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The reaction between vanadium(lll) and hydrogen peroxide in aqueous acidic solutions was investigated. The rate
law shows first-order dependences on both vanadium(lll) and hydrogen peroxide concentrations, with a rate constant,
defined in terms of -d[H,0,]/dt, of 2.06 + 0.03 L mol~* s~ at 25 °C; the rate is independent of hydrogen ion
concentration. The varying reaction stoichiometry, the appreciable evolution of dioxygen, the oxidation of 2-PrOH
to acetone, and the inhibition of acetone formation by the hydroxyl radical scavengers, dimethyl sulfoxide and
sodium benzoate, point to a Fenton mechanism as the predominant pathway in the reaction. Methyltrioxorhenium-
(VII) does not appear to catalyze this reaction. A second-order rate constant for the oxidation of V3* by OV(0,)*
was determined to be 11.3 + 0.3 L mol~* s* at 25 °C. An overall reaction scheme consisting of over 20 reactions,
in agreement with the experimental results and literature reports, was established by kinetic simulation studies.

Introduction metals and ligands will suffice, not even for hydrated ions,
M(H.0O)"". Even with a single metal participant, such as
iron(ll), controversies are still apparent, and the issue is even
less well-resolved when ligands other than water are present.
One part of this article presents the results of the previously
nstudied reaction between V(iD)s*" and HO,. This
¥educing agent constitutes an attractive participant because,
of all the M"" ions, it forms stable oxocations,™\0O?* and
VVO,". Therefore, either a Fenton or an oxo initial step might

. . .__provide a feasible pathway. The likelihood of an oxo
the Fenton meghanlsm, and the other is the oxo mechanism echanism may, however, be greater fér than in other
These alternatlvgs qre so.me"umes'referred to as the 1e ang]ases where the oxo product lies at high Gibbs energy, such
2e pathways, which is stoichiometrically correct but mecha- as FeG* from F&* or CrC?* from Ci*. Using \* as the

nistically misleading in that both represent group-transfer example, therefore, and omitting, for the sake of simplicity,

;iaecmt'gr;feg:tﬁ; r?c: Sn Tgtnf;iﬁggg r:ae':fs;]ngssﬁ' I(;_f_r;g:gnthe coordinated water molecules from species that are
ng : passing di &enerally six-coordinate, we write the alternative initial steps

and the accompanying changes in Gibbs free energy as
* To whom correspondence should be addressed. E-mail: espenson@ 10 panying g gy
jastate.edu. follows:

(1) Fenton, H. J. HJ. Chem. Soc., Trand894 65, 899-910. " ot . 4

(2) Fenton, H. J. H.; Jones, H. Q. Chem. Soc., Trand90Q 69-76. Fenton: V** + H,0,—~ VO™ + HO +H

(3) Haber, F.; Weiss, Naturwissenschafteh932 20, 948-50. o 1

(4) Haber, F.; Weiss, Proc. R. Soc. (Londor)934 A147, 332-51. AG;=—-35kImol~ (1)

(5) Sawyer, D. T.; Sobkowiak, A.; Matsushita, Acc. Chem. Re4996
29, 409-416. -3t — + +

(6) Walling, C.Acc. Chem. Re<.998 31, 155-157. Oxo: V¥* + H0,—~ VO, +2H

(7) MacFaul, P. A.; Wayner, D. D. M.; Ingold, K. WAcc. Chem. Res. AGS = —211 kJ moTl (2)
1998 31, 159-162. 2

(8) Goldstein, S.; Meyerstein, DAcc. Chem. Redl999 31, 547-550. - .
This review and those in refs-& contain references to the primary Followmg each of these will be much faster steps that may

research articles. lead to simple limiting net reactions if conditions are selected

The oxidation of transition metal complexes by hydrogen
peroxide has been investigated for more than a cedtury,
with continuing efforts since that tinfé.Despite an extensive
literature pertaining to mechanisms, no consensus has beer&
reached; indeed, the area has been characterized b
controversy. 8 A major issue is whether hydroxyl radicals
are formed initially or not; an alternative to this is direct
oxo-group transfer. The pathway that generatesisl@rmed

5514 Inorganic Chemistry, Vol. 44, No. 15, 2005 10.1021/ic050502j CCC: $30.25  © 2005 American Chemical Society
Published on Web 06/28/2005



Oxidation of \A* by H,O, and OV(Qy) ™"

appropriately. In particular, if [¥/]o > [H,O,] the interme-

(02)2(OHy). The following three possibilities occur to us:

diates in eq 1 and 2 can be expected to react further with (1) reaction 2 occurs naturally and MTO increases its rate,

V3+

V¥ 4+ HO — VO™ + H"  AGS=-240kImol’  (3)

(4)

Thus,in this limit, the net reaction would be given by eq
5, which is eq 1+ 3 and eq 2+ 4

V¥ +Vv0o," —2VO*"  AG{=-64kImol"

2V¥ + H,0,=2VO*" + H,0 + 2H"
AG2=—275kImoal* (5)

Other reactions make the matter more complex, particu-
larly when vanadium(lll) is not in such a large excess. These
include other reactions of HGnd VGO*, which will lead
to an overall stoichiometry that is not well represented by

eg 5. These matters will be taken up subsequently as a part
of the interpretation of the experimental data. Other reactions

of vanadium ions with peroxides and oxy-radicals in acidic
solutions have been studied previously,?° providing data
that proved to be helpful in interpreting the results obtained

in this study. It has been reported that both pathways are

operative in the reaction betweer#Vand Ch(aq), with 1le
oxidation predominatingt

The second part of this article examines the question of

whether methyltrioxorhenium(VIl), CiReG;, known as
MTO, catalyzes reaction 2. This is pertinent because MTO
is a catalyst for the general oxo-transfer proéegs

X + H,0,= X0 + H,0 (6)

in which X is an electron-rich oxo-group-acceptor, PR
RSR, alkene, etc. The active intermediate forms of MTO
are the oxo-peroxo complexes gre€G(0O,) and CHReO-

(9) Rush, J. D.; Bielski, B. Hinorg. Chem1985 24, 4282-4285. This
article deals with reactions of& but also mentions the reaction of
V3t and HO; in one footnote.

(10) Bard, A. J.; Parsons, R.; JordanSilandard Potentials in Aqueous
Solution M. Dekker: New York, 1985. The Gibbs free energy changes
of the reactions were derived from standard reduction potentials.

