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The formation constant of the vanadyl pyrophosphate 
complex, VO(H, P,O,), determined spectrophotometri- 
tally in acidic 1 .O M NaC104 solution, is 1ogK = 4.4 XL 0.1 
at 25°C. The kinetics of the complexation of vanadyl 
ion by pyrophosphate and peroxodiphosphate were 
studied at pH 2.0 using stopped-flow spectrophotometry. 
The reactions are first-order in ligand and in vanadyl 
ion with rate constants k2 = 2.3 x lo4 and 7.5 x IO3 
M-’ set-’ at 12’ C for H2 P20TS and H, P,08S, respec- 
tively. The complexation reactions were follawed by 
slower secondary processes which are attributed to 
polymerization. The results for the complexation reac- 
tions are consistent with an interchange mechanism for 
the formation of a monodentate complex, followed by 
rapid closure of the chelate ring. Peroxodisulfate, studied 
under similar conditions, showed no evidence of inner- 
sphere complexation. 

Introduction 

The pentaaquo oxovanadium(IV) ion (hereafter 
vanadyl ion) is oxidized to vanadium(V) by peroxo- 
diphosphate in aqueous acid solution, 

H2P2082-+ VO(H,O),‘++ 2H,PO,-+ 
2VOz(H20)4+ + 2H+ (1) 

The reaction proceeds through a series of color changes 
from the initial blue to a final dark yellow. An investi- 
gationl of this oxidation in the presence of phosphate 
and pyrophosphate buffers indicated that phosphate, 
pyrophosphate, and peroxodiphosphate anions inter- 
act with the vanadyl ion to cause measurable increases 
in the apparent molar extinction coefficient at 770 nm. 
When no phosphate buffers were present, the kinetic 
order of the reaction in peroxodiphosphate was sig- 
nificantly less than one and the rates were higher. In 
view of the ability of peroxodiphosphate to form com- 

* Taken in part from the Ph.D. Thesis of M. R. H., Brown 
University, 1973. 
** To whom correspondence should be addressed. 

plexes with alkali and alkaline earth metals,’ these 
results were interpreted as evidence for complexation 
of vanadyl ion by peroxodiphosphate before oxidation. 

Vanadyl ion has been shown to form a 1: 1 trinuclear 
complex with pyrophosphate,3,4 formulated as (VOP2 

07)3? this species exhibits a 22-line e.s.r. spectrum 
which is easily detectable above pH 2.5. At lower pH 
values, complex formation with pyrophosphate is ex- 
pected, but no species distinguishable from the vanadyl 
ion was detected in the e.s.r. studies.4 

The vanadyl ion forms a variety of stable complexes 
in acid solution with ligands having electronegative 
donor atoms such as fluorine, oxygen, and chelate 
nitrogen.5,6 The most stable complexes are formed 
with multidentate ligands in which at least one ligand 
atom is oxygen. Pyrophosphate and linear polyphos- 
phates are expected to form strong complexes with 
vanadyl ion because of the ability to donate electrons 
of the unshared oxygen atoms, forming chelate com- 
plexes. Since the exchange rate for the equatorial water 
molecules is rapid (k,, = 6407, 5008 set-l at 25”C), 
substitution of either pyrophosphate or peroxodiphos- 
phate into the coordination sphere of the vanadyl ion 
is expected to be fast. 

Knowledge of the elementary equilibrium properties 
and substitution dynamics of simple vanadium(IV) 
systems can be of value in understanding the inter- 
actions of vanadium species with biological phosphates. 
Such knowledge should also help to explain the fact 
that peroxodiphosphate’ reacts more rapidly with 
vanadyl ion than does the isoelectronic peroxodisul- 
fate,’ in contrast with most other oxidations where 
peroxodisulfate reacts more rapidly.‘G12 

Experimental 

Lithium peroxodiphosphate was prepared from PMC 
potassium peroxodiphosphate by the addition of an 
excess of lithium perchlorate in a minimum amount of 
deionized water. After filtering off the potassium per- 
chlorate precipitate, the product was obtained by the 
addition of methanol. 
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An acidic stock solution of vanadyl perchlorate was 
prepared using Fisher vanadyl sulfate and barium per- 
chlorate as described by Jones and LarsenI The solu- 
tion was analysed for vanadium(IV) by permanganate 
titration and for free acid using the ion exchange tech- 
nique described by Reeder and Rieger.14 The con- 
centrations of subsequent solutions, prepared from the 
stock solution, were checked by measuring the ab- 
sorbance at 770 nm. 

