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reaction of M(CO),(DCE)(PR3),Br2 with CO. It was not possible 
to test for solvation of the intermediate because of solubility 
limitations, however it is presumed that the intermediate is sol- 
vated. The sluggishness of the tungsten derivatives could then 
be rationalized as arising from a stronger interaction of the LUMO 
with a solvent DCE molecule producing a slower reaction with 
co. 

The free energy relationship of phosphine basicity (x) and metal 
effect (4) on the rate constant was examined. Figure 4 shows 
the plot of In kcxpt vs gx + h+ + i obtained by multiple linear 
regression. The values for coefficients g and h were 0.28 and 0.13 
and the ratio g / h  was 2.1. The linearity of the plot suggests the 
commonality of the reaction mechanism for the derivatives studied. 
The signs of the coefficients reinforce the previous inference that 
an electron-donating phosphine at a tungsten metal center inhibits 
the rate of reaction. 

Comparison to the Reaction of M ( C 0 ) 2 ( D C E ) ( P R 3 ) 2 B r 2  with 
CO. The rate constant for recombination of M(CO),(DCE)- 
(PR3)Br2 with CO is generally 100 times larger than the value 
for the recombination of the corresponding M(CO),(DCE)- 
(PR3),Br2 derivative with CO. Enhancement of the reactivity of 
the phosphine-deficient tricarbonyl derives from the fact that it 
has one less phosphine and one more carbonyl than M(CO),- 
(DCE)(PR3),Br2. It therefore has less steric bulk to impede an 
incoming carbon monoxide and less electron density at the metal 
center. Both would magnify the reactivity of the electron-poor 
metal center toward CO. 

No fast process was observed for the PEt, derivatives. Indirect 
evidence that it occurs for W(C0),(PEt3)(DCE)Br2 is evidenced 
in the observation that phosphine scrambling was invoked to 
explain the infrared spectra of M O ( C O ) , ( P P ~ , ) ~ B ~ ,  and W- 
(CO)3(PEt3)2Br2 after photolysis. Apparently the transient 
collapses within the lifetime of the lamp flash and can not be 
directly observed. 
Summary 

Flash photolysis of M(CO)3(PR3)2X2 was shown to undergo 
two independent photoprocesses: C O  loss and PR3 loss. The CO 
loss products react directly with CO. The intimate mechanism 
of CO addition for M(C0)2(DCE)(PR3)2X2 depends on the steric 

bulk of the phosphine. Derivatives with large phosphine ligands 
appear to react by a single-step C O  addition to the solvated 
dicarbonyl, while derivatives with smaller phosphines require a 
two-step reaction. The steric bulk of the phosphine affects the 
rate in a discontinuous fashion. At small phosphine cone angles 
(1137") there is no effect of cone angle on the rate. Phosphines 
with larger cone angles show an inhibitory effect on the rate which 
increases with increasing phosphine steric bulk. The phosphine 
loss transient, only observed for bromide triarylphosphine deriv- 
atives, was analyzed for electronic effects through linear free 
energy relationships. Its back-reaction with CO was 100-fold 
faster than for the CO loss transient because of the more open, 
more electron-poor nature of the transient. The process was 
photochromic, implying that phosphine freed by photon absorption 
replaces a CO in the intermediate product reforming the tri- 
carbonyl. 
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lr'V N M R  spectroscopy has been used to characterize the complexes formed between hydrogen peroxide and vanadate under 
near-neutral conditions in aqueous solution. The formation constants of the mono-, di-, and triperoxovanadates and tetraper- 
oxodivanadate have been measured and the proton requirements for product formation determined. Under the conditions of these 
studies, the peroxide was found to undergo slow catalytic decomposition. Studies of the decomposition reaction suggested that 
the monoperoxovanadate is involved in a disproportionation of the hydrogen peroxide, which occurs by a combination of photo- 
and thermochemical mechanisms. The decomposition reaction is strongly inhibited by the presence of peptides. 

Introduction 
The interactions that occur between hydrogen peroxide and 

vanadium oxoanions have been of interest for many years. The 
studies of these systems are attracting increasing interest in 
biochemistry because it is becoming increasingly clear that per- 
oxovanadium compounds can have potent biochemical effects. 

Over the past 4 years, an insulin mimetic behavior of vanadate 
in solution with hydrogen peroxide has been well e~tabl ished. ' -~ 

~ ~~~ ~ 

( I )  Heffetz, D.; Bushkin, 1.; Dror, R.; Zick, Y .  J .  Biol. Chem. 1990, 265, 
2896-2902. 

