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A stopped-flow analysis of compound Cp*2Mo2O5 (Cp* ¼ Z5-C5Me5) in 20% MeOH–H2O over the pH range
0–14 has provided the speciation of this molecule as well as the rate and mechanism of interconversion between
the various species that are present in solution. The compound is a strong electrolyte in this solvent
combination, producing the Cp*MoO2

+ and Cp*MoO3
� ions in equilibrium with a small amount of

Cp*MoO2(OH), the latter attaining ca. 15% relative amount at pH 4. At low pH (< 2.5) Cp*MoO2
+ is

essentially the only species present in solution, while the anion Cp*MoO3
� is the dominant species at pH > 6.

The acid dissociation constant of Cp*MoO2(OH) has been measured directly (pK ¼ 3.65� 0.02) while the pK
for the protonation equilibrium leading to Cp*MoO3H2

+ is estimated as < 0. The three trioxygenated species
establish rapid proton transfer equilibria among themselves, but transform to the dioxo species Cp*MoO2

+ by
two slower and independent first-order pathways: loss of H2O from Cp*MoO3H2

+ and loss of OH� from
Cp*MoO2(OH). The former pathway is prevalent at pH < 2, where the transformation proceeds to completion,
giving rise to kinetics that are first-order in metal and in [H+]. The reverse process is quantitative at pH > 5.
The prevalent pathway at high pH is the addition of OH� to Cp*MoO2

+, giving rise to kinetics that are first-
order in metal and in [OH�]. The kinetics of the equilibration process at intermediate pH are affected by the
buffer concentration, indicating a general acid-base catalytic phenomenon. The complete elucidation of the
kinetic and thermodynamic scheme was made possible by the combined analyses of the equilibrium in the pH
3–5 range and the kinetics in the extreme pH regions.

High oxidation state organometallic chemistry has experienced
a rapid development in the last 20 years, mostly justified by the
search for efficient oxidation catalysts. This is exemplified by
the numerous studies carried out on the half-sandwich oxo
derivatives of rhenium.1–3 The coordination sphere of high oxi-
dation state metals typically involves electronegative and
p-donating ligands such as the halides or negatively charged
oxygen-based (oxo, alkoxo) or nitrogen-based (nitrido, imido,
amido) ligands. These conditions confer a high degree of
covalency to any metal–carbon bond, which consequently
becomes quite resistant to hydrolytic conditions. The cyclo-
pentadienyl ligands are perhaps the most compatible organic
fragments in this area of organometallic chemistry. It is there-
fore somewhat surprising that the physical behavior and che-
mical reactivity of high oxidation state organometallics is not
systematically investigated in water, although some of these
systems are synthesized in water or by the use of aqueous
reagents.
Some of the earliest examples of high oxidation state organo-

metallics are the molybdenum derivatives of general formula
(Ring)2Mo2O5 (Ring ¼ substituted cyclopentadienyl ligand),
first developed in the laboratory of M. L. H. Green for the
parent cyclopentadienyl system.4–6 We have recently reported

improved syntheses of the Cp and Cp* compounds
(Cp ¼ Z5-C5H5 ; Cp* ¼ Z5-C5Me5), and extended them to
the preparation of new derivatives containing the sterically
congested C5HPri4 and 1,2,4-C5H2Bu

t
3 rings.7 The structures

of these compounds display neutral dinuclear units with sym-
metric Mo–(m-O)–Mo bridges, like the various X-ray struc-
tures previously reported for different polymorphs of the
Cp* compound.8–11 A related complex, Cp*MoO3

�, has been
reported independently by the groups of Geoffroy and Sunder-
meyer.12–14 These complexes can indeed be prepared in an aqu-
eous medium,4,7,13–15 but most reported investigations have
been restricted to the use of nonaqueous solvents.8–11,16–19

We have initiated a research effort aimed at increasing our
basic knowledge of the physical properties and chemical reac-
tivity of organomolybdenum compounds in a variety of high
oxidation states in water, with the goal of developing new aqu-
eous organometallic chemistry, catalysis and electrocatalysis.
In this contribution, we report a thorough study of the
Cp*MoVI system in an aqueous environment over the entire
pH range (0–14). Since compound Cp*2Mo2O5 is insoluble
in pure water, while alkali metal salts of Cp*MoO3

� (e.g.,
sodium) are lipophobic, we were forced to carry out our inves-
tigation in a mixed MeOH–H2O solvent. However, the use of
just 20% MeOH proved sufficient to keep the neutral com-
pound in solution at sufficient concentrations (up to 4� 10�4

M) to carry out our UV-visible spectroscopic investigations,
while it does not interfere with the aqueous chemistry of the
Cp*MoVI species as shown by the results obtained.

y Electronic supplementary information (ESI) available: tables of rate
constants. See http://www.rsc.org/suppdata/nj/b2/b202106b/
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Experimental