Baker and Adamson sodium pyrophosphate deca- 
hydrate and sodium peroxodisulfate and G. F. Smith 
sodium perchlorate (used to adjust the solution ionic 
strength) were reagent grade and were used without 
purification. 

All solutions were prepared under nitrogen to pre- 
vent air oxidation of vanadium(IV). Vanadium(V) 
species have large extinction coefficients in the ultra- 
violet region; even trace amounts can produce notice- 
able deviations. For analytical spectra, solutions were 
prepared volumetrically using doubly-distilled water 
which was reboiled and allowed to cool under nitrogen. 
Solution preparation was carried out in a nitrogen- 
filled glove bag. Water used for preparing solutions 
for kinetic runs was degassed by a series of freeze- 
pump-thaw cycles on a vacuum line. Pyrophosphate 
and peroxodiphosphate solutions were freshly prepared 
before each series of measurements. 

A Cary 15 spectrophotometer was used for survey 
and analytical spectra. The l-cm absorbance cells were 
thermostatted using a Haake NBS constant tempera- 
ture circulator and water-jacketted cell holders. The 
temperature was monitored within the cell cornpart- 
ment with a mercury thermometer mounted through 
the cell compartment cover. The spectrophotometer 
was flushed with prepurified nitrogen before use. 

pH measurements were made with a Leeds and 
Northrup pH meter with miniature electrodes. 

Kinetic determinations were made with a Durrum- 
Gibson D-l 10 stopped-flow spectrophotometer equip- 
ped with a Hewlett-Packard 1207A storage oscilloscope. 
Temperature was maintained within 0.02”C using the 
Haake NBS system with a heat exchanger for opera- 
tion below ambient temperature. After filling the drive 
syringes, 20 minutes was allowed for thermal equilibra- 
tion before the first kinetic determination. The stop 
block of the stopped-flow apparatus was positioned so 
that the maximum volume of each reactant was dis- 
pensed, about 0.36 ml, so as to minimize the effects 
of temperature gradients in the valve block.” Substi- 
tution kinetics were followed at 240 nm. 

All kinetic runs were under pseudo-first-order con- 
ditions with an excess of ligand. Data from each kinetic 
run was obtained in the form of a Polaroid photograph 
of the oscilloscope trace. The photographs were ana- 
lysed using a Hewlett-Packard 9107A magnetic dig- 
itizing board, having a resolution of 0.01 inches, which 
was linked to a Hewlett-Packard 9100B programmable 

calculator with an extended memory bank. The digitized 
data were scaled and subjected to least-squares analysis, 
assuming first-order kinetics. Output data from the 
procedure were values of In@,-A) and time for 
each point selected as well as the slope and intercept 
from the least-squares fit. To reduce the effect of 
random errors, at least three traces were photographed 
and analysed for each set of reaction conditions. Thus 
rate constants reported below are the average of at 
least three determinations. 

Results 

Formation Constant of the Vanadyl Pyrophosphate 

Complex 

Spectra of the vanadyl pyrophosphate system were 
recorded for solutions at pH 1.8 and ionic strength 
l.OM, containing a constant vanadyl concentration of 
0.62 mM and pyrophosphate concentrations ranging 
from 0.30 to 12 mM. Plots of the apparent molar 
extinction coefficients vs. the pyrophosphate concen- 
tration for wavelengths of 220, 230, 240, and 260 nm 
are shown in Figure 1. 