The insulin-like synergistic effects of hydrogen peroxide with 
vanadate exceed those seen with vanadate or hydrogen peroxide 
alone, suggesting strongly that peroxovanadates are responsible 
for the effects observed. Other work has shown that peroxo- 
vanadates have antitumor activity in mice,$ and efforts are being 

(2) Fantus, 1. G.; Kadota, S.; Deragon, G.; Foster, B.; Posner, B. 1. Bio- 
chemistry 1989, 28, 8864-8871, 

(3) Kadota, S.; Fantus, I. G.; Deragon, G.; Guyda, H. J.; Hersh, B.; Pasner, 
B. I. Biochim. Biophys. Res. Commun. 1987, 147, 259-266. 

(4) Kadota, S.; Fantus, 1. G.; Deragon, G.; Guyda, H. J.; Posner, B. 1. J .  
Biol. Chem. 1987, 262, 8252-8256. 

0020- 1669/91/ 1330-37 18$02.50/0 0 199 1 American Chemical Society 



Peroxovanadium(V) Complexes 

made to understand the biochemistry of peroxovanadium hete- 
roligand c o m p l e x e ~ . ~ ~ ~  In addition to this, vanadium is a com- 
ponent of the prosthetic group of some bromo- and iodoperoxidases 
of a lichen' and of marine brown and red algae.* The developing 
interest in these types of biologically active compounds will un- 
doubtedly lead to the discovery of increasing numbers of such 
products. 

In addition to biochemical interests, intensive studies over many 
years have concentrated on the function of peroxovanadates as 
oxygen-transfer  agent^.^.^^ It may well be that such reactions 
give rise to significant biochemical effects, both in vivo and in vitro. 

It is well-known that a number of peroxovanadates exist in 
aqueous solution, depending on the pH and the peroxide and 
vanadate  concentration^."-'^ The various species have been 
characterized by I7O N M R  spectroscopy," s'V N M R  spectros- 
c O p ~ , ~ ~ - l ~  and Raman spe~troscopy.'~ The various reports iden- 
tifying and characterizing the derivatives tend to be in good 
agreement. Formation constants for the various products have 
generally not been determined, although those for mono- and 
diperoxovanadates in strongly acidic solution have been report- 

Peroxovanadates have a clear biochemical significance, so it 
is of interest to study the formation of these materials in aqueous 
solution at physiological pH. In the present investigation, we have 
undertaken the study of the formation of the mono- and diper- 
oxovanadium(V) products, as well as higher peroxo products, all 
formed under near-neutral conditions. slV N M R  spectroscopy 
has been heavily utilized in these studies. The catalytic decom- 
position of hydrogen peroxide has been followed by UV/vis 
spectroscopy. 
Experimental Section 

Materials. Vanadium(V) oxide, 99.99% (Aldrich Chemical Co.), 
hydrogen peroxide (Fisher Scientific Co.), and N-(2-hydroxyethyl)- 
piperazine-N'-ethanesulfonic acid (HEPES) buffer (Boehringer Mann- 
heim GmbH) were used without further purification. 

Vanadate stock solutions were prepared by using procedures previously 
described.I6 Stock solutions of H 2 0 2  were standardized against potas- 
sium permanganate prior to use. pH calibration was carried out with 
freshly opened pH standards. The ionic strength of all samples was 
maintained at  1.0 M with KCI. Peroxovanadate sample solutions were 
prepared by adding appropriate quantities of the hydrogen peroxide stock 
solution at  pH 7.0 with HEPES buffer to the required volume of vana- 
date-HEPES buffer-KCI solution, also at  pH 7.0, to afford the desired 
final concentrations. Mixing was done in this order because the forward 
reaction to form the products is fast compared to the hydrolysis reaction. 
Application of this procedure allowed equilibrium to be established in a 
time reasonably short compared to that for the vanadium-catalyzed de- 
composition of hydrogen peroxide. 

Combination of the two stock solutions, which were prepared at pH 
7.0, provided resultant solutions with pH values varying between 6.6 and 
6.8. Because of the problems associated with the decomposition of H202, 
the values were not corrected. Stock solutions of different pH values were 
utilized for the pH studies. 

