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The complexes formed by oxovanadium(1V) with gluconate have been studied by spectrophotometry, circular dichroism, 
and polarography between pH 5 and pH 14. The stoichiometry of the complexes varies from a vanadium-to-gluconate 
ratio of 1:l a t  pH 6.0 to 1:2 above pH 12. Both species give well-defined polarographic oxidation waves. The apparent 
formation constant, K I  , of the 1:l complex at pH 6.0 is 2.2 X I O 3  M-I; K2’ for the 1:2 complex in 0.5 M N a O H  is 1.8 
X lo5 M-2. The apparent equilibrium constant between the 1 : l  and 1:2 complexes is 6.7 X lo3  M-2. Polarographic data 
indicate that oxovanadium(V) forms a transient complex with gluconate a t  pH 6 but is not complexed a t  pH 14. 

There is increasing evidence that vanadium has a significant 
biological role, although it has been established as an essential 
element for only a few organisms.’ Vanadium ions also can 
be substituted for the metals of metalloenzymes without loss 
in enzymatic activity and thereby provide an ESR probe.2 
Recently, the complexes of oxovanadium(1V) and vanadi- 
um(V) with uridine have been proposed as transition state 
analogues for r ibon~clease.~ The successful coupling of ATP 
hydrolysis with the (V02+ + H 2 0 2 )  redox system4 provides 
support for the proposition that electron-transfer reactions 
occur simultaneously with the ATP-ADP reaction and for the 
conclusion that vanadium chemistry has substantial relevance 
to biology. 

Gluconic acid (the carboxylic acid derivative of D-glucose) 
retains the polyhydroxy character of saccharides but is stable 
to oxidation. Most multicharged metal ions form stable 
complexes with gluconate ion, especially in alkaline media. A 
number of these have been studied in terms of electrochemistry, 
solution equilibria, and reaction stoi~hiometries.~ Use of proton 
N M R  has provided insight to the most likely ligand coordi- 
nation sites6 For lead(I1) and bismuth(II1) the carboxylate 
oxygen and the cy-, /3-, and y-hydroxy oxygens of gluconate 
are bonded to the metal under basic conditions. 

Although several ligands that contain one hydroxyl group 
and a carboxylate group form complexes with oxovanadi- 
u ~ ( I V ) , ~  data for alkaline conditions are limited. Because 
the formation of stable complexes by saccharides with oxo- 
vanadium(1V) in basic media has been known for a long time, 
similar behavior is to be expected of gluconate ion. 

The present study has been undertaken to characterize the 
electrochemistry and solution equilibria of the complexes of 
oxovanadium(1V) and oxovanadium(V) with gluconate ion 
over a wide range of pH values. It results from a continuing 

interest in model complexes that mimic the chemistry of 
biological transition metals that are involved in oxidation- 
reduction reactions. 

Experimental Section 
Equipment. Spectrophotometric data were obtained with a Cary 

Model 14 recording spectrophotometer. The circular dichroism 
measurements were made with a Jasco Model ORD/CD/UV-5 optical 
rotatory dispersion spectrometer. Polarographic data were recorded 
with a Sargent Model XV recording polarograph at 25 f 0.1 O C .  The 
diffusion currents were determined for maximum current (envelope 
of the tops of the oscillations) and were corrected for residual current. 
Potentials were measured and reported vs. the saturated calomel 
electrode (SCE). For the dropping-mercury electrode, the rate of 
flow of mercury was 2.32 mg/s and the drop time was 3.50 s (without 
an applied potential). pH measurements were made either with a 
Corning Model 12 pH meter or a Leeds and Northrup pH meter; 
the meters were standardized with NBS buffers. Magnetic sus- 
ceptibility determinations were made by N M R 9  with diamagnetic 
corrections through use of Pascal’s constants.’0 N M R  spectra were 
recorded on a Varian A-60D spectrometer. 

