but clarification of
the fundamental chemical principles responsible
for O–O bond formation remains a considerable
challenge. In addition, a major challenge faced
by hydrogen and oxygen photogeneration
systems based on soluble metal complexes is
that for a viable system, the two half-cycles must
be combined, avoiding the use of sacrificial oxi-
dants and reductants.We present here a ruthenium-
mediated reaction sequence that, in a stepwise
stoichiometric manner, generates hydrogen ther-
mally and oxygen photochemically, involves
well-defined complexes, and demonstrates the
feasibility of unimolecular O–O bond forma-
tion at a single metal center.
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We have previously reported that the non-
aromatic pincer Ru(II) complex 1 (Fig. 1) is a
powerful catalyst for the coupling of alcohols
to form esters with the liberation of H2 (18) and
for the dehydrogenative coupling of alcohols
with amines to produce amides (19). We have
now studied the reactivity of this complex with
water. The addition of one equivalent of water
to a solution of 1 in tetrahydrofuran (THF) at
room temperature immediately led to ligand
aromatization with quantitative formation of
the trans hydrido-hydroxo complex 2 (Fig. 1),

which we isolated and fully characterized
(20). This compound is probably formed by a
mechanism involving coordination of water at
the vacant coordination site trans to the hydride
ligand, followed by proton migration to the
side arm. This unique water activation process
involves cooperation between the metal and
the ligand and no change in the metal oxidation
state (21).

Characteristic spectroscopic features in the
1H nuclear magnetic resonance (NMR) spec-
trum of 2 are the large downfield shift of the

hydride ligand resonance from –26.5 parts per
million (ppm) (d, 2JPH = 25.5 Hz) in 1 to
–14.9 ppm (d, 2JPH = 27.5 Hz) and a doublet
at –1.4 ppm (3JPH = 2.3 Hz) assigned to the
hydroxo ligand. If one equivalent of D2O is
used instead of H2O, one deuterium atom is
incorporated at the side-arm benzylic carbon,
leading to a broad peak (because of unre-
solved small 2JHD and 2JPD) at 2.8 ppm in the
2H NMR spectrum; the OD group gives rise
to a signal at –1.2 ppm (complex 2-D2, Fig. 1).
These reactions are reversible. Placing the solid
under vacuum or heating it in benzene solu-
tion at 65°C resulted in water elimination to
quantitatively yield the starting complex 1. Di-
rect spectroscopic evidence for coordination
of the hydroxo group to the metal center was
obtained by adding one equivalent of H2

17O
to 1 in THF. The oxygen atom in the labeled
complex 2-17O exhibits a singlet at 32.43 ppm
in the 17O NMR spectrum (in THF). Coupling
(2JOP,

2JOC) of the
17O atom (s = 5/2) with the

adjacent ligands leads to broadening of the
signal in the 31P NMR spectrum at 112.14 ppm
and the appearance of a more complicated sig-
nal for the carbonyl ligand in the 13C{1H}NMR
spectrum (d = 209.27 ppm). The doublet in
the 1H NMR spectrum (d = 14.78 ppm) assigned
to the hydride ligand in the trans position is
not affected.

Repeating the reaction in benzene by ad-
ding an excess of water to 1 resulted in for-
mation of colorless crystals at the interface
between the water and benzene layers. X-ray
diffraction analysis of the isolated solid (2.nH2O)
shows a distorted octahedral coordination ge-
ometry at ruthenium (Fig. 2). The Ru–O–H non-
linear angle [103(3)] indicates repulsion between
the oxygen lone pairs and d electrons of the
complex (22, 23). The crystals are composed
of alternating layers of the metal complex, ben-
zene, and water. The hydroxo groups of the
complex are involved in hydrogen bonding with
the water layer (figs. S4 to S6). These crystals
are stable below 10°C and release the solvated
water at room temperature.

Heating complex 2 (or 2.nH2O) in refluxing
water for 3 days resulted in evolution of H2 with
concomitant formation of the green cis dihy-
droxo complex 3 (Fig. 3). The gas was collected
in a burette, and hydrogen was detected by
the reaction of a sample of the gas phase with
(PEt3)3IrCl to form mer-cis-(PEt3)3Ir(H)2Cl (24).
H2 was quantified with gas chromatography
(GC) (yield: 37%). The NMR yield of the
complex 3 was 45%. Some unreacted 2.nH2O
(25%) remained, the rest being unidentified
products. This reaction may proceed by elec-
trophilic attack by water on the hydride lig-
and. Pure 3 was independently prepared by
reaction of 2.nH2O with N2O (25, 26): N2O
was bubbled into a THF solution of 2.nH2O for
10 min at room temperature, after which the
solution was stirred overnight and turned green.
We isolated and fully characterized the result-

Fig. 2. Structure of the trans hydrido-hydroxo
complex 2.nH2O (ellipsoids shown at 50%
probability level). Hydrogen atoms are shown
only for the hydride and hydroxo ligands. The
water and benzene layers are omitted for
clarity. Selected bond distances (in angstroms)
and angles (in degrees): Ru1–H1, 1.54(3);
Ru1–C1, 1.820(3); Ru1–N2, 2.097(2); Ru1–
N1, 2.241(2); Ru1–O2, 2.261(2); Ru1–P1,
2.2653(8); N2–Ru1–C1, 173.02(10); N1–
Ru1–P1, 159.12(7); H1–Ru1–O2, 171.9(13);
N2–Ru1–O2, 86.94(8); N1–Ru1–O2, 82.44(9);
Ru1–O2–H2, 103(3).

Fig. 3. Thermal activation of water
by the hydrido-hydroxo complex 2
with liberation of H2, independent
synthesis of the dihydroxo complex
3 using N2O, and O2 formation
upon photolysis of 3 regenerating
complex 2. h, Planck’s constant; n,
frequency.

Fig. 1. Reactions of water with complex 1. Et, ethyl.
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ant green microcrystalline solid 3 (60% yield).
It is stable in a THF solution up to 65°C but
decomposes into unidentified products at 102°C
in dioxane. The 31P{1H} NMR spectrum of 3
shows a singlet at 94.0 ppm, representing an
upfield shift of 14 ppm relative to the corre-
sponding singlet of complex 2. The two tert-
butyl (tBu) groups of PtBu2 give rise to different
signals in both the 1H and 13C{1H}NMR spec-
tra, and the ethyl groups of NEt2 are also non-
equivalent, indicating C1 symmetry and a cis
dihydroxo arrangement. The hydroxo ligands
give rise to a broad signal at –7.4 ppm in the 1H
NMR spectrum and absorb at 3413 cm–1 in the
infrared (IR) spectrum. The carbonyl ligand ex-
hibits a doublet at 207.4 ppm (2JPC = 16.1 Hz)
in the 13C{1H} NMR spectrum and absorbs at
1923 cm–1 in the IR spectrum. The main peak
in the mass spectrum (electrospray ionization)

at mass/charge ratio (m/z) = 453 (100) can be
assigned to the cation [M – OOH]+ and the peak
at m/z = 469 (18) is characteristic for [M –OH]+.
Elemental analysis agrees with the calculated
values for our posited structure.

We next studied the stability of complex 3
on exposure to light. Irradiation of THF or
aqueous solutions of 3 under N2 or Ar with a
300-W halogen lamp filtered through perspex
(27) over 2 days resulted in a color change from
green to greenish-yellow, accompanied by O2

evolution. NMR of the solution showed that be-
sides unreacted 3 (33%), the hydrido-hydroxo
complex 2.nH2O (45%) was formed, in ad-
dition to some unidentified by-products (22%),
most probably phosphine oxides (Fig. 3). The
liberated gas was identified as dioxygen by
GC–mass spectrometry (GC-MS) and by the
reaction with (PEt3)3IrCl to form the dioxy-

gen complex (PEt3)3Ir(O2)Cl (20). This spe-
cific and very sensitive reaction was also
used for quantification (20). The yield of the
detected dioxygen formed from the reaction
in water was 23% (34% based on reacted 3).
When irradiation of aqueous solutions of 3
was performed under argon flow to remove
the generated O2, clean conversion of 3 (49%,
the rest being unreacted 3) to 2.nH2O (49%)
was observed, with no by-products being formed,
indicating that the unidentified by-products
are a result of reaction with the generated
dioxygen.

To verify that O2 was released from the di-
hydroxo complex, a labeled complex bearing two
18OH groups (3-18O18O) was prepared using
H2

18O (Fig. 4). The 18O-H stretching vibration is
shifted in the IR spectrum to lower energy by 14
wavenumbers, to 3399 cm–1, whereas all NMR
spectra are identical to those of 3. Upon ir-
radiation (27) of 3-18O18O in H2O,

36O2 was
formed as the major dioxygen product, as con-
firmed by GC-MS (Fig. 4A and fig. S3A). No
exchange between 3-18O18O and H2

16O was ob-
served, indicating that no substantial Ru-OH dis-
sociation took place.

An important question is whether the O–O
bond formation process is intra- or intermolecular.
To address this issue, we prepared the isotopically
mixed-labeled dihydroxo complex 3-18O16O by
treatment of 2-18O with N2

16O (Fig. 4A). Upon
photolysis, 34O2 was formed predominantly with
only small amounts of 32O2 and 36O2 observed
(observed ratio 32O2:

34O2:
36O2, 3.8:16.2:1) (fig

S3B) (20). Moreover, we performed a crossover
experiment involving photolysis of equimolar
amounts of complexes 3-18O18O and 3-16O16O,
resulting in formation of 36O2 and 32O2 with
only a small amount of 34O2 (observed ratio
32O2:

34O2:
36O2, 13.1:1:15.6) (Fig. 4B). Thus,

our results unambiguously show that the O-O

Fig. 4. Photolysis of iso-
topically labeleddihydroxo
complexes. (A) Synthesis
and photolysis of com-
plexes 3-18O18O and
3-18O16O. (B) Mass spec-
trum of a gaseous extract
from the photolytic reaction
of equimolar amounts of
3-18O18O and 3-16O16O,
showing virtually no cross-
over.

Fig. 5. Proposed mechanism
for the formation of H2 and
O2 from water.
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bond formation process in this system is intra-
molecular and involves a single metal center.

We suggest that upon photolysis, complex 3
liberates hydrogen peroxide in a reductive elim-
ination step (28, 29), which then catalytically
disproportionates into O2 and water ( Fig. 5). Our
labeling studies show that, if H2O2 is indeed an
intermediate in the O2 generation process, then
O2 is formed by two electron oxidation of H2O2

without scission of the O–O bond, as reported
for the reaction catalyzed by the enzyme cata-
lase (30).

The metal-to-ligand charge transfer (MLCT)
band of 3 has an absorbance maximum in the
ultraviolet-visible (UV-Vis) spectrum in water
at wavelength l = 380 nm (extinction coefficient
e = 8157 cm–1M–1). Weaker absorptions ap-
pear at l = 459 nm (e = 2045 cm–1M–1) and l =
716 nm (e = 505 cm–1M–1) (fig. S2). The the-
oretical UV-Vis spectrum (of the NMe2, PMe2
model of 3) in water was determined by time-
dependent density functional theory (TDDFT)
(figs S8 and S9 and table S5). When a 400-nm
filter was used, the yield of produced O2 de-
creased to only 8 to 10%. Together with filtration
of wavelengths of l < 320 nm by the perspex
filter, this observation is in line with an effective
spectral range corresponding to the MLCT band
of 3 (320 to 420 nm).

Unlike the dihydroxo complex 3, the hydrido-
hydroxo complex 2 was stable toward irra-
diation with a 300-W halogen lamp for 2 days,
with or without the perspex filter, and did not
release O2. This observation is in line with an
intramolecular, mononuclear O–O bond forma-
tion mechanism.

Because the intermediacy of H2O2 might
give rise to hydroxyl radicals, via a Fenton-
type reaction (31), we employed the spin trap
5,5-dimethyl-1-pyrroline-1-oxide (DMPO) (32)
to detect them. Electron paramagnetic reso-
nance spectra did provide evidence for DMPO-
OH adducts (fig. S7A). However, it is clear
that these hydroxyl radicals are not substan-
tially involved in O2 production (as the iso-
topic labeling experiments would have resulted
in scrambling). Thus, in the presence of the
OH radical scavenger tert-butanol (33), no
hydroxyl radicals were observed, whereas the
amount of O2 formed remained unchanged.
Further evidence supporting hydrogen perox-
ide as the source of hydroxyl radicals, and that
the hydroxyl radicals are not the source of the
produced O2, was obtained from experiments
with the enzyme catalase, which is an extremely
efficient catalyst for the disproportionation of
hydrogen peroxide to O2 and water by a non-
radical mechanism. If H2O2 were the source
of hydroxyl radicals, its interception by cata-
lase would retard their formation. When irra-
diation of 3 was performed in the presence of
catalase, only traces of hydroxyl radicals were
observed (fig. S7C), whereas the amount of O2

produced remained almost unchanged (actually
slightly increased). Thus, we believe that H2O2

forms photolitically from 3 and undergoes dis-
proportionation to O2 and water, with only a
marginal amount of it forming hydroxyl rad-
icals, perhaps by a Fenton-type reaction. As
expected, no OH radicals were detected when
the hydrido-hydroxo complex 2.nH2O was
irradiated.

Combining the separate stoichiometric re-
actions presented here gives rise to a stepwise
cycle in which H2 and O2 are released in con-
secutive steps, and the starting Ru complex is
regenerated (Fig. 5). The cycle starts with the
trans hydrido-hydroxo complex 2.nH2O that
reacts with water under refluxing conditions,
evolving H2 and forming the cis dihydroxo
complex 3. The second step is light-induced.
Irradiating 3 may release hydrogen peroxide
by reductive elimination, probably forming a
Ru(0) intermediate, which converts to 1 by mi-
gration of a proton from the methylene group
of the phosphorus side arm to the ruthenium
center to form a hydride ligand with coincident
dearomatization of the pyridine ring (34, 35).
The liberated hydrogen peroxide is then rap-
idly catalytically decomposed into dioxygen
and water. A possible catalyst for this latter re-
action is complex 1. The addition of a very dilute
THF solution of 1 to a THF solution of hydrogen
peroxide at room temperature resulted in imme-
diate O2 evolution, as detected by GC-MS and
by reaction with (PEt3)3IrCl (20). In the last step
of the cycle, the water reacts readily with 1 to
form the starting complex 2.

We believe that our studies indicate a dis-
tinct approach toward a complete cycle for the
generation of dihydrogen and dioxygen from
water catalyzed by metal complexes and show
that light-induced O–O bond formation can be
intramolecular and need not necessarily involve
bimolecular mechanisms, dinuclear complexes,
and metal oxo intermediates.
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ABSTRACT By using a structurally well-defined Ru(II) 

pincer complex, water had been successfully decomposed 

into H2 and O2 in sequence. Experimental data show O2 

releasing through an intramolecular procedure on the single 

metal complex center.  

Global energy demanding is facing huge increase for the next 

decades. As conservative speculation, the total amount of global 

energy need will be doubled in the mid 21 century, while tripled 

by 2100 1. In light of this context, looking for more reliable 

energy source with enormous storage would be an imperative 

mission. As both the academic and industrial divisions longer 

endeavored research domain, more effective transfer, store and 

utilize solar energy has been pushing steady toward our final goal 

– replace our energy demand by the endlessly solar power. 

As a tutorial instruction, Richard Eisenberg briefly described 

three normal strategies of utilizing solar energy 2. Our first 

principle is to transfer light into electronic energy, photovoltaic 

devices, for example. The second one is kind of indirect pathway; 

however, still constitute an important force of modern energy 

supply market – the bio-fuels made from naturally photosynthesis 

products. For the last strategy, and most studied in chemistry labs, 

is how to split water molecules into O2 and H2. 

Chemically speaking, water molecule, with CAS register 

Number 7732-18-5, is one of the most simplest compounds 

consist of only two H-atoms and one O-atom. The O-H bond 

energy is about119 kcal/mol. When electronically dissociation of 

water happens, the following two half-reactions happened: 

cathode, 4 H+ + 4 e- = 2 H2, Ec = 0 V – 0.059 V pH (NHE, 

Normal Hydrogen Electrode); Anode, O2 + 4 e-
 + 4 H+ = 2 H2O, 

Ea = 1.23 V – 0.059 V pH (NHE). Practically, the second half 

reaction is much more challenge than the first one as it requires 

simultaneously breaking down four O-H bond with four electrons 

transfer. 