Spectroscopy. JIV N M R  spectra were obtained from a Bruker 
AMX-400 N M R  spectrometer operating at  105.2 MHz at  ambient 
temperature. Vanadium chemical shifts are relative to the external 
reference VOCll assigned to 0 ppm. Baseline corrections were applied 
to all spectra before integrals were obtained. N M R  spectral parameters 
were as follows: pulse widths, 60'; spectral widths, 80 kHz; acquisition 

ed. 14. I5 
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( 5 )  Djordjevic, C.; Wampler, G. L. J. Inorg. Biochem. 1985, 25, 51-55. 
Djordjevic, C.; Puryear, B. C.; Vuletic, N.; Abelt, C. J.; Sheffield, S. 
J. Inorr. Chem. 1988. 27. 2926-2932. 
Plat, l-i.; Krenn, B. E.; Wever, R. Biochem. J. 1987, 248, 277-279. 
Krenn. 8. E.: Izumi. Y.; Yamada, H.; Wever, R. Biochim. Bfophys. 
Acta 1989, 998, 63-68. 
Holm, R. H. Chem. Reu. 1987,87, 1401-1449. 
Ghiron, A. F.; Thompson, R. C. Inorg. Chem. 1990, 29, 4457-4461. 
Harrison, A. T.; Howarth, 0. W. J .  Chem. Soc., Dalton Trans. 1985, 
1173-1 177. 
Howarth, 0. W.; Hunt, J. R. J. Chem. Sot., Dalton Trans. 1979, 
1388-1 391. 
Campbell, N. J.; Dengel, A. C.; Griffith, W. P. Polyhedron 1989, 8, 
1379-1386. 
Orhanovic, M.; Wilkins, R. G. J .  Am. Chem. SOC. 1%7,89, 278-282. 
Dean, G. A. Can. J .  Chem. 1961, 39, 1174-1183. 
Tracey, A. S.; Gresser, M. J.; Liu, S. J .  Am. Chem. Sot. 1988, 110, 
5869-5874. 

Table I. JIV N M R  Chemical Shifts for the Peroxovanadium(V) 
Products of this Study' 

derivative 6 derivative 6 
VO(OH)2(00)- -602 V02(OH)(00)'- -625 
V(OH)2(00),- -686 VO(OH)(00)2'- -765 
V (OH) (0O)J2- -73 3 (VO( OO)2)20H3- -7 58 

'All species were identified by varying vanadate, peroxide, or hy- 
drogen ion concentration under conditions of 1.0 M KCI and 20 mM 
HEPES buffer. 
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Figure 1. 51V N M R  spectra showing the formation of the various per- 
oxovanadates as a function of added hydrogen peroxide. Conditions of 
the experiments: 1.0 M KCI, 20 mM HEPES buffer, pH 6.7, and the 
indicated amounts of added vanadate and H202.  

times, 0.05 s; line broadening, 40 Hz; frequency domain size, 16K data 
points. 

Kinetic measurements were done on a Hewlett Packard 8952 A diode 
array UV/vis spectrometer using 1 cm path length cells. The decom- 
position was monitored both in the light and in darkness. For the dark 
studies, kinetic measurements were made at 10-min intervals with a 05s 
sampling time. The experiment was repeated with 30-min intervals and 
then again with 60-min intervals. 

Methods. Equilibrium equations were put into a linear form as out- 
lined in the next section and analyzed by standard least-squares proce- 
dures. The reported errors represent the standard deviations. The 
half-lives for decomposition were estimated from the absorption spectra. 
The decay is complicated by an induction period, which was allowed for 
in the estimation of the decomposition half-lives. 
Results 

Vanadate undergoes very favorable condensation reactions with 
hydrogen peroxide. A variety of products are formed as a function 
of pH and vanadate or hydrogen peroxide concentration. The 
correspondence between the structure of the product and the signal 
position in the N M R  spectrum has been assigned on the basis of 
51V and I7O N M R  spectroscopies" and SIV N M R  and Raman 
spectroscopies." Those assignments have, in general, been con- 
firmed here by studies of the equilibria established as a function 
of vanadate or peroxide concentration. The present studies were 
all done at  1.0 M ionic strength with KCl and at  total vanadate 
concentrations of 5 mM or less so that the minor products observed 
at  the much higher concentrations of the other studies were not 
observed. The results of mixing vanadate with peroxide are 
demonstrated in Figure 1. At low vanadate and low peroxide 
concentrations, the mono- and diperoxo products are the pre- 
dominant products. With increased vanadate and peroxide con- 
centrations the triperoxovanadate and the tetraperoxodivanadate 
are the favored products. 