Reagents. The vanadium(1V) solutions were prepared from vanadyl 
sulfate, V O S 0 ~ 1 . 5 H 2 0  (Fisher Scientific Co.) which was found to 
be 99.4% pure on the basis of permanganate titrations. Vanadium(V) 
solutions were made from purified NH4VO3 (Fisher Scientific Co.); 
NaV03.nH2O also was used for some qualitative experiments. Sodium 
gluconate solutions were prepared determinately from D-glUCOn0- 
&lactone (Matheson Coleman and Bell). The purity of the lactone 
was determined by back-titrating with standard acid a solution to which 
excess standard base had been added. The lactone was found to be 
99.7% pure and to have a melting point of 152-153 OC. 

Above pH 4, solutions that contain oxovanadium(1V) are  highly 
sensitive to air oxidation. To prevent this, the reagent solutions were 
degassed with and protected by an argon atmosphere. During the 
preparation of a solution to be examined, argon was bubbled through 
the initial and resulting solutions. Uv cells were stoppered tightly 
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Figure 1. (A) Absorption spectra of the complexes formed by ox- 
ovanadium(1V) and gluconate ion as a function of pH. Solution 
conditions: 0.040 M VOSO,, 0.120 M GH,-, pH values indicated. 
Cell path length is 1 cm. (B) CD spectra for the same solution 
conditions as A. 

and no change was observed in the spectra within a few hours. pH 
titrations were performed under argon in a Leeds and Northrup 
electrochemical cell. 

Results 
Complexation by gluconate ion of oxovanadium(1V) and, 

to some extent, of oxovanadium(V) is observed in the pH range 
from p H  5 to p H  14. The present study has been limited to 
this range because oxidation of gluconic acid by vanadium(V) 
is likely in acidic media" and the interaction between glu- 
conate and oxovanadium(1V) is weak or nonexistent in acidic 
solutions on the basis of spectroscopic evidence. 

Spectroscopv Solutions of vanadyl sulfate owe their blue 
color to the VI O(H20)52+ entity.I2 In acidic medium, the 
addition of gluconate does not noticeably modify this color. 
However, addition of sodium hydroxide causes the solution 
to turn violet at pH 5; further addition of base results in a green 
solution above p H  12. Both the violet and green colors are 
more intense than the initial blue. In the absence of gluconate, 
the addition of base to vanadyl solutions causes either the 
precipitation of the yellow VO(OH)2 speciesI3 or the ap- 
pearance of a brown color, which probably is due to 

Figure 1A illustrates the absorption spectra for vanadi- 
um(1V) in the presence of excess gluconate ion from pH 2.5 
to pH 14. Three main absorption bands are observed with the 
maximum a t  540 nm corresponding to the violet solution and 
those a t  430 and 704 nm corresponding to the green solution. 

Two isosbestic points (at 507 and 620 nm) are observed for 
the set of spectra in Figure 1A. These result from the 
equilibrium between two species, a complex that is pre- 
dominant at  pH values close to neutrality and a complex that 
is stabilized in strongly basic solutions. The latter has two 
main chromophores at  704 and 430 nm and the neutral species 

VO(OH)~-.  14 

0 4 r  i 
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Figure 2. Mole ratio study at 540 nm for the oxovanadium(1V)- 
gluconate complex at pH 6.0 for a 0.040 M GH; solution. Ab- 
sorbance values have been baseline corrected. 

a single major chromophore a t  540 nm. This explains the 
occurrence of two isosbestic points for a two-species equi- 
librium. There is a possible third isosbestic point at, 425 nm 
which could arise from interaction with the n - P or P - 
T* bands of gluconate. These bands are known to undergo 
a bathochromic shift as a consequence of complexation.6 
However, this does not alter the conclusion that the spectra 
result from an equilibrium between two oxovanadium(1V) 
gluconate complexes. 

The stoichiometries of these two vanadyl complexes have 
been established by mole ratio studies. Figure 2 indicates that 
a 1:l complex is formed at  pH 6.0 between oxovanadium(1V) 
and gluconate ion. Although this type of study does not allow 
definite conclusions as to the absence of a 1:2 metal-ligand 
complex, the polarographic data support such a conclusion. 
The apparent stability constant, Kl , for the 1:l complex (VIv 
+ L + V"L) is estimated to be 2.2 X lo3 M-' on the basis 
of the difference between the extrapolated and actual ab- 
sorbances a t  a mole ratio of 1 in Figure 2; L represents the 
anion of D-glUCOniC acid. 