 

Figure 1. structure of Blue dimer and Crystal 2.nH2O 

In order to solve that problem, large volume of study has been 

operated. The most importance discovery should be the so-called 

“blue dimer” 3 (cis, cis-[(bpy)2(H2O)RuIIIORuIII(OH2)(bpy)2]
4+ , 

bpy = 2,2′-bipyridine, Figure 1). Even these kind of d5-Ru(III) 

species showed increased turnover number of O2 evolution 

reaction, the mechanism of how O2 been released are still elusive. 

Besides, for sake of continuously splitting water molecule, the 

two half reaction has to be combined together, otherwise an 

equivalent reductant or oxidant will be necessity. 

Here, a striking work 4 from Milstein’s group state the first time 

of consecutive H2 and O2 generation promoted by Ru-pincer 

liangd complexes. This work is done by a straightforwardly 

observation and certification process. However, through the 

authors’ detailed analysis, a unimolecular O-O bond formation 

within a single metal complex can be deduced. 

Basically, this work has some precursor research concerning 

the ability of non-aromatic pincer Ru(II)-PNN complex 1. In the 

author’s former works, compound 1 was found to be able to help 

constructing esters and amides from alcohols and amine 

dehydrogenative coupling 5 (Scheme 1). So, what will happen if 

putting together two equivalent water molecules? 

 

Scheme 1. Precedent work by Milstein’s group 

 

Step 1: Water activation by non-aromatic Ru(II) complexes 1. 

Experimental data shows the non-aromatic pincer Ru(II) 

complex1 would undergo a special way of react with H2O  

(Scheme 2). The OH group will add trans to hydride in compound 

1, while H-atom add to the ligand side chain to form an aromatic 

trident ligand, see compound 2. Structure of 2 can be further 

confirmed by the product 2-D and 2-O17 which obtained by 

reaction 1 with D2O and H2O
17, respectively. Feature of this 

process is the center metal remain to be Ru(II). Besides, x-ray 

diffraction analysis of compound 2. nH2O crystal demonstrate a 

distorted octahedral coordination geometry, implicit a chiral metal 

complex (Figure 1). 

 Step 2: Thermal H2 generation. Heat 2 in water would generate 

H2 gas at 45% percent yield after three days. This reaction may 

work through hydrolysis process of Metal hydride which renders 

H2 and Metal hydroxide (Scheme 3). Similar reaction also 

happened between 2 and N2O. Here, by NMR analysis, both two 
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tetra-butyl and ethyl group in the ligand arm show different 

chemical shifts, thus, the real geometry of 3 should be chiral 

which only possible when the two OH groups adopts cis position. 

 

Scheme 2.  H2O activation by RuII complex 1 

Scheme 3.  Thermal Generation of H2 from complex 2 and water 

 

Step 3: photochemical induced O2. After obtain cis-dihydroxyl 

Ru(II) complex 3 (Scheme 4), the author expose it to light. When 

argon flow was used upon the reaction, 49% conversion of 3 can 

be achieved. Here, the author utilize isotope labeling experiment 

to detect where O2 was formed. By analysis the ratio of different 

allotrope of oxygen gas, the only reasonable explanation is an 

intramolecular O-O bond formation pathway, which never been 

envisioned before (Scheme 5). Analyzing the composition of O2 

collected after expose labeled species to light, the author found 

that major product of intramolecular O-O formation has been 

obtained in both cases. Moreover, in the cross over experiment, 

only tiny amount of 34O2 was detected which further support the 

intramolecular O2 evolution process. 

 

Scheme 4.  Photochemical evolution of O2 

 

    Finally, the three steps mentioned about composed the 

following postulated mechanism of this water splitting reaction 

(Scheme 6). As we can seen, after releasing H2 by gas, O2 

evolution happened in presence of light (320-400 nm). 

In addition to the geometry analysis, the author also applied the 

metal-to-ligand charge transfer (MLCT) analysis in determine the 

way of O2 releasing procedure, both of which are connect to what 

we learned on the course. 

 

Scheme 5.  Isotope labeling experiments for studying O2 generation 

process 

 

Scheme 6.  Proposed Mechanism 

 
 

This work greatly induced people’s interest in figuring out the 

detailed mechanism of the reaction. Michael B. Hall and Fang 

Wei Hai’s groups published their DFT calculation result toward 

the reaction pathway soon afterward 6a-6b, both of which give 

some interesting supplementary comment based on their 

calculations, for example, endothermic H2O2 formation (6b). On 
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the other hand, deeper research into the ligand dearomatization-

aromatization effect had also been calculated by Kazunari 

Yoshizawa group 6c.  

To sum up, Kohl’s work rendered us with both novel ideas of 

water splitting and challenges. Through this work, we can see that 

by appropriate ligand design, we can avoid using stochimetric 

reductant or oxidant to combining the two half reactions together 

and using different strategy in H2 and O2 evolution. Moreover, 

experimental analysis such as NMR (1H, 13C, 17O, 31P, 2-

dimentional), x-ray Diffraction, GC, GC-MS, IR, UV-VIS, EPR 

(electron paramagnetic resonance spectroscopy) have all turn out 

to be the tools. It hints that we should consider more about how to 

greatly utilize the gears at hand. 

 However, this work still suffered some shortcomings, like low 

yield and long reaction time (5 days for a complete reaction cycle). 

In addition to that, how to find a more effective catalyst to lower 

the catalyst loading would be a potential breakthrough point of 

this type of reaction. 
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Electrocatalytic CO2 Conversion to
Oxalate by a Copper Complex
Raja Angamuthu,1 Philip Byers,1 Martin Lutz,2 Anthony L. Spek,2 Elisabeth Bouwman1*

Global warming concern has dramatically increased interest in using CO2 as a feedstock for
preparation of value-added compounds, thereby helping to reduce its atmospheric concentration.
Here, we describe a dinuclear copper(I) complex that is oxidized in air by CO2 rather than O2;
the product is a tetranuclear copper(II) complex containing two bridging CO2-derived oxalate
groups. Treatment of the copper(II) oxalate complex in acetonitrile with a soluble lithium salt
results in quantitative precipitation of lithium oxalate. The copper(II) complex can then be nearly
quantitatively electrochemically reduced at a relatively accessible potential, regenerating the initial
dinuclear copper(I) compound. Preliminary results demonstrate six turnovers (producing 12
equivalents of oxalate) during 7 hours of catalysis at an applied potential of –0.03 volts versus
the normal hydrogen electrode.

Research toward carbon dioxide fixation
enjoys much attention at present, as a
result of the alarming reports that link

global warming and its potentially devastating
effects with the steadily increasing concentration
of CO2 in the atmosphere. Chemical activation
of carbon dioxide could help to reduce its con-
centration in the atmosphere while at the same
time exploiting it as a carbon feedstock for the
production of useful organic compounds (1–5).
Transition-metal complexes, especially of cop-
per and zinc (6, 7), as well as simple salts such
as lithium hydroxide monohydrate and soda-
lime (mixture of sodium and calcium hydrox-
ides) are well known for their assistance in the
stoichiometric transformation of carbon dioxide
to carbonate salts (8–17). Mixtures of glycol and
amines (glycol-amine) as well as coordination
complexes of polyamines have been reported to
bind CO2 reversibly through the formation of
carbamates (8, 15, 17, 18). In contrast, reductive
conversion of CO2 into useful products of indus-
trial significance such as formaldehyde, formic
acid, methanol, or oxalic acid has proven more
challenging to achieve selectively (19, 20).

The one-electron reduction of CO2 into the
CO2

• – radical anion occurs at potentials as high
as –1.97 V versus NHE (normal hydrogen elec-
trode) inN,N-dimethylformamide, and the CO2

• –

may further react to formCO, carbonate, formate,
or oxalate (19–21). Selective production of oxa-
late would be much preferred because dimethyl
oxalate is a useful feedstock, for example, for the
production of methyl glycolate. The assistance of
transition-metal complexes appears mandatory to
direct the reactivity of the CO2

• – radical anion
toward a specific product, in addition to optimiz-
ing electrochemical parameters such as current
density. Moreover, the inner-sphere electron-
transfer mechanisms that proceed with most

transition metal systems result in less-negative
reduction potentials, which may improve overall
thermodynamic favorability of the reduction, as-
suming there is an accessible way to liberate the
product after the electron-transfer reaction (20).
Reductive coupling of CO2 to form the oxalate
dianion has been accomplished by electrochemi-
cal methods, including outer-sphere electron
transfer using mercury or lead electrodes and
inner-sphere electron transfer using transition-
metal complexes or anion radicals of aromatic
hydrocarbons, esters, and nitriles as electro-
catalysts (20–22). Mechanistic understanding of
the metal-catalyzed reduction of CO2 to C2 or C3

fragments is also highly relevant for an improved
understanding of the natural photosynthetic
transformation of atmospheric CO2 to function-
alized C3 molecules (3-phosphoglycerate).

We herein report a copper complex, which
spontaneously captures and reductively couples
CO2 from the air selectively, yielding an oxalate-

bridged copper(II) tetramer in acetonitrile solution.
Moreover, we have found that this copper system
can be used repeatedly as a catalyst for the reduc-
tive coupling of CO2 to oxalate upon electrochem-
ical reduction. The reduction of the copper(II)
complex occurs at a readily accessible potential
that is nearly 2 V less negative than that required
for outer-sphere reduction of CO2 to CO2

•–.
The ligand HL [N-(2-mercaptopropyl)-N,N-

bis(2-pyridylmethyl)amine] was designed for the
synthesis of biomimetic models for nickel-
containing superoxide dismutase. In addition to
studies with nickel salts, reactions were per-
formed with copper and zinc for comparison.
Upon mixing of equimolar amounts of Cu(acac)2
(Hacac is acetylacetone), the ligand HL, and
HBF4 in acetonitrile at room temperature, we
obtained a yellow-colored solution, in which as
expected the thiolate-containing ligand was
oxidized by the copper(II) ion. The solution was
analyzed with positive-ion electrospray ioniza-
tion mass spectroscopy (ESI-MS); a prominent
signal at mass/charge (m/z) ratio of 335.91
showed an isotopic distribution envelope match-
ing that calculated for the dinuclear copper(I)
complex [1]2+ (Fig. 1) (23). This complex [1]2+

can also be synthesized by the reaction of the
preoxidized disulfide ligandwith two equivalents
of [Cu(CH3CN)4]BF4 in dry acetonitrile. This
yellow-colored solution turned greenish-blue
upon exposure to air; over the course of 3 days
crystals formed, which we isolated in 72% yield
and analyzed by x-ray diffraction. We observed a
tetranuclear copper(II) structure [CuII2(L-L)(m-
oxalato-k4O1,O2:O3,O4)]2(BF4)4 {[2](BF4)4,
Fig. 1}, with bridging oxalate anions that must
originate from CO2 in the air. A positive-ion ESI-
MS spectrum acquired from the acetonitrile
solution is consistent with this molecular struc-

1Leiden Institute of Chemistry, Gorlaeus Laboratories, Leiden
University, Post Office Box 9502, 2300 RA Leiden, Netherlands.
2Bijvoet Center for Biomolecular Research, Crystal and Struc-
tural Chemistry, Utrecht University, Padualaan 8, 3584 CH
Utrecht, Netherlands.

*To whom correspondence should be addressed. E-mail:
bouwman@chem.leidenuniv.nl

Fig. 1. Schematic overview of the formation and reactivity of the complexes [1]2+, [2]4+, and [3]4+. Cu,
brown; N, blue; S, yellow; O, red; Cl, green; C, black. BF4 anions, solvent molecules, and hydrogen atoms are
omitted for clarity. Selected (average) bond lengths (Å) for [2]4+: Cu–Oeq, 1.963(2); Cu–Oax, 2.283(2); Cu–
Npy, 1.991(2); Cu–Namine, 2.026(2); S1–S2, 2.0423(16); Cu1⋅⋅⋅S1, 2.9837(12); Cu2⋅⋅⋅S2, 2.9731(12);
Cu1⋅⋅⋅Cu2, 5.3205(6); Cu1⋅⋅⋅Cu2i, 5.4295(6). Selected (average) bond lengths (Å) for [3]4+: Cu1–Cl1i

2.2479(6); Cu2–Cl2 2.2440(7); Cu1–Cl1 2.8589(6); Cu–Npy, 1.984(1); Cu–Namine, 2.052(2); S1–S2,
2.0388(11); Cu1⋅⋅⋅S1, 3.0036(9); Cu2–S2, 2.7343(7); Cu1⋅⋅⋅Cu1i, 3.5677(5); Cu1⋅⋅⋅Cu2, 6.1248(4).
Symmetry operation i; 1 – x, 1 – y, 1 – z. Estimated standard deviations in the last digits are given in
parentheses. Further details are provided in (23).
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ture, showing a prominent signal atm/z of 379.35
(figs. S9 and S10). We thus found that the initial
Cu(I) complex is oxidized by CO2 rather thanO2.
Indeed, purging carbon dioxide into a solution
of complex [1]2+ results in the formation of the
tetranuclear oxalate-bridged complex [2]4+, which
was fully characterized by Fourier transform
infrared spectroscopy (FT-IR), ESI-MS, and ele-
mental analysis. That carbon dioxide is the or-
igin of the oxalate dianion was proven with the
use of 13CO2; the resulting copper(II) complex
showed a signal atm/z of 381.06 (fig. S11). The
reaction of [1]2+ in an O2 atmosphere under
strict exclusion of CO2 resulted in a deep green
solution containing a copper(II) compound with
a molecular ion peak at m/z = 361.16 in posi-
tive ion ESI-MS that is consistent with the ex-
pected dihydroxo complex of molecular formula
[CuII(L-L)CuII(m-OH)2(H2O)]

2+(fig. S12).
In the solid state, [2]4+ consists of a cyclic

centrosymmetric dimer of two dinuclear moieties
bridged by two oxalato dianions (fig. S13). Each
dinuclear moiety consists of two crystallograph-
ically independent copper(II) ions. The two
copper(II) ions within the asymmetric unit bind
to the same disulfide ligand and are separated by
5.3205 T 0.0006 [5.3205(6)] Å. The copper ions
are situated in square-pyramidal environments,
with the three nitrogen donors of themeridionally
coordinated dipicolylamine unit occupying three
corners of the basal plane. One of the oxygens
from the bridging oxalato dianion is situated at the
fourth corner of the basal plane, with another oxy-
gen from the same oxalato dianion occupying the
apical position. However, for both copper ions one

of the disulfide sulfur atoms can be regarded as a
sixth ligand at meaningful axial distances of
2.9837(12) and 2.9731(12) Å. (Further parameters
are provided in table S1.)

In an attempt to crystallize the original com-
plex [1]2+, chloroform was let to diffuse into the
initial reaction mixture containing the copper(I)
complex in an argon atmosphere. Interestingly,
this yielded the unexpected tetranuclear com-
pound [ClCuII(L-L)CuII(m-Cl)]2(BF4)4 {[3](BF4)4,
Fig. 1} with bridging and terminal chloride anions
that can only originate from chloroform (24). The
solid-state structure of [3]4+ was obtained by x-ray
diffraction from a blue crystal of [3](BF4)4. The
molecular structure of [3]4+ is confirmed by a
positive-ion ESI-MS spectrum of the compound
acquired from acetonitrile solution, which shows
a prominent signal atm/z = 370.71 (figs. S14 and
S15). Complex [3]4+ is a linear centrosymmetric
dimer of two dinuclear moieties bridged by two
chloride anions (figs. S16 and S17). The two
copper(II) ions within the asymmetric unit are
bound to the same disulfide ligand and are sep-
arated by 6.1248(4) Å. The copper ions in [3]4+

are situated in pentacoordinate environments
resembling those in complex [2]4+; the thioether
sulfur and the chloride donors replace the oxalato
oxygen donors in [2]4+.

Inspired by this finding, we explored whether
complex [2]4+ could be converted to this chloride
complex [3]4+ by treatment with HCl, in the
process liberating the CO2-derived oxalic acid.