The spectrophotometric data were subjected to 
matrix rank analysis. In this procedure, the experimen- 
tal absorbances of nine solutions at eight different 
wavelengths were used to construct the 8 x 8 matrix, 

where Ani is the absorbance of the ith solution wave 
wavelength 1. Hugus and El-Awadyi6 have shown that 
the number of independent absorbing species is equal 
to the rank of the matrix B which may be determined 
by finding the number of non-zero (i.e., statistically 
significant) eigenvalues. The results of the matrix rank 
treatment are given in Table I. The x2 test, which is 
critically dependent on the error estimates for the 
experimental points, suggests a rank of either two or 
three, but only the first two eigenvalues are signifi- 
cantly different from zero. Thus the absorbance data 
can be explained in terms of two absorbing species, 
presumably the vanadyl ion and a vanadyl pyrophos- 
phate complex. 

Stability constants were first determined by a graphi- 
cal method. Assuming that the vanadyl pyrophosphate 
complexation can be represented by a simple equi- 
librium, 

V02+ + H,P20Td * VO(H,P207)p2’ (3) 

absorbance data collected for constant total vanadyl 
concentrations and constant path length should obey 
the following relation:” 

(A-A0)/[H,P207~]f = K(A ,-A) 

where K is the stability constant, A is the observed 
absorbance, A,, is the absorbance of vanadyl ion when 
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no pyrophosphate is present, and Al is the absorbance 
of the system if all the vanadyl ions were in the form 
of the complex; the pyrophosphate concentration term 
represents the free anion. A plot of (A-Ao)I[H,P2 
07&lf vs. A with reasonable estimates of the con- 
centrations of free pyrophosphates gives an estimate 
of K which may be used to refine the concentrations. 
The procedure was iterated until a constant value of K 
was obtained. Data collected at 220 nm, 25°C gave a 
final value of K = 1.5 X lo4 (1M standard states). 

The stability constant was also determined by a non- 
linear least-squares fit” of absorbance data collected 
at seven wavelengths and ten pyrophosphate con- 
centrations to obtain a single value of K = (1.25 + 0.28) 
x lo4 at 25°C. In the least-squares fit, the extinction 
coefficients of free vanadyl ion and of the vanadyl 
pyrophosphate complex, e0 and E,, were treated as 
fitted parameters and are given in Table II. The solid 
curves, shown in Figure 1, were computed using the 
least-squares parameters. Thus 15 parameters were 
determined from 70 data points. 

The equilibrium constant obtained from either of 
the two methods may be written 

K = (T[VO(H,P,O,)“‘])/ 
Figure 1. Apparent molar extinction coefficients of 0.62 mM 
vanadyl ion in l.OM NaC104, pH 1.8, as functions of total 
pyrophosphate concentration at wavelengths of 220, 230, 
240. and 260 run. 

TABLE I. Matrix Rank Treatment of VanadyI-Pyrophos- 
phate Absorbance Data”. 

Rank Eigenvalueb Misfits’ x2 (exptl) x2., .gd 

1 1296.6f 2.7 
2 3.5 f 1.6 
3 0.08 f 1.6 
4 0.03 * 1.1 
5 0.02 + 1.5 
6 0.01 f 0.9 
7 0.00 + 0.7 
8 0.00 z!z 0.3 

26 1094 62 
0 77 53 
0 32 44 
0 15 35 
0 5 26 
0 2 17 
0 1 8 
0 _ - 

aNine solutions at eight wavelengths, pH 1.8, 25°C l.OM 
ionic strength. b x 104. ‘Number of points which deviate 
from the fit by more than twice the estimated standard 

deviation. d Expectation value. 

([VO”I~]H,,PZO?--%. (5) 

If we assume that only the pyrophosphate dianion 
forms a complex with the vanadyl ion, then the ap- 
parent equilibrium constant must be corrected by the 
factor 

1+[H+]IKa2+ [H+]*IK,1K,2. (6) 

Given the ionization constants of pyrophosphoric acid, 

K,i and Ka2, Table III, this factor at pH 1.8 is 2.13, 
leading to a corrected equilibrium constant of K = 
(2.7 + 0.6) x lo4 for the equilibrium 

VO*+ + H2P20,‘- * VO(H2P207). (7) 

Kinetics of the Reaction of Vatzadyl Zon with Pyro- 
phosphate 

The vanadyl-pyrophosphate reaction was followed 

by stopped-flow spectrophotometry at 240 nm. The 
reaction proved to be too fast to follow conveniently 
at 25°C so that data were collected in the tempera- 

TABLE II. Least-squares Fitted Extinction Coefficients”. 