A mole ratio experiment similar to that of Figure 2, but a t  
704 nm with variable gluconate concentrations and a constant 
vanadyl concentration in 0.5 M NaOH,  indicates that the 
green complex has a 1 :2 vanadyl-to-gluconate stoichiometry. 
The apparent stability constant, Kz', for this complex (VIv + 
2L e V''L2) is estimated to be 1.8 X lo5  M-2. A plot of the 
absorbance at  704 nm vs. pH for 0.04 M vanadyl ion in the 
presence of excess gluconate ion (0.12 M)  yields a curve with 
a well-defined break whose midpoint is at  pH 11.4. Hence, 
the apparent equilibrium constant between the 1:l and 1.2 
complexes (VICL + L + OH- + V"L2) is 6.7 X lo3  M-2. 

To characterize further the solution equilibria of the ox- 
ovanadium(1V) gluconate complexes, a 1:6 mole ratio of 
vanadyl ion and gluconate ion has been titrated with N a O H  
(actually, an excess of base has been back-titrated with acid 
to avoid the slow lactone-gluconate equilibria that occur a t  
low pH values). The result is a well-defined end point a t  pH 
7.2 for 2 equiv of base per vanadyl ion and an inflection at  
pH 10.5 for 3 equiv of base per vanadyl ion. 

As expected, acidic and basic solutions of gluconate ion and 
of vanadyl sulfate do not exhibit circular dichroism (CD) bands 
at  wavelengths longer than 300 nm. However, when vanadyl 
ion and gluconate ion are combined, a stereospecific reaction 
takes place to give one or more optically active complexes. As 
illustrated by Figure lB, the C D  spectrum for near-neutral 
conditions is significantly different from that observed for 
strongly basic conditions. Five bands are observed for the CD 
spectrum recorded in 0.5 M NaOH; a t  pH 8.2 only four 
appear to be present. The signs of the maxima do not change, 
except for the band a t  530-540 nm, which does not shift as 
much in the C D  spectrum as it does for the absorption 
spectrum. 
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Figure 3. Polarographic oxidation waves for 5 mM VOSO, in 0.5 
M GH,- solutions at various pH values. The dotted lines represent 
a surface reaction and the beginning of the mercury oxidation 
wave. In the absence of vanadyl ion, mercury dissolution occurs 
at -0.1 V for the 0.5 M NaOH solution, +0.2 V for the pH 9.8 so- 
lution, and +0.3 V for the pH 6.0 solution. 

Table I .  Polarographic Parameters for the Two Oxovanadium(1V) 
Gluconate Complexesa 

Electrode E,,,, E,,, - 
reaction V vs. SCE Zmax E,,,, V 

pH 6.0 VIv - + V v  0.118 0.79 0.065 
0.5 M NaOH VIv -t Vv -0.280 0.985 0.080 

a Solution conditions. 0.005 M VO" and 0.5 M gluconate; 
temperature 25.0 f 0.1 "C. 

Electrochemistry. Neutral solutions of oxovanadium(1V) 
in the presence of 0.5 M gluconate ion exhibit well-defined 
polarographic oxidation waves as illustrated by Figure 3. Part 
of the diffusion current plateau is obliterated by a surface 
reaction and the oxidation wave of mercury. With increasing 
pH a second oxidation wave appears, with a proportionate 
decrease in the height of the first wave. This second wave is 
less reversible than the first wave; the general features of the 
polarographic waves are summarized in Table I. On the basis 
of the spectrophotometric evidence the first wave apparently 
corresponds to the oxidation of the 1:l vanadyl gluconate 
complex, and the second wave, to the oxidation of the 1:2 
complex. 

The polarographic data are in accord with the conclusion 
that the equilibrium between the two vanadyl complexes is 
shifted completely to the 1:l complex a t  pH 6.0. If this was 
not the case, a second oxidation wave should be observed 
(assuming the equilibrium between them is slow). In the case 
of the 1:2 complex in 0.5 M NaOH,  the presence of a wave 
with a half-wave potential more positive than that of the 
principal wave cannot be determined. Therefore, the de- 
pendence of the diffusion current for the latter wave on ox- 
ovanadium( IV) concentration has been determined; i d  varies 
linearly with the concentration from 2.5 X 
M vanadyl ion and follows the relation 

to 2.5 X 

2 /3*1 /6  id = I,,,Cm 

where i d  is in FA and C in mmol/l. The diffusion current 
constant, I,,,, for these conditions is listed in Table I. The 
zero intercept and the straight-line dependence of this anodic 
wave implies that it represents all of the vanadium(1V) in 
solution and that the 1:l form of the complex is essentially 
absent in 0.5 M N a O H  solutions. 

Although neither of the polarographic waves of Figure 3 
(and Table I) meets the criteria for thermodynamic rever- 
sibility (E314 - E114 = 0.056 V), their deviation is small enough 
to encourage some quantitative interpretations of the nature 
of the complex species in solution and their oxidation reactions. 
As expected, the half-wave potential of both anodic waves is 
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Figure 4. Plot of E ,  / 2  vs. log [GH,'] at pH 6.0 (curve A) and in 
0.5 M NaOH (curve B) for the polarographic oxidation of 5 mM 
V 0 2 +  ion in the presence of gluconate. 

independent of the vanadyl concentrations. The effect of 
varying the gluconate ion concentration upon the half-wave 
potentials of the two anodic waves is illustrated by Figure 4. 
For reversible reactions the slopes of the curves obey the 
relation I 

where n is the number of electrons in the anodic reaction and 
p the number of ligands per metal ion that are gained in the 
oxidation step. 

For the wave at  p H  6.0, Figure 4A indicates that there is 
no change in the number of gluconate ions per vanadium 
during the oxidation of the complex from vanadium(1V) to 
-(V). The spectrophotometric data for the vanadium(1V) 
complex indicate a 1:l meta1:ligand stoichiometry at  this pH. 
Hence, vanadium(V) must form a 1:l complex, a t  least upon 
initial electrochemical formation. Polarographic studies of 
NH4VO3 solutions a t  pH 6.0 in the presence of gluconate did 
not give useful results because the reduction wave is obscured 
by the mercury dissolution reaction of the dropping-mercury 
electrode. 

The slope of the curve of Figure 4B yields a value of -2.17 
for p in eq 2. This result indicates that vanadium(V) is not 
complexed by gluconate ion in strongly basic media. Po- 
larographic studies of NH4V03 in strongly basic gluconate 
solutions did not prove useful. 

Both the hydroxyl and gluconate ions can act as ligands in 
the system. Hence, the effect of pH on the half-wave potential 
of the oxovanadium(1V) complexes has been determined. In 
its short range of existence as a main species, Le., pH 5-8.5, 
the 1:l complex has a half-wave potential which is essentially 
independent of pH. The same is true for the half-wave po- 
tential due to the 1:2 complex, which is independent of base 
concentration from pH 11 to 1 M NaOH. In the region where 
both waves are present (pH 9-10.5) there is a shift to negative 
potentials as the pH is increased, which probably indicates that 
the intercomplex equilibrium is slow and that there is a gain 
in hydroxyl ions for the high-pH complex. 

NMR. The proton N M R  spectrum of a 1:l solution of 
NaVO3 and gluconate ion in D20 a t  pD 6.0 is the same as 
that for gluconate ion alone. This indicates that the complex 
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garded as unlikely a t  pH 6, because the second pK, of glu- 
conate is too high to be determined in water. However, weak 
chelation is thought to occur, in which nonionized alcohol 
groups replace coordinated water molecules. 

Other metal-gluconate systems are known to have several 
metal-ligand stoichiometries a t  a given pH. This is partic- 
ularly true for the spectroscopically related copper(I1)- 
gluconate system,*O where the 1:l complex is converted to a 
1:2 complex when the ratio of gluconate to copper exceeds 12. 
In the present case, even a ratio of 120 does not result in a 
1.2 complex in detectable amounts. 