(11) Espenson, J. H.; Krug, L. Anorg. Chem.1969 8, 2633-2638.

(12) Kim, H. P.; Espenson, J. H.; Bakac, lAorg. Chem 1987, 26, 4090-
4093.

(13) Rush, J. D.; Bielski, B. HJ. Phys. Chem1985 89, 1524-1528.

(14) Newton, T. W.; Baker, F. Bnorg. Chem.1964 3, 569-573.

(15) Newton, T. W.; Baker, F. BJ. Phys. Cheml1964 68, 228-232.

(16) Newton, T. W.; Baker, F. Bl. Phys. Chem1964 68, 612—616.

(17) Orhanovic, M.; Wilkins, R. GJ. Am. Chem. Sod. 967, 89, 278—
282.

(18) Brooks, H. B.; Sicilio, FInorg. Chem.1971, 10, 2530-2534.

(19) Samuni, A.; Meisel, D.; Czapski, G.J.Chem. Soc., Dalton Trans.
1972 1273-1277.

(20) Gardes-Albert, M.; Ferradini, C.; Pucheault).JChem. Soc., Dalton
Trans.1975 2075-2079.

(21) Cornelius, R. D.; Gordon, Gnorg. Chem.1976 15, 997—1002.

(22) Owens, G. S.; Arias, J.; Abu-Omar, M. Matal. Today200Q 55,
317-363.

(23) Kuhn, F. E.; Herrmann, W. /struct. Bonding (Berlin200Q 97, 213—
236 and references therein.

(24) Espenson, J. HChem. Commun1999 479-488 and references
therein.

(25) Wang, Y.; Espenson, J. H. Org. Chem200Q 65, 104-107.

(26) Huang, R.; Guzei, I. A.; Espenson, J. ®rganometallics1999 18,
5420-5422.

(27) Lahti, D. W.; Espenson, J. Hnorg. Chem.200Q 39, 2164-2167.

(2) reaction 1 occurs without MTO but reaction 2 takes
precedence when MTO is present, and (3) MTO has little
or no effect.

The third part of this article examines a possible reaction
between V* and the oxoperoxovanadium(V) ion, OV{0.
We have learned that a reaction does take place. A number
of stoichiometric equations can be written foP*Vwith
OV(0O,)*, and stoichiometry is one of the issues. Peroxo
complexes of transition metal complexes have been em-
ployed as oxygen-atom-transfer reagents for many organic
substrates, yet their reactions with metal complexes have
been little studied® In the case at hand, OV(D is in a
relatively rapid equilibrium with V@™ and hydrogen per-
oxide, eq 7’

VO," + H,0,=0V(0,)" + H,0
K,=3.5x 10'L mol™ (7)

Experimental Section

Materials. Solutions of \#* in perchloric acid were prepared
by the reaction of V@" and a stoichiometric amount of2 under
argon, and the solutions were used the day they were prepared to
avoid perchlorate reduction, which occurs quite slo#I52 Solu-
tions of vanadyl perchlorate were prepared by two methods. One
method was based on the reaction in solution between vanadyl
sulfate and a slight excess of barium perchlorate, followed by the
removal of the barium sulfate by filtration. The other method used
the reaction of YOs and excess Y03 (Aldrich) in perchloric acid;
the reaction was allowed to proceed until the&’@oncentrations
determined spectrophotometrically at 760 nim=(17.5 L mol?
cmY) and 250 nm { = 230 L molt cm™t) agreed. Then, the
undissolved material was removed by filtration, and the concentra-
tion of VO?" was determined spectrophotometrically at 760 nm.
The experiments using these two methods foPV@ave the same
results. Solutions of % were prepared by reduction of \FOwith
zinc amalgam under argon. Solutions of hydrogen peroxide were
analyzed by iodometric titration. Solutions of the oxo(monoperoxo)-
vanadium(V) were prepared by mixing \dOwith a slight (ca. 5%)
excess of HO, shortly before use. lonic strength was controlled
with lithium perchlorate.

Instruments. Kinetics measurements were performed with
conventional U\+vis spectrophotometers (Shimadzu UV-2101/
3101PC) or stopped-flow instruments (OH8SM) for faster
reactions. Quartz cuvettes with appropriate optical path lengths (1
cm) were used. The kinetics were studied at 25.0.2 °C; the
temperature was maintained by either an electronic thermostatic
holder or a circulating water thermostatic system. THeNMR
measurements were conducted on Bruker DRX-400 MHz or Varian
VXR-400 MHz spectrometers at 25C. The oxygen evolution
experiments were carried out with an YSI Model 5300 biological
oxygen monitor at 25.0C. The concentration of £n a product
solution was determined in reference to the oxygen levels in pure

(28) Schwane, L. M.; Thompson, R. Ghorg. Chem.1989 28, 3938~
3946.

(29) Amadei, G. A; Earley, J. E., S€roat. Chem. Act2001, 74, 601—
606.

(30) Liu, B.Y.; Wagner, P. A.; Earley, J. Fhorg. Chem1984 23, 2772-
2777.
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water saturated with air and,OTl'he solubility of Q at 25°C was
taken as 1.27 mmol 11,31 03l

Kinetics. The absorbance-time traces were primarily recorded
at 760 nm, for the build-up of V& for the \#*—H,0, reaction,

and at 455 nm¢ = 280 L mol* cm™), for the disappearance of _ o0z} :
OV(Oy)* in the VBT—0OV(O,)* reaction. Occasionally, the con- e

sumption of \* was monitored at 398 nna & 8.4 L mol-l cm™1) «5

as a check for the ¥ —H,0O, reaction. The absorbance-time data 01}

were fitted to pseudo-first-order kinetics using the program
KaleidaGraph. The reactions of \fOand \#* with the 1-hydroxy-

1-methylethyl radical;CMe,OH, were measured by kinetic com- 0 . s .
petition methods according to the literatdtahe kinetic simulation 0 0.05 0.1 0.15
studies were performed with the program KINSIM version %.0. [V3+]av/m0| L’
Figure 1. Pseudo-first-order rate constarits,s for the reaction between
Results V3t and HO; on the average [¥] in experiments in which ¥ is in

large stoichiometric excess ovep®b. The conditions are as follows: 25

. - . °C, 1.0 mol L1 HCIO4, and | = 2.0 mol L1 (LiClO4). The initial
General Observations.Only when the initial ratio of ¥* concentrations of b0, (mmol L~1) were 0.52 (triangles), 1.86 (pluses),

to H,O, is quite large (see next section) are the data 3.45 (squares), and 7.46 (hatched squares).