The formation of the various products can be written as in eq 
1-4, where V refers to vanadate and C to the peroxide ligand. 

v, + e 2 ve [V,I[CIK, = [ v e l  

2 v e 2  & v2e4 [ V C , ] ~ K ~  = [v2e,l 
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shift a t  low pH and BH is that a t  high pH. A plot of pH versus 
the logarithm term provides a line of intercept, pK,, and unit slope. 

The products that were observed to have pH-dependent shifts 
were VC and VC2. The pK, values were 6.2 f 0.1 and 7.2 f 0.1, 
respectively. The latter value is close to that previously reported 
for a 2 M NaC10, solution,” pK, = 6.98, while the former value 
has not previously been reported. The other pK, of interest for 
this study is that of VO,H;, which is 8.21 f 0.03 under conditions 
of 1 M ionic strength with KC1,I6 the same as this study. 

Utilization of the above pK, values in conjunction with pH 
studies allows the protonation states of all products to be identified 
and allows pH-independent equilibrium constants to be obtained. 
These equilibrium constants in conjunction with the pH and the 
known pK, values allow the formation constants of eq 1-4 to be 
calculated for any pH. The present studies are consistent with 
the speciation already reported for these derivatives.”*’3 The 
pH-independent equilibrium constants corresponding to eq 1-4 
are as follows: 

K‘l 
VO2(OH)2- + HOOH e VO(OH)2(OO)- 

I 
” 

k 
7 . 
0 

1.0 2.0 3.0 4.0 . 1 0 - 5 ~ 2  

W z  I[ H 2 02 I 
Figure 2. Graphical display of the formation of hydroxotriperoxo- 
vanadium(V) according to eq 3. Conditions of the experiments: (0) 3.0 
mM total vanadate, 1.0 M KCI, 20 mM HEPES buffer, pH 6.7, and 
variable amounts of H2O2 (9.0-30.0 mM); (0) 15.0 mM total H202, 1.0 
M KCI, 20 mM HEPES buffer, pH 6.7, and variable amounts of added 
vanadate (0.3-5.0 mM). 

Product formation is very favorable, so that, in order to determine 
the formation constants, the conservation equation (5) must be 

c(C,) = [C] + [VC] + 2[VC,] + 3[VC,] + 4[V,C,] ( 5 )  

utilized. The concentration of free peroxide is then given by the 
total peroxide added and the product concentrations as determined 
from the 51V N M R  spectra. This procedure yields considerable 
error in the free-ligand concentrations when the total added 
peroxide is comparable to the total vanadate concentration. 
However, repetitions of the concentration study provided similar 
equilibrium constants. 

The formation constants obtained by plotting the appropriate 
parameters of eq 1 and 2 were KI = (3 f 1)  X lo3 M-’ and K2 
= (1.7 f 0.6) X lo5 M-I. The value for K, is about 100 times 
larger than the formation constant for mono(oxalato)vanadate, 
while K2 is about 1000 times larger than the corresponding value 
for formation of the bis(oxalato)vanadate.~’J8 This comparison 
illustrates the very favorable formation of the peroxo products 
relative to oxalate, which is a reasonably good ligand for vanadate. 

At peroxide concentrations higher than utilized in the above 
study (up to 30 mM for 3 mM vanadate), the VP3 and VzC4 
products become increasingly important. Incorporation of an 
additional peroxide into VC2 is much less favorable than incor- 
poration into VC. The ratio [VC,]/[VC,] was plotted against 
[H202] as required by eq 3 to yield a good linear relationship. 
The results, depicted in Figure 2, gave the value 9.4 f 0.8 M-’ 
for K3, to be compared to 1.7 X IO5 M-I for K2. The dimerization 
of VC2 to give V2C4 proceeds favorably, the dimerization constant 
as defined by eq 4 being 49 f 5 M-l. 