Wavelength, nm 

270 260 250 

co: 127+4 180f6 232f 11 

El: 176+ 1 252?3 304f3 

aM-1 cm-’ 

240 230 220 210 

247+ 11 250f 15 285 f 33 463 f 40 

348f3 419+4 667+9 1099+ 11 
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TABLE III. Acid Dissociation Constants of Pyrophosphoric 
Acid and Peroxodiphosphoric Acid”. 

IbP*O, H4P2Os 

PK~ 0.82b -1.3’ 

PKZ 1.81b -0.48’ 

PG 6.13b 4.79d 

PK, 8.93b 7.32d 

aAt 25°C l.OM ionic strength. bS.M. Lambert and .I. I. 
Watters, J. Am. Chem. Sot., 79, 4262 (1957). ‘Reference 
11. d Reference 2. 

The relaxation times of the two processes were suffi- 
ciently different that there was no difficulty in separat- 
ing them. 

Kinetics of the Reaction of Vanadyl Ion with Peroxo- 

diphosphate 

ture range 7-12°C. Kinetics were determined under 
pseudo-first-order conditions; the results are sum- 
marized in Table IV. The kinetic order of each reac- 
tant was determined by the differential method of 
van? Hoff;” the rate law was found to be first-order 
in pyrophosphate and in vanadyl concentrations: 

The reaction of vanadyl ion with peroxodiphosphate 
was followed at 12°C by stopped-flow spectropho- 
tometry at 240 nm in solutions adjusted to pH 2.0 
and l.OM ionic strength. Under pseudo-first-order 
conditions, stopped-flow curves were obtained which 
showed two well separated relaxation times. Analysis 
of the kinetic data showed that both the primary and 
secondary processes were cleanly first-order; the values 

of kobs obtained are given in Table V. Analysis of the 

d[VOH,P,O,]ldt = k,[V02+]Z[H,P,0,-+]. (8) ” 

primary (fast) process by the van? Hoff method shows 
that the reaction is first-order each in vanadyl ion and 
in the peroxodiphosphate dianion, which is by far the 
dominant species at pH 2 (see Table III). Thus the 
rate law may be written: 

From the observed pseudo-first-order rate constants, 
values of the second-order rate constants, k2 = kobsl 

Z[H,P20,M], were calculated and are also given in 

table IV. The average value of k2 at 12°C pH 2, is 
(1.3 + 0.4) x 104M-r set-‘. Assuming that only the 
pyrophosphate dianion is reactive and that the pK,‘s 
given in Table III are approximately correct at 12°C 
the rate constants may be corrected, using eq. (6), to 
give an average value, k2’ = (2.3? 0.5) x 104M~rsec-‘, 
corresponding to the rate law 

d[VOH,P,O,]ldt = k2[V02+] [H2P208%j. (IO) 

The second-order rate constants, k2 = kobsl[H2P2082-], 
are given in Table V; the average value is kz = (7.5 -I 
0.1) X 103M-’ set-‘. 

d[VOHzP20,]ldt = k2’[V02+] [H2P2072-]. (9) 

The above assumption is consistent with the smaller 
value of k2 found at pH 1.0 which presumably reflects 
the lower concentration of the pyrophosphate dianion 
in the more acidic solution. 

Unlike the secondary process observed in pyrophos- 
phate kinetic runs, which was barely detectable, that 
observed in the vanadyl-peroxodiphosphate reaction 
involves a substantial absorbance change, about twice 
the change found for the primary process. Plots of 
In&-A) vs. t for the secondary process are linear 
and, as seen in Table V, give observed rate constants 
which are independent of the peroxodiphosphate con- 
centration, but nearly proportional to the initial vanadyl 
concentration. 

Vanadyl-Peroxodisulfate 

A secondary process, involving a small further in- 
crease in absorbance but proceeding at a slower rate, 
was observed in the vanadyl-pyrophosphate reaction. 

When a sodium peroxodisulfate solution was mixed 
with vanadyl perchlorate in the stopped-flow apparatus 
under the same conditions used for the phosphate 
ligands, no change in absorbance was detected. Ap- 

TABLE IV. Kinetic Data for the Reaction of Vanadyl Ion with Pyrophosphate. 

Temp. C PH 

12.0” 1.0 
11.8” 1.9 
11.8” 1.92 
12.0” 1.95 
12.0” 2.0 
12.0” 2.0 
12.0” 2.0 
7.0” 2.35 
7.0” 2.35 
7.0” 2.35 

[VO2’]” ]H,PzO,‘? ohs k 

0.62 6.2 47*1* 
0.62 3.0 54f5 
0.62 6.0 89f4 
0.72 3.0 44f3 
0.62 12.0 146Ifr 11 
1.24 12.0 1lOf 10 
1.86 12.0 194f 16 
0.31 6.2 72fl 
0.62 6.2 74flO 
0.91 6.2 85 f 1 

l@kzC 

0.75 rt 0.02d 
1.8+ 0.2 

1.48 + 0.06 
1.5kO.l 
1.3+0.1 

0.90 + 0.08 
1.6fO.l 

1.16+0.02 
1.2TO.2 

1.37 * 0.02 

amM. bsec-‘. ‘M-’ set-‘. d Standard deviation, 
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TABLE V. Kinetic Data for the Reaction of Vanadyl Ion with Peroxodiphosphate”. 

[Vo*+]b ]HzPzOs2-lb k &SC lU3kZd 

185 

Primary Secondary 

0.62 1.2 _ 0.86 f 0.01’ - 
0.62 3.0 22.3 f 0.6’ _ 7.4 * 0.2’ 
0.62 3.1 23.0 f 0.8 0.86 f 0.01 7.4 f 0.3 
0.62 6.2 46.4 f 2.2 0.88 + 0.01 7.5 + 0.4 
1.2 6.2 47.7 f 1.3 1.92 + 0.24 7.7 + 0.2 

“At pH 2.0, 12”C, l.OM ionic strength. bmM. ‘see’. “M-r set-‘. ‘Standard deviation. 

parently peroxodisulfate does not form a strong com- 
plex with vanadyl ion. 

Discussion 

The formation constant of the vanadyl dihydrogen 
pyrophosphate complex, 106 = 4.4+ 0.1, was mea- 
sured at pH 1.8 and corrected for undissociated hP,O, 
and H3P20; under the assumption that the only com- 
plex present at pH 2 is VO(H2P20,), which contains a 
six-membered pyrophosphate chelate ring. 

The formation constant of VO(HzPz07) is, as might 
be expected, significantly larger than that of the 1 : 1 
vanadyl dihydrogen phosphate complex, 106, = 3.2.” 
On the other hand, if pyrophosphate in VO(H2P20,) 
is bidentate and orthophosphate in VO(H2P04)’ and 
VO(H2P04)2 is monodentate, one would expect from 
entropy considerations (the “chelate effect”) the for- 
mation constant for VO(HzP207) to be greater than 
p2 for VO(HzP04)2 by at least an order of magni- 
tude,* but p2 is about 1O5.18 Assuming that the forma- 
tion constants are nearly correct, the most likely expla- 
nation for this apparent anomaly is that orthophosphate 
acts at least in part as a bidentate ligand in the vanadyl 
complex. SalmonZ’ has presented arguments for bi- 
dentate phosphate in complexes with a number of 
metal ions including vanadyl, and compelling evidence 
exists for bidentate phosphate in Co(II1) complexes.” 

By analogy with vanadyl dihydrogen pyrophosphate, 
we assume that the HzPzOsS complex is a moderately 
strong bidentate chelate, although the kinetic results 
suggest that a considerable degree of polymerization 
occurs which may involve peroxodiphosphate as a 
bridging ligand (vi& infra). By analogy with other 
systems,** we would expect the formation constant for 

* The formation constants of vanadyl oxalate and malonate 
complexes have recently been found to be 10’ and 106, re- 
spectively. *’ Vanadyl acetate formation constants have not 
been measured, but B2 is probably less than 10“.“’ 
** The formation constants of the MgZf, HL’ complexes 
are 103.06 and 1O’,‘6 for pyrophosphatez3 and peroxodi- 
phosphate,2 respectively. 

VO(HzPz08) to be smaller than the corresponding 
pyrophosphate constant by one to two orders of magni- 
tude. On the other hand, the ligand concentration in 
the kinetic runs was 3-6 mM; since a substantial 
amount of complex apparently was formed, the forma- 
tion constant must be greater than or on the order 
of 103. 

The rate law found for the reaction of either HZPz072- 
or H2PzOs2- with VO*+ is first-order in vanadyl and 
first-order in the diphosphate ligand. The second-order 
rate constants found at 12°C pH 2.0 and l.OM ionic 
strength, are k2 = 2.3 x lo4 and 7.5 x lo3 M-’ set-’ 
for pyrophosphate and peroxodiphosphate, respec- 
tively. 

The reaction of vanadyl ion with HzPzO,% or 

ILPzOt,= probably occurs via a three-step mecha- 
nism: (1) diffusion-controlled formation of an ion 
pair; (2) exchange of an inner-sphere water molecule 
with the outer-sphere diphosphate ion to form a mono- 
dentate complex; and (3) exchange of a second inner- 
sphere water molecule with a second oxygen ligand of 
the diphosphate to form a six- or seven-membered 
ring. Thus, with pyrophosphate, for example, the 
mechanism can be written: 

KO 
(H20)5VOZ+ + H2P20,2- P (Hz0)5V02+, 

H2P2072- (lla) 

0 0 0 

(H20)5V02+, HZP20,” ;s (HZO)4?-O-~-O-+0 
12 

0 0 
\ \ 
i-I tI 

+H,O (llb) 

0 OH 

+H,O (11~) 
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step (1 lb) would involve ligand transfer from the 
axial site to an equatorial site. In the case of a bi- 
dentate ligand, the equatorial ligation step might in- 
volve ring closure to form a short-lived axial-equato- 
rial chelate. If we assume that such a process is essen- 
tially Id, the rate would depend on the rate of water 
exchange and on the entropy lost on ring closure. In 
this model, peroxodiphosphate would be expected to 
be slower than pyrophosphate, as was observed. 

A slow absorbance change following the primary 
process was observed in the stopped-flow studies of 
the reaction of vanadyl ion with both pyrophosphate 
and peroxodiphosphate. These secondary processes 
might be polymerizations or possibly slow closure of 
the chelate ring (or slow conversion of the axial- 
equatorial chelate to equatorial*quatorial). Chelate 
ring closure has been shown to be slow, compared with 
the second step of the formation of the corresponding 
his monodentate complex, in systems where there is 
unusual steric strain or an unfavourable entropy 10~s.~’ 
However, the very rapid reaction of VO(H2P04)+ 
with H2P04- to form the his complex (2 x lo6 M-’ 
set-’ at 25”C31) suggests that the presence of an 
anionic ligand in the vanadyl coordination sphere dra- 
matically increases the rate of subsequent anation steps. 
Labilization of equatorial water ligands, relative to the 
vanadyl ion, has been observed in a number of other 
vanadyl complexes3’ Thus water expulsion in the 
third step of the complexation mechanism (11~) is 
expected to be much faster than the rate of formation 
of the monodentate diphosphate complexes. Further- 
more, if the second relaxation process corresponded 
with chelate ring closure, the absorbance change would 
have been expected to be comparable with that occur- 
ring in the first step.‘* The observed absorbance change 
for HzP20,% was very small, indeed only barely 
detectable. 

The more prominent secondary process in the per- 
oxodiphosphate reaction permitted determination of 
the rate constants given in Table V. The apparent de- 
pendence of the rate on the initial vanadyl concentra- 
tion is further evidence against ring closure as an 
explanation for the secondary process. If we assume 
a slow dimerization, 

kf 

2MZDY 
(12) 

r 

the absorbance is expected to show the following time 
dependence: 

If the second step is rate-determining, the expected 
rate law is identical to the observed rate laws, eqs (9) 
and (lo), with k, = KJc13. 