Addition of four equivalents of hydrochloric
acid to an acetonitrile solution of [2](BF4)4 indeed
leads to elimination of oxalic acid with concurrent

formation of [3](BF4)4 as confirmed by ESI-MS and
elemental analysis. The electrochemical reduction
of [3](BF4)4 occurs at the cathodic peak potential
(Epc) of +0.06VversusNHE (fig. S18), producing
a copper(I) complex that selectively produces
complex [2]4+ upon reaction with CO2. This result
stimulated us to explore the possibility of using the
copper/disulfide-ligand system as an electrocata-
lyst for the selective reduction of CO2.

To that end, we undertook electrochemical
reduction of complex [3]4+ by using controlled
potential coulometry and monitored the process
by using electronic absorption spectroscopy. The
copper complex [3](BF4)4 (0.9 g, 0.5 mmol) was
dissolved in 100 ml of 0.1 M tetrabutylammo-
nium hexafluoridophosphate in acetonitrile; the
solution was then reduced at +0.03 V versus
NHE. A current dropwas observed after 195C of
charge was passed, the quantity expected for a
one-electron reduction of each copper ion. The
disappearance of the characteristic d-d transition
band (~670 nm) of [3]4+ during electrolysis con-
firmed the formation of a copper(I) species (fig.
S19). The resulting yellow-colored solution was
shown by ESI-MS to contain the dinuclear
copper(I) complex [1]2+ (fig. S20). The cyclic
voltammogram of this solution showed a revers-
ible oxidation process at the anodic peak poten-
tial (Epa) of +0.81 V versus NHE (fig. S21).

Bubbling carbon dioxide into this solution
turned the color greenish-blue, indicating the for-
mation of complex [2]4+ as confirmed by ESI-MS
analysis of the solution. The cyclic voltammo-
gram of [2]4+ produced in this reaction sequence
was identical to that of the independently
synthesized and isolated [2]4+ and showed an
irreversible reduction process at –0.03 V versus
NHE (fig. S22). The bulk electrolysis experiment
was then repeated under the same conditions but
with use of lithium perchlorate as the supporting
electrolyte in a CO2-saturated acetonitrile solution.
These conditions resulted in the precipitation of
lithiumoxalate as the generated copper(I) complex
spontaneously reacted with the CO2 available in
the solution to form oxalate (fig. S23). In order to
quantify the selectivity of our electrocatalyst, we
halted electrolysis after passing 195 C of charge
(the charge expected for a one-electron reduction
of each copper ion), purged the solution with CO2,
and removed the lithium oxalate precipitate by
filtration under an argon atmosphere. The 24-mg
(0.24-mmol) yield of lithium oxalate [as con-
firmed by ESI-MS spectrometry, nuclear magnetic
resonance (NMR), and FT-IR spectroscopy, figs.
S24 and S25] corresponded to nearly quantitative
current efficiency (96%) for formation of the
desired product. The remaining blue-colored solu-
tion was shown to contain the dinuclear copper(II)
complex [(CH3CN)Cu

II(L-L)CuII(CH3CN)]
4+ [4]4+

as characterized byESI-MS spectrometry (fig. S26).
We proceeded to saturate this solution with argon
to remove the remaining CO2 and then subjected it
to a second electrolysis run; 185 C of charge was
consumed before the current dropped, indicating re-
generation of nearly 95% of the copper(I) complex.

Fig. 2. Formation of [4]4+

from [2]4+ or [3]4+.

Fig. 3. Proposed electrocatalytic cycle for oxalate formation.
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Both complexes [2]4+ and [3]4+ upon mixing
with LiClO4 in acetonitrile yield [4]4+ as con-
firmed by ESI-MS spectrometry (Fig. 2 and figs.
S27 and S28). Therefore, in another attempt to
use the complex [2]4+ as an electrocatalyst in this
reaction, the electrochemical cell containing an
acetonitrile solution of complex [2]4+ and lithium
perchlorate (as supporting electrolyte) was stirred
to precipitate all the available oxalate. Then the
solution was electrolyzed at –0.03 V versus NHE
with continuous purging of CO2. The consump-
tion of current continued linearly for more than
3.3 hours, consuming three equivalents of charge
(12 electrons) per four copper ions, with concur-
rent crystallization of lithium oxalate. Thereafter,
the rate of the reaction gradually decreased as the
crystallized lithium oxalate started to cover the
electrode surface, thereby hampering electron
transfer (fig. S29). In total, the electrocatalysis
could be extended for more than 7 hours, with
consumption of 6 equivalents of charge (24 elec-
trons) and generating 12 equivalents of oxalate per
molecule of [2]4+.

We have thus devised an electrocatalytic sys-
tem based on a copper coordination compound
that is able to activate and convert CO2 selec-
tively into oxalate at readily accessible potentials,
in the simple but very effective catalytic cycle
shown in Fig. 3. The finding that a copper(I)
system is oxidized by CO2 rather than O2 implies
that the selective binding of CO2 to the copper(I)
ions offers a low-energy pathway for the forma-
tion of the CO2

•– radical anion. The copper(II)
oxalate complex [2]4+ is thermodynamically
favored; the binding of CO2 to the Cu(I) centers
in [1]2+ and the formation of oxalate appears to
be highly selective and relatively rapid. Because

of the low solubility of lithium oxalate in aceto-
nitrile, the release of the oxalate dianion from [2]4+

in the presence of lithium perchlorate is instan-
taneous, generating the complex [4]4+. Therefore,
for the current system the electrocatalytic reduc-
tion of the copper(II) ion to copper(I) appears to
be rate-limiting. The precipitation of the lithium
oxalate formed during the reaction onto the elec-
trode surface hampers efficient electron transfer.
Tuning the redox potential of the copper complex
by altering the ligand structure with a variety of
substituents, immobilization of the complex onto
the electrode surface, and improved methods for
the removal of oxalate may result in improved
efficiency of the catalytic system.We believe that
our studies will instigate further development of
coordination complexes for catalytic CO2 seques-
tration, its selective conversion and use as fuels
such as methanol or as feedstock in the synthesis
of useful organic compounds.

References and Notes
1. T. Reda, C. M. Plugge, N. J. Abram, J. Hirst, Proc. Natl.

Acad. Sci. U.S.A. 105, 10654 (2008).
2. M. Aresta, A. Dibenedetto, Dalton Trans. 2007, 2975 (2007).
3. D. P. Schrag, Science 315, 812 (2007).
4. T. Sakakura, J. C. Choi, H. Yasuda, Chem. Rev. 107, 2365

(2007).
5. C. S. Song, Catal. Today 115, 2 (2006).
6. S. Youngme, N. Chaichit, P. Kongsaeree, G. A. van

Albada, J. Reedijk, Inorg. Chim. Acta 324, 232 (2001).
7. G. A. van Albada, I. Mutikainen, O. Roubeau, U. Turpeinen,

J. Reedijk, Inorg. Chim. Acta 331, 208 (2002).
8. J. Notni, S. Schenk, H. Görls, H. Breitzke, E. Anders,

Inorg. Chem. 47, 1382 (2008).
9. B. Sarkar, B. J. Liaw, C. S. Fang, C. W. Liu, Inorg. Chem.

47, 2777 (2008).
10. B. Verdejo et al., Eur. J. Inorg. Chem. 2008, 84 (2008).
11. J. M. Chen, W. Wei, X. L. Feng, T. B. Lu, Chem. Asian J. 2,

710 (2007).

12. A. Company et al., Inorg. Chem. 46, 9098 (2007).
13. R. P. Doyle et al., Dalton Trans. 2007, 5140 (2007).
14. M. Fondo, A. M. García-Deibe, N. Ocampo, J. Sanmartín,

M. R. Bermejo, Dalton Trans. 2007, 414 (2007).
15. B. Verdejo et al., Inorg. Chem. 45, 3803 (2006).
16. R. Johansson, M. Jarenmark, A. F. Wendt,

Organometallics 24, 4500 (2005).
17. E. García-España, P. Gaviña, J. Latorre, C. Soriano,

B. A. Verdejo, J. Am. Chem. Soc. 126, 5082 (2004).
18. H. J. Himmel, Eur. J. Inorg. Chem. 2007, 675 (2007).
19. E. E. Benson, C. P. Kubiak, A. J. Sathrum, J. M. Smieja,

Chem. Soc. Rev. 38, 89 (2009).
20. J. M. Savéant, Chem. Rev. 108, 2348 (2008).
21. C. Amatore, J. M. Savéant, J. Am. Chem. Soc. 103, 5021

(1981).
22. Y. Kushi, H. Nagao, T. Nishioka, K. Isobe, K. Tanaka,

J. Chem. Soc. Chem. Commun. 1995, 1223 (1995).
23. Synthesis and characterization details are provided as

supporting material on Science Online.
24. A similar reactivity of coordination complexes with

chloroform has been observed and reported before; see,
for example, (25).

25. I. M. Angulo et al., Eur. J. Inorg. Chem. 2001, 1465
(2001).

26. This work was supported by the Leiden Institute of
Chemistry. X-ray crystallographic work was supported
(M.L. and A.L.S.) by the Council for the Chemical Sciences
of The Netherlands Organization for Scientific Research
(CW-NWO). J. Reedijk and M. T. M. Koper are gratefully
acknowledged for stimulating discussions. P.B. (Ithaca
College, New York) was involved in the project through a
summer exchange program. Crystallographic data for
[2](BF4)4 and [3](BF4)4 have been deposited with the
Cambridge Crystallographic Data Center under reference
numbers 717726 and 717727.

Supporting Online Material
www.sciencemag.org/cgi/content/full/327/5963/313/DC1
Materials and Methods
SOM Text
Figs. S1 to S30
Tables S1 and S2
References

19 June 2009; accepted 25 November 2009
10.1126/science.1177981

Ligand-Enabled Reactivity and
Selectivity in a Synthetically Versatile
Aryl C–H Olefination
Dong-Hui Wang, Keary M. Engle, Bing-Feng Shi, Jin-Quan Yu*

The Mizoroki-Heck reaction, which couples aryl halides with olefins, has been widely used to stitch
together the carbogenic cores of numerous complex organic molecules. Given that the position-
selective introduction of a halide onto an arene is not always straightforward, direct olefination of
aryl carbon-hydrogen (C–H) bonds would obviate the inefficiencies associated with generating
halide precursors or their equivalents. However, methods for carrying out such a reaction have
suffered from narrow substrate scope and low positional selectivity. We report an operationally
simple, atom-economical, carboxylate-directed Pd(II)-catalyzed C–H olefination reaction with
phenylacetic acid and 3-phenylpropionic acid substrates, using oxygen at atmospheric pressure as
the oxidant. The positional selectivity can be tuned by introducing amino acid derivatives as
ligands. We demonstrate the versatility of the method through direct elaboration of commercial
drug scaffolds and efficient syntheses of 2-tetralone and naphthoic acid natural product cores.

Unactivated carbon–hydrogen (C–H) bonds
are among the simplest andmost common
structural motifs in naturally occurring

organic molecules, and, as such, they are ideal

targets for chemical transformations. Although
C–H bonds are generally unreactive, during the
past several decades transition metal catalysis has
emerged as an effective means of converting unac-

tivated C–H bonds into carbon–heteroatom and
carbon–carbon (C–C) bonds (1–5). This technol-
ogy has proven to be valuable in natural products
synthesis, where several distinct C–H function-
alization strategies have been exploited (6–12).

Traditionally, C–C bonds between aryl and
olefinic fragments have been forged through the
Pd-catalyzed Mizoroki-Heck reaction, which
couples aryl halides or triflates with olefins
(Fig. 1A). Considering the prominence of this
transformation in organic synthesis (13), Pd-
catalyzed olefination of aryl C–H bonds has the
potential to emerge as a powerful platform for
more direct access to carbogenic cores of com-
plex molecules (Fig. 1, A and E), particularly in
cases in which the position-selective introduction
of a halide is problematic. However, the few
pioneering examples of Pd-catalyzed C–H olefi-
nation in total synthesis to date are restricted to
specific cases, generally including electron-rich
heterocycles, such as indoles and pyrroles, and/or

Scripps Research Institute, 10550 North Torrey Pines Road,
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ABSTRACT Worldwide green house effect caused by
the significant release of carbon dioxide owning to
fossil fuel combustion demands effective measures to
lower down the concentration of carbon dioxide in
our living environment. A considerable researches
focusing on the conversion of carbon dioxide has
been done. This article generally reviews several
earlier trials of carbon dioxide conversion and
introduces a new electrocatalytic way to reduce
carbon dioxide to oxalate using a copper/disulfide
complex. The reduction process is highly selective,
effective and costs fewer energy input compared to
most process reported before. Cyclic voltammogram
is used to study the reduction qualitatively and
potential coulometry is use to study the reduction
quantitatively.

The tremendous emission of carbon dioxide (CO2) due to the
major reliance of fossil fuel combustion causes the global
warming during the past few decades. Capturing CO2 from form
the atmosphere and then exploiting it as stock chemicals is a good
strategy to mitigate the climate change while at the same time
generating fuel resources. The biggest obstacle to transform CO2

into useful chemicals is its low energy level as raw material1-4.
Extensive efforts to activate CO2 chemically have been made.
Few research groups use transition metal complexes, especially
copper5-12， zinc11,13,14, and nickel15 to convert CO2 to carbonate
(CO32-) salts, which is a helpful way to undergo CO2 fixation. One
group had synthesized a Pd complex which is reactive toward
CO2 insertion16. A carbamylation produced by atmospheric CO2

assisted by a complexed metal ion and amino groups in the
environment17 and a formation of carbamate molecules by
reaction of amides of main group elements (such as Li or Mg)
with CO2 18 are also reported.

Compared to stoichiometrically binding CO2, reducing CO2 to
industrial significant products such as CO, methanol,
formaldehyde, formic acid and oxalic acid is more meaningful but
challenging. People tried to perform direct electrochemical
reduction of CO2 on various metal elctrodes19. This is, however,
considered not a practical strategy. Because according to the
equilibrium potentials in water for a series of CO2 reductions and
their variations with pH shown in Figure 1, the reduction in
neutral system could happen only if extra electrical energy is put
in. Furthermore, the fact is even more disappointing since the
reduction process of CO2 requires to form CO2

•- radical anion as
an early step, and the standard potential for the formation of the
anion radical CO2•- is -1.90 V vs SCE in water, which means to
overcome a great overpotential owing to the kinetic barrier caused
by the large HOMO-LUMO gap in the molecule.19 The
electrochemical reduction of CO2 catalyzed by metal complexes
has attracted continuous attention over past decades because they

help to mediate CO2 reduction at less negative potentials20. From
Figure.1, it is obvious that the reduction potential to CO and
HCOO- is relatively less negative in a neutral system. So early
researches are mainly focused on producing CO or HCOO- using
transition metal, such as Rh21, Co22 and Ru23 catalysts. Later
growing interest is put in catalyzing the electrochemical reduction
of CO2 accompanied by C-C bond formation. Not only first row
metal complexes are reported to be active electrocalaysts, for
example following a series Ni-dppm-Ligand clusters have been
studied24, a PVA/[Ni(dppm)2Cl2]-coated Pt electrode was reported
to electrocatalyse CO2 reduction to oxalate at -1.1V vs SCE25, but
also a rhodium disulfide complex assisted oxalate formation at -
1.50V vs SCE with a 60% current efficiency26 and a iridium
disulfide complex catalysed oxalate formation at -1.30V (vs
Ag/AgCl) with a nearly 60% current efficiency.27

Figure 1. CO2 reduction standard potential vs. pH .

The above listed researches were all done decades ago and
facing a major problem of not able to lower the external electrical
energy input during the reduction process to a readily accessible
one. Nevertheless, several practical experiences are provided with
respect to improve the favorability of the conversion of CO2 into
oxalate. First, the studies reveal that metal-disulfide clusters have
good selectivity of producing oxalate in the electrochemical CO2

reduction. This is probably due to the a strong interaction between
S22- and the metal centers, which tends to remove electron density
from the S-S π* antibonding orbitals toward metal d orbitals. This
assists metals to dump electron density to CO2 during redox
process, meanwhile leading to a strengthened S-S bond which
lowers the overall molecule energy after the electron transfer
process. Second, the electrochemical processes all happen in
anhydrous conditions to exclude H+ ions, which favors a further
reduction of protonated CO2•- then forming products like formic
acid instead of oxalate. Third, to drive the reduction reaction of
CO2 to oxalate forward, keeping removing the forming oxalate
out of the reaction system is helpful. One can manage to do that



with the usage of chemicals that can produce oxalate containing
precipitate.
In this paper, the group has developed a new electrocatalytic

cycle of high selective CO2 to oxalate reduction by a copper
complex at much less negative potential than former researches.
The reductive copper(I) complex [1]2+(Figure. 2) was prepared by
mixing of a HL ligand(Figure. 3) with one equivalent of Cu(acac)2
(Hacac is acetylacetone) and HBF4 in acetonitrile. [1]2+ was
characterized with positive-ion electrospray inoization mass
spectroscopy (ESI-MS). When exposure the yielding solution to
air, it spontaneously captures and reduce CO2 while itself turning
to a tetranuclear copper(II) structure[2]4+(Figure. 2), which is fully
characterized by Fourier transform infrared spectroscopy, ESI-MS
and elemental analysis. The experiment to react the copper(I)
complex with pure O2 resulted in a totally different product from
that carried out in the air, which confirms a better reactivity with
CO2 over O2 of the compound. Adding four equivalents of
hydrochloric acid to an acetonitrile solution of [2](BF4)4 results in
another compound [3](BF4)4(Figure. 2) as confirmed by ESI-MS
analysis and elemental analysis. The discovery of [2]4+ will easily
eliminate the oxalate can be attribute to an unexpected formation
of crystal [3]4+ containing newly formed Cu-Cl bridging bonds in
the attempt to crystallize [1]2+ with chloroform. Conducting
electrochemical reduction of [3](BF4)4 at +0.03V to produce the
initial [1]2+ complex yields the expected result confirmed by ESI-
MS analysis.

Figure 2 Schematic overview of the formation and reactivity of the
complexes [1]2+, [2]4+(consists tow dimers), and [3]4+. Each dimer in [2]4+
consists two copper(II) ions situated in square-pyramidal environments
with three N and one O(from the oxalate) donors on the basal plane and
one O(another from the oxalate) at the apical position.

Figure 3 [N-(2-mecaptopropyl-N,N-bis(2-pyridylmethyl)amine], ligand.

The cyclic voltammongrams of the copper(II) complex [3]4+ and
the oxalate containing copper(II) structure [2]4+is showed in

Figure 4. In The cyclic voltammogram of complex[3]4+ showed a
cathodic peak current of Cu2+/+ at +0.06V vs SCE indicating the
close of a complete redox circle of the copper/disulfide-ligand
electrocatalyse CO2 reduction system. Besides, the cyclic
votammogram of complex[2]4+ showed a irreversible reduction
process at -0.03V vs SCE indicating that the C2O4

2- anion falls
apart when copper is reduced, which provide a potential prospect
to realize the redox circle that an apt method is need to remove the
releasing C2O42- thus providing a driving force of the whole redox.

Figure 4. The cyclic voltammograms(measured in identical condition) of
complex[3]4+ (left) and complex[2]4+ (right).

Therefore, the design of the redox cycle is revised by the
induction of lithium perchlorate into the system. Firstly, the salt
solution supports the electrolyte in the CO2-saturated acetonitrile
solution. Secondly, Li+ and ClO4

2-'s reduction potential do not fall
into the range of the potential applied for the electrochemical CO2

reduction. Thirdly, Li2ClO4 as a precipitate lowers the
concentration of the reduction product, thus contributes to the
thermodynamic favorability of the reduction. Forth, the knowing
the solid weigh helps to quantify the reaction, due to which a
measurement of current efficiency and catalyst regenerate
percentage is conducted using controlled potential coulometry.
The corresponding results indicate a 96% current efficiency in this
conversion which is much more improved compared to historical
reseaches26-27. In addition, a 95% regeneration of copper(I)
complex shows a minor consumption of the catalyst. The
practicality of this CO2 reduction cycle can be reflected by the
success of more than 7 hours' electrocatalysis experiment. Herein,
a proposed electrocatalytic mechanism of the CO2 conversion is
showed in Figure 5.

Figure 5. A possible electrocatalytic mechanism for oxalate formation.

N
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The high selectivity and reaction efficiency can be interpreted
from the follow aspects. Metal complexes show great advantage
to mediate CO2 reduction at less negative potentials. The electron
transfer process accompanies with the Cu-O bonds formation and
break, which follows the inner-sphere electron transfer
mechanism. The exchange of ligand determines the rate of inner
sphere electron transfer. Cu(I) has a d10 electron configuration,
which is labile and favors fast reaction. The disulfide part of the
ligand is very electron rich and tend to push electron density
toward Cu which is also electron rich and further helps to donate
electron to CO2. Meanwhile, the low solubility of lithium oxalate
assists the breakage of Cu-O bonds and moves the equilibrium
toward reducing more CO2 to oxalate. These effects add up
together result in a lower barrier of forming metal-carbon dioxide
radical anion intermediate and improves the reaction rate, also
cuts down the consumption of additional energy input.
The new electrocatalytic method developed in this paper makes

a great leap forward in the whole development of the
electrochemically reduce carbon dioxide. It not only performs an
extraordinary high selectivity and great thermodynamic
favorablity of CO2 reduction over O2 in atmosphere by using
commonly used copper complex, and using a much less negative
potential to accomplish the reduction cycle, but also improves the
current efficiency to a significant extent. It gives the industrial
application of the carbon dioxide conversion a promising future.
Nevertheless, the system still carries some inherent shortages with
respect to the reduction rate. Since the rate of reduction of CO2

gradually slowed due to the deposition of solid lithium oxalate on
the electrode, a low cost method for the clearance of the
precipitate on the electrode or a better way for the removal of
oxalate need to be invested efforts on. In addition, this study
provides us a vision of designing metal complexes ahead target on
different reduction missions of the carbon dioxide. Researches can
be focused on trying other metals or altering the ligand structure
with various substituents to improve the function of the catalyst
or develop a practical way to convert carbon dioxide to other
useful organic fuels.
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longitudes; in panels B and C, obtained just 6

days apart, the ring appears to be consistently

brightest at longitudes leading (to the right of)

Portia, which can be identified in the figure as

R2’s bright interior neighbor. If R2 arises from

a belt of macroscopic bodies, then the brighter

clumps might be transient phenomena arising

when embedded parent bodies collide; a similar

process is believed to be at work in Saturn’s

clumpy F ring (18–21).

Discussion. Dynamical simulations of the

closely packed inner uranian moons reveal that

they will perturb each other into crossing orbits

at million-year time scales (3). The discovery

of Cupid orbiting so close to Belinda substan-

tially exacerbates the stability problem (22).

Our new findings provide a clearer picture of

this rapidly and chaotically evolving system.

The largest moons show orbital changes with-

in decades; these subtle variations can, over

time, lead to orbital collisions and disruptions.

So close to the Roche limit, one might expect

to find one or more debris belts within this

evolving system; R2 is likely to be one such

example. Mab and R1 are distant enough to be

unaffected by the dynamical turmoil within

the Portia group, but the mysterious orbital

variations of Mab suggest that it may play a

part in the underlying interactions. It is as yet

unclear whether related phenomena are at

work within Uranus’s main ring system.

The rings and smallermoons listed in Tables 1

and 2 have probably changed quite substantially

since the time of the dinosaurs, and perhaps even

since the time of the Roman Empire. Uranus

does not host a swarm of independent moons and

rings, but instead features a closely coupled dy-

namical system that rivals the other known ring-

moon systems in its subtlety and complexity.
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Electrodes with High Power
and High Capacity for
Rechargeable Lithium Batteries
Kisuk Kang,1 Ying Shirley Meng,1 Julien Bréger,2 Clare P. Grey,2 Gerbrand Ceder1*

New applications such as hybrid electric vehicles and power backup require rechargeable batteries
that combine high energy density with high charge and discharge rate capability. Using ab initio
computational modeling, we identified useful strategies to design higher rate battery electrodes
and tested them on lithium nickel manganese oxide [Li(Ni0.5Mn0.5)O2], a safe, inexpensive material
that has been thought to have poor intrinsic rate capability. By modifying its crystal structure, we
obtained unexpectedly high rate-capability, considerably better than lithium cobalt oxide (LiCoO2),
the current battery electrode material of choice.

R
echargeable Li batteries offer the high-

est energy density of any battery tech-

nology, and they power most of today_s
portable electronics. Although most electronics

require only moderately high charge/discharge

rates, newer applications, such as regenerative

braking in hybrid electric vehicles (HEVs), power

backup, and portable power tools, require both

high energy and high power density (i.e., the

ability to charge and discharge very fast), which

has been difficult to accomplish with Li batteries.

Cathode electrodes in rechargeable Li batteries

store Liþ and electrons by the concurrent inser-

tion of Liþ in a crystal structure and the reduc-

tion of a transition-metal ion (1). Good electrode

materials therefore have high reversible storage

capacity for Li (to obtain long battery life per

unit weight or volume of the battery) and rapid

solid-state Liþ and electron transport. Reason-

able charge/discharge times require that, at room

temperature, Liþ ions can diffuse over microme-

ter distances in a matter of an hour (minutes for

HEV technology). Hence, materials with very fast

Li diffusivity are needed to produce batteries ca-

pable of satisfying high power demands in new

applications. In this report, we use ab initio com-

putational modeling to identify the basic energy

barrier that limits Liþ-ion hopping in a prototyp-

ical layered electrode structure and use the

insights gained from these calculations to syn-

thesize a material with substantially better rate

capability.

Many current (e.g., LiCoO
2
in today_s bat-

teries) and potential intercalation electrodes

have the layered structure shown in Fig. 1A,

consisting of layers of transition-metal cations

separated from Li layers by oxygen. In this

structure, Li is coordinated octahedrally by oxy-

gens but diffuses from site to site by hopping

through intermediate tetrahedral sites (Fig. 1B)

(2). Previous work has identified the tetrahedral

site as being close to the maximum-energy po-

sition along the path between octahedral sites

(3). Because Li hops require thermal energy

fluctuations, the hopping rate decreases expo-

nentially with the energy of the activated state,

and small reductions in this activation energy

can lead to substantial improvement of the Li

diffusion and of the rate at which an electrode

can be charged or discharged. At room temper-

ature, a reduction of activation energy of only

57 meV increases the rate of Li migration by a

factor of 10 Eexp(–57 meV/kT) È 10^. The en-

ergy required for a Liþ ion to cross the activated

1Center for Materials Science and Engineering and De-
partment of Materials Science and Engineering, Massa-
chusetts Institute of Technology, 77 Massachusetts Avenue,
Cambridge, MA 02139, USA. 2Department of Chemistry,
State University of New York, Stony Brook, NY 11794–
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state is likely to depend on the size of the

tetrahedral site (strain effect) as well as on the

electrostatic interaction between Liþ in the ac-

tivated state and the transition-metal cation di-

rectly below it (Fig. 1B). Hence, a strategy to

increase Li diffusivity should focus on reducing

these two contributions to the activation energy.

Using ab initio calculations performed in the

generalized gradient approximation to density

functional theory (GGA DFT), we can gauge the

effect of both the strain and electrostatic con-

tributions to the activation energy. The table in

Fig. 1B shows the calculated energy for a Liþ

ion in the tetrahedral site with various other cat-

ions in the face-sharing octahedron adjoining it.

Clearly, a low-valent transition metal such as

Ni2þ is beneficial to the Li diffusion. The reduc-

tion from Co3þ (currently used) to Ni2þ leads

to a hopping rate that is higher by a factor of

54 EÈexp(100 meV/kT)^. Hence, a material

such as Li(Ni2þ
0.5
Mn4þ

0.5
)O

2
, in which half the

Liþ-activated states come in contact with Ni2þ,
should have substantially higher Li diffusivity at

the early stage of charging than the currently used

battery material LiCoO
2
, in which all the path-

ways are in contact with Co3þ. Because the

number of high-rate pathways is well above the

percolation limit, the presence of low-rate path-

ways (in contact with Mn4þ) in LiNi
0.5
Mn

0.5
O
2

should not substantially reduce the Li diffusivity.

It is expected that the benefit of Ni2þ is no-

ticeable until the charging level is so high that

the Ni2þ pathways do not percolate anymore.

LiNi
0.5
Mn

0.5
O
2
is fundamentally different

from the currently used electrode material,

LiCoO
2
, in which Co can only exchange one

electron, and removal of all Li leads to an un-

stable material containing only highly oxidized

Co4þ ions. In comparison, the transition-metal

layer in Li(Ni
0.5
Mn

0.5
)O

2
is bifunctional, with

Ni2þ acting as a double redox-active center (4–7)

and Mn4þ providing stability to the host struc-

ture (8). Although the distinctive electronic prop-

erties of Li(Ni
0.5
Mn

0.5
)O

2
have been shown

to result in high battery capacity for this material

at very low charge/discharge rates (4, 5, 9, 10),

this capacity advantage over current electrode

materials completely disappears at commer-

cially interesting rates, in apparent contradiction

to the predictions made based on the calculations

(Fig. 1B). Our calculations were performed for

materials with an ideal layered structure. How-

ever, in all Li(Ni
0.5
Mn

0.5
)O

2
materials synthe-

sized thus far, perfect separation between Li and

transition-metal cations into alternating layers

could not be achieved, with all materials exhib-

iting 8 to 12% exchange of Li and Ni (4, 5, 9, 10).

Calculations were, therefore, performed to explore

the effect of Li/Ni site exchange on the Li mo-

bility. Figure 2 shows ab initio computations of

the activation energy as a function of the distance

between the oxygen layers on each side of the

plane of Liþ ions (Fig. 2). As this layer-to-layer

distance grows, the space in the activation site

increases. It is clear that more space between these

oxygen layers substantially reduces the activation

energy for Li motion. These calculations also

clearly point to the Li/Ni disorder as the reason

Li(Ni
0.5
Mn

0.5
)O

2
has not yet lived up to its high

rate potential. The solid lines show the calculated

O-O interlayer spacing for a material with 8.3% of

Li-Ni site disorder. The dashed lines give the

equivalent spacing for a hypothetical material with

no Li/Ni disorder. Our calculations indicate that

the Li slab space reduces from 2.64 to 2.62 )
when 8.3% of transition metal is present in the Li

layer. Li motion is so sensitive to the spacing

between oxygen layers that this very small change

(È0.02 )) results in a 20- to 30-meV increase in

the activation barrier. More important, Li/Ni dis-

order greatly limits the opening of the Li slab

space upon delithiation (i.e., on charging the bat-

tery). The Li slab space expands during the early

stages of delithiation as a result of the removal

of O2–-Liþ-O2– bonds across the slab, leading to

faster Li motion. Whereas the Li slab space in-

creases from 2.64 to 2.74 ) in a perfect layered

system, calculations indicate that it only increases

from 2.62 to 2.69 ) when 8.3% Ni ions are

present in the Li layer. These observations clearly

indicate that the diffusivity of Li should be great-

ly improved by reducing the Li/transition-metal

(Ni) exchange in Li(Ni
0.5
Mn

0.5
)O

2
, a fact that has

already been noticed experimentally in LiNiO
2

and LiTiS
2
compounds (11, 12).

Although Li-containing materials prepared

through traditional high-temperature synthesis

routes contain substantial Li/Ni disorder and are,

therefore, unlikely to be high-rate electrodes, better

ordering can be expected in Na(Ni
0.5
Mn

0.5
)O

2

because the larger size difference between Naþ

and Ni2þ or Mn4þ creates a larger driving force

for separating the alkali ions and the transition-

metal ions in discrete layers. We have previously

shown that the driving force for layering is likely

to be increased if a larger ion, such as Naþ, is
used instead of Liþ because of the increased size

mismatch between Naþ and transition-metal ions

such as Ni2þ (13). Na compounds can be trans-

Fig. 1. (A) The structure of Li(Ni0.5Mn0.5)O2 consists of layers of transition
metal (Ni and Mn) separated from Li layers by oxygen. In materials made
by a conventional high-temperature synthesis, partial exchange of Li and
Ni ions is always observed, which contracts the space through which Li
can move. (B) Li moves from one octahedral site to another by passing

through an intermediate tetrahedral site where it encounters strong
repulsion from a nearby transition-metal cation. The table shows the
activation barrier for Li motion for various transition metals near the
activated state. Values were calculated by GGA DFT for various chemistries
and Li contents.

Fig. 2. Calculated activation barrier for Li mi-
gration in Li(Ni0.5Mn0.5)O2 as a function of the Li
slab space. Triangles and circles represent the ac-
tivated state that face-shares with Ni and Mn,
respectively. The activation barriers have been
calculated for a hypothetically perfect layered sys-
tem, for a system with 8.3% excess Ni present in
the Li layer without a change in the transition-
metal layer, and for a system with 8.3% Li-Ni
exchange.
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formed to well-layered Li compounds by ion

exchange of Naþ for Liþ (14–16). Ion exchange

is a soft chemical approach performed at rel-

atively low temperature so that only Naþ is re-

placed by Liþ, keeping the rest of the structure

intact. We have indeed obtained a well-layered

material with excellent performance by ion-

exchanging Li for Na in Na(Ni
0.5
Mn

0.5
)O

2
. De-

tails of the synthesis procedure are given in the

Supporting Online Material (17).

The x-ray diffraction (XRD) pattern of the

Li(Ni
0.5
Mn

0.5
)O

2
obtained by ion exchange

EIE-Li(Ni
0.5
Mn

0.5
)O

2
^ is shown in Fig. 3A. For

comparison, we also show Li(Ni
0.5
Mn

0.5
)O

2

synthesized through a conventional solid-state

reaction ESS-Li(Ni
0.5
Mn

0.5
)O

2
^. The refined

structural parameters for SS-Li(Ni
0.5
Mn

0.5
)O

2

are in good agreement with the literature

(4, 9, 10, 18–20). Noticeably, there is a sub-

stantial increase in the c-lattice parameter from

14.28 ) in SS-Li(Ni
0.5
Mn

0.5
)O

2
to 14.34 ) in

IE-Li(Ni
0.5
Mn

0.5
)O

2
. The c-lattice parameter

is perpendicular to the layers in the structure of

Fig. 1, and its increase signifies an increase in the

space around the Li layer. Defining the Li slab

space as the average distance between the oxygen

layers around the Li layer, the Li slab space in-

creases from 2.59 ) in SS-Li(Ni
0.5
Mn

0.5
)O

2
to

2.65 ) in IE-Li(Ni
0.5
Mn

0.5
)O

2
. Given the com-

putational results in Fig. 2, IE-Li(Ni
0.5
Mn

0.5
)O

2

should therefore have a substantially higher Li

diffusivity. The small quantitative disagreement

with the calculated slab spaces is typical for

modern ab initio approaches. No Na precursor

peaks are visible in the XRD, and only about

0.3 weight percent of Na could be detected by

inductively coupled plasma (ICP) measurement

in IE-Li(Ni
0.5
Mn

0.5
)O

2
, which implies that the

ion exchange of Na and Li is complete.

Rietveld refinement of the XRD gives

Li/Ni exchanges of 10.9% and 4.3%, respec-

tively, in the SS-Li(Ni
0.5
Mn

0.5
)O

2
and IE-

Li(Ni
0.5
Mn

0.5
)O

2
. Because the site occupancies

obtained by Rietveld refinement can be some-

what inaccurate as a result of preferential texture

of the sample, and when refining occupancies for

multiple cations on the same crystallographic site,

the Li/Ni exchange was independently verified by

solid state 6Li magic angle spinning nuclear

magnetic resonance (MAS NMR). Quantitative

analysis of the 1450–parts per million peak in the

NMR spectrum, which is known to correspond to

Li in a transition-metal site (21), reveals that Li-

Ni exchange is even lower, about 0.5% (17). This

suggests that our strategy to obtain a better lay-

ered structure with larger slab space is successful.

Electron microscopy revealed plate-shaped

crystals of about 1 mm for IE-Li(Ni
0.5
Mn

0.5
)O

2
,

whereas the SS-Li(Ni
0.5
Mn

0.5
)O

2
forms cubic

particles of about 0.5 mm (17). The anisotropic

shape of the crystallites offers further evidence for

the more layered structure of IE-Li(Ni
0.5
Mn

0.5
)O

2
.

Figure 3B shows the first charge and dis-

charge profiles of IE-Li(Ni
0.5
Mn

0.5
)O

2
and SS-

Li(Ni
0.5
Mn

0.5
)O

2
tested in an electrochemical

cell at a rate corresponding to fully charging the

theoretical capacity of the material in 20 hours

(C/20). Whereas the charge/discharge behavior

of IE-Li(Ni
0.5
Mn

0.5
)O

2
is very similar to that of

SS-Li(Ni
0.5
Mn

0.5
)O

2
below 4 V, the plateau at

4.3 V is more pronounced in IE-Li(Ni
0.5
Mn

0.5
)O

2
.

Because the 4.3-V plateau is observed at about

x 0 0.6 to 0.7 ELi
1–x

(Ni
0.5
Mn

0.5
)O

2
^, it could be

caused by Li-vacancy ordering (22). The ab-

sence of transition metals in the Li layer is like-

ly to enhance Li-vacancy ordering.

Figure 4A shows that, despite its larger parti-

cle size, the rate capability of IE-Li(Ni
0.5
Mn

0.5
)O

2

is superior to that of SS-Li(Ni
0.5
Mn

0.5
)O

2
. Al-

though the performance of the materials is

similar at low rates, IE-Li(Ni
0.5
Mn

0.5
)O

2
retains

much higher capacity at high rates than does SS-

Li(Ni
0.5
Mn

0.5
)O

2
. Even at a 6C rate (one charge

of 280 mAh/g in 10 min), IE-Li(Ni
0.5
Mn

0.5
)O

2

delivers a discharge capacity of 183 mAh/g.

There is no published data available for a rate as

high as 6C, but comparison with the best elec-

trochemical data published for this material so

far E135 mAh/g at a 397 mA/g rate (9)^ confirms

that we have developed a material with substan-

tially improved performance.

For practical applications, the trade-off be-

tween power (rate) and energy density is impor-

tant and is often represented in a Ragone plot

(Fig. 4B). Most Li-battery materials show a sub-

stantial decrease in specific energy as one draws

more current from them, making them less use-

ful in applications such as EV (electric vehicle),

HEV, and power tools, where high charge and

Fig. 3. (A) XRD patterns of SS-Li(Ni0.5Mn0.5)O2 (top) and IE-Li(Ni0.5Mn0.5)O2 (bottom). The observed
pattern, the calculated peak positions, and the difference between the two patterns are shown for each
XRD pattern. The bottom inset is the XRD pattern of the Na precursor. The precursor peak is not observed
after ion exchange. The Rietveld refinement of SS-Li(Ni0.5Mn0.5)O2 (in R-3m) gives c 0 14.2820(14) Å,
a 0 2.8850(1) Å, and z 0 0.25736(37); the Ni-Li exchange 0 10.9%, with Rp 0 13.6 and Rwp 0 15.3.
The refinement of IE-Li(Ni0.5Mn0.5)O2 gives c 0 14.3437(8) Å, a 0 2.8924(1) Å, and z 0 0.25907(21);
the Ni-Li exchange 0 4.3%, with Rp 0 7.08 and Rwp 0 8.74. (B) First charge/discharge curves of IE-
Li(Ni0.5Mn0.5)O2 and SS-Li(Ni0.5Mn0.5)O2 within the voltage window of 3.0 to 4.6 V at C/20 rate.

Fig. 4. (A) The discharge curve at various C rates for
IE-Li(Ni0.5Mn0.5)O2 (above) and SS-Li(Ni0.5Mn0.5)O2
(below). In the rate test, the cell was charged at C/20
to 4.6 V, then held at 4.6 V for 5 hours and dis-
charged at different rates. 1C corresponds to 280
mA/g. The electrode loading is 0.15 cm2/mg. (B) The
Ragone plot for the two samples (only active elec-
trode is included in the weight).
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discharge rates are required. Figure 4B shows

that IE-Li(Ni
0.5
Mn

0.5
)O

2
clearly retains its en-

ergy storage capacity even at the very high rate

required for those applications. At a 6-min

charge/discharge rate, IE-Li(Ni
0.5
Mn

0.5
)O

2
de-

livers almost double the energy density of SS-

Li(Ni
0.5
Mn

0.5
)O

2
. Initial tests on the capacity

retention with full charge/discharge cycling are

promising, with a fade of 0.6% per cycle for IE-

Li(Ni
0.5
Mn

0.5
)O

2
versus 0.8% per cycle for SS-

Li(Ni
0.5
Mn

0.5
)O

2
(17).

In conclusion, we have used ab initio com-

putational modeling to infer that the combined

use of low-valent transition-metal cations and

low strain in the activated state are key strategies

for increasing the rate capability of layered

cathode materials, and we have successfully syn-

thesized Li(Ni
0.5
Mn

0.5
)O

2
with very little intra-

layer disordering to optimize those factors. In

agreement with our theoretical predictions, this

material retains its capacity at high rates. Sub-

stitution of Co for Ni and Mn can also be used to

reduce the Li/Ni exchange and improve rate

performance (23, 24), although the use of Co

increases the cost and reduces the safety of the

material (25). Although Li(Ni
0.5
Mn

0.5
)O

2
dis-

plays an exciting combination of high rate and

high capacity, several other factors, such as

thermal stability, cycle life, and the extra cost

from the ion-exchange process, will need to be

further investigated before its application in

commercial products can be considered. If the

outcome of such development studies is positive,

Li(Ni
0.5
Mn

0.5
)O

2
would be a potential cathode

material for high rate applications.
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Plasma Acceleration Above Martian
Magnetic Anomalies
R. Lundin,1 D. Winningham,2 S. Barabash,1 R. Frahm,2 M. Holmström,1 J.-A. Sauvaud,3

A. Fedorov,3 K. Asamura,4 A. J. Coates,5 Y. Soobiah,5 K. C. Hsieh,6 M. Grande,7 H. Koskinen,8,9

E. Kallio,8 J. Kozyra,10 J. Woch,11 M. Fraenz,11 D. Brain,12 J. Luhmann,12 S. McKenna-Lawler,13

R. S. Orsini,14 P. Brandt,15 P. Wurz16

Auroras are caused by accelerated charged particles precipitating along magnetic field
lines into a planetary atmosphere, the auroral brightness being roughly proportional to the
precipitating particle energy flux. The Analyzer of Space Plasma and Energetic Atoms experiment
on the Mars Express spacecraft has made a detailed study of acceleration processes on the
nightside of Mars. We observed accelerated electrons and ions in the deep nightside high-altitude
region of Mars that map geographically to interface/cleft regions associated with martian
crustal magnetization regions. By integrating electron and ion acceleration energy down to
the upper atmosphere, we saw energy fluxes in the range of 1 to 50 milliwatts per square meter
per second. These conditions are similar to those producing bright discrete auroras above
Earth. Discrete auroras at Mars are therefore expected to be associated with plasma acceleration
in diverging magnetic flux tubes above crustal magnetization regions, the auroras being
distributed geographically in a complex pattern by the many multipole magnetic field lines
extending into space.

E
arth_s polar aurora and related phenome-

na, such as magnetic and ionospheric dis-

turbances, have been studied for well

over half a century. The first proof that the

aurora is caused by energetic electrons pre-

cipitating into Earth_s topside atmosphere

came from high-altitude sounding-rocket mea-

surements (1). Electrons accelerated downward

by magnetic field–aligned electric fields cause

intense bright auroral arcs, often referred to as

discrete auroras. Intense fluxes of nearly mono-

energetic electrons (2) were the first evidence

for magnetic field–aligned electric fields. Sub-

sequent observations of accelerated electrons

were made from polar orbiting satellites. The

electrons_ peak energy displayed a characteris-

tic Binverted-V[ signature in an energy-time

spectrogram (3), which became the particle

attribute of a discrete aurora. An additional

proof of concept was observations of electrons

and ions accelerated in opposite directions

(4, 5).

Inverted-V–like ion features near Mars, first

reported by the Phobos-2 spacecraft (6), were

associated with the temporal and spatial varia-

bility of the energy and momentum transfer

between martian plasma and the solar wind

(7, 8). This was because auroras, specifically

discrete auroras, are associated with magnetized

planets, and no strong intrinsic magnetic fields

were evident from Phobos-2 data, thus ruling

out any analogy with the terrestrial aurora.

TheMars Global Surveyor (MGS) findings of

crustal magnetic anomalies at Mars (9) con-

siderably changed the picture. We now expect to

find diverging magnetic field Bcusps[ above

Mars (10) and closed magnetic loops (11), with

local magnetic conditions similar to those found

above Earth_s polar region, albeit weaker and

topologically different. A set of magnetic multi-

poles at specific longitudes and latitudes of Mars

may characterize the crustal magnetization. In-

deed, the first observation of auroral emission at

Mars (12) was made above a strong crustal mag-

netization at 177-E and 52-S. The emissions in

the 150- to 300-nm bands (CO and O) were most

likely excited by high fluxes of charged particles.

Our study identified regions with downward-

accelerated electrons and upward-accelerated

ionospheric ions near local midnight.We studied

how the acceleration regions map to magnetic

cusps and clefts bound by strong magnetizations

at Mars. We compared the energy spectra of

accelerated electrons in the nightside of Mars

with those associated with terrestrial discrete

auroras. Finally, we computed the energy flux of

precipitating electrons and estimated, from a
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Electrodes with High Power and High Capacity for 
Rechargeable Lithium Batteries 1 

Kisuk Kang,1 Ying Shirley Meng,1 Julien Bre ǵer,2 Clare P. Grey,2 Gerbrand Ceder1* 

1. Center for Materials Science and Engineering and Department of Materials Science and Engineering,  

Massachusetts Institute of Technology, 77 Massachusetts Avenue, 

2. Department of Chemistry, State University of New York, Stony Brook, NY 11794–3400, USA. 

E-mail gceder@mit.edu

ABSTRACT: This work utilized ion-exchange synthesis 

method to reduce the defects of the structure that 

improved the power density (charge/discharge rate) 

and cycle life a lot which increased the possibility of 

applying this material in the industry. With combining 

ab initio computational model and evidence from TEM 

images, the author successfully explained the high 

performance of the lithium nickel manganese oxide.  

With the modification of the structure of Lithium nickel 

manganese oxide, this material is promising especially 

in vehicle industry.  

 

Figure 1.The structure of LiNi0.5Mn0.5O2, both the lithium and 

transition metal located at the center of octahedral and oxygen 

will locate at the corner forming 2D layer structure. 

 

Nowadays all the scientists spend enormous effort tried to solve 

the energy problem that we had in this generation. We used fuel 

as a source to generate power for decades and just recently we 

realized that the importance of global warming which we should 

reduce producing carbon dioxide as less as possible. 

Unfortunately, most of the vehicles still using combustion engine 

right now and that will produce huge amount of carbon dioxide. 

This compelled us to find an alternate way to provide power for 

vehicles.  Electricity is a good candidate; however, the efficiency 

is low economical-wise. Lithium rechargeable battery appears in 

1970s by M.S. Whittingham1 and it’s been used in laptop, cell 

phone and other portable tool for a long time, the market and 

technology became more and more mature. However, the power 

that lithium battery can provide to vehicles still relative low and 

slow. There are two critical requirements to be a suitable power 

for vehicle; first the power density should be high and second the 

life cycle should be acceptable. The layered-type LiCoO2 has 

been used in cell phone and lap for a long time, in the small 

electronic devices LiCoO2 is a perfect cathode material and the 

market is very mature right now. However with LiCoO2, the 

capacity is low and the power density is not enough to use in the 

car. Due to the requirements we mentioned above, as long as we 

can improve the power density and life cycle, the lithium battery 

will create another huge market in car industry like hybrid electric 

vehicles.  

The traditional solid state syntheses have a lot of advantages 

including fewer steps and easily enlarge the scale to factory scale. 

Of course there are some drawbacks. If the compound itself is not 

thermal stable but is kinetic controlled, we may have difficult time 

to produce the pure phase. The other one is that there may be a lot 

of defects inside the structure.(The atoms might exchange position) 

In this article the author first synthesize the Na-Ni0.5Mn0.5O2 by 

conventional solid state synthesis that just load the raw materials 

in the crucible and heat it up to the high temperature and use the 

product as a precursor. Subsequently by ion exchange, extract the 

Na ion and replace with Li.  

 

Figure 2.TEM image of LiNi0.5Mn0.5O2: Left is synthesized 

from Ion-exchange (IE-LiNi0.5Mn0.5O2), right is from Solid-state 

(SS-LiNi0.5Mn0.5O2) 

 

From the TEM image (Figure2) the left one is synthesized via 

ion-exchange (IE-LiNi0.5Mn0.5O2), the layers between each other 

is well organized and barely see disorder inside the structure. The 

right one is SS-LiNi0.5Mn0.5O2 that author synthesized from 

conventional high temperature synthesis. Although the particle is 

smaller than IE-LiNi0.5Mn0.5O2 but the structure is less organized  

 

Figure 3(a).First cycle charge/discharge curves of 

LiNi0.5Mn0.5O2 at C/20 rate (b) discharge curve at various C rates. 



 

than it. The author mentioned in SS-LiNi0.5Mn0.5O2 they always 

observed Li and Ni atoms exchange sites that will increase the 

activation barrier of lithium diffusion. The reason why there is 

less Li-Ni exchange site in IE-LiNi0.5Mn0.5O2 is that according to 

the Shannon radii, the radius of Na+(1.18) and Ni2+(0.69) are quite 

different therefore using Na to synthesize NaNi0.5Mn0.5O2 the 

exchange of Na and Ni is not likely happen. We can synthesize 

the framework first and replace the Na with Li; this will solve the 

site-exchange problem. If Ni is in Li site, the length of lithium 

slab will decrease and this will increase the lithium-oxygen 

bonding (Li-O) which higher the activation barrier. In Figure 4, 

base on the computational calculation if there is 8.3% Li-Ni 

exchange the barrier energy will increase 100mev which is pretty 

remarkable. According to SSNMR data in Figure 5, the peak at 

670 and 1450 are lithium in lithium slab and transition slap 

respectively. It’s quite obvious that the Li-Ni exchange in IE-

LiNi0.5Mn0.5O2 is really low which means the strategy (ion 

exchange) the author use is working.  

 

 

 

 

Figure 4.Calculate activation barrier as a function of Li slab 

space 

 

 

 

Figure 5. Solid-State NMR spectrum of IE-Ni0.5Mn0.5O2 and 

SS- IE-Ni0.5Mn0.5O2, the peak at 670ppm is Li at Li-slab and peak 

at 1450ppm is Li at Transition metal slab  

 

 

In the first charge/discharge curves (Figure 4a), the difference 

is quite small.  However, after cycles several times (Figure 5a) if 

there are defects inside the structure when lithium traveling inside, 

lithium will be trapped by the defects that will lower the capacity.  

  The cycle life will be better for IE-LiNi0.5Mn0.5O2 than SS-

LiNi0.5Mn0.5O2 as well; the cycle life of lithium battery has 

something to do with thermal stability of structure. When the 

battery is working especially in high charge/discharge rate (Figure 

3b) that will generate heat and inducing phase transition easily. 

Therefore, if the structure is well ordered that will improve the 

thermal stability and has longer life time. However one point I 

would like to address here, is the nano effect. If we can minimize 

the particle size, which means shorten the lithium diffusion 

distance and we can increase the power density. On the other hand, 

nano-particle usually has higher energy than bulk material which 

will lower the cycle life. The performance of nano material maybe 

excellent at begin but it will drop very fast either due to the 

aggregation or phase transition. The best case scenario is we can 

synthesize a nano-particle with no defect and is thermal 

stable.(Usually that won’t happen in reality).   

 

 

Figure 6.Cycle numbers test at 1C rate 

 

 

 

 

Figure 7.ab initio computational model for activation barrier of 

different transition metals 

 

The other important issue is that how easily of lithium can 

move inside the structure and this one relate to the activation 

barrier. Lithium is coordinated octahedrally by oxygen and due to 

previous work2,3 , the path way of lithium hopping inside the 

structure like Figure 5. Lithium ion will pass through the 

tetrahedral site, therefore the transition metals below that 

tetrahedral site will influence a lot and the activation barrier 

became rate determine step of lithium diffusion. The lower 

activation barrier energy the faster of lithium diffusion which 

means it can provide high power density. From the table the 

transition metals Ni2+ and Mn4+ give relative low energy barrier, 

this explains why the performance of LiNi0.5Mn0.5O2 is better than 

others. In the article author mentions that the function of LiCoO2 



 

and LiNi0.5Mn0.5O2 are fundamentally different. In LiCoO2, Co 

has three positive charges when the lithium been extracted from 

the structure the cobalt will be oxidized to positive 4 and Co will 

be at high oxidation state, we can image the structure will be very 

unstable. On the other hand, LiNi0.5Mn0.5O2 is bifunctional, the 

Ni2+ will lose two electrons act as double redox center4-6 and Mn4+ 

will provide the stability for host structure.7 That explains the 

reason why the performance of LiNi0.5Mn0.5O2 is better than 

LiCoO2. 

 

 

Figure  8. The structure of LiFePO4, Li will hop trough 1D 

channel. 

 

 

 

Figure  9. The structure of LiCoO2, Li will hop trough 2D 

layered space. 

 

There are still other promising cathode materials which like 

LiFePO4 (Figure 8) proposed by john goodenough in1996.8 The 

structure is 3D and very firm. The experimental capacity is very 

close to theoretical value and the life time is the longest among 

any all cathode materials used in lithium secondary battery right 

now. Nevertheless, it is very environmental-friendly and safe. The 

only disadvantage of LiFePO4 is low conductivity. With coating 

carbon on the surface we can improve the conductivity a lot.  But 

still the power density is low compare to IE-LiNi0.5Mn0.5O2. (IE-

LiNi0.5Mn0.5O2 is layer structure and LiFePO4 is 3D structure 

which lithium will have more freedom in layer structure) 

The following are requirements that a good cathode material 

for vehicle should have: 

1. high power density(lithium diffusion rate) 

2. high capacity(how many Li can be extracted from 

structure) 

3. thermal and electronic structure stability(during the redox 

reaction, the transition metal will change the electron state 

and something like Jahn-tell distortion will happen and 

induce the phase transition9.10) 

4. low price 

In short, the author use ab initio computational model to verify 

the transition cation is a key that influence lithium hopping. And 

author successfully synthesizes low defects of LiNi0.5Mn0.5O2 via 

ion-exchange process which can provide high power density. 

LiNi0.5Mn0.5O2 will be potential candidate for lithium battery, 

however, the author also point out the extra cost of ion-exchange 

and cycle life need to be investigated further before 

commercialize it.  
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Mixed-metal oxides play a very important role in many areas of
chemistry, physics, materials science, and geochemistry. Recently,
there has been a strong interest in understanding phenomena
associated with the deposition of oxide nanoparticles on the
surface of a second (host) oxide. Here, scanning tunneling micros-
copy, photoemission, and density-functional calculations are used
to study the behavior of ceria nanoparticles deposited on a
TiO2(110) surface. The titania substrate imposes nontypical coor-
dination modes on the ceria nanoparticles. In the CeOx/TiO2(110)
systems, the Ce cations adopt an structural geometry and an
oxidation state (�3) that are quite different from those seen in bulk
ceria or for ceria nanoparticles deposited on metal substrates. The
increase in the stability of the Ce3� oxidation state leads to an
enhancement in the chemical and catalytic activity of the ceria
nanoparticles. The codeposition of ceria and gold nanoparticles on
a TiO2(110) substrate generates catalysts with an extremely high
activity for the production of hydrogen through the water–gas
shift reaction (H2O � CO3H2 � CO2) or for the oxidation of carbon
monoxide (2CO � O23 2CO2). The enhanced stability of the Ce3�

state is an example of structural promotion in catalysis described
here on the atomic level. The exploration of mixed-metal oxides at
the nanometer level may open avenues for optimizing catalysts
through stabilization of unconventional surface structures with
special chemical activity.

heterogeneous catalysis � imaging � structural properties �
surface reactivity

M ixed-metal oxides play a very important role in many areas
of chemistry, physics, materials science, and geochemistry

(1–6). In technological applications, they are used in the fabri-
cation of microelectronic circuits, piezoelectric devices, and
sensors and as catalysts. Over the years, there has been a strong
interest in understanding the behavior of mixed-metal oxides at
a fundamental level (1–3). What happens when nanoparticles
(NPs) of a given metal oxide are deposited on the surface of a
second (host) oxide (3, 7)? In principle, the combination of 2
metals in an oxide matrix can produce materials with novel
structural and/or electronic properties. At a structural level, a
dopant can introduce stress into the lattice of an oxide host,
inducing in this way the formation of defects. On the other hand,
the lattice of the oxide host can impose on the dopant element
nontypical coordination modes. Finally, metal7metal or metal
7 oxygen 7 metal interactions in mixed-metal oxides can give
electronic states not seen in single-metal oxides.

In this article, we use photoemission, scanning tunneling micros-
copy (STM), and calculations based on density-functional theory
(DFT) to study the behavior of ceria NPs in contact with TiO2(110).
Ceria and titania are among the most widely used oxides in catalysis
(1, 4–6, 8–12). These oxides are important components in catalysts
used for the production of clean hydrogen through the water–gas
shift reaction (H2O � CO3 H2 � CO2) and for the oxidation of
carbon monoxide (2CO � O2 3 2CO2). Ceria and titania adopt

different crystal lattices in their most stable bulk phases, fluorite
and rutile, respectively (2, 13). Within the fluorite structure each Ce
atom is bonded to 8 O atoms, whereas 6 O atoms surround the Ti
atoms in the rutile structure. One of the most interesting properties
of ceria is its ability to undergo a conversion between ‘‘�4’’ and
‘‘�3’’ formal oxidation states (13). The surface chemistry and
catalytic properties of CeO2 depend on the formation of Ce3� ions
(13), and different approaches are followed to maximize their
concentration (4, 5, 8). In the CeOx/TiO2(110) systems, the titania
substrate imposes on the ceria NPs nontypical coordination modes
with a subsequent change in the relative stability of the Ce3�/Ce4�

oxidation states that leads to a significant enhancement in chemical
activity. Furthermore, the deposition of gold NPs on CeOx/
TiO2(110) produces surfaces with an extremely high catalytic
activity for the water–gas shift reaction and the oxidation of CO.
This is quite remarkable because neither Au/TiO2(110) nor Au/
CeO2(111) come close to matching the catalytic activity of Au/
CeOx/TiO2(110).

Experimental and Theoretical Methods
Microscopy, Photoemission, and Catalytic Tests. The microscopy
studies were carried out in an Omicron variable temperature
STM system that is directly attached to a main ultrahigh vacuum
(UHV) chamber equipped with optics for low-energy electron
diffraction, instrumentation for Auger electron spectroscopy
and surface cleaning facilities (9, 14). Chemically etched W tips
were used for imaging the surfaces. The TiO2(110) crystal was
cleaned by several cycles of Ne� sputtering (1 keV, 40 min) and
annealing (950 K, 5 min), and XPS/AES studies confirmed that
there were no surface contaminants after this treatment (15).

Furthermore, the high-resolution STM images of the surface
exhibited bright Ti rows separated by 6.5 Å, as typically observed
for TiO2(110)-(1x1) (16). Photoemission studies were performed
at beamline U7A of the National Synchrotron Light Source
(NSLS) at Brookhaven National Laboratory (9) by using a
photon energy of 625 eV to collect the O 1s and Ti 2p regions,
and 325 eV to collect the Ce 4d, Au 4f, and valence regions. In
a separate UHV chamber, we acquired XPS spectra (Ce 3d, Ti
2p, O 1s, and Au 4f regions) and UPS spectra (valence region)
using Mg K� and He-I radiation, respectively. Ce and Au were
deposited on TiO2(110) by using metal evaporators (9, 14, 17).
The flux of the Au doser was calibrated by depositing Au onto
a Mo(100) crystal and measuring the thermal desorption spectra of
the admetal (17). The area of the titania surface covered by ceria
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and gold was estimated by using STM images or a combination of
ion-scattering spectroscopy (ISS) and photoemission (9, 17).

The catalytic studies were carried out in a system that com-
bines a batch reactor and a UHV chamber (9, 17). The sample
could be transferred between the reactor and UHV chamber
without exposure to air. Typically, it was transferred to the batch
reactor at �298 K, and then the reactant gases were introduced
(water–gas shift: 20 Torr of CO and 10 Torr of H2O; CO
oxidation: 4 torr of CO and 2 Torr of O2). The catalytic activity
for the water–gas shift was measured at 625 K (9, 17), with a
temperature of 300 K for the oxidation of CO (10). Product
yields were analyzed by gas chromatography or mass spectros-
copy (9, 17). The amount of molecules produced was normalized
by the active area exposed by the sample. In our reactor, a
steady-state regime for the water–gas shift or the oxidation of
CO was reached after 2–3 min of reaction time.

DFT Calculations. Periodic DFT � U calculations were performed
by using the VASP code (18) using a (4 � 2) 6-layer thick
supercell to model the TiO2(110) surface (19). The adlayer and
first 4 layers of the titania slab were allowed to relax during the
DFT geometry optimizations. We used the Perdew–Wang 91
GGA functional for exchange-correlation, the projector-
augmented wave approach, and plane-waves with a cutoff energy
set at 400 eV. We treated the Ti (3s, 3p, 3d, 4s), Ce (4f, 5s, 5p,
5d, 6s), and O (2s,2p) electrons as valence states, whereas the
remaining electrons were kept frozen as core states (19). The
calculations were performed at the � point of the Brillouin zone
(18). To reproduce the valence spectra of Ce/TiO2(110), see
below, we used Ueff parameters with a value of 4.5 eV for Ce and
Ti. This value is close to those used in previous studies for bulk
ceria or titania (20). The introduction of the Ueff parameters in
the DFT calculations was found to be essential to correctly
reproduce the position of the occupied Ce 4f and Ti 3d levels in
the valence region, even though the trends found in the ener-
getics for the coadsorption of Ce and O on TiO2(110) were
almost the same with or without the Ueff parameters.

Growth of Ceria on TiO2(110)
In Fig. 1, we show STM images acquired after depositing cerium on
TiO2(110) under different conditions. Fig. 1A corresponds to an
image obtained after dosing Ce atoms under ultrahigh vacuum
(UHV) at a sample temperature of 298 K. The bright spots have an
average height of 1.4 � 0.2 Å over the flat terrace and correspond
to clusters of cerium oxide. The corresponding XPS and UPS
spectra indicated that cerium was in an oxidation state of �3, and,
consequently, its deposition led to the partial reduction of titanium
cations with the appearance of Ti3�. Fig. 2 Left shows a typical UPS
spectrum for this type of Ce/TiO2(110) surface. The features �1 eV
can be assigned to Ti3� centers (1, 16), whereas those at 2–3.5 eV
correspond to Ce3� centers (21). The existence of Ce3� is corrob-
orated by the Ce 3d XPS data in Fig. 2 Right. The Ce 3d XPS
spectrum for the as-prepared Ce/TiO2(110) surface has the distinc-
tive line shape of Ce3� species (21, 22). Using DFT calculations, we
investigated the bonding of Ce atoms to the TiO2(110) surface. The
Ce atoms prefer the bonding configuration shown at the bottom of
Fig. 2, interacting simultaneously with bridging and in-plane O
atoms of the titania substrate. Upon adsorption, Ce formally
releases 3 electrons to the oxide host, which move from the 6s and
5d levels in Ce to the lower-energy 3d levels in Ti, reducing 3 Ti4�

cations to Ti3�. The fourth valence electron from Ce is in a 4f level
of lower energy than the 3d from Ti and therefore is not transferred,
leaving the oxidation state of Ce as 3�. The adsorption of oxygen
on the Ce/TiO2(110) surfaces led to the disappearance of Ti3� sites
in the XPS/UPS spectra and in the DFT-calculated density of states.
The stability of the Ce3� cations was verified by their resistance to
oxidation under UHV conditions. We had to expose the Ce/
TiO2(110) surfaces to an O2 pressure of 1 Torr in the batch reactor
to obtain the typical Ce 3d XPS spectrum of Ce4� cations (21, 22),
see Fig. 2 Right.

To avoid the reduction of the titania substrate, Ce atoms were
deposited at 600 K and annealed to 900 K under O2 (�1 � 10�7

Torr) for 5 min. This led to the image shown in Fig. 1B. In this
image, the features nonrelated to the ideal TiO2(110) surface can
be separated according to their height, as seen in Fig. 1C. Most
of the spots (�80%) have a height of 1.3 � 0.2 Å. These spots
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Fig. 1. STM results illustrating morphological changes of CeOx on the TiO2(110) surface. (A) STM image (15 � 15 nm) taken after depositing Ce atoms at 298
K in UHV (Vt � 1.3 V and It � 0.05 nA). (B) STM image (15 � 15 nm) acquired after depositing Ce atoms at 600 K and subsequent annealing at 900 K in O2 (PO2

�1 � 10�7 Torr) (Vt � 1.2 V and It � 0.07 nA). (C) Height distribution for the spots seen in B. (D and E) Zoomed-in STM images (3.5 � 3.5 nm) of a diagonal array
of CeOx taken at different imaging condition of 1.2 V, 0.06 nA and 0.4 V, 0.06 nA, respectively. (F) Model showing possible orientations for the bright protrusions
of CeOx in D and E. The dimers of ceria are shown as a combination of white and yellow spheres.
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can be attributed to CeOx, after comparing with the image in Fig.
1A for Ce/TiO2(110). A minority of the spots (�20%) in Fig. 1B
have a height of 1.9 � 0.3 Å. These features were not seen for
Ce/TiO2(110) and probably correspond to (1 � 2) reconstruc-
tions of TiO2(110) induced by O2 chemisorption (11, 16). They
are a consequence of the migration of interstitial Ti atoms from
the bulk to the surface of the titania crystal (11, 16). We found
them also in blank experiments for O2/TiO2(110). In Fig. 1B, the
spots due to CeOx are arranged forming units that are oriented
�48°, 66°, or 90° with respect to the Ti rows of the oxide
substrate. These units were not seen in blank experiments for
Ce/TiO2(110) or O2/TiO2(110) and are characteristic of the
O2/CeOx/TiO2(110) systems. Close-up images of a �44° aligned
unit are shown in Fig. 1 D and E. In Fig. 1D, the bright ceria spots
are centered on 5f Ti rows and all have a height close to 1.35 Å
and a diameter of 6.8 Å. Their size and position suggests that each
spot may contain 2 Ce atoms located in between the O bridging and
5f Ti rows. This is confirmed by scanning the same feature with
lower imaging bias (0.4 V instead of 1.2 V), where the electron
tunneling occurs at different density of states in CeOx/TiO2(110)
systems (Fig. 1E). From the STM data, one can construct a
structural model consisting of an array of dimers of ceria as
displayed in Fig. 1F. According to our measurements of core and
valence photoemission, the oxidation state of the Ce atoms inside
the dimers is essentially �3. Thus, in the CeOx/TiO2(110) systems,
the Ce cations adopt a structural geometry and an oxidation state
that are quite different from those seen in bulk ceria (2, 13) or for
NPs of ceria deposited on metal substrates (7, 9).

Using DFT, we investigated the process of adsorption–
oxidation for Ce deposited on TiO2(110). Fig. 3 shows the
calculated energy pathway for such a process. The adsorption
energy of atomic Ce is very high (�E � �7.23 eV). On its most
stable adsorption site, Ce interacts with 2 bridging and 1 in-plane
O atoms (Fig. 3, step1). The fact that 3 electrons move from high
to lower energy levels, Ce(5d16s2)3 Ti(3d1), explains in part the
high adsorption energy of Ce. The adsorption process of atomic
Ce could be described as

Ce � 3Ti4�	TiO2
 3 Ce3� � 3Ti3�	TiO2
 [1]

The dissociation of O2 near the adsorbed Ce is a highly exo-
thermic process (�E � �6.66 eV). The final structure is a unit
of CeO2 over TiO2(110), where the O atoms are adsorbed on top
of in-plane Ti atoms and strongly interact with the Ce atom (Fig. 3,
step 2). The oxidation state of the Ce in this configuration is 4�

Ce3� � 3Ti3�	TiO2
 � O23 CeO2	Ce4�
 /TiO2 [2]

Such CeO2 monomers could be assigned to the smallest spots
observed in STM at very low coverages of ceria. For the surface
in Fig. 1B, possible CeO2 monomers are denoted by arrows and,
as predicted by the DFT calculations, they are not located at the
center of the Ti rows. The CeO2 monomers are excellent sites for
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Fig. 2. Electronic properties of CeOx/TiO2 (110). (Left) (Top) Shown is a UPS spectrum acquired after depositing Ce atoms on TiO2(110) at 298 K. The features
marked by vertical lines are not seen on clean stoichiometric TiO2(110). (Middle and Bottom) Displayed are DFT calculated density-of-states (DOS) for a
Ce/TiO2(110) surface, including occupied (positive binding energy) and unoccupied states (negative binding energy, states not observable in UPS). The drawing
in the Inset shows the bonding configuration of the Ce atoms. Color code for spheres is gray, cerium; red, oxygen; white, titanium. (Right) Ce 3d XPS spectra taken
after depositing Ce on TiO2(110) at 298 K (lower), with subsequent exposure to 1 Torr of O2 (upper). The change in the line shape denotes a Ce3� 3 Ce4�

transformation (21, 22). The ‘‘u’’ and ‘‘v’’ peaks refer to various final states that are caused by transitions from valence band electrons into Ce 4f states (22).

Fig. 3. DFT calculated energy pathway for the adsorption and oxidation of
Ce on TiO2(110). The following steps were examined: (1) adsorption of Ce; (2)
O2 adsorption-dissociation and formation of the first monomer (CeO2); (3)
adsorption of a second cerium atom; (4) formation of the first Ce2O2 dimer; (5)
adsorption of 1⁄2O2 and formation of the Ce2O3 dimer; and (6) adsorption of
1⁄2O2 and formation of 2 CeO2 monomers.
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the adsorption of a second Ce atom to form dimers (Fig. 3, step
4). The increment in the adsorption energy with respect to the
adsorption on a clean surface is due to the fact that 1 of the 3
electrons released by the incoming Ce does not go to the
high-energy 3d levels of Ti but rather to the 4f of Ce4� from the
CeO2 monomer, which is reduced to Ce3�

CeO2	Ce4�
 /TiO2 � Ce

� 2Ti4�	TiO2
 3 Ce2O2	Ce3�
 on TiO2 � 2Ti3�	TiO2


[3]

The addition of oxygen to the Ce2O2 unit generates Ce2O3.

Ce2O2	Ce3�
 /TiO2 � 2Ti3�	TiO2
 �
1
2

O23 Ce2O3	Ce3�


[4]

on TiO2, and the ceria dimer adopts a configuration (Fig. 3, step
5) where shared oxygen leads to a diagonal arrangement in
agreement with the results of STM (Fig. 1 E and F). In the
presence of oxygen, the complete oxidation of Ce has to be
considered, going from a Ce2O3 dimer to 2 CeO2 monomers (Fig.
3, step 6). Differently from the previous step, here, there are not
high-energy Ti 3d electrons but 2 electrons in low-energy Ce 4f
states. The process is exothermic but only by �0.92 eV, 3 times
less than the energy released in the previous step. This means
that as long as Ti3� species exist, O2 will prefer to adsorb and
dissociate on them because the stabilization energy for the
system is much higher. Therefore, even though the oxidation
process of dimers is favorable, the other site is preferred for the
adsorption and dissociation of O2. This illustrates the complex
interplay that one can have when dealing with the electronic and
chemical properties of a mixed-metal oxide.

For applications in catalysis, the relative stability of the
Ce3�/Ce4� oxidation states of ceria is a very important issue (1,
4–6, 13, 23, 24). We calculated the energy released by the
reactions

Ce2O3 �
1
2

O23 2CeO2 [5]

2CeO2 � CO3 Ce2O3 � CO2 [6]

for both bulk ceria and Ce2O3 dimers deposited on TiO2(110).
The �E for the oxidation process, (the reaction shown in 5), was
�2.56 eV in the case of bulk Ce2O3 and �0.92 eV for the Ce2O3
dimers bonded to titania. The reduction of CeO2/TiO2(110) by
CO, (the reaction shown in 6), was a very exothermic process
with a �E of �2.35 eV. In contrast, the �E for the corresponding
reaction of bulk CeO2 was �0.71 eV. These trends were con-
firmed by comparing reduction/oxidation experiments on CeO2
(111) and CeOx/TiO2(110). For example, a CeO2(111) surface
did not undergo reduction under an atmosphere of 20 Torr of
CO at 400 K (17), but a CeO2/TiO2(110) surface (formed by
exposing CeOx/TiO2(110) to 1 Torr of O2 at 298 K) was
completely transformed into Ce2O3/TiO2(110). The high stabil-
ity of the Ce3� cations in CeOx/TiO2(110) is a consequence of
their nontypical coordination mode and the effect of Ce (4f)–O
(2p)–Ti (3d) bonding interactions.

Catalytic Activity of Au/CeOx/TiO2(110)
The WGS reaction is a critical catalytic process for the produc-
tion of clean hydrogen in the chemical industry (4, 5). There is
a continuous search for catalysts with a better WGS activity
(4–6, 9). As shown below, the deposition of gold NPs on
CeOx/TiO2(110) yielded surfaces with an extremely high cata-

lytic activity for the WGS. Fig. 4 displays STM images acquired
from the same surface area before (Fig. 4A) and after (Fig. 4B)
depositing gold on CeOx/TiO2(110) at 298 K with subsequent
annealing to 600 K (Fig. 4C). The CeOx/TiO2(110) was prean-
nealed under O2 (�1 � 10�7 Torr) at 900 K and had a
morphology similar to that seen in Fig. 1B. The deposition of Au
at room temperature, �0.2 monolayer, produced 3-dimensional
metal particles anchored to steps of the titania surface, ‘‘a’’ sites,
to the (1 � 2) reconstructions of TiO2(110), ‘‘b’’ sites, and to the
CeOx dimers, ‘‘c’’ sites. Annealing to 600 K produced large
particles of Au that were simultaneously located on b and c sites.
Au NPs with a diameter as large as 5.9 nm and a height of 1.3
nm were seen, but smaller metal particles were also present on
the CeOx/TiO2(110) surface. On this surface, the dispersion of
the Au NPs was substantially larger than seen on a pure
TiO2(110) surface where Au mainly binds to the steps (10, 15).

Neither CeOx/TiO2(110) nor Au(111) were able to catalyze
the WGS. However, Au/CeOx/TiO2(110) surfaces are outstand-
ing catalysts for the WGS as shown in Fig. 5. We performed test
experiments in which Au/TiO2(110) surfaces were prepared
following the same steps used for the synthesis of Au/CeOx/
TiO2(110) but without the deposition of cerium. The Au/
TiO2(110) systems were good WGS catalysts, see Fig. 5 Upper,
but they did not come close to match the activity of Au/CeOx/
TiO2(110). The same is valid when comparing with the WGS
activities of Au/CeO2(111) (17), CeOx/Au(111) (9), Cu/
ZnO(0001) (17), and copper single crystals (17, 25). Cu/ZnO is
the most common WGS catalyst used in the industry (5, 17, 25),
and copper is the best pure-metal catalyst (25, 26). For the
Au/CeOx/TiO2(110) catalyst in Fig. 5, one could assume that the
concentration of active sites is proportional to the number of
ceria regions in contact with gold NPs. Because only 12% of the
titania support was covered by ceria, as measured by ion
scattering spectroscopy (ISS), the Au/CeOx/TiO2(110) catalyst
must be at least 300 times more active than a Cu (100) surface
on a per-active-site basis.*

Postreaction characterization of the Au/CeOx/TiO2(110) sur-
faces with XPS showed the presence of metallic Au and Ce3�

cations. An identical result was found in in situ measurements of
X-ray absorption spectroscopy for Au/CeOx/TiO2 powders under

*It is usually assumed that all atoms of a flat Cu(100) surface, 1.53 � 1015 atoms cm�2, are
active in the WGS reaction (25). The structural model in Fig. 1F was used to calculate the
area occupied by a Ce2O3 dimer on the TiO2(110) surface. Using this and the ceria coverage
determined from ISS measurements (�12% of the titania surface was covered), we find
that the concentration of Ce in the Au/CeOx/TiO2(110) catalyst of Fig. 5 was in the order
of 0.03 � 1015 atoms cm�2. This is an upper limit to the actual concentration of the active
sites, because not all of the Ce atoms had a Au particle nearby (see Fig. 4 B and C). After
subtracting the WGS activity of Au/TiO2(110) from that of Au/CeOx/TiO2(110), one finds
that the Au/ceria sites are at least 300 times more active than the atoms in a Cu(100)
surface.

A

a

a b

c

B

a b

c

C

b,c
b,c

Fig. 4. Morphology of Au/CeOx/TiO2 (110). (A) STM image of a CeOx/
TiO2(110) surface. Ce was deposited at 600 K under an atmosphere of O2 (�1 �
10�7 Torr) and then the sample was annealed at 900 K in O2. (B) STM image for
a Au/CeOx/TiO2(110) surface. The gold was deposited on the same area shown
in A at 298 K. Approximately 6% of the surface was covered with Au. (C) STM
image obtained after annealing the system in B to 600 K. All of the STM images
correspond to an area of 20 � 20 nm and imaging conditions of Vt � 1.5 V and
It � 0.03 nA.
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WGS reaction conditions. The high catalytic activity of Au/
CeOx/TiO2(110) can be attributed to the special chemical prop-
erties of the supported Ce2O3 dimers and cooperative effects at
ceria–gold interfaces. Usually, the rate-determining step in the
WGS reaction is the dissociation of water (9, 17, 26). Isolated
NPs of gold cannot dissociate this molecule (27, 28). We found
that the Ce3� sites present in CeOx/TiO2(110) easily dissociate
water, but, upon exposure to CO, highly stable HCOx species
were formed on the oxide surface and there was no production
of H2 or CO2 gas. In Au/CeOx/TiO2(110), one has a bifunctional
catalyst: The adsorption and dissociation of water takes place on
the oxide, CO adsorbs on gold NP sites, and all subsequent
reaction steps occur at oxide–metal interfaces. Au NPs do
catalyze the reaction of OH with CO to yield a HOCO inter-
mediate and then H2 and CO2 (27). Previous studies for the WGS
on Au–CeO2 catalysts point to a direct participation of the oxide
in the reaction process (4, 5, 9). Our results illustrate the
tremendous impact that an optimization of the chemical prop-
erties of nanoceria can have on the activity of a WGS catalyst.

Nowadays, the oxidation of CO on Au/TiO2 catalysts is
receiving a lot of attention (1, 10, 29, 30). Fig. 6 displays the CO
oxidation activity of Au/TiO2(110) and Au/CeOx/TiO2(110) as a
function of Au coverage. In the case of Au/TiO2(110) a maxi-
mum in the production of CO2 is seen at a Au coverage of �0.3
mL. Previous studies have shown that there is a marked size
effect on the catalytic activity, with Au clusters in the range of
3–3.5 nm exhibiting the maximum reactivity (10, 29). Our STM

studies for Au/TiO2(110) and Au/CeOx/TiO2(110) also show a
strong variation in catalytic activity with Au particle size. In all
cases, Au/CeOx/TiO2(110) is a much better catalyst for the
oxidation of CO than Au/TiO2(110). If the maximum catalytic
activities seen in Fig. 6 are normalized by the number of Au
atoms present on the oxide supports (10, 29), we estimate
turnover frequencies (TOFs) for CO oxidation of 2.1 molecules
per site�1 s�1 for Au/TiO2(110) and 6.2 molecules per site�1 s�1

for Au/CeOx/TiO2(110). These should be taken as lower limits
for the TOFs because we probably overestimated the number of
exposed Au active sites. Here, we are following previous studies
(10, 29) that estimate the TOFs assuming total dispersion of Au
on the oxide substrate. In any case, the TOF of Au/CeOx/
TiO2(110) is already larger than the TOF found, under similar
conditions of pressure and temperature, for the oxidation of CO
on a highly active Au ultrathin film supported on a reduced TiOx
substrate: �4 molecules per site�1 s�1 (30).

The rate-limiting step for the oxidation of CO on Au/oxide
surfaces is the activation and dissociation of the O2 molecule
(31–33). The oxide probably helps in the stabilization of an
OC�O2 intermediate and the breaking of the O–O bond. The
structure of the titania supported ceria nanoparticles should
facilitate their direct interaction with an OC�O2 intermediate.
Postreaction surface analysis with XPS showed the presence of
a significant amount of Ce3� in the Au/CeOx/TiO2(110) cata-
lysts. This and a relatively high dispersion of Au (Fig. 4B) could
be responsible for the superior activity of Au/CeOx/TiO2(110)
during the oxidation of CO at room temperature.

Summary and Conclusions
Scanning tunneling microscopy, photoemission, and density-
functional calculations were used to study the behavior of ceria
nanoparticles deposited on a TiO2(110) surface. The titania sub-
strate imposes nontypical coordination modes on the ceria nano-
particles. In the CeOx/TiO2(110) systems, the Ce cations adopt an
structural geometry and an oxidation state (�3) that are quite
different from those seen in bulk ceria or for ceria nanoparticles
deposited on metal substrates. The increase in the stability of the
Ce3� oxidation state leads to an enhancement in the chemical and
catalytic activity of the ceria nanoparticles. The codeposition of
ceria and gold nanoparticles on a TiO2(110) substrate generates
catalysts with an extremely high activity for the production of
hydrogen through the water–gas shift reaction (H2O � CO3H2 �
CO2) or for the oxidation of carbon monoxide (2CO � O2 3
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2CO2). Our results illustrate the high impact that an optimization
of the chemical properties of nanoceria can have on the activity of
a WGS or CO oxidation catalyst. This approach should be valid in
general for catalysts that contain ceria as part of a mixed-metal
oxide (4–7), opening new directions for tuning catalytic activity by
coupling appropriate pairs of oxides. The key issue is to take
advantage of the complex interactions that occur in a mixed-metal
oxide at the nanometer level.
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ABSTRACT In this paper, Park et al. propose and 

characterize a new heterogeneous catalyst that consists of 

a metal supported by a mixed-metal oxide.  The 

effectiveness of the catalyst has been measured by 

comparing it against other well known catalysts in the water-

gas shift reaction as well as in the oxidation of carbon 

monoxide. 

Introduction 

The water-gas shift reaction is of great importance in 

the chemical community.   In this reaction, water vapor and 

carbon monoxide interact to produce hydrogen gas and carbon 

dioxide.  This is used in industry for the production of high-purity 

hydrogen, methanol production, and in fuel-cell powered vehicles.  

Methanol can be produced in a reaction between hydrogen gas 

and carbon dioxide, both of which are products of the water-gas 

shift (WGS) reaction3.  The WGS reaction is also of import in 

fuel-cell technology due to the requirements of the system.  In 

fuel-cells, there is a small amount, usually less than 10%, of 

carbon monoxide present.  Carbon monoxide strongly interacts 

with transition metals; therefore it reacts with the platinum anode 

and severely decreases the lifetime of the fuel-cell.  A strong 

WGS catalyst can effectively keep CO within acceptable levels 

and extend the lifetime of the fuel cell1.   

The WGS reaction is usually catalyzed by an oxide 

supported metal, which is the typical build of many heterogeneous 

catalysts, such as Cu/ZnO.  There has been a great deal of debate 

about the role of the oxide support in these types of catalysts.  It is 

thought to be a structural promoter5.  In other words, the support 

creates a structure conducive to catalysis; there are active-sites 

created by the lattice network of the metal-oxide that consist of 

vacancies or defects and it is these defects that anchor the metal to 

the substrate5,6,7,8.  This is best exemplified in the work of Yoon et 

al.  The catalytic activity of gold octamers was determined on 

both defect poor and defect rich MgO.  When analyzed with mass 

spectrometry, a higher concentration of CO2 was produced in the 

species that contained more defects8.  The support also 

participates in partial charge transfer with the metal support in 

these active sites6,8.  Beyond its structural usefulness, the oxide 

support interacts with the reactants and aids the reaction at the 

metal-support interface where the oxide is available for oxidation 

and reduction or oxygen storage.  Among the many types of metal 

oxides used as support, CeO2 is one of the best5,7.   

  A great deal of research has also gone into investigating 

the catalytic properties of different metals. Late transition metals, 

such as platinum, often show high catalytic activity when 

Figure 1 Comparison of the catalytic activity of Au/CeOx/TiO2 versus 

other oxide supported gold catalysts, Cu/ZnO, and gold and copper metal. 

The activity is determined by the amount of hyrdrogen gas produced by 

the reaction 

 

supported by metal oxides.  Copper was also found to be a highly 

active metal7.  In its bulk form, gold does not catalyze this 

reaction; however, in nano-sized clusters, its catalytic properties 

increase greatly.  Recently, it has been found that nanosized gold 

particles supported by metal oxides are exceptionally effective  

catalysts for both the WGS reaction as well as CO oxidation5,6,7,8.  

This is because gold better adheres to the oxide support and is 

also enhanced by partial electron transfer from the oxide support.  

Its catalytic activity is dependent on the size of the gold 

nanoparticles as well as gold coverage of the oxide support2.  The 

increased catalytic activity is also due to the fact that the gold 

clusters create electronic resonances with the 2π* electronic levels 

of O2 
8.      

 

Catalytic Activity of Au/CeOx/TiO2(110) 

Building on the findings that metal-oxides doped with 

gold have high catalytic acitivty as well as other findings that 

catalysts using ceria as an oxide support are among the best 

catalysts, Park et al have synthesized a new heterogeneous 

catalyst using both of these components.  Specifically in this 

article, the authors have found that a TiO2 (titania) surface, doped 

with both CeO2 (ceria) and gold nanoparticles will have catalytic 

activity that is much higher than the current WGS catalyst, 

Cu/ZnO as well as both titania or ceria supported gold 

nanoparticles.  In order to produce Au/CeOx/TiO2, titania was first 

doped with ceria and the resulting species was then impregnanted 

with gold nanoparticles.  In the optimization of ceria growth on 

titania, it was found that ceria dimers form when supported on 

titania; these dimers can spontaneously break back down into 



 

 
Figure 2 CO2 production as a function of Au coverage on the mixed metal 

oxide and titania  

 

monomers, but this is unlikely given that the dimers are highly 

stable species2.  

 In a round of comparison studies, it was discovered that 

Au/CeOx/TiO2 was a better catalyst than Au/TiO2 and Au/CeO2 as 

well as the current WGS catalyst, Cu/ZnO.  Figure 1 shows how   

the catalytic activity of several well known heterogeneous 

catalysts compares to that of Au/CeOx/TiO2.  It was found that 

Au/CeOx/TiO2 was a significantly better catalyst than any 

transition metal supported on a metal oxide surface.  This is due 

the ability of Au/CeOx/TiO2 to act as a two-fold catalyst.  In this 

species, ceria forms dimers in the form of Ce2O3 when supported 

on titania.  Figure 3 shows an STM image of titania supported 

ceria.  The bright sports correspond to the ceria dimers.  These 

dimers add to the stability of the Ce+3 cation, which dissociates 

water. The stability of the Ce+3 ion has already proven to be 

essential to the catalytic activity of any ceria supported metal 

catalyst.  In ceria supported gold, before being reduced by CO 

molecules in the WGS reaction, there are Ce+4 ions present. 

Because Ce+3 are larger than Ce+4 reduction with CO puts strain 

on the lattice framework of ceria and the entire structure expands. 

This creates oxygen vacancies in the structure; water fills these 

vacancies and is dissociated by Ce+3.  This was shown in the work 

of Wang et al with gold doped ceria as well as copper doped 

ceria7.  By comparing the doped ceria with a species in which Ce 

is known to be trivalent, they were able to show that Ce+3 cations 

were produced during the WGS reaction.  The mechanism of 

action in this situation is similar to the mechanism involving 

Au/CeOx/TiO2.  While the presence of oxygen vacancies in the 

lattice structure is still essential, it is the titania support rather than 

carbon monoxide that gives rise to the Ce+3 cation.  In this 

mechanism, ceria does not oxidize CO.  Ceria cations are formed 

as a result of electron transfer with titania and oxygen during the 

doping process.  Water enters these active sites, or vacancies in 

the CeOx structure, and is dissociated by the Ce+3 ions.  Carbon 

monoxide associates with the gold nanoparticles, which act as a 

catalyst for the reaction between OH and CO, and the oxide-metal 

surface acts as a medium for the reaction between dissociated 

water and CO.  The catalyst produced in this paper has a 

considerable advantage.  Other oxide supported metal catalysts of 

 Figure 3 An STM image of titania 

supported ceria. The diagonal ceria array is plainly visible as bright spots. 

 

comparable composition do not have the advantage of producing 

these stable dimers which play a large role in the reaction.   

Beyond the WGS reaction, it was also found that 

Au/CeOx/TiO2 can also catalyze the oxidation of carbon 

monoxide.   The catalytic acitivty of Au/CeOx/TiO2 was examined 

in this reaction and compared to the catalytic Au/ CeOx/TiO2.  In 

both cases, the amount of carbon dioxide was measured as a 

function of gold coverage on the oxide support.  In this 

experiment it was found that the two species have different, but 

similar, optimal gold coverage.  More importantly, it showed that  

at the maxima, the catalytic activity of Au/CeOx/TiO2 is nearly                                               

five times as high as that of an identically prepared catalyst that 

was not doped with ceria. Figure 2 shows these results.  This 

experiment also verifies that ceria plays a direct and essential role 

in the catalysis of this reaction and, in conjunction with the 

experiment in figure 1, that the increased stability of the Ce+3 

cation leads to increased catalytic activity.  

 

Conclusion 

The work done in this paper is concerns electron-

transfer as well as reduction-oxidation chemistry which are topics 

covered in this course.  Electron transfer between Ce and Ti is 

responsible for the creation of dimers containing Ce+3 cations. 

This is discussed to work done in class because of its discussion 

of electron-transfer.  Partial electron transfer also occurs between 

gold nanoparticles and the oxide support and reduction of Ce+4 to 

Ce+3 occurs in the production of Ce2O3 dimers. 

In a more broad sense, the research done in this paper is 

connected to the work done in this course in through the methods 

used to identify and characterize the surfaces.  Scanning tunneling 

microscopy (STM) was used.  This is an analytical method that is 

used to image surfaces based on their electronic properties.  A 

conducting needle is brought near the surface and the voltage 

difference between the surface and the needle allows the flow of  

electrons4.  This can be connected to XANES spectroscopy in that 

they both contribute to the determination of charge.  In STM 

charge density is denoted by the contrast on the picture4 which is 

depicted in figure 3; the bright spots correspond to ceria dimers 

which have more electron density than their titania support.  In 

XANES the energy readout denotes the formal charges of atoms.  

The authors also used XPS spectroscopy to determine the 

chemical composition of the titania surface and to be sure that 

there were no surface contaminants.  XPS was also used to 

confirm the presence of Ce+3 cations. 

The findings of this paper can be used as a stepping stone for 

more research into optimizing mixed-metal oxide catalysis.  

Currently, heterogeneous catalysts tend to consist of metals 



 

supported by one metal-oxide1-3,5-8.  However, with these new 

findings, mixed-metal oxides as a support can be explored as a 

novel route to increasing the stability of certain ions or 

coordination modes that enhance the catalytic activity of the 

species.  Also, catalysts similar to Au/CeOx/TiO2 can be created 

in order to increase the efficiency of fuel cells.  Besides using this 

catalyst for the WGS reaction, its effectiveness in other reactions 

should also be examined.  As a result of research into this area, 

reactions done on a large scale, mainly in industry, can be done 

with much less waste and with higher yields.  Even more 

importantly, hydrogen gas, which is a major product of the WGS 

reaction, is a clean source of energy; therefore by optimizing 

catalysts of this type, production of an alternative energy source 

can be increased and the severity of the energy crisis can be 

reduced.  

 
REFERENCES  
 

1. Schumacher, N.; et al. “Trends in low-temperature water-gas shift 
reactivity on transition metals.” Journal of Catalysis. 2005, 229, 
265-275. 

2. Park, J.; et al.”High catalytic activity of Au/CeOx/TiO2(110) 
controlled by the nature of mixed-metal oxide at the nanometer 
level.” Proceedings of the National Academy of Sciences. 2009, 
108, 4975-4980. 

3. Rasmussen, P.B.; et al. “Methanol synthesis on Cu(100) from 
binary gas mixture of CO2 and H2.” Catalysis Letters. 1994, 26, 
373-381. 

4. Skoog, D.A.; Holler, F.J.; Crouch, S.R. Principles of Instrumental 
Analysis. 6th ed. 2007. 

5. Molina, L.M.; Hammer, B. “Active role of oxide support during 
CO oxidation at Au/MgO”. Phys Rev Lett. 2003, 90, 206102. 

6. Sanchez, A. et al. “When Gold is Not Noble: Nanoscale Gold 
Catalysts”  J. Phys. Chem. A. 1999, 103, 9573-9578. 

7. Wang X, et al. “Ceria-based catalysts for the production of H2 
through the water–gas-shift reaction: Time-resolved XRD and 
XAFS studies.” Top Catal. 2008, 49,81–88. 

8. Yoon, Bokwon; et al. “Charging Effects on Bonding and Catalyzed 
Oxidation of CO on Au8 Clusters on MgO.” Science. 2005, 307, 
403-407. 

 


	Title
	Authors
	Abstract
	Methods Summary
	References
	Methods
	[UO2(thf)(H2L)].thf, 1
	[UO(OSi(CH3)3)(thf)Fe2I2(L)], 3
	Alternative syntheses of 3
	[UO(OSi(CH3)3)(thf)Zn2I2(L)], 5
	[UO(OSi(CH3)3)(thf)Zn2Cl2(L)], 6
	Reaction between 1 and KN(Si(CH3)3)2: attempted synthesis of [UO(OSi(CH3)3)(thf)K2L]
	Reaction between 1 and cobaltocene and trimethylsilyl triflate: attempted synthesis of [UO(OSi(CH3)3)(thf)(H2L)] and cobaltocen
	Reaction between 1 and excess KH for the identification of by-products
	Reaction between 1 and 2 KN(Si(CH3)3)2 for the identification of by-products
	Crystallography

	Figure 1 Reductive silylation of the uranyl dication.
	Figure 2 X-ray crystal structures of [UO(OSi(CH3)3)(thf)Fe2I2(L)] and [UO(OSi(CH3)3)(thf)Zn2I2(L)].
	Paper 6.pdf
	Title
	Authors
	Abstract
	References
	Figure 1 Different reactivity of quinoxaline towards Mo(PMe3)6 and W(PMe3)4(&eegr;2-CH2PMe2)H.
	Figure 2 Molecular structure of (&eegr;4-C2N2-QoxMe2H)W(PMe3)3H2.
	Figure 3 Molecular structure of [&kgr;2-C2-C6H2Me2(NC)2]W(PMe3)4.
	Figure 4 Possible mechanism for formation of [&kgr;2-C2-C6H4(NC)2]W(PMe3)4.

	Paper 8.pdf
	Title
	Authors
	Abstract
	References
	Figure 1 Single-crystal structures of [Ir]-N2, [Ir]-CO, [Ir]-NH3, [Ir]-C2H4, [Ir]-(H)2(H2), and [Ir]-O2.
	Figure 2 Unit-cell and stacking diagrams of single-crystal [Ir]-N2.
	Figure 3 Superposition of crystal structures.
	Table 1 Crystal data and structure-refinement summary.

	z.pdf
	A diiron(iv) complex that cleaves strong C–H and O–H bonds
	Figure 1  Structures of the complexes 1 and 3.
	Figure 2  Characterization of complexes 1, 2 and 3.
	Figure 3  X-ray absorption spectra of complexes 1, 2 and 3.
	Figure 4  4.2 K Mössbauer spectra of 3.
	Figure 5  Oxidative reactivity study of 3 in CD3CN at 10 °C.
	Figure 6  Reaction scheme of 3 in its oxidation of cyclohexane and t-butanol.
	Table 1  X-ray absorption and Mössbauer spectroscopic data for [Fe2O(L)2]n+.
	Table 2  Second-order rate constants (M−1 s−1) for the reactions of iron(iv) complexes*.
	References
	Acknowledgements
	Author contributions
	Additional information