straightforward. With lower ratios of ¥/H,0,, the reaction ) . o
stoichiometry deviates from eq 5, the intermediate OY{O (1) concentration. Thus, the rate law that defines the kinetic
can be detected, appreciable amounts pf@ evolved, and ~ ©rders and the rate constant is

the addition of 2-propanol suppressesedolution but leads dH,0,]
to acetone formation, which can be inhibited by addition of — 2
other HO scavengers, such as M. Taken together, these dt
observations establish that radical intermediates are involved. 1,4 slope of the line gives the value of the second-order

Upon further experimental studies and analysis, especially rate constant as 2.0& 0.03 L mol* s%, independent of
by kinetics simulations of a large group of chemical reactions, the hydrogen ion concentration, 6-3.3 n*;ol L1 and ionic
all of the data are consistent with the Fenton meChanism'strength 0530 mol L. Whereas this group’ of stoichio-

Restt'onS Under “Simple” Conditions: ALarge EXCeSS  atric and kinetics determinations confirm eq 5 and provide
of V3*. Under such conditions, the reaction conforms to eq a value for the rate constant of the initial step, eq 1 or 2,

5, and the only detected vanadium product wasahe ey 4o not, by their simplicity, address the principal issue
stoichiometric ratioA[V]/[H 20:]o, determined by measuring 55 16 \which mechanism is used, Fenton or oxo. As cited in
the absorbarjce change for the reactafit at 398 nm, the the opening section of the Results, the complications that
prOdl_JCt VG" at 760 nm, or both before ar_ld after_ the are evident under lower concentrations define the initial
reaction, approached 2:1. The average value istl(®1 in mechanism as a Fenton reaction

>10 determinations. The important parameter in maintaining  aneral Observations at Lower Vanadium(ll) Con-

this stoichiometry is not the absolute concentrations 6f V centrations. Many complications set in when a large excess

and_ HZQZ’ but the_lr initial rgtlo. of V3" was not used, indicating radical intermediates and,

Kinetics experiments with a large excess of"Mwere ;5 4 Fenton-type mechanism with eq 1 as its initial step.
carried out at 25.0C anq 1.Q mol .I:l I.—|+. with an ionic With excess HO,, some oxygen was released, bug O
strength of 2.0 mol L, maintained with lithium perchlorate. ¢, mation was suppressed by the addition of 2-propanol. With
The initial concentrations of ¥ and HO, were varied in a large excess of #0,, the final vanadium products were
the ranges 5160 and 0.57.4 mmol L, respectively. The  ha red-yellow oxo-peroxo vanadium species, Oytcnd

initial concentration ratio, [¥]o/[H20,]o was held=10 to OV(0,),". With comparable amounts of¥ and HO,, the
ensure pseudo-first-order kinetics and, especially, to maintain o 5ction stoichiometry was no longer 2:1. Other reactions

the simple 2:1 stoichiometry. The absorbantiene traces consume HO, and oxidize W*. In such a scenario, the
were fitted by a nonlinear least-squares program to the formation of small concentrations oxo-peroxo species

equation OV(0,)" could be observed at its absorption maximum 455
nm.
abg = abs, + (abg — abs,) exp(—kspd) ®) Stoichiometry and Products.When the amounts of the
) ) two reactants were comparable, the reaction stoichiometry
Values ofkobs were directly proportional to the average yaried depending upon the ratio of starting materials. Some
[V**]in each experiment, as shown in Figure 1. The linearity gejected results are given in Table 1. The calculated values
of the plot established a first-order dependence on vanadium-tom Kinetic simulation, as described later, are also listed

for comparison.

= K[H,0,][V*'] 9)

(31) Solubility Data Series: Oxygen and OzoBattino, R., Ed.; Pergamon

Press: Oxford, U.K., 1981 Vol. 7. When HO; (usually >10 mmol L™1) was in excess, the
(32) Bakac, A.; Espenson, J. H.; Lovric, J.; Orhanovic, INbrg. Chem. release of gaseous dioxygen from the solution was observed
(33) E%?gh%%’?ggwﬁfﬁn, R. F.: Frieden, Anal. Biochem1983 130, and the significant formation of bubbles prevented spectro-

134-145. photometric measurement under these conditions, as in the
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Table 1. Stoichiometry Determinations of the3¥—H,0, Reactiof

Table 3. Yields of Acetone in the ¥—H,0, Reactiof

A[V]/[H 202]0 A[V]/[H 204]° entry [V [H20z0 acetone produced  acetone calculated
entry [V3]o [H20.)0 observed simulated observed simulated 1 40.63 2.60 2.1 1.4
1 1192 345 190 1.98 0.88 118 2 0Es 220 3'35(1 5 41
2 31.97 5.62 1.56 1.62 0.70 0.60 ’ ’ ’ ’
3 12.79 5.62 1.24 1.35 0.61 0.40

aReactions were carried out in 1.0 molLHCIO, at 25.0°C. In
millimoles per liter.P In the presence of 0.87 mol& 2-PrOH.

Table 2. Yields of O, in the \B*—H,0, Reactioft

entry V3o [H207]0 O; produced Qcalculated
1 2.44 1.04 0.17 0.17
2 4.88 1.04 0.14 (0.00% 0.11
3 9.75 1.04 0.095 0.054
4 10.56 5.20 0.77 0.89
5 0.81 2.60 0.62 0.57%

a2 Reactions were carried out in 1.0 molLHCIO, at 25.0°C. In
millimoles per liter. In the presence of 0.43 mol & 2-PrOH.¢ Yield
within 40 min. It continued to grow slowly.

0.35

0.3 (b) 4

0.25

0.2

0.15

Absorbance at 455nm

0.1

0.05

0

200 300 400

time/s
Figure 2. Absorbancetime profile of OV(Q)* in the \A+—H,0; reaction.
The conditions are as follows: 25%C, 1.0 mol Lt HCIO4, and 5 cm
optical length. The profiles shown are (a) 10.2 mmol V3 and 5.22
mmol L= H,0;, (b) 10.2 mmol ! V3* and 10.4 mmol £ H,O,, and (c)
a simulated profile with 10s delay with 10.2 mmofLVv3*+ and 5.22 mmol
Lt H205.