It was possible to obtain information concerning proton stoi- 
chiometry and pK, values of the various products by varying the 
pH while constant total vanadate and total peroxide concentrations 
were maintained. The pH studies were restricted to the range 
of about pH 6-10, and products that are favored outside this range 
of pH values were not investigated. When the pH was varied, 
it was evident that some products had pH-dependent chemical 
shifts, a property also utilized by other workers.11*12 These pH- 
dependent shifts derive from changes in protonation/deprotonation 
equilibrium positions and are related to the acidity constants, K,, 
by eq 6, where 60 is the observed shift while 6L is the chemical 

(17) Tracey, A. S.; Gresser, M. J.; Parkinson, K. M. Inorg. Chem. 1987.26, 

(18) Ehde, P. M.; Andersson, I.;  Pettersson, L. Actu Chem. Scund. 1986, 
629-638. 

A40, 489-499. 

VOs(0H)“ V02(0H)(OO)2- 

K‘2 
VO(OH)2(00)- + HOOH V(OH),(OO); 

V02( OH)(OO) - VO(OH)(OO)i- 

VO(OH)2(00),- + HOOH = V(OH)(OO):- + H+ 
K’3 

VO(OH)(OO)i- 

K’4 
2V(OH)2(00)2- = (VO(OO)2)20H3- + H’ 

(9) 

VO(OH)(OO)Z - 

The values obtained for these formation constants are as follows: 
K’, = (6 f 2) X lo2 M-I: K’2 = (6 f 2) X IOs M-I; K’3 = (2.7 
f 0.4) X 10”; K <  = (1.7 f 0.2) X 

From eq 7-10, the values of K,, K,, K3, and K4 of eq 1-4 can 
be calculated as follows for any pH value: 

KI = K’I([H+l + Ki)/([H+I + KO) 

K z  = K’2([H+] + K”,)/([H+] + K i )  

K3 = K‘3/([H+] + K’B) 

K4 = K<[H+]/([H+] + K”$ 

( 1  1) 

(12) 

(13) 

(14) 

The various equilibrium constants that were obtained from this 
study are summarized in Table 11. 

During the investigations of these materials, it was noted that 
the hydrogen peroxide slowly decomposed with a half-life of 
approximately 1 h for concentrations of 0.4 mM for both vanadate 
and hydrogen peroxide. The vanadium-catalyzed decomposition 
of peroxide has been known for many years. In strongly acidic 
solution, the decomposition is light catalyzed, the peroxide being 
stable in the dark.I9 At the higher pH levels of this study, it was 
found that the decomposition was slowed but not stopped in the 
absence of light. Very preliminary results of kinetic experiments 
are presented in Table 111. Actually, a simple kinetics equation 

(19) Butler, A. In  Vanadium in Biological Systems; Chasteen, N. D., Ed.; 
Kluwer Academic Publishers: Dordrecht, Boston, London, 1990; pp 
25-62. 
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Tabk 11. Formation and Acidity Constants Obtained for the 
Peroxovanadium(V) Products 

equilibrium e@ equilibrium mnstb 

v + c + v c  
vc + c vc2 
v + 2c = vc2 
vc, + e vc, 
2vc2 = v2c, 

pH 6.7 
(3  f 1) x 103 M-l 
(1.7 f -0 .6 )  X IOs M-l 
(5 f 2) x I @  M-* 
9.4 f 0.8 M-1 
49 t 5 M-I 

pH Independent 
VO2(OH)2- + HOOH VO(OH)2(OO)- (6 t 2) X IO2 M-' 
VO(OH)2(OO)- + HOOH V(OH)2(00)2- (6 f 2) x 10' M-l 
V(OH)2(OO)2- + HOOH ir V(OH)(OO)?- + H+ (2.7 f 0.4) X IOd 

(1.7 f 0.2) X 10'' 
l0-6.2 t 0.1 
10-7.2 0.1 

2V(OH)z(OO)2- + (VO(OO)2)2OH* + H+ 
VO(OH)2(00)- V02(OH)(OO)'- + H+ 
V(OH),(OO),- = VO(OH)(00)22- + H+ 

0 Water stoichiometry was not considered in these equilibrium equations be- 
cause it was not possible to observe uptake or release of water under the condi- 
tions of these studies. bAll constants were determined for I M KCI-20 mM 
HEPES buffer solutions from variable vanadate or pcroxide concentrations or 
from changes in pH. 

Table 111. Half-Life for the Decomposition of Hydrogen Peroxide 
under Various Conditions" 

c(V), c(H202),  half-life, 
PH mM mM minb 

7.0 0.2 
0 .4  
0.4 

7.0 (in the dark) 0.4 
7.0 (under nitrogen) 0.4 
8.0 0.2 

0.4 
0.4 

0.4 
0.4 
1 .o 
0.4 
1 .o 
0.4 
0.4 
1 .o 

50 
50 

140 
130 
120 
60 
50 

120 

"Solutions contained 1 .O M KCI and 20 mM HEPES buffer and the 
indicated total concentrations of vanadate or hydrogen peroxide. 

Half-lives were estimated from the decay curves of the UV spectra. 

does not fit the complete decay curve at all well. At longer times 
the amount of decay becomes proportionately more than that 
calculated from initial rates, the indication being that the decay 
accelerates with decrease in residual H202 concentration. This 
behavior is evident from the results given in Table 111, from which 
it can be seen that decreasing the concentration of hydrogen 
peroxide by about a factor of 2 increases the rate by a similar 
factor. 

During the course of our studies of the reactions between 
peroxovanadates and peptides,m it was observed that the peroxide 
decomposition was greatly slowed or even stopped when peptides 
were present in solution. Preliminary 51V NMR studies of the 
glycylglycine-inhibited decomposition reaction revealed that in 
addition to the much more rapidly formed products there was slow 
formation of an additional peroxovanadate peptide derivative. 
Presumably, it is this material that prevents peroxide decompo- 
sition. The formation of this compound is shown in Figure 3, 
which also shows peptide products formed with vanadate (-505 
ppm) and diperoxovanadate (-747 ppm). 

The chemical shift of this slowly formed product is similar to 
that of monoperoxovanadate, indicating that it is a monoperoxide 
derivative, probably containing one glycylglycine. Diperoxo- 
peptidovanadates give rise to NMR signals a t  considerably higher 
field than observed for this product, as indicated in Figure 3.20 
Discussion 

The formation of vanadate complexes with hydrogen peroxide 
occurs readily and favorably in aqueous solution. Identification 
of the charge states of reactants and products suggested that a 
V-0- moiety in the precursor was required in order for conden- 
sation to occur. If this functionality was not available, a proton 
was released as the product formed from a V-OH precursor. This 
suggests that a V(O0)  group is seen much like a V(0- )  group. 
It is perhaps, then, not surprising that peroxovanadates. when the 

(20) Tracey, A. S.; Jaswal, J.  S. Unpublished results. 

PPm -550. -650. -750. 

''V CHEMICAL SHIFT 
Figure 3. 51V NMR spectra showing the slow formation of a peroxo- 
vanadate complex with glycylglycine. The lower spectrum was obtained 
approximately 8 h after the upper trace, which was measured immedi- 
ately after preparing the solution. Conditions of the experiments: 0.5 
mM total vanadate, 0.2 mM total H202, 100 mM glycylglycine, 1.0 M 
KCI, 20 mM HEPES buffer, and pH 7.0. 

Table IV. Effects of the Addition of Peroxo Ligands on the W 
Chemical Shifts of the Product Complexes" 

no. of 
complex Deroxo groups B AB 

VO2(OWT 0 -560 
VO(OH)2(00)- 1 -602 -42 
v ( o H ) , ( o o h -  2 -686  -84 
V03(OH)2- 0 -536 
V02(OH)(00)2-  1 -625 -89 
VO(OH)(00)22- 2 -765 -140 
V ( O H ) ( O O ) ~ ~ -  3 -733 +32 

"The chemical shifts quoted are the limiting shifts obtained from 
pH-variation studies. 

peroxides are formally considered as unidentate ligands, often have 
tetrahedral coordination about vanadium. However, higher co- 
ordination is more typical. 

The present study cannot establish water stoichiometry, so it 
cannot be determined whether coordination geometry changes as 
any of the products studied here are formed. It has been proposed, 
on the basis of ''0 and $'V NMR studies, that the mono- and 
diperoxovanadates have coordinated water to form octahedral 
products, while the triperoxide is tetrahedral." Some corrobo- 
rating evidence for this comes from the chemical shifts when 
they are arranged in a homologous series based on charge as in 
Table IV. It appears from this table that the triperoxo product 
has an anomalous chemical shift, suggesting a coordination change 
from that of the mono- and diperoxo products. Evidence from 
X-ray structure work supports a tetrahedral coordination for 
V(OH)(OO)J2- in solution, as that is what is observed for the 
solid.21 It is not clearcut that the diperoxovanadates have oc- 
tahedral coordination since they could well have trigonal bipy- 
ramidal coordination. This, in essence, is the coordination in 
(VO(OO)2)204-,22 vO(OO)2(C20,)3-~3 and a number of other 
diperoxovanadate~.~~ It should however be noted that if the 
peroxide ligand is regarded as bidentate, then all the products 
discussed above are heptacoordinated but of different geometries. 
The role of the structure of these peroxo derivatives in the deli- 
neation of their biological and biochemical effects is not yet 
understood, but clearly is of interest and importance. 
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65 3-6 5 67' 

1785-1 790. 
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It seems evident from the kinetic studies, taken in conjunction 
with the equilibrium studies, that the decomposition of H202 does 
not involve a diperoxide or higher peroxide of monovanadate. At 
the higher peroxide concentrations of Table 111, the diperoxide 
is the predominant product in solution and the decomposition 
proceeds slower than at the lower concentrations, where a major 
product is the monoperoxide. At even higher peroxide concen- 
trations the decomposition reaction is almost stopped. Interestingly 
enough, under low peroxide concentrations similar to those utilized 
here, the decomposition of hydrogen peroxide is slowed or even 
stopped in the presence of small peptides, apparently because of 
the formation of a monoperoxovanadate/peptide complex. This 
aspect of the chemistry of peroxovanadates is of continuing in- 
teres t. 2o 

The decomposition observed here appears to be activated by 
both photochemical and thermal reactions, as the degradation is 
only slowed in the absence of light. The photochemical pathway 
for decomposition recently di~cussed'~ apparently does not operate 
efficiently under the conditions of the present study. The in- 
formation here is not sufficiently detailed to provide a basis for 
a proposal for a mechanistic pathway. It is, however, perhaps 
worth noting that the results obtained here do not rule out the 
possibility that the hydrogen peroxide decomposition is catalyzed 
by a diperoxodivanadate. 
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The excited-state acid-base photophysics of rhenium(1) complexes of the form LRe*(CO)$N (L = 1 ,lo-phenanthroline, 2,2'- 
bipyridine, and 4,7-dimethyl- 1,lO-phenanthroline) was investigated. The emitting state can be tuned from a metal-to-ligand 
charge-transfer type to z-z* phosphorescence by varying the acidity, L, and temperature. This alteration of excited-state type 
results in large changes in emission spectra and lifetimes, which suggest use as environmental probes. In low-temperature glasses, 
site heterogeneity must be invoked to account for the luminescence decay data. 

Introduction 

Highly luminescent transition-metal complexes are currently 
being investigated for their practical applications in solar energy 
conversion and catalysis,l molecular and sensors.s The 
most frequently studied are Ru(II)Lp2+ complexes, where L = 
2,2'-bipyridine, I ,  IO-phenanthroline, and substituted derivatives. 
However, there is also interest in other d6 or ds complexes as 
photosensitizers including Os(II), Ir(III), Mo(O), W(O), Pt(II), 
and Re(1) c ~ m p l e x e s . ~ * ~ * '  In some cases these metal sensitizers 
exhibit more desirable excited-state properties than their Ru(I1) 
counterparts. 

In this study, we were interested in the excited-state acid-base 
photophysics of rhenium( I) complexes of the form LRe'(CO)$N, 
where L = 1 ,IO-phenanthroline (phen), 2,2'-bipyridine (bpy), and 
4,7-dimethyl-l , I  0-phenanthroline (Me2phen). 

In particular, we investigated the effects of protonation of the 
cyanide ligand by varying the acidity in methanol/sulfuric acid 
solutions. We found the excited-state acid-base characteristics 
of the LRe(CO)$N complexes to be very similar to those of 
R U " L ~ ( C N ) ~  complexes. Earlier studies of the Ru(I1) compounds 
indicated that the complexes are stronger acids in the excited state, 
and protonation can invert the order of the lowest MLCT and 
*-A* excited states with radical changes in the luminescence 
properties.8a*b The Re( I) complexes exhibit solvent-insensitive 
MLCT emission bands, which blue shift with increasing acidity. 
Room-temperature emissions were typically MLCT in character 
although by suitable choice of a-diimine ligand and acidity, a 
strong component or even dominant X-T* emission arose. Low- 
temperature (77 K) studies indicate emissions from two different 
types of electronic excited states for (Me2phen)Re(CO)$N (even 
without acid) and for the other two complexes at high acid con- 
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centrations. One emission is a 3 ( ~ - ~ * )  phosphorescence, and the 
other is an MLCT emission. 
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