Reagents and solutions

All chemicals were of reagent grade and used as supplied with-
out further purification. HNO3 and NaOH standard solutions
were from Merck–Prolabo Normadoses. The buffers were con-
stituted in single conjugate pairs or in Britton–Robinson
(B.R.) mixtures.20,21 The ionic strength of all solutions was
adjusted to 0.1 M by the addition of NaNO3 . Compounds
Cp*2Mo2O5 and Cp*MoO2Cl were prepared according to
the literature procedures.7

pH and conductivity measurements

The pH of the buffer solutions was determined, at 25 �C, with a
Methrom 702 SM pHmeter. The electromotive force of the cell
is expressed by the equation E ¼ Eo� k(pH)+Ej .

22 In the
presence of supporting electrolyte, such as 0.1 M NaNO3 ,
the junction potential Ej is generally considered as constant
in the pH range 2–12.23–25 The above equation gives
pH ¼ (Eo�E)/k+Ej/k ¼ pHread+DpH. The slope k (�59
mV) was obtained by calibration at 25 �C with NBS standard
buffers prepared in aqueous medium (0.05 M potassium
biphthalate, pH ¼ 4.008; 0.05 M borax, pH 9.196).26 The cor-
rection term, DpH, was determined daily by NaOH titration of
an HNO3 solution. It is the difference between the calculated
and read pH values obtained in the acidic range. This term
was generally close to �0.15 pH units. The pKs of the mixed
solvent (80 : 20 H2O–MeOH) is the sum of the experimental
pH and the calculated pOH values in the basic range.27 We
have obtained pKs ¼ 14.25� 0.02, close to the value deter-
mined by Rochester.25 The electrical conductivity measure-
ments were carried out with a YSI model 35 conductimeter
and a Beckman 35 Conductivity Cell.

Stopped-flow kinetic measurements

The stopped flow kinetic runs were carried out with a Hitech
SF-61-DX2 apparatus coupled with a Hitech diode-array
UV-visible spectrophotometer. Kinetic traces were recorded
at 25 �C in the pH range 1–13.25. The cell path length was
1 cm. Two types of manipulations were carried out as follows.

Type 1 experiments (from Cp*2Mo2O5). A 2� 10�3 M
Cp*2Mo2O5 stock solution was prepared in MeOH, since this
compound is insoluble in water. For each stopped-flow
kinetics run, the Cp*2Mo2O5 solution was prepared by diluting
this stock solution with 4 volumes of H2O to obtain a 20 : 80
(v/v) solvent mixture. This operation was carried out no more
than 1 min prior to injection into the stopped-flow cell. When
the solution was allowed to stand for a long time (more than
half a day) at room temperature, the yellow starting compound
reprecipitated. The above solution was mixed in the stopped-
flow cell with an equivalent volume of a 20 : 80 (v/v)
MeOH–H2O solution containing NaOH (for the kinetic run
at pHq 11.42) or a buffer at appropriate concentrations (see
Results section) for the kinetic runs in the 7–10 pH region.

Type 2 experiments (from Cp*MoO3
�). A 8� 10�4 M stock

solution of Na+Cp*MoO3
� in 20 : 80 (v/v) MeOH–H2O was

prepared from the MeOH stock solution of Cp*2Mo2O5 by
dilution with 4 volumes of a diluted (ca. 10�3 M) aqueous
NaOH solution. This solution was mixed in the stopped-flow
cell with an equivalent volume of a 20 : 80 (v/v) MeOH–
H2O solution containing HNO3 (for the kinetic runs at
pHp 2.30) or a buffer at appropriate concentrations (see
Results section) for the kinetic runs in the 2.5–5 pH region.

Data analysis

All kinetic runs were analyzed with the program Specfit28 while
the fitting of the kinetic model to the observed first-order rate
constants and equilibrium constants as a function of pH (see
Results) was carried out with the Excel Solver. The standard
deviations on the determined parameters were obtained by
means of the Solver Aid macro.29

Results and discussion

(a) Kinetic study of the anation reaction of Cp*2Mo2O5

Solutions of Cp*2Mo2O5 in 20% MeOH–H2O are yellow and
display an absorption spectrum that is characterized by a
strong band in the UV with two shoulders at ca. 390 and
440 nm as shown by the trace a of Fig. 1. The observed pH
for this solution is ca. 4. This spectrum is qualitatively identical
but has a lower intensity than that recorded on the same solu-
tion after lowering the pH to 1 by the addition of a strong acid
(HNO3), see trace b of Fig. 1. The reason for this phenomenon
will become apparent after we have examined in detail the
kinetics in the entire pH range (section d). When NaOH is
added to the starting solution, on the other hand, this became
essentially colorless, see trace c of Fig. 1. The latter change is
attributed to the formation of the previously described anion
Cp*MoO3