0 100

Fet—H,0, system?* The overall reaction was the oxidation/
peroxidation of vanadium(lll) to oxoperoxovanadium(V) ions

and the vanadium-catalyzed decomposition gOHto O,
and HO. Even with excess ¥, O, was still generated. The

yield of dioxygen was measured with an oxygen electrode
under conditions selected so that the maximum yield did not

exceed the solubility of @in water. A number of determina-
tions are listed in Table 2.

It was noted previously that the formation of the monop-

eroxo vanadium species, OV{Q, occurs well before the
completion of VG* oxidation, even without excess6,.%°

Two experiments were carried out accordingly, monitoring
the spectral change at 455 nm, the maximum absorption of

OV(0O,)*, using a cell wih a 5 cmoptical length. The fast

rise and slower fall of absorbance clearly showed the
formation of OV(Q)" during the reaction, Figure 2. The peak

concentrations of OV(9' were (a) 1.2x 10*and (b) 2.2
x 1074 mol L~% A simulated OV(Q)*—time profile is also
shown in Figure 2c.

Reaction in the Presence of 2-PrOH.The effect of

alcohol on the reaction stoichiometry and kinetics was

(34) Barb, W. G.; Baxendale, J. H.; George, P.; Hargrave, KThans.
Faraday Soc1951, 47, 462-500.

a Reactions were carried out in 1.0 motLHCIO,4 at 25.0°C in the
presence of 43.5 mmol 2-PrOH. In millimoles per liter® In the presence
of 157 mmol L~ DMSO. ¢ In the presence saturated sodium benzoate.

examined. When a large amount of 2-propanol (2-PrOH),
typically 0.87 mol L%, was present, thA[V]/[H >O;] value

was found to be approximately half of that without an
alcohol. For example, in reactions where a large excess of
V3 was employed, the stoichiometry determined was close
to 1:1 (see Table 1). In the meantime, dioxygen release was
largely inhibited (entry 2, Table 2). The organic species
produced in the reaction were examined Hy NMR
spectroscopy using deuterated water as solvent. This revealed
the generation of a significant amount of acetone; no other
organic product was detected. The yields of acetone were
estimated by comparing the integrations of the acetone with
the remaining 2-PrOH peaks, assuming mass conservation
of acetone and 2-PrOH (Table 3). In the presence of another
hydroxyl radical scavenger (e.g., dimethyl sulfoxide (DMSO)
or sodium benzoate) the yield of acetone greatly decreased
but did not disappear completely.

The kinetic measurements were then carried out in the
presence of a large excess of 2-propanol (0.87 M). Again a
linear relationship was found betwe&gs and the average
[V3*]. This yielded a second-order rate constant of 2432
0.06 L mol s™%, essentially same as that without 2-propanol.

Reaction in the Presence of MTOA series of experi-
ments was carried out in the presence of up to 20 mol %
(relative to HO,, the limiting reagent) of MTO. The progress
of the reaction was similar to that without MTO, except that
after over 90% completion of the reaction, a much slower,
yet constant increase in the absorbance at 760 nm was
observed with MTO. Kinetic analysis using the data before
90% completion yielded a rate constant of 2410.03 L
mol~! s7%, identical to the value obtained without MTO,
indicating that the presence of MTO has little or no effect
on the rate of reaction betweerf¥Vand HO,. The control
experiment showed that MTO itself reacted slowly with"V
to produce V@', presumably via one-electron transfer, a
manner analogous to the reduction of MTO by Ear CP*,
although the details were not further pursued.

Kinetic Simulation. Because of the complicated nature
of vanadium chemistry, kinetic modeling studies were carried
out to assist in the analysis of the experimental data, in an
attempt at establishing the overall reaction scheme of the
vanadium-hydrogen peroxide system in acidic aqueous
solutions. Most known reactions involving vanadium ions
and hydrogen peroxide, thoroughly studied or merely pos-
tulated, were considered in the reaction scheme. Reactions
with known rate constants were generally included. When
the rate constants in 1.0 morLHCIO, were not available
and could not be obtained by calculation or extrapolation
from literature information, values at the closest conditions
were taken or estimated via simulation.

Inorganic Chemistry, Vol. 44, No. 15, 2005 5517
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chemical equation ka.b.c ref
A V3t + Hy0,— VOZF +*OH + HT 2.06 this work
B V3 4 OH — VO2*+ + H* (5 x 107) -
C VOZt 4+ H,O, — VO, + *OH + Ht 0.21 18
D VOZt + *OH— VO,™ + Ht 6.4x 108 19
E VOzJr + HzOz" OV(Oz)Jr + Hzo k+ =53x 103, k-=0.1% 17
F OV(Oy)" + *OH— VO, + HOO 2.1x 10 39
G V3t + HOO + H,0 — VOZF 4+ H,0, + H (1x10®f 9
H VO 4+ HOO — OV(Oy)* + H* 1.1x 10 13
| VO,* + HOO + H — VO2t + 0, + H,0 2.6x 10°9 13
J Bt + VO, — 2v0?2t 243 16
K OV(0y)* + HOO + HT — V02" 4+ O, + H,0; 2.8x 10° 13
L H20, + *OH — HOO" + H,0 2.8x 107 40
M 2HOO — H,O2 + Oz 8.3x 1P 41
N OV(05)* + H0, — OV(O,) + HOO + H* (2 x 1075) 42
o OV(Oy)* + OV(Oy) + 2H+ — V5 + OV(0,)2" + H,0 (1 x 109) 42
P OV(Qp)?+* — VO2F + O, (1 x 109) 42
Q V3 4+ OV(O2)* + Hz0 — VO2* + OV(Oy) + 2H* 11.3 this work
R OV(0,) + 2HT — VO + H,0, (1 x 107) 18
S CHMeOH + *OH — H,0 + *CMe,OH 1.7x 10° 40
s CHMe,OH + *OH — H30 + *CH,CH(Me)OH 2.8x 108 40
T *CMe,0OH + H,0, — HO* + Me,CO + H,0 5x 1P 40
uh *CMe&OH + VO, * + HT — V02" 4+ H,0 + Me,CO unknown 43
\Y *CMe,OH + VO2ZF 4+ HY — H,0 + V3t + Me,CO (2x 109 this work
W *CMe0OH + V3t + H,O — HT + VOt + CHMe,OH (5x 1) this work
Xxh *CMeOH + V3t — V2t + Ht 4+ Me,CO unknown 12
yh *CMe,OH + V2 + HT — 3+ + CHMe,OH 2.1x 10° 44
Zi *CMe;OH + O, — Me,C(OH)OO 3.9x 10° 41
7z Me,C(OH)OO — Me,CO + HOO 6.6 x 1(? 41
ad V2t + VOZt — 23 + H,0 1.6 14,15
bb" V2t + H,0,+ HY — V3 4+ *OH + H,0 15.4 9
cc V2t + VO, * + 2HT — V3 + VO2r + H,0 4740 11
dd OV(O2)* + H20;, — OV(O,),~ + 2H* ki =3.6x10% k- =2.8x 10° 17
ed V2t 4 *OH + H*— V3* + H,0 unknown 12
ffh OV(0O2)*t +*OH + H* — VO2%" + O, + H0 unknown 13
gg’ OV(Op)* 4 *OH + H — OV(0)?+ + H,0 unknown 42
hhh OV(Oy) " + HyO2, — VO?F + O, + HO™ + *OH unknown 42

aAt 25.0°C in 1.0 mol L=t H* except as noted.In liters per mole second or per secofdalues in parentheses were estimates from this simulation
study.? Values of 0.97 (in 0.4 M K5Q;)2° and 5.8 (in 0.1 mol L1 HCIO,)!° were also reported. Several values were reported for this reaction, see text.
fA value of 6 x 10° L mol~1s71in 0.12 mol L™ HCIO, was available and was reported to decrease with increasitig?[ pH = 0.8." These reactions
were not included in the simulations because they were deemed insignificant or redii@argeivably, the MgC(OH)OO (from reaction Z) and
*CH,CH(Me)OH (from reaction ss) radicals could oxidiz&"\and others. However, no rate constants are available and our preliminary simulation indicated
that they had only minor contributions. Therefore, these reactions were not included in the final simulation scheme.

One reaction needs further comments. The equilibrium of

OV(Oy)t with VO,* and HO, (eq 7) was well-estab-
lished!”3536yet the rate constants in 1.0 motLHCIO, at
25 °C were not readily available. The forward reaction
constank; was reported to be 5. 10°L mol~*stin 0.4
mol L=t H,S0O,,%" and a value of 1.3 10 L mol~! s was
cited® for 1.0 mol L™t HCIO,. Nucci et al®® determined the
reverse rate constaht; to be 0.74 st, from whichk; =
2.96 x 10* L mol™* s! was derived by Ferradiif.
Recalculation using Nucci's experiments and Wilkins’ equi-
librium constant/ K; = 3.5 x 10* L mol™?, gavek; = 2.27

x 10* L mol~! st and k_; = 0.67 s!. Examination of
Wilkins’ experimental data suggested that= 5.3 x 10° L
mol~ts™! and, thusk-; = 0.15 st at 25°C. The last set of

A number of criteria were primarily used to refine the
estimated rate constants and the kinetic scheme. We tried to
account for the experimental results on the reaction stoichi-
ometry, Q evolution yields, the formation and disappearance
profile of OV(O,)* (Figure 2), and the effect of 2-PrOH on
the reaction, as well as to accommodate some related results
in the literature. One can certainly use part of the scheme to
fit a particular situation sufficiently; such values obtained,
however, may not agree well with valued obtained from other
subsets suitable for different conditions. Thus, the overall
scheme was generally used to simulate each specific experi-
ment trying to depict a whole picture of the reaction. The
resulting final scheme (Table 4) consists of reactions reported
in the literature pertaining to the®V—H,O, system, most

data appears to give the best overall match in the simulation.of them with known rate constants, as well as reactions not
This just demonstrated the uncertainty encountered in theknown but required to account for the experiments (see

simulation of such a complicated system.

(35) Secco, FInorg. Chem.198Q 19, 2722-2725.

(36) Dean, G. ACan. J. Chem1961, 39, 1174-1183.

(37) Pucheault, J.; Ferradini, C.; Gardes, M.; Lesigne, B.; Gilles, L.; Muller,
J. C.Int. J. Chem. Kinet1977 9, 603-617.

(38) Nucci, L.; Guidelli, R.; Raspi, Gl. Chem. Soc., Faraday Trart973
69, 82—93.
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below). Omissions were made when reactions had only
minor contributions, no rate constants were available, or
both. On the basis of this scheme, the calculated reaction
stoichiometry, @ evolution yields, and acetone yields under
specific experimental conditions are summarized in Tables
1-3.
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The oxidation of 2-PrOH to acetone can be rationalized
by eqs 16-15.

CHMe,0OH + OH" — H,0 + "CMe,0OH (10)
"*CMe,OH + H,0, —~ HO" + Me,CO+ H,O  (11)
*CMe,OH + VO," + H" — VO?" + H,0 + Me,CO  (12)
‘CMe,OH + VO* + H" — H,0+ V¥ + Me,CO  (13)
‘CMe,OH + V¥ —V# + H" + Me,CO  (14)

‘CMe,OH + V¥" + H,0— VO* + H" + CHMeZO(H )
15

The hydrogen abstraction from 2-PrOH by the OH radical
(eq 10) and the oxidation o€EMe,OH by H,0O, (eq 11) are

known reactions. However, eq 11 alone could not account
for all of the acetone production; other reactions have to be

considered. Thermodynamically, eqs-124 are all feasible,
with *CMe,OH being a very strong reducing agent
(EMe,corcmeon = —1.39 V) Equation 12 has been postu-
lated on several occasiofis® but no rate constants were
given. Inclusion of this path seemed to be insufficient,
presumably because of the very low concentration ofVO

accumulated during the reaction. Consequently it was not

included in the simulation studies. The reduction of %O
by *CMe,OH (eq 13) has not been reported, but the addition
of it with a reasonable rate constant%210” L mol~* s™%)

appeared to be necessary. In fact, the results here could b
regarded as evidence for the occurrence of this reaction. The’

reduction of \** (eq 14) was possible as suggested in the
literaturé? but likely to be slow; otherwise, the reaction
stoichiometryA[V]/[H 20]o would be much less than ob-
served when a large excess of"\ivas employed in the
experiment. Equation 14 was, then, not included in the
simulation, eliminating all reactions involving?V, to allow
some simplification.