The detailed mechanism of an anation reaction at a 
transition metal center is frequently describable either 
as a dissociative interchange, Id, or as an associative 
interchange, Ia. Ligand replacements at Co(II1) cen- 
ters usually occur via an Id processz4 whereas, at least 
in some cases, Cr(III), Rh(III), and Ir(II1) undergo 
anations via an interchange mechanism with a greater 
associative character.” The transition state of an Id 
process involves dissociation of an inner-sphere water 
molecule followed by collapse of the outer-sphere 
ligand into the coordination vacancy. The rate con- 
stant kz3 in an Id mechanism thus has the rate of water 
dissociation as an upper bound. For an I, mechanism, 

kz3 may exceed the water exchange rate constant if 
the incoming ligand is a stronger nucleophile than 
water. 

The water exchange rate, extrapolated to 12°C is k,, 
= 190 see-‘.‘,s If we assume an Id mechanism and take 
kz3<kex, we obtain lower bounds for the ion pair for- 
mation constants: Ko> 120 and 40 for the H2P2072- 
and H2P2082- ion pairs, respectively. Ion pair forma- 
tion constants of this magnitude should have led to 
deviations from first-order dependence of the observed 
rate on diphosphate ligand concentrations; unfortu- 
nately, the data in Table IV show too much scatter 
and those in Table V cover too small a concentration 
range to convincingly confirm or reject this prediction. 
The formation constant of the VOZf, S04% ion pair 
is K. = 125, when corrected to zero ionic strength, 
but only 32 at p = 0.05M.26 The formation constant 
would doubtless be smaller still in the l.OM NaC104 
medium used in the present work. Thus an ion pair 
formation constant greater than 120 seems inexplicably 
large. This and the apparent selectivity demonstrated 
by the two rate constants (HzPz072 reacts more than 
three times as fast as H2P208’-) suggest that step (1 lb) 
is not adequately described as a simple Id process. 

Although the reactions seem inconsistent with an Id 
mechanism, we have no evidence in support of an I, 
process. It is possible that, because of the non-equiva- 
lent water coordination sites on the vanadyl ion, 
anation reactions can never be described as simple 
processes. Faced with a somewhat similar problem in 
their discussion of the kinetics of formation of the 
vanadyl-glycine complex, Tomiyasu, Dreyer, and Gor- 
don2? suggested initial rapid formation of an axial 
complex. Tomiyasu et al., have invoked a similar 
mechanism for ligand exchange with the vanadyl 
malonate complex;28 Fitzgerald and Chasteen2’ have 
made a similar suggestion to explain the very rapid 
rate of reaction of vanadyl ion with bovine carbonic 
anhydrase. 

If the encounter step (1 la) is followed by rapid 
formation of an axial complex, the ligand interchange 

dln(‘d;-A) = 4k,[M], + k, + Zk,[M],(EJ (13) 

where A is the observed absorbance, A0 and A, are 
the initial and final absorbances, A, ’ is the (hypo- 
thetical) absorbance when the reaction goes to com- 
pletion, and [Ml0 and [Mlm are the initial and final 
monomer concentrations. Since the experimental rate 
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plots are quite linear, the dimerization must stop well 
short of completion in order that the constant term 
may dominate in the above equation. On the other 
hand, the dependence of kobs on the initial vanadyl 
concentration suggests that 

(14) 

which is consistent with the observed large absorbance 
change for the secondary process. In the absence of 
further information about this equilibrium, the rate 
constants kf and k, cannot be evaluated, nor can we 
rule out higher degrees of polymerization, Equilibrium 
information is difficult to obtain since oxidation pro- 
ceeds at a significant rate (though considerably more 
slowly than the processes studied in this experiment). 

Since vanadyl pyrophosphate is known to polymerize 
(to form a trimer3X4) at only slightly higher pH, it 
seems likely that the secondary process corresponds 
to polymer formation in the pyrophosphate case as 
well. 

Evidence obtained in this study for the direct com- 
plexation of vanadyl ion by peroxodiphosphate and the 
failure to detect a similar interaction with peroxo- 
disulfate under identical conditions support our pro- 
position13 “3 l1 that the primary difference between per- 
oxodiphosphate and peroxodisulfate oxidations of +2 
metal ions is the tendency of peroxodiphosphate to 
form inner-sphere complexes before electron transfer, 
whereas peroxodisulfate oxidations normally occur 
through an outer-sphere electron transfer process. 
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