�.12–14 This solution turns back to yellow if, at this
point, the pH is lowered again. The kinetics of this acidifica-
tion process will be examined in detail in the next section.
All spectral changes witnessed during this investigation as a
function of pH are perfectly reversible with no loss of intensity,
indicating that all transformations are analytically clean.
The anation of Cp*2Mo2O5 has been investigated by

stopped-flow kinetics with UV-visible detection in the basic
pH range by using NaOH solutions at different concentrations
(pH 11.42–13.25) or buffers at pH < 11. In all cases, the final
spectrum is identical to that shown in Fig. 1 (trace c), showing
that the transformation into the anionic complex Cp*MoO3

�

proceeds to completion under these conditions. All tranforma-
tions obey precise first-order kinetics and the log of the
observed rate constant (k+obs) varies linearly with the pH
(slope 1) for the pH > 11 data, as shown in Fig. 2. This
demonstrates that the slow step has a first-order dependence
on the concentration of OH�. All k+obs values can be found
in the Electronic supplementary information (ESI). The beha-
vior at pH < 11 will be analyzed in section h.
The rate law of this transformation could in principle be

easily interpreted on the basis of a rate determining attack of
OH� on the dinuclear Cp*2Mo2O5 complex, the nucleofuge
being the Cp*MoO3

� anion. The resulting product of nucleo-
philic exchange, the conjugate acid Cp*MoO2(OH), would be
immediately deprotonated under these pH conditions. The pK

Fig. 1 UV-visible spectra of 20% MeOH–H2O solutions of (a) pure
Cp*2Mo2O5(pH ca. 4); (b) Cp*2Mo2O5 after addition of HNO3 (pH
1); (c) Cp*2Mo2O5 after addition of NaOH (pH ¼ 11.42). All solu-
tions have [Cp*2Mo2O5] ¼ 4� 10�4 M.
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study of the Cp*MoO2(OH)/Cp*MoO3
� couple, shown in the

next section, confirms the validity of this statement. It will be
shown later, however, that the given mechanistic interpretation
is incorrect.

(b) Protonation of Cp*MoO3
�: formation of Cp*MoO2(OH)

and pK study

A stock solution of Cp*MoO3
� in 20% MeOH–H2O was pre-

pared by adding the minimum excess amount of NaOH to a
Cp*2Mo2O5 solution prepared as described above, in order
to adjust the pH to around 8–9. This was then mixed in the
stopped-flow apparatus with various strong acid or buffer solu-
tions, obtaining a final acidic pH. The UV-visible monitoring
indicated an immediate change of the spectrum when the final
pH was < 6, followed by a slower spectral evolution. We inter-
pret this behavior as the result of an immediate protonation
yielding Cp*MoO2(OH) (proton transfer reactions are gener-
ally diffusion-controlled), which then evolves further. The
implication of Cp*MoO2(OH) during the protonation of
Cp*MoO3

�, ultimately leading to the dinuclear complex
Cp*2Mo2O5 , has already been proposed but no spectroscopic
evidence for the existence of this compound was reported.14

Reactions of Cp*MoO3
� with other electrophiles Y+, on the

other hand, have allowed the isolation of stable Cp*MoO2(OY)
complexes, for instance with Y ¼ Si(CH2Ph)3 .

19 The same
transformation occurs for the tungsten analog.
The pK value for the acid dissociation of Cp*MoO2(OH)

has been obtained from the analysis of the first spectrum
(recorded within 1 ms from the time of mixing) as a function
of pH, see Fig. 3. The solutions buffered at pH > 6 showed
essentially the unaltered spectrum of Cp*MoO3

�, whereas the
solutions buffered at pH < 2 showed essentially the same spec-
trum, which is attributed to Cp*MoO2(OH). A SPECFIT 28

global analysis yields pK ¼ 3.65� 0.02 for the acid dissociation
constant.

(c) Kinetic analysis of the Cp*MoO2(OH) evolution
at pHp 2

After the quantitative transformation of Cp*MoO3
� to its

conjugate acid in the stopped-flow apparatus, the spectrum
evolved, ultimately yielding a pH independent final spectrum
(at pH < 2), showing a quantitative transformation under
these conditions. Fig. 4 shows an example at pH 1. It is to

be noted that this final spectrum (trace b) corresponds to trace
b of Fig. 1 and not to the spectrum of the starting Cp*2Mo2O5

solution (trace a of Fig. 1). Thus, the final product obtained
from Cp*MoO2(OH) under these conditions is not the dinuc-
lear species.
All kinetics are first-order in metal and give rise to the

observed rate constants k�obs reported in the ESI. These rate
constants depend on the pH as shown in Fig. 2. The slope of
the log k�obs vs. pH is �1, namely the reaction is first-order
with respect to [H+]. On the basis of this observation, it is rela-
tively straightforward to propose that Cp*MoO2(OH) under-
goes a rapid and reversible protonation equilibrium to afford
a Cp*MoO3H2

+ intermediate, which then decomposes in a
slow rate-determining step.

(d) Kinetics in the equilibrium range

The above studies have shown that a quantitative conversion
to Cp*MoO3

� occurs at pH > 7 while a quantitative conver-
sion to a new species occurs at pHp 2.30 Adjusting the pH
at intermediate values, starting from either a Cp*MoO3

� or
a Cp*2Mo2O5 solution, led to the evolution to a different
and pH-dependent equilibrium situation. An example at pH
4.06 is shown in Fig. 5. Trace a is the first recorded spectrum
starting from the Cp*MoO3

� solution and corresponds there-
fore to the acid dissociation equilibrium mixture of
Cp*MoO3

� and Cp*MoO2(OH). This solution evolves toward
the equilibrium solution (trace c) following first-order kinetics.

Fig. 2 Plot of the experimental log kobs (triangles) and log Keq

(squares) vs. pH. The curves drawn correspond to the best fit (kobs ,
k+obs, k�obs and Keq) according to the equations given in the Results
section. Stars correspond to the kobs values extrapolated to zero buffer
concentration. All solutions have [Cp*2Mo2O5] ¼ 4� 10�4 M.

Fig. 3 Spectra in 20% MeOH–H2O of solution obtained by acidifica-
tion of Cp*MoO3

� at different pH values and recorded immediately
(ca. 1 ms) after mixing. All initial solutions have [Cp*MoO3

�] ¼
8� 10�4 M.

Fig. 4 Key UV-visible spectra for the Cp*MoO2(OH) evolution at
pH 1 in 20% MeOH–H2O. (a) Initial spectrum (ca. 1 ms after mixing).
(b) Final spectrum. (c) Spectrum of Cp*MoO3

�. All initial solutions
have [Cp*MoO3

�] ¼ 8� 10�4 M.
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Trace b is the first recorded spectrum starting from the
Cp*2Mo2O5 solution (the true nature of which will be revealed
in the next paragraph). This solution evolves to the same equi-
librium solution (trace c), following again first-order kinetics.
At each investigated pH value, starting from either solution
yielded the same equilibrium spectrum with identical observed
first-order rate constants (within experimental error), provided
that the same buffer concentration was used for both experi-
ments, see section h. All individual values of the observed rate
constants (kobs) can be found in the ESI.
The results of the kinetics investigations in the equilibrium

region demonstrate that compound Cp*2Mo2O5 does not
maintain its molecular, dinuclear nature in the 20% MeOH–
H2O solution. Under the assumption that this species is indeed
present and transforms to the anion by a first-order process as
seen in section a, the microscopic reverse, which becomes
observable in the equilibrium region, should have a second-
order dependence on the metal concentration. This situation
occurs, for instance, for the equilibration between mononuc-
lear HMoO3

+(aq) and dinuclear H2Mo2O6
2+ (aq).31 However,

this is not the case for our Cp*MoVI system. This is further
confirmed by the little or no dependence of the measured rate
on the metal concentrations for the same pH value (data are
available in the ESI). The strictly first-order behavior observed
for all transformations at all pH values forces us to conclude
that only mononuclear species are involved.

(e) Nature of the low pH species and nature of Cp*2Mo2O5

in 20% MeOH–H2O

As seen above, the acidification of Cp*MoO3
� immediately

affords Cp*MoO2(OH), which decays (quantitatively at
pH < 3) to a new species with a rate law showing a first-order
dependence on the proton concentration. This behavior is
interpreted as resulting from a fast and reversible protonation
of Cp*MoO2(OH) to afford a Cp*MoO3H2

+ intermediate,
which then slowly evolves to a final product, now known to
be mononuclear. It is straightforward to propose that the slow
step corresponds to dissociation of a water ligand, leading to
the cationic complex Cp*MoO2

+, see Scheme 1,32 which would
therefore correspond to the dominant species at pH < 2. We
shall now present further evidence confirming the presence of
this cationic species before returning to the kinetic scheme.
The implication of the above proposition and of Scheme 1 is

that the dinuclear complex Cp*2Mo2O5 ionizes in the 20%

MeOH–H2O solution to initially produce a 1 : 1 mixture of
the Cp*MoO2

+ and Cp*MoO3
� ions, as in eqn. (1):

Cp�2Mo2O5ðsÞ �! � Cp�2Mo2O5ðsolvÞ

�! � Cp�MoO2
þðsolvÞ þ Cp�MoO3

�ðsolvÞ ð1Þ

Indeed, the spectrum of a Cp*2Mo2O5 solution in Fig. 1 (trace
a) is quite close to a linear combination of the Cp*MoO2

+

spectrum (trace b) and that of Cp*MoO3
� (trace c).33 The

ionic nature of Cp*2Mo2O5 in 20% MeOH–H2O is confirmed
by electrical conductivity studies, as shown in Fig. 6. Under the
validity of eqn. (1), we wondered whether the known
Cp*MoO2Cl complex would also ionize in the same medium
[see eqn. (2)]. The conductivity study of solutions of this com-
pound fully confirms this hypothesis (Fig. 6).

Cp�MoO2ClðsÞ �! � Cp�MoO2ClðsolvÞ

�! � Cp�MoO2
þðsolvÞ þ Cl�ðsolvÞ ð2Þ

Although qualitatively quite convincing, the conductivity
data present some unusual features from the quantitative point
of view. The molar conductivity values vary more or less line-
arly with [Cp*2Mo2O5]

1/2 or [Cp*MoO2Cl]
1/2 for concentra-

tions greater than 4� 10�5 M, as expected for strong
electrolytes. However, they are very large and the slopes of
these lines are greater than expected for the low concentration
range explored in our case (typical salts have an almost negli-
gible variation in this range). Moreover, the linearity is lost at
lower concentrations, and the molar conductivities at infinite
dilutions are very large (> 300� 10�4 Ohm�1 m2 mol�1).
Other 1 : 1 organic salts show conductivities in the range
(80–115)� 10�4 Ohm�1 m2 mol�1 in pure methanol for 10�3

M solutions.34 Infinite dilution values are rarely above 150
for 1 : 1 salts except when hydronium ions are involved. All
these features will in fact turn out to be completely consistent
with our model. However, their full rationalization requires
that we first detail the speciation of Cp*MoVI in the entire
pH range (section g).
Compound Cp*2Mo2O5 is soluble in all common organic

solvents and essentially insoluble in pure water. This indicates

Fig. 5 Key UV-visible spectra for the evolution of Cp*MoO3
� and

Cp*2Mo2O5 at pH 4.08 in 20% MeOH–H2O. (a) Initial spectrum from
the Cp*MoO3

� solution (ca. 1 ms after mixing). (b) Initial spectrum
from the Cp*2Mo2O5 solution (ca. 1 ms after mixing). (c) Equilibrium
spectrum. (d) Reference spectrum at pH 11.35. (e) Reference spectrum
at pH 1.

Scheme 1

Fig. 6 Molar conductivity of a 20% MeOH–H2O solution of
Cp*2Mo2O5 (diamonds) or Cp*MoO2Cl (triangles) as a function of
concentration. The lines are a linear fit.
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that the left hand side equilibrium of eqn. (1) (dissolution of
molecular Cp*2Mo2O5) is highly sensitive to the hydrophobic
nature of the molecule. However, the right hand side equili-
brium of eqn. (1) is highly sensitive to the dielectric constant.
This view is confirmed by the comparison of the molar conduc-
tivities in different solvents at a 4� 10�4 M concentration, see
Table 1. Thus, the water-rich solvent mixture used in this study
favors an essentially complete ionization.

(f) The complete scheme

For convenience, the formulas of complexes Cp*MoO3
�,

Cp*MoO2(OH) and Cp*MoO2
+ will be heretofore abbre-

viated as MoO�, MoOH and Mo+, respectively. The kinetic
results described in sections a and b can now be reinterpreted
according to Scheme 1, ultimately allowing us to understand
and rationalize the kinetic and thermodynamic behavior of
the Cp*Mo system in the entire pH range. The vertical trans-
formations on the right hand side of the scheme are simple
protonation/deprotonation equilibria and are rapid (probably
diffusion-limited) on the time scale of the stopped-flow experi-
ments. They can therefore be considered as a single species
[abbreviated as MO, see eqn. (3)] for kinetic purposes.

½MO� ¼ ½MoO�� þ ½MoOH� þ ½MoOH2
þ� ð3Þ

The kinetic evolution of the system under any pH condition
can therefore be treated as a reversible first-order equilibration
between complex Mo+ on one side and the species MO (the
intimate nature of which is pH dependent) on the other side.
The development of the kinetic scheme affords eqn. (4) for
the overall rate constant for the loss of oxygen-containing spe-
cies (water and OH�) and eqn. (5) for the overall rate of the
uptake of oxygen-containing species.

kþobs ¼ kþ2 þ kþ1Ks½Hþ��1 ð4Þ

k�obs ¼
k�1 þ k�2K

�1
1 ½Hþ�

K�11 ½H
þ� þ 1þ K2½Hþ��1

ð5Þ

The observed rate constant (kobs) is then simply given as the
sum of k+obs and k�obs . The k+obs/k�obs ratio, on the other
hand, gives an operational equilibrium constant Keq , which
will be pH dependent. This constant corresponds to the ratio
between the sum of all oxygenated species (MO) and the
non-oxygenated species Mo+.
On the basis of this scheme, it is now possible to see that the

acidification of MoO�/MoOH leads to Mo+ by two different
pathways, namely loss of OH� from MoOH and loss of water
from MoOH2

+, the latter predominating at low pH. The pK2

value (3.65� 0.02) is available from the studies described in
section b, thus the term K2[H

+]�1 in the denominator of eqn.
(5) is negligible at pH < 3. The protonation of MoOH does
not occur to a significant extent down to pH 0. This is clearly
shown by the study in Fig. 2, provided that MoOH2

+ does not

have a spectrum perfectly identical to that of MoOH. This
means that pK1� 0 and the term K1

�1[H+] in the denominator
of eqn. (5) is also negligible. Under these conditions, eqn. (5)
simplifies to the rate law k�obs ¼ k�1+ (k�2/K1)[H

+], or
k�obs ¼ (k�2/K1)[H

+] when loss of water from species
MoOH2

+ predominates, as at low pH. Indeed, this is the
observed trend. Since pK1 < 0, individual values of k�2 and
K1 cannot be obtained. Fitting the simplified rate law to the
experimental data gives k�2/K1 ¼ 17.26� 0.22 s�1.
The reverse process (conversion of Mo+ to MoOH/MoO�)

takes place by the microscopic reverse of the two pathways
mentioned above, namely nucleophilic addition of either
H2O (k+2) or OH� (k+1) to Mo+. The expression of eqn. (4)
shows that the latter pathway will prevail at high pH, giving
rise to a first-order dependence on [OH�], as experimentally
observed. Fitting eqn. (4) to the experimental data gives
k+1 ¼ (3.26� 0.04)� 103 s�1 M�1. In order to elucidate the
complete scheme, two rate constants are still missing: k�1
and k+2 . However, these are linked to each other by the thermo-
dynamic cycle of Scheme 1, as shown by eqn. (6):

kþ1
k�1

Ks ¼
kþ2
k�2

K1 ð6Þ

The operational equilibrium constant, Keq , can therefore be
expressed as in the simplified eqn. (7), since pH > pK1 over
the entire pH range (vide supra).

Keq ¼
kþ1Ks

k�1½Hþ�
1þ K2

½Hþ�

� �
¼ kþ2K1

k�2½Hþ�
1þ K2

½Hþ�

� �
ð7Þ

In principle, the missing parameter may be obtained in two
independent ways. The first one is via the rate of equilibration
in the intermediate region and subsequent fitting of kobs to the
sum of eqns. (4) and (5). The second one is via the measure-
ment of the pH-dependent equilibrium [MO]/[Mo+] and fit-
ting of eqn. (7). The first method cannot be applied since the
equilibration rates are affected by a general acid/base catalysis
in the buffered pH region (vide infra). The second method is
described in the next section.

(g) The equilibrium in the intermediate pH range

The kinetic analyses in the extreme pH regions (< 2 and > 6)
have provided us with the individual spectra of the pure species
Mo+, MoOH and MoO�, see above. We are therefore in a
position to deconvolute the equilibrium spectrum obtained
for the kinetic runs at each pH into the sum of the spectra
of the above individual species. This operation is conveniently
carried out with the program SPECFIT28 and is facilitated by
the independent knowledge of the [MoO�]/[MoOH] ratio
from the pK2 value. An excellent fit to the equilibrium spec-
trum was obtained at each pH value between 3 and 5. Outside
this range, the equilibrium is too shifted to either side, that is
Mo+ or the MoOH/MoO� mixture (MO), to obtain any
meaningful information. The experimental values of the
MO/[Mo+] ratio are shown in Fig. 2 together with the best
fit given by eqn. (7). It is to be noted that the Keq curve has
a transition from slope 1 to slope 2 in correspondence to the
pK2 value. The fit of eqn. (7) provides the individual values
of k�1 ¼ (6.32� 0.03)� 10�7 s�1 and k+2 ¼ (5.01� 0.12)�
10�4 s�1. At this point, feeding all known rate and acidity con-
stants into eqns. (4) and (5) (the K2/[H

+] term in the denom-
inator of this equation is neglected) provides the calculated
curves shown in Fig. 2.
From all derived rate and acidity constants (summarized in

Table 2), it is now possible to obtain the detailed speciation of
the Cp*MoVI system at all pH values. The relative proportion
of MO and Mo+ is given by eqn. (7) and the relative propor-
tion of species MoOH and MoO� is provided by the pK2

Table 1 Molar conductivies for 4� 10�4 M solutions of Cp*2Mo2O5

in different solvents

Solvent La /Ohm�1 m2 mol�1

MeCN 0b

CH2Cl2 0

EtOH 0.4

Acetone 0.8

MeOH 4.2

20% MeOH–H2O 102

a Corrected for the molar conductivity of the pure solvent. b In this

solvent, the measured conductivity was smaller for the solution than

for the pure solvent.
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expression. Species MoOH2
+ can be neglected. The result is

graphically shown in Fig. 7. According to this result, Mo+ is
essentially the only species in solution at pH < 2.5 while
MoO� is the dominant species at pH > 6. All species, includ-
ing MoOH, are simultaneously present in the intermediate pH
range. The maximum relative concentration of MoOH (ca.
15%) will be present at pH ffi 4.
It now becomes evident that, upon dissolution in 20%

MeOH–H2O, Cp*2Mo2O5 will provide equivalent amounts
of Mo+ and MoO� and a small amount of MoOH, while
the pH will self-regulate around 4.0 by hydrolysis of part of
the Mo+, provided the solutions are sufficiently concentrated
(> 10�3 M). For more dilute solutions, a greater proportion
of Mo+ hydrolyzes to afford MoO� and twice the same
amount of protons. A similar behavior occurs when the
Mo+ species is generated by the ionization of Cp*MoO2Cl.
The concentrations of the different species H+, OH�, Mo+,
MoOH and MoO� can be calculated in a straightforward fash-
ion from all known equilibrium constants. The results are pre-
sented in Fig. 8.
At this point, we can analyze again and correctly interpret

the results of the electrical conductivity study shown in Fig.
6. In order to fit the conductivity data, the molar conductiv-
ities, l+ or l� , of every ionic species at each concentration
were considered identical to the value l0+ or l0� at infinite
dilution. This is a reasonable hypothesis given our small con-
centrations (< 8� 10�4 M). In addition, the values of l0H+

and l0Cl� were fixed to the literature values (228.8�10�4 and
48�10�4 S mol�3 m3, respectively)35 as all attempts to keep
them as free parameters led to instability. A global fitting of
both Cp*2Mo2O5 and Cp*MoO2Cl curves with common
molar conductivities yielded a very good agreement between
the experimental and calculated curves according to our
kinetic and thermodynamic scheme (see Fig. 9). The values
of l0Mo+ and l0MoO� provided by the fit are (72� 6)� 10�4

and (39� 10)� 10�4 S mol�3 m3, respectively. These two
values are in a reasonable range and are relatively close to each
other, as one might expect from the similar size of the two ions.
The determination of these values with a higher precision is
prevented by the limited solubility of the compound and by
the small contribution of these ions to the electrical conductiv-
ity at low concentrations in the presence of a significant
amount of the more mobile protons.

(h) The equilibration rate at intermediate pH:
general acid-base catalysis

In order to provide an independent verification of the numer-
ical values for all rate constants, kinetic analyses were also
attempted in the intermediate pH region. This required the
use of a variety of different buffer solutions, as detailed in
the experimental section. Given the results outlined in the pre-
vious section, we were obviously expecting to obtain overall
equilibration rate constants kobs along the theoretical curve
shown in Fig. 2. As already mentioned, the transformations
were found to follow perfect first-order kinetics under all
conditions, including the equilibrium region (2 < pH < 6).

Table 2 Summary of all rate and equilibrium constants (Scheme 1)

pK1 < 0

pK2 3.65� 0.02

k+1 (3.26� 0.04)� 103 M�1 s�1

k�1 (6.32� 0.03)� 10�7 s�1

k+2 (5.01� 0.12)� 10�4 s�1

k�2/K1 17.26� 0.22 s�1

Fig. 7 Relative proportion of species Mo+, MoOH and MoO� at all
pH values in 20% MeOH–H2O.

Fig. 8 Calculated concentrations of H+ (line only), Mo+ (circles),
MoO� (triangles) and MoOH (squares) for solutions of Cp*2Mo2O5

(a) and Cp*MoO2Cl (b) in 20 : 80 MeOH–H2O. (c) Measured (squares:
Cp*2Mo2O5 ; triangles: Cp*MoO2Cl) and calculated (lines) pH as a
function of concentration.

Fig. 9 Measured and calculated conductivity in a 20 : 80 MeOH–
H2O solution as function of the initial concentration for Cp*2Mo2O5

(diamonds) and Cp*MoO2Cl (triangles).
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However, the observed values of the first-order rate constants
turned out to be infallibly greater than expected. This phenom-
enon may be attributed to a general acid-base catalysis oper-
ated by the buffer’s undissociated acid(s) and/or its(their)
conjugate base(s). Hydrogen bonding interactions between
an undissociated acid and MoOH and MoOH2

+ make the
ligands OH� and H2O, respectively, better living groups, while
the same kind of interactions between the buffer conjugate
base and free water molecules or OH� ions make these better
nucleophiles.
This state of affairs is unambiguously proven by detailed stu-

dies at different buffer concentrations while keeping the pH
and metal concentration constant. Examples are shown in
Fig. 10. At each given pH value, the extrapolation of the rate
constants to a zero buffer concentration should afford a value
in agreement with our developed scheme. This expectation is
indeed verified for the experiments at pH 7.97 (TRIS) and
9.24 (borax), see Fig. 2. In other cases, on the other hand,
the extrapolation to zero buffer concentration is not sufficiently
precise, or the extrapolated value remains significantly higher
than the value that is predicted by our scheme. The latter phe-
nomenon occurs in particular within the pH range 2–6. We
speculate that this may be caused by the presence of significant
equilibrium amounts of compound Cp*MoO2(OH), acting
itself as a general acid-base catalyst.

(i) Nature of the MoOH2
+ and Mo+ species

Two different tautomeric forms can be conceived for the
Cp*MoO3H2

+ ion, namely an aquo-dioxo and a dihydroxo-
oxo form, see I and II. Although the water elimination process
requires transit through form II, the most stable species may
be either one of these two forms. The precise proton distribu-
tion for many inorganic aqua ions of molybdenum does not
seem to be established with certainty.36 For instance, com-
pound ‘‘MoO3’’ is often written as either Mo(OH)6 or
MoO2(OH)2(H2O)2 . However, if we assume that all proton
transfer processes are extremely fast, then the possible involve-
ment of an equilibration between the two tautomers would not
affect the rate law of the overall transformation, no matter
which of the two is the more stable species.

The nature of the Mo+ species also warrants a brief discus-
sion. We have so far assumed that the slow process generating
the low pH species is water loss, under the assumption that the
proton transfer leading from I to II is a very rapid process. The
loss of bonding to the H2O molecule would be compensated at
least partially by an increase of O-to-Mo p donation. The
kinetic data, however, would also be consistent with a slow
proton transfer step, in which case the final product could be
the water adduct with structure II. At this moment, we cannot
exclude either possibility. Efforts to isolate a stable salt of this
cationic complex, as well as detailed spectroscopic studies in
solution, are currently underway in our laboratory. It is impor-
tant to underline, however, that all the experimental results
obtained in this study (kinetic, thermodynamic, conductivity,
pH) are unaffected by the solvation state of this ion.
It is possible to find a parallel between the aqueous chemis-

try of Cp*MoVI and that of inorganic molybdenum, when we
notice that the (Cp*�)Mo unit is isoelectronic with the
Mo(H2O)3 or with the Mo(H2O)2(OH�) units. Thus, com-
pound Cp*2Mo2O5 has a parallel in complex [Mo2O4(m-
O)(H2O)6]

2+, while compound Cp*MoO2(OH) has parallels
in complexes MoO2(OH)(H2O)3

+ and MoO2(OH)2(H2O)2 .
36

The ‘‘unsaturated ’’ complex Cp*MoO2
+ would be related to

a species such as MoO2(OH)(H2O)2
+ or MoO2(H2O)3

2+. Like
the proton distribution discussed above, the precise hydration
level is often unclear for molybdenum aqua ions.36 While aqu-
eous ‘‘MoO3’’ is believed to adopt 6-coordination as men-
tioned above, its conjugate base is usually written as HMoO4

�

[this obviously referring to a 4-coordinate MoO3(OH)� com-
plex] and the corresponding dianion MoO4

2� is believed to be
4-coordinate.

Conclusions

The present investigation has unraveled the speciation of the
Cp*MoVI unit over the entire pH range in an essentially pure
aqueous environment. The presence of 20% methanol is neces-
sary to avoid the precipitation of neutral Cp*2Mo2O5 but does
not directly participate in the speciation equilibria. The study
has revealed the existence and stability as a function of pH
of the hitherto unreported complexes Cp*MoO2(OH) and
Cp*MoO2

+. In addition, the involvement of a complex having
formula Cp*MoO3H2

+ as an intermediate in the generation of
Cp*MoO2

+ at low pH has been evidenced by the kinetic
studies.
A parallel has been established between the aqueous beha-

vior of Cp*MoVI and inorganic MoVI. An important difference,
however, is related to the inertness of the Cp*–Mo bond,
which resists hydrolysis down to pH 0. This has the conse-
quence of blocking three coordination positions, rendering
the Cp*MoVI species unable to form extended oligonuclear
aggregates. Aqueous inorganic MoVI, on the other hand, forms
a large variety of polyoxomolybdate ions in the pH range
2–5.36 As a result, the speciation of Cp*MoVI is relatively sim-
ple. The results presented in this contribution assist us in the
interpretation of the reductive chemistry and electrochemistry
of Cp*MoVI in an aqueous environment, which is presented in
another contribution.37
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Fig. 10 First-order equilibration constants kobs as a function of buf-
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acid (pH 3.01); circles: formic acid (pH 3.77);�: acetic acid (pH 5.87).
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