On the other hand, albeit less investigat€tivie,OH is
also a strong oxidizing agent; a reduction potentiat-af65
V could be derived from the thermodynamic data in the
literature?>46 Such aliphatic radicals are known to oxidize a
number of low valent transition metals, including®T,#?
V2t 44 Cr2t 47 etc. It is thus reasonable to envision the
oxidation of \A* by *CMe,OH (eq 15), and this reaction is
indeed required to account for the ¥Ogeneration in the
simulation studies. The estimated rate constants for eqs 1
and 15 from the simulation are given in Table 4.

(39) Shinohara, N.; Nakamura, Bull. Chem. Soc. Jprl989 62, 734~
737.

(40) Notre Dame Radiation Chemistry Data Center Compilations, http://
www.rcdc.nd.edu/Solnkinl.

(41) Pestovsky, O.; Bakac, A. Am. Chem. So2004 126, 1375713764.

(42) Bonchio, M.; Conte, V.; Di Furia, F.; Modena, G.; Moro, S.; Edwards,
J. O.lnorg. Chem.1994 33, 1631-1637.

(43) Ma, R.; Bakac, A.; Espenson, J. korg. Chem.1992 31, 1925~
1930.

(44) Chen, J. T.; Espenson, J. lorg. Chem.1983 22, 1651-1655.

(45) Schwarz, H. A.; Dodson, R. W. Phys. Cheml1989 93, 409-414.

(46) Pedley, J. B.; Naylor, J. D.; Kirby, S. Fhermochemical Data of
Organic CompoundsChapman & Hall: London, 1986.

(47) Schmidt, W.; Swinehart, J. H.; Taube, #.Am. Chem. Sod.971,
93 1117-1123.

Attempts were made to independently determine the
reaction rate constants for eqs 13 and 15 by kinetic
competition method3 on the basis of the production of the
free radical by the homolytic decomposition of an organo-
pentaaquochromium(lll) cation, (8)sCr(CMeOHY".*8 These
experiments qualitatively confirmed the postulated reactions.
Unfortunately, for the reduction of V& (eq 13), the VO&"
cations seem to interfere with the thiocyanate method used
to analyze the amounts of Co(ll) products in the competitive
reactions. As a result, only an approximate valye= 8.5
x 10° L mol™* s71, with large deviations, was obtained at
25.0°C and 0.1+1.0 mol L™t H* with an ionic strength of
1.0 mol L% The rate constant for the oxidation ofVat
25.0°C and 0.1 mol L* H* with an ionic strength of 0.2
mol L~ was estimated to bkjs = 2 x 10° L mol™ s7%.
However, when these values were incorporated into the
simulation scheme, the agreement between the experimental
results in earlier section and the simulated results was rather
poor.

Edwards et at? studied the decomposition of 8,
catalyzed by V@' in 1.0 mol L™ HCIO4 and found that
the reaction had a slow initiation part, the rate of which was
first-order dependent on both {8,] and [OV(O,)*]. Reac-
tions N, O, and P in Table 4 were thus included to account
for these results, as postulatéd he rate constants estimated
here, based on the limited data available, were very ap-
proximate, especially for the faster ones. Nevertheless,
énclusion of these reactions correctly predicted the induction
eriod as well as the effect of VA® on eliminating such
induction periods. It should be noted that Edwards did not
take into account the possible role of the oxodiperoxovana-
dium(V) anion, OV(Q),~, which might be important in the
initiation of the whole radical process, as a recent photo-
chemical study indicatetf. The findings by Edwards did not
exclude this possibility either.

Reaction between V" and OV(O,)*. This reaction was
conducted with 1.0 mol t* H" andl = 2.0 mol L™%. The
stoichiometry of the reaction under pseudo-first-order condi-
tions with \A* in large excess was examined by measuring
the absorbance change for the reactafit & 398 nm, the
product VG* at 760 nm, or both before and after the
reaction. The values of []reacted[OV(O2) "] thus determined
are 2.85+ 0.10, indicating a 3:1 reaction stoichiometry. In
an oxygen evolution experiment with 3.3 mmotiLV3*,

33-1 mmol L* OV(O,)", and 0.2 mmol £* Hz0,, 1.02 mmol
L~ oxygen was produced. A spectrophotometric search for
possible intermediates (i.e., the oxo-bridged (or hydroxo-
bridged) VOV dimetallic species, as observed in the
reaction between ¥ and VG&*)*15was unsuccessful.

The kinetic runs were carried out with exces$ VThe
initial concentrations of ¥ and OV(Q)" were varied over
10—-100 mmol L't and 0.5-1.0 mmol L%, respectively. The
absorbancetime traces were fitted by single exponentials,
although, sometimes, slight deviations could be observed.

(48) Kirker, G. W.; Bakac, A.; Espenson, J. Bl.Am. Chem. S0d.982
104, 1249-1255.

(49) Sam, M.; Hwang, J. H.; Chanfreau, G.; Abu-Omar, MIibrg. Chem.
2004 43, 8447-8455.
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Figure 3. Comparison between the disappearance of QY/(@eft axis) and the generation of O (right axis) in the reaction betweer?¥/(33.6 mmol
L=1) and a mixture of V@" (0.54 mmol 1) and HO, (0.57 mmol L=1) in 1.0 mol L= HCIO4 with a 2.0 mol L1 ionic strength at 25.0C. Panel a
presents experimental data, and panel b shows the simulated traces.

0.3 : — understanding of the present study, while some reactions still
- remain speculative.

Our study on V*—H,0, system yielded a second-order
0.25 - 1 rate constant of 2.06- 0.03 L mol* s™%, which is in good

‘0 agreement with the value (2.3 L méls ™) in 0.12 mol L*

< H*™ mentioned in the literaturéWe have further confirmed
02} . that the rate constant is independent of the hydrogen ion

. concentration; this behavior of®V is similar to \#* *? and

contrasts that of V& ,®® where an inverse first-order

015 b dependence on [H was observed.
03 04 05 06 07 08 09 1 11

H Jimol L™ With the aid of kinetic simulation, a reaction scheme was
mo! . .

, , _ written to accommodate all of the experimental results
Figure 4. Plot showing the [F] dependence of the¥V—OV/(O,)* reaction h | h h .

under the following conditions: 25C, | = 2.0 mol L1 (LiClOy), 13.6 presented .ere (Tab_e 4)' The ma.tc ; between expenmgnts
mmol L=t V3+ 1.1 mmol L' OV(Oy)*. and simulation on yields and stoichiometry, as listed in

previous section, are within 30% in most situations. Given

The plot of the resultant rate constakis against the average  the complexity of the scheme, as evidenced by the number
[V3*] yielded a straight line with a slope of 11:8 0.3 L of reactions, and the uncertainty of several rate constants,
mol~* st and an intercept of 0.1% 0.02 s*. Notably, the the agreement is considered reasonably good.
generation of V&" was markedly slower than the consump- |t is clear that the reaction betweed™and HO, proceeds
tion of OV(Oy)" (Figure 3a). _ ~ via one-electron oxidation (i.e., a Fenton-like mechanism).

The rate dependence on the hydrogen ion concentrationThe jnyolvement of a radical intermediate was first inferred
was briefly investigated in a limited range of {H0.4-1.0 from the changing stoichiometry dependent on the starting
mol L) with | = 2.0 mol L™* at 25°C. The observed  congitions, which is often indicative of a radical chain
pseudo-first-rate constant decreased with the increasihg [H process. The observation of the formation of OW(O

(Figure 4). An inverse first-order dependence on'IH (gigure 2) in the very early stage of the reaction apparently
appeared to be reasonable, although accurate quantlflcanor?mp“ed the early involvement of VE. However, this does
based on these data was not carried out because of lack of,

. . o : _ ot necessarily indicate the participation of a two-electron
information on the reaction in eq 7, as will be discussed later.

oxo-transfer reaction of ¥. It appeared possible that VO
Discussion would effectively compete for $D, or the OH radical to
generate V@ or, more directly, react with the HO@adical
In acidic aqueous solutions, vanadium ions are known to 15 yield OV(0,)*. In fact, these observations could be
exist in four oxidation states from2 to+5 as aqua or 0x0  adequately addressed without invoking the two-electron
ions, with vanadium(IV) being the thermodynamically most process. On the other hand, it should be cautioned that the
stable form. The chemistry of vanadium ions with hydrogen data presented here did not allow us completely to rule out

peroxide is exceptionally complicated, as over 20 reactions the coexistence of a 2-electron process as a minor reaction
could be readily written among these species and corollary path.

oxyradicals, even without considering the various forms in
which vanadium can exist at different acidity levél$4duch
work has been done, providing a necessary basis for the

In the presence of excess 2-PrOH, the *H@dical
generated was intercepted and diverted to acetone production
or to the secondanfCMe,OH radical, which would take up

(50) Baes, C. F., Jr.; Mesmer, R.Ehe Hydrolysis of Cationslohn Wiley 02 very qUICk|>/' In any event, the QVOIUUOH was reduced
& Sons: New York, 1976. effectively. With other hydroxyl radical scavengers, acetone

5520 Inorganic Chemistry, Vol. 44, No. 15, 2005



Oxidation of \A* by H,O, and OV(Qy) ™"

production would be inhibited, but not completely, because
of competition, as observed in the experiments. These
observations provide further support for the involvement of
a hydroxyl radical and a Fenton-like mechanism as the
dominant pathway in the reaction.

Although the overall reaction scheme delineated here fits
the experimental data and literature reports reasonably well,
it should be noted that this is still a simplified view of the
actual chemistry. The rate constants for some reactions wer
not reported in the literature; even when a rate constant is
available, it may have been determined at different conditions
or obtained by indirect methods. Some of reactions are not
elementary steps and may have multi-term rate laws. Thus,
the estimate given here should be regarded as an approxim
tion. Furthermore, it should also be noted that this scheme
does not account for the pH dependence, as various proto
nation—deprotonation reactions pertaining to these species
were not included. Other factors, such as the photochemical
reactions of vanadium iof%®! and the effect of ionic
strength, were also neglected.

It is somewhat disappointing that MTO does not seem to
catalyze the oxidation of ¥ by H,O, because MTO is in
general a good oxo-transfer catalyst. Maybe it is not so
surprising as V' is a highly charged cationic species and
not very likely to be a good nucleophile to attack the
electrophilic peroxidic oxygen in the MTEH,0, adduct.
However, it is not improbable that MTEH,0, adducts
would react with \** slowly so that it was not observed
under our reaction conditions.

In comparison, some important differences exist between
V and Re oxoperoxo species. MT®,0, adducts show
predominantly electrophilic character in oxidations. Because
of the easy reducibility of vanadium(V), OVHD may exist
in a vanadyl oxide or biradical form or as a resonance hybrid,
thus exhibiting nucleophilic or radical features as oxidants,
analogous to the reactivity of carbonyl oxitfendeed, the
ambiphilic nature of oxomonoperoxo vanadium complexes
was clearly demonstrated in the competitive oxidation of
sulfide and sulfoxidé® Also oxomonoperoxo vanadium
complexes were capable of hydroxylating aromatic and
aliphatic hydrocarbons under mild conditions, presumably
because of the radical charactéklVe have recently shown
that OV(Qy)™ is a very poor oxo-transfer reagent for a variety
of nucleophilic substrates such as triarylphosphfies.

It is known that low-valent vanadium(ll or 11l) complexes
could easily undergo oxo-transfer reactions or two-electron
oxidations?¢~%8 Therefore, when the reaction betweef™V

(51) Jeliazkowa, B. G.; Nakamura, S.; Fukutomi,Bdil. Chem. Soc. Jpn.
1975 48, 347-348.

(52) Sawaki, Y.; Kato, H.; Ogata, Y. Am. Chem. S0d981, 103 3832-
3837.

(53) Ballistreri, F. P.; Tomaselli, G. A.; Toscano, R. M.; Conte, V.; Di
Furia, F.J. Am. Chem. S0d.991, 113 6209-6212.

(54) Mimoun, H.; Saussine, L.; Darie, E.; Postel, M.; Fischer, J.; Weiss,
R.J. Am. Chem. S0d.983 105 3101-3110.

(55) Du, G.; Espenson, J. Hhorg. Chem 2005 44, 2465-2471.

(56) Castellano, B.; Solari, E.; Floriani, C.; Scopelliti, R.; Re,Ihobrg.
Chem.1999 38, 3406-3413.

(57) Zhang, Y.; Holm, R. HInorg. Chem.199Q 29, 911-917.

(58) Baker, F. B.; Brewer, W. D.; Newton, T. Whorg. Chem.1966 5,
1294-1296.

a_

and OV(Q)* was considered, it seemed reasonable to
postulate a direct oxo-transfer reaction from OYY(Qo V3+
producing 2 equivalents of VO (eq 16).
v¥ +0v(0,y)" +H,0—2V0," +2H"  (16)

However, such a reaction could hardly be incorporated
into the overall reaction scheme outlined above. Specifically,
he maximum concentration of OVED in the reaction
etween V" (10.2 mmol %) and HO, (5.22 mmol L)
would be significantly higher (see Figure 2), while the
evolution of dioxygen would be much lower. Furthermore,
if this reaction indeed occurs, the production of %@vould
occur at the same approximate rate as the disappearance of
OV(Oy)", which is clearly contradicted by the experimental
observation (Figure 3).

On the other hand, the observed first-order dependence
of the OV(Q)* consumption rate on [%/] would be difficult
to explain without invoking a direction reaction betweeh V
and OV(Q)™, although the nonzero intercept (0.13)xcould
be easily recognized as corresponding to the reverse reaction
of eq 7. We thus envisioned a one-electron process (eq
17).The OV(Q)" reduction product, OV(§), might have
an unpaired electron on oxygen and presumably a broken
O—0 bond, as suggested in the reduction of O¥{Cby
H,0,,*? or it could be a peroxo vanadium(IV) species, which
was protonated to give OVOOHand then V&' and HO,.18
The latter seems to fit the experiments better, especially when
the oxygen evolution results were considered. Under the
experimental conditions (3.3 mmolEV3*, 3.1 mmol !
OV(Oy)*, and 0.2 mmol £ H,0;), the simulation in Figure
3 predicted that 1.0 mmol 12 O, would be generated in 20
min, in good agreement with the observed value (1.02 mmol
L™ O,). For simplicity, only these two reactions were
included in simulation. Figure 3b also showed simulated
concentratiorrtime profiles for the disappearance of
OV(0,)* and the accumulation of VA. The close match
between these results provided additional support for the
validity of the proposed reaction scheme.

V¥ + 0V(0,)" + H,0—VO*" + OVO, + 2H" (17)
OVO, + 2H" — {OVOOH" + H*} — VO + H,0, (18)

The detailed reaction mechanism for eq 17 can be
described by following steps. The hydrolysis of"\(Ke =
2.0 x 1072 mol L™Y%° gives VOH" in a pre-equilibrium
step. VOH' then undergoes an electron-transfer reaction
with OV(O,)* to generate VOB in a rate controlling step
(eq 20), followed by the deprotonation of VOH(eq 21;
K21 = 4.3 mol L™1).5° Reaction 20 should be rapid since the
two reactants would only have minimal changes from the
atom economy point of view. VOH ion has been often
invoked as the actual reactive species in the electron-
exchange reaction of %.61-63 The path involving VOR*
should be favored over the path in which electron-transfer

(59) Gorski, W.; Galus, ZElectrochim. Actal989 34, 543-549.
(60) Nagypal, |.; Fabian, I.; Connick, R. Bcta Chim. Acad. Sci. Hung.
1982 110, 447-460.
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precedes the first proton transfer (i.e3"\is oxidized to \#*
first, and then V* hydrolyzes to give V@).

V¥ 4+ H,0< VOH*" + H* (19)
VOH*" + OV(0,)" — VOH*" + OV(0,)  (20)
VOH*" < vO?" + H* (21)

Recall that OV(Q)* is also in fast equilibrium (eq 7) with
VO,", which would be consumed quickly in the presence
of excess V'. Overall, the rate of disappearance of OV-

(0" is

_doVv(0)']

K19
& [V¥[0V(0,)"]

m
(22)

= k77[OV(02)+] + kzo[

This leads to a straight line with a nonzero intercept at

constant [H] when kqps Was plotted against [¥/], in good

Du and Espenson

[VOH™:0V(0,T + H'
67kJ

VOH™ + OV(0,)" + H
15kJ
V*+0V(0,)" + H,0
0kJ

VOH™ + 0V(0,) + H
20K VO™ +0V(0) +H"
24K

Figure 5. Reaction coordinate diagram for the rate controlling step in the
V3+—0V(0,)* reaction. Note that the actual activation barriers in the first
and the last steps should be minimal.

A final question concerns the rate of the’"*H,0O,
reaction. The rate constants for hydrogen peroxide oxidations
cover several orders of magnitude. The value for the
oxidation of \#*, 2,06 L mol* s, is at the slow end of the
scale. This seems to be surprising because the standard

agreement with the experimental result. The intercept, reduction potential for the V&/V3* couple is about-0.34
corresponding to the back reaction of eq 7, would not be a v, not an enormously large number. From the Gibbs free

constant when [H] was varied; the forward reaction has a

three-term rate law/ while the rate dependency on {Hfor
the back reaction is not clear. Under low'[Hthe diperoxo

species OV(@,~ may also come into play. For these reasons,

the limited data on rate dependence on]JHvas not

quantitatively analyzed. From the slogey was estimated
to be 5.7 x 10° L mol™! s™%, greater than the ligand
substitution rate on aqueousVion; a typical anation rate

constant for the reaction of% with NCS™ is 114 L mol?
s 1,54 while the solvent exchange rate constant fér Vh

aqueous solutions is & 1% s7%%° Thus, an outer-sphere

energy consideration, this reaction should be faster than the
Fet—H,0, reaction because the &€ potential is+0.77

V, while in actuality, the rate constant for theFe H,0,
reaction is 77 L mol* s71,

The reason, however, is not yet clear. One can certainly
assume that the immediate products oftMbxidation by
H.O; in the rate controlling step are MOHions, rather than
MO+ (e.g., F&T) or MOD* (e.g., V&), VOH3' ions
probably have a very high unfavorable free energy?Vvio
said to be practically not protonatable in aqueous solfion,
although a protonation constant of 0.23 L miolwas

electron-transfer mechanism for reaction 20 was indicated. reported®® Another obvious difference lies in how the
The reaction coordinate diagram, approximated from the MOH™ ions evolve to the final products: Fe@Htakes up

available thermodynamic and kinetic data wiKig = 1 x
1 L mol™%, a not unreasonable assumptiényas shown

in Figure 5. The value oAG* for the transition state was

estimated from the rate constant (5<710° L mol™! s™%)
using the Eyring equation.
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H* to give Fé" (and HO) (i.e., FEOR" + H* — Fe&®™ +
H,0), while VOH" eliminates H to give VG (i.e., VOH*
— VO?" 4+ H*). However, this still offers no explanation in
a quantitative sense.
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