In basic solutions vanadium(1V) has been shown to be 
present mainly as VO(OH)3-.14 Hence, on the basis of the 
spectrophotometric and polarographic results, the formation 
reaction for the 1:2 complex in a 0.5 M N a O H  solution is 

VO(0H); + 2GH; 2 VO(OH)(GH,), + 2H,O K,' (5) 

with K2' = 1.8 X lo5  M-2. Also, the experimental results 
indicate that the pH-dependent equilibrium between the 1: 1 
and 1:2 complexes can be represented by 
VO(OH),GH,- + OH' + G H , - t  

VO(OH)(GHj)z3' + 2H,O Keq' ( 6 )  

with Kq' = 6.7 X lo3 M-2. The latter has been evaluated from 
a plot of the absorbance for the 1.2 species vs. pH. As in- 
dicated by eq 6, the gluconate ligands in the 1:2 complex are 
assumed to be dianions. Such an assumption is well founded 
on the basis of the strong chelating properties of gluconate in 
strongly basic solutions. Furthermore, the mere addition of 
a ligand bound in a manner similar to the weak 1:l complex 
could not account for the marked visible and CD spectral 
changes. 

Hydroxide ion is a better ligand than either the deprotonated 
carboxylate or the hydroxyl functions of gluconate. However, 
the addition of large quantities of sodium hydroxide to a basic 
solution of the 1:2 complex does not modify its visible spec- 
trum. This indicates a stabilization of the gluconate bonds 
through a chelate effect. The formation of the 1:2 complex 
can be envisioned as a stepwise process (eq 7-10), in which 
VO(OH),GH; f VO(OH)GH; + H,O (7 1 
VO(0H)GH; + GH; f VO(OH)GH,GH,'- (8) 

VO(OH)GH,GH,'- + OH- 2 VO(OH),GH,GH,3- (9 )  

VO(OH),GH,GH,3- 2 VO(OH)(GH,),j- + H,O (10) 

an OH- group is eliminated as the chelate ring forms. The 
deprotonation of the hydroxy group of the gluconate ligand 
is believed to occur while the molecule is bound by the car- 
boxylate group. 

Structural Considerations. Under neutral conditions two 
coordination positions of the 1 : 1 oxovanadium(1V)-gluconate 
complex are occupied by OH- groups, which leaves three other 
sites to be occupied by the ligand and water. While N M R  
data6 indicate that the a-hydroxy group is involved in binding 
a t  high p H  values, nothing is known concerning its partici- 
pation in neutral solutions. In a similar way, the number of 
coordination sites filled by gluconate can only be guessed, but 
is felt to be a t  least 2. 

In basic solutions, the data indicate that only one OH- group 
is bound to the 1 :2 oxovanadium(1V)-gluconate complex, with 
the remaining four coordination sites occupied by the two 
gluconate ligands to form two chelate rings via a deprotonated 
alcohol group. Previous N M R  studies of gluconate complexes6 
indicate that the a-alcohol of gluconate is the most prone to 
form a chelate ring in conjunction with the carboxylate group. 
This is supported by two additional considerations: first, if 
the pKa of an alcohol group is lowered by complexation of the 
carboxylate group, the a-alcohol should be the most affected; 

Table 11. Tentative Assignment of the Transitions Observed for 
the Two Complexes of Oxovanadium(1V) and Gluconate 

Transition 

d-orbital MO vo2': Absorption 

mole represen- represen- 
GH4- max 

pH ratio h, nm E ,  kK tation tation 

8.2 1:1 540 18.5 d,2-y? t d x y  bl 'b, 
400 25.0 dz2 + d r y  a1 +bZ 

14.0 1 : 2  704 14.2 d,,,dy, +dxy  e1 +b? 
495 20.2 d,2-yZ +dxy  bl 'bz 
430 23.3 dZ3 + d x y  a1 + b ,  

of vanadium(V) initially formed during the polarographic 
experiment probably is unstable and is hydrolyzed in a 
subsequent step. Unfortunately, the N M R  experiments require 
concentrations that are 100 times greater than those for the 
polarographic data. 

A similar situation is found in 0.5 M NaOD for 1:l solutions 
of NaVO3 and gluconate ion; the CH proton resonance of 
gