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ABSTRACT: Sodium periodate was characterized as a primary chemical oxidant for the
catalytic evolution of oxygen at neutral pH using a variety of water-oxidation catalysts.
The visible spectra of solutions formed from Cp*Ir(bpy)SO4 during oxygen-evolution
catalysis were measured. NMR spectroscopy suggests that the catalyst remains molecular
after several turnovers with sodium periodate. Two of our [Cp*Ir(bis-NHC)][PF6]2 complexes, along with other literature
catalysts, such as the manganese terpyridyl dimer, Hill’s cobalt polyoxometallate, and Meyer’s blue dimer, were also tested for
activity. Sodium periodate was found to function only for water-oxidation catalysts with low overpotentials. This specificity is
attributed to the relatively low oxidizing capability of sodium periodate solutions relative to solutions of other common primary
oxidants. Studying oxygen-evolution catalysis by using sodium periodate as a primary oxidant may, therefore, provide preliminary
evidence that a given catalyst has a low overpotential.

■ INTRODUCTION
Efficient conversion of solar energy into a sustainable fuel
source is one of the defining challenges of the 21st century.
Inorganic chemistry is playing a key role in the conversion of
solar energy into fuels through the development of proton-
reduction and water-oxidation catalysts. A number of water-
oxidation catalysts have been developed over the past 2
decades, based on a diverse array of metals, including
ruthenium,1−3 manganese,4 cobalt,5,6 iron,7,8 and iridium.9−11

Complete characterization of these catalysts has proven
extremely difficult, however, requiring many years, numerous
techniques, and extensive computational studies to even begin
to identify the mechanistic details.12 Iridium-based catalysts are
especially problematic because of the possibility of decom-
position to iridium oxide, one of the most active water-
oxidation catalysts known.11

Complicating the characterization of water-oxidation cata-
lysts are the limitations of the standard procedures used to
measure the reaction rates, specifically the use of cerium(IV) as
a primary oxidant to mimic the electrochemical oxidation of the
precatalyst. The use of a primary chemical oxidant facilitates
rate determinations of soluble catalysts versus electrochemical
methods, where only a fraction of the catalyst is active at any
one time. Historically, cerium(IV) has been used as a primary
oxidant in water-oxidation studies for a number of reasons,
including the relative ease of interpreting its single-electron
chemistry and the fact that all catalysts determined to be active
using cerium(IV) have also been shown to be active
electrochemically.13 Severe limitations apply to the use of
cerium(IV) as a primary oxidant, however. Solutions of
cerium(IV) are stable only below pH ∼3, above which the
cerium(IV) spontaneously produces insoluble cerium oxides.14

In addition, the standard potential of cerium(IV) is 1.70 V vs
NHE, approximately 500 mV above the potential required for
water oxidation at pH 0.13

The highly oxidizing conditions of cerium(IV) solutions can
give rise to a number of undesirable side reactions unrelated to
the electrochemical behavior of the catalyst. More disturbingly,
our computational results9 suggest that the CeIVOH3+ cation is
noninnocent in the catalytic cycle by assisting proton transfer.
Water oxidation with chemical oxidants does not always mimic
the electrocatalytic behavior that is the most relevant for the
production of solar fuels. Indeed, a variety of water-oxidation
catalysts that function electrochemically are negatively affected
by cerium(IV).
Sodium periodate has previously been used as the chemical

oxidant for water oxidation with Fe-TAML systems,7 and more
recently a number of iron systems were found to show
increased turnover numbers with sodium periodate relative to
cerium(IV).8 Additionally, sodium periodate has been shown to
serve as an alternative primary oxidant to cerium(IV) in our
iridium-based system, where we saw water-oxidation catalysis
by a Cp*Ir(NHC-phenyl) complex.15 We also found that
sodium periodate drives water oxidation with Wilkinson’s
iridium acetate trimer under mild conditions.10 In this paper,
we report in detail on the properties of sodium periodate as a
primary oxidant for a series of water-oxidation catalysts (the
structures of some of the complexes studied are shown in
Figure 1), together with its advantages and limitations.

■ EXPERIMENTAL DETAILS
[Cp*Ir(MeCN)3][PF6]2,

16 1,1′-dimethyl-3,3′-methylene-1,2,4-ditriazo-
lium diiodide,17 and water-oxidation catalysts were made according to
literature methods.1,2,4,5,9,18 Deuterated solvents were purchased from
Cambridge Isotope Laboratories and used as received. NMR spectra
were recorded on a 500 MHz Bruker spectrometer and referenced to
the residual solvent peak (δ in ppm; J in Hz). UV−visible spectra were
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recorded on a Varian Cary 50 spectrophotometer. Elemental analysis
was performed by Robertson Microlit Laboratories (Ledgewood, NJ).
General Procedure for Clark-Type O2 Electrode Measure-

ments. A solution of sodium periodate (5.00 mL, 10.0 ± 0.2 mM) is
placed in the electrode chamber, which is then sealed such that no
headspace remained. Solutions were not deaerated prior to use. After
the baseline has stabilized, 10.0 μL of a catalyst solution is injected into
the electrode chamber with stirring, and the change in the electrode
current over time is recorded. This procedure is repeated a minimum
of three times per reaction condition. Error bars shown in figures in
the Supporting Information represent 2 standard deviations from the
mean and are generally between 10 and 20% of the measured value.
Procedure for Gas Chromatography−Mass Spectrometry

(GC−MS) Analysis. A solution of 1.6 mM catalyst and a solution of
oxidant [10 mM for NaIO4 and 70 mM for cerium(IV) ammonium
nitrate (CAN)] were placed under vacuum. The solutions were rapidly
mixed with stirring and allowed to stand for approximately 5 min. The
reaction headspace was then transferred into a cold trap prior to
sampling with a Stanford Research Systems Residual Gas Analyzer gas
chromatograph−mass spectrometer.
Procedure for Dynamic Light-Scattering Analysis. A catalyst

solution was added to a 10 mM solution of sodium periodate and
allowed to react for 20 min. Final catalyst concentrations were ∼330
μM. The samples were then analyzed on a Malvin Zetasizer Nano
instrument.
Synthesis of [Cp*Ir(bistriazolium)I]PF6 (5). A 100 mL Schlenk

flask was charged with 614 mg (0.829 mmol) of [Cp*Ir(MeCN)3]-
[PF6]2 and 359 mg (0.829 mmol) of 1,1′-dimethyl-3,3′-methylene-
1,2,4-ditriazolium diiodide. The flask was placed under nitrogen, and
24 mL of dry acetonitrile was added via a syringe. A total of 0.35 mL
(2.50 mmol, 3 equiv) of triethylamine was then added. The reaction
was stirred at 60 °C for 48 h. After completion, the solution was
cooled to room temperature and the solvent removed. The resulting
orange powder was redissolved in dry chloroform and cooled to −78
°C for 1 h. A pale-yellow precipitate formed and was collected by
vacuum filtration, washed with cold diethyl ether, and dried in vacuo
overnight. Yield: 572 mg (0.735 mmol, 89%). 1H NMR (500 MHz,
CD3CN): δ 8.43 (s, 2H), 6.33 (d, J = 13.3 Hz, 1H), 5.53 (d, J = 13.3
Hz, 1H), 3.92 (s, 6H), 1.96 (s, 15H). 13C NMR (126 MHz, CD3CN):
δ 151.06, 142.38, 94.60, 57.94, 40.84, 8.70. Elem anal. Calcd: C, 26.19;
H, 3.49; N, 10.78. Found: C, 26.31; H, 2.73; N, 10.51.

■ RESULTS

Characterization of the Catalytic Activity of 1 with
Sodium Periodate. Following our finding that sodium
periodate can drive catalytic water oxidation with both

Wilkinson’s iridium acetate trimer and our Cp*Ir(NHC)
complex,10,15 we began to explore its application to other
systems such as our own recently reported [Cp*Ir(bpy)SO4]
(1; Figure 1).9 Upon the addition of 1 to a solution of sodium
periodate, oxygen begins to evolve with an increasing rate,
reaching a maximum after ∼5 min (Figure 2). This maximum

rate is maintained for at least 1 h and was used to analyze the
kinetic behavior of the system. Over the course of the reaction,
the pH of the solution was found to decrease from 5.35 to 5.25.
As shown in Figures S1 and S2 in the Supporting Information,
the oxygen-evolution turnover frequency of compound 1
exhibits first-order dependence with respect to the catalyst
concentration, as was also seen previously when cerium(IV)
was used as a primary oxidant.9

In order to determine whether the observed oxygen
produced was the result of water oxidation or sodium periodate
dismutation, i.e., reaction of periodate rather than water with an
IrVO species, kinetic studies were performed. A first-order
relationship between the rate of oxygen evolution and the
concentration of periodate in solution is observed (Figures S3
and S4 in the Supporting Information). This result is consistent
with several pathways. One is oxidation of the catalyst in the

Figure 1. Structures of chemical complexes 1−6 studied in this paper.

Figure 2. Turnovers of oxygen versus time for a 473 nM solution of 1
in 20.4 mM sodium periodate as measured using a Clark electrode at
pH ca. 5.3.
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rate-determining step of the catalytic cycle where first-order
dependence on the oxidant concentration would be expected at
low oxidant concentrations. Another is the rate-determining
reaction of free periodate with a [Cp*Ir(bpy)IO4] intermediate,
where first-order dependence on the periodate concentration
would be expected at high concentrations. Ideally, one could
resolve this ambiguity by extending the range of concentrations
of periodate measured because the two mechanisms predict
different behavior at high and low concentrations, respectively.
In the case of water-oxidation catalysis by the manganese
terpyridyl dimer driven by oxone, a saturation behavior at high
oxone concentration is observed, supporting a mechanism in
which the rate-determining step is oxidation of the catalyst to
form a reactive high-valent intermediate that rapidly evolves
oxygen.19 Unfortunately, in the case of the oxygen-evolution
reaction of 1 driven by periodate, it was not possible to extend
the range of concentrations sufficiently to differentiate the two
mechanisms. At the low end of concentrations, the rate of
oxygen evolution becomes too small to measure accurately, and
the limited solubility of sodium periodate at neutral pH
prevents measurements at the high end. Oxygen isotope
labeling could also be used to remove this ambiguity;
unfortunately, sodium periodate undergoes rapid oxo exchange
with water,20 preventing meaningful analysis of the oxygen
isotope data. In this case, we must, therefore, work by analogy
from the previous data using cerium(IV) and electrochemistry,
demonstrating that 1 is indeed capable of catalytic water
oxidation.9

Comparison of the Activity of 1 with Periodate versus
CAN. It has recently been suggested that Cp*Ir complexes such
as 1 undergo rapid degradation in the presence of cerium-
(IV).21 We, thus, made efforts to determine whether nano-
particles were formed while using sodium periodate. In contrast
to cerium(IV) as a primary oxidant for 1, where a decrease in
the oxygen productivity over time is observed,9 periodate
permits oxygen production over extended periods (Figure 2).
This suggests that 1 has improved stability in sodium periodate
solutions, which may be due to either the lower redox potential
of periodate relative to cerium(IV) or the higher pH at which
the experiments are run. Further evidence on this point was
obtained from tandem oxygen and carbon dioxide detection
during turnover using GC−MS. Upon the addition of a
solution of 1 to a solution of CAN at pH ca. 0.9, both oxygen
and carbon dioxide are detected in the headspace by GC−MS,
showing ligand degradation to carbon dioxide. The addition of
a solution of 1 to a solution of sodium periodate at pH ca. 5.35,
however, results in substantial amounts of oxygen production
but no detectable carbon dioxide production, despite multiple
freeze−thaw cycles to remove any dissolved CO2. This
demonstrates that any decomposition of 1 with periodate
must be substantially less extensive than that with cerium(IV),
which may be either due to a lower rate of decomposition using
periodate or due to the lower concentrations of oxidant
required in experiments using periodate.
Confirming the Homogeneity of 1 with Periodate. It

has recently been suggested that at high concentrations 1
decomposes into a heterogeneous material upon treatment with
cerium(IV), which is then responsible for the observed water-
oxidation catalysis.21 In order to better characterize the catalytic
cycle of the complex and to check for the formation of
heterogeneous material using sodium periodate, UV−visible
spectral time-course studies were conducted. Figure 3 shows
that a peak at 580 nm forms over the course of the first 3 min

of the reaction and reaches a maximum after ∼12 min, in
addition to a rising baseline due to vigorous bubble formation.
This corresponds to the slow induction observed in the Clark-
electrode experiment (Figure 2) and is consistent with the 580
nm band belonging to a steady-state iridium(IV) form of the
catalyst, indicating slow oxidation of the iridium(III) species to
a high-valent iridium species, followed by rate-determining O−
O bond formation. The addition of ethanol causes the 580 nm
band to disappear over the course of ∼5 min with the
formation of a species that exhibits absorption at ∼430 nm
(Figure 4). This observation indicates that ethanol reduces the

steady-state high-valent iridium species to iridium(III).
Importantly, the 580 nm band cannot be assigned to
conventional iridium dioxide nanoparticles, which are not
reduced by ethanol.
To confirm that no iridium oxide nanoparticles are formed

upon the reaction of 1 with periodate, dynamic light-scattering
experiments were conducted. No nanoparticles within the
detection limit of the instrument were found to be present in a
solution of 1 20 min after the reaction with periodate. To
ensure that the instrument was capable of detecting iridium
dioxide nanoparticles under the reaction conditions, a solution
of IrCl3 was combined with sodium periodate and allowed to
stand for 20 min before measurement. The IrCl3 solution
clearly shows that large numbers of nanoparticles have formed
(Figure S5 in the Supporting Information), demonstrating that
if 1 were forming nanoparticles similarly to IrCl3, they should
be detectable by the dynamic light-scattering instrument.

Figure 3. Visible spectrum of a solution of 105 μM 1 over time after
the addition of 8.7 mM sodium periodate. Time points: 19 s, 1.3 min,
3.3 min, 6.8 min, 9.3 min, 12.3 min, and 13.3 min.

Figure 4. Visible spectrum of a solution of 105 μM 1 and 8.7 mM
sodium periodate (initial concentrations) over time after the addition
of ethanol. Time points: 0 s, 45 s, 2.25 min, 4.75 min, 6.25 min, 9.25
min, and 11.75 min.
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We then considered whether an alternative form of iridium
oxide, such as the “blue layer” (BL) we have previously
reported, could be forming.22 We, therefore, oxidized a solution
of Cp*Ir(H2O)3 (2), the precursor to BL, with sodium
periodate and monitored the visible spectra of the solution over
time. The expected 580 nm band corresponding to BL was
observed after approximately 15 min. Upon the addition of
ethanol to the solution, however, the 580 nm band persisted
with only a small decrease in the intensity, indicating that the
oxidation product of 2 is not readily reduced by ethanol (Figure
5). Additionally, the 580 nm band formed when 1 is oxidized

by periodate appears slowly over the first 15 min of reaction
(Figure 3). In contrast the 580 nm band formed from 2 appears
abruptly, suggesting autocatalytic nanoparticle formation in the
case of 2 but not of 1. Thus, the 580 nm peak formed upon
periodate oxidation of 1 is distinct from the one coming from
BL-like nanoparticles, which form upon oxidation of 2 in
solution (Figure S6 in the Supporting Information). On the
basis of these results, combined with the data collected showing
no nanoparticle formation when 1 is oxidized by periodate, we
conclude that the 580 nm peak observed for 1 is from a
molecular high-valent iridium species.23

Analysis of the Catalyst after Reaction with Periodate.
In order to gain insight into the active form of the catalyst, we
attempted recovery of 1 after the reaction with sodium
periodate and were able to recover a yellow powder after the
reaction of 1 with 100 equiv of sodium periodate by quenching
with ethanol and removal of the solvent via rotary evaporation.
Instead of a single Cp* methyl resonance in the NMR, the
yellow powder exhibits three separate peaks in the aliphatic
region, indicating that, while at least some of the Cp* remains
even after 50 turnovers, partial oxidative modification has
occurred (Figure S7 in the Supporting Information). Addition-
ally, the bipyridyl NMR resonances have broadened and shifted
slightly downfield relative to the starting catalyst, indicating that
no unmodified 1 remains after 50 turnovers. The peak
broadening of the bipyridyl resonances differ in extent in
CD3OD and D2O, suggesting that it results from ligand
exchange at the iridium center. This is consistent with recent
reports that the initial oxidation product of Cp*Ir water-
oxidation complexes is hydroxylation of the Cp* ring, leading
to a modified ring that can displace solvent bound to iridium.24

No free bipyridine is observed in the NMR spectra, however,
suggesting that 1 has not decomposed to a nanoparticulate
material to any significant extent. IR analysis of the yellow
powder shows a broad peak at 1640 cm−1 (Figures S7 and S8 in
the Supporting Information), indicating the formation of a
carbonyl in the oxidation product, which may be assigned to a
carboxylic acid due to the absence of aldehyde protons in the
NMR.

Reaction of 6 with Periodate. Although it has not been
possible to definitively eliminate periodate rather than water
being the source of the O2 because of fast water−periodate O
atom exchange, we have been able to obtain indications from a
comparison between 1 and 6. In contrast to the case of 1, the
reaction of 6 with periodate to form O2 proceeds without an
induction period. Additionally, the rate of the reaction was
found to be approximately 2 orders of magnitude faster than
that for 1, despite similar reaction rates for the two complexes
when cerium(IV) is used as the primary oxidant.9,25 This likely
results from deprotonation of the substrate water by the
internal base alkoxy function of the pyridine alkoxide complex 6
at the near-neutral pH of the NaIO4 study. In contrast, at the
acid pH of the cerium(IV) study, the alkoxide is likely to be
protonated and incapable of deprotonating substrate water.
This mechanism is similar to the one believed to operate when
using periodate to drive water oxidation with iridium dioxide
and with Wilkinson’s iridium acetate trimer in the presence of
excess acetate.10 The large difference in rate between 6, 2, and
prepared iridium dioxide nanoparticles argues against decom-
position of the complex to an iridium oxide material over short
time periods because the observed rate should decrease sharply
if that were occurring.

Screening Literature Water-Oxidation Systems for
Activity with Periodate. After finding that 1, 2, and 6 are
competent water-oxidation precatalysts with periodate, we were
encouraged to assay a number of other catalytic systems to
determine the general applicability of periodate as a primary
chemical oxidant for water oxidation. Interestingly, most of the
catalysts that we tested showed no catalytic water-oxidation
activity using sodium periodate at pH ca. 5.4. Specifically, the
manganese terpyridyl dimer,4 Hill’s cobalt polyoxometallate,5

and [Ru(4′-EtO-terpy)(bpy)(OH2)](NO3)2
3 showed no reac-

tion upon addition to a solution of sodium periodate.
Meyer’s blue dimer2 (3) showed no detectable oxygen-

evolution activity with periodate; however, a color change from
blue to orange was observed corresponding to the 646 nm peak
of the III,III state of 3 converting to the 490 nm peak of the
III,IV state (Figure 6).26 Oxygen evolution was detected using
other iridium catalysts, however, including iridium acetate,10

[Cp*Ir(bisimidazole)I][PF6] (4),15 compound 5, and iridium
dioxide nanoparticles.

Reaction of 3 with Periodate. Examination of the visible
spectral changes of 3 upon addition to periodate reveals
important information about the characteristics of periodate as
an oxidant. First, the oxidation of 3 from RuIII,III to RuIII,IV is a
one-electron process, suggesting that periodate is serving as a
one-electron oxidant. The ability of periodate to act as a one-
electron oxidant has been previously demonstrated with
hexaaquairon(II).27 In the case of 3, it is not possible to
exclude an initial two-electron oxidation, followed by a
bimolecular electron-exchange reaction; however, no oxygen
generation is observed, as may be expected if a ruthenium(V)
species were generated. Second, the lack of observable oxygen
formation by 3 when added to periodate suggests that periodate

Figure 5. Solution of 274 μM 2 in 8.8 mM sodium periodate for 1 h
before (solid line) and after the addition of ethanol (dashed line).
Absorbance values corrected for dilution.
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disproportionation does not contribute significantly to the
oxygen produced by the iridium systems because 3 is known to
catalyze the disproportionation of hypochlorite.28

■ DISCUSSION
Because both the reduction of periodate to iodate and the
oxidation of water to oxygen require one proton per electron,
the overpotential provided by periodate is constant at
approximately 420 mV from pH 2 to 8. Periodate is, thus, an
approximately 20% less powerful oxidant than cerium(IV) and
oxone for water oxidation, which accounts for the inability of
periodate to serve as a primary oxidant for complex 3 and the
manganese terpyridyl dimer (Table 1). The [Ru(4′-EtO-

terpy)(bpy)(OH2)](NO3)2 system was not expected to
generate oxygen given its ∼480 mV required overpotential.
The lack of reaction of periodate with Hill’s cobalt
polyoxometallate (Table 1) is a more complex case because
previous studies were conducted at pH 8, unlike those
conducted here at pH 5.3, because periodate begins to form
H2I2O10 at pH 8.29 Thus, the failure of periodate to effect water
oxidation with the polyoxometallate may result from the
difference in pH. It should also be noted, however, that at pH 8,
where the original studies on the cobalt polyoxometallate
complex were done, the overpotential of the Ru(bpy)3

3+

oxidant is 472 mV. Thus, the observed inactivity may result
from the lower overpotential of periodate as seen with the other
complexes. On the other hand, periodate may be able to serve
as a primary oxidant in the case of the iridium and iron systems
because their potentials for oxidation are below that which
periodate can provide. Thus, sodium periodate may be selective
for water-oxidation catalysts with relatively low overpotentials.
Despite the success in using sodium periodate to drive our

Cp*Ir systems, there are a number of drawbacks that prevent
its general use as a primary oxidant. The most important
concern is the possibility for periodate dismutation to
contribute to the observed oxygen evolution, i.e., attack of
periodate rather than water on an iridium oxo species.
Checking for dismutation is complicated by the rapid oxo
exchange between periodate and water mediated by the meta−
para periodate equilibrium.20 Alternative primary oxidants may
be used to conclusively demonstrate the water-oxidation ability
of the catalyst, and the rate dependence of the reaction on the
periodate concentration may be measured; however, it remains
difficult to prove conclusively that oxygen produced when using
periodate is from water. Further complications arise when using
sodium periodate to obtain mechanistic information about a
complex because others have demonstrated that it can serve as
both a one- and two-electron oxidant.27 This complicates
mechanistic interpretations and computational studies by
allowing for numerous plausible oxidation mechanisms. In
addition, iodate is formed as periodate is consumed and may
serve as either a ligand or a weak oxidant in its own right.
Periodate remains useful as a primary oxidant, however, as

long as studies are planned with its drawbacks in mind.
Periodate maintains a constant overpotential in the pH range of
2−7. As demonstrated for 6, the ability to screen catalytic
activity at multiple pH values can provide mechanistic insight.
In addition, because of periodate’s relatively low oxidizing
power, it is selective for water-oxidation catalysts having low
overpotentials and appears less prone to causing catalyst
decomposition than harsher oxidants such as cerium(IV).

■ CONCLUSIONS

The use of sodium periodate rather than cerium(IV) as a
sacrificial oxidant for studying water-oxidation catalysts has
been shown to lead to reduced degradation of the catalysts.
This is, in part, because of the higher pH at which
measurements can be run and, in part, because of the lower
oxidizing power of periodate relative to cerium(IV) solutions.
Because of the lower oxidizing power of sodium periodate, it
only functions to drive turnover for water-oxidation catalysts
with relatively low overpotentials. Sodium periodate can, thus,
be used as a preliminary screen for water-oxidation catalysts
with low overpotentials. For catalysts with higher over-
potentials, sodium periodate can potentially be used to access
intermediate species in the catalytic cycle without driving
complete turnover, allowing for more detailed analysis of those
species.

■ ASSOCIATED CONTENT
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Kinetic plots, dynamic light-scattering data, and NMR and IR
spectra. This material is available free of charge via the Internet
at http://pubs.acs.org.

Figure 6. Visible spectra of 44 μM 3 before (solid line) and after the
addition of 1.2 mM sodium periodate (dotted line).

Table 1. Turnover Frequencies of Catalysts Measured with
10 mM Sodium Periodate (2 Standard Deviation Error
Approximately 10% of Mean; NR = no reaction)

catalyst TOF (s−1) catalyst concn (μM)

1 0.042 0.47
2 0.060 4.9
3 NR
4 0.13 2.4
5 0.20 2.2
6 2.20 0.10
Co4(H2O)2(PW9O34)2

10‑ NR
[Ir3(OAc)6(H2O)3]

+ 0.27*,10 0.12
iridium dioxide nanoparticles 0.38*,10 0.43
[Mn(terpy)O(H2O)]2(NO3)3 NR
[Ru(4′-EtO-terpy)(bpy)(OH2)](NO3)2 NR
[Fe(OTf) 2 (mcp)] 0.0618 12.5

*In the presence of 23 mM sodium acetate buffer, turnovers per
iridium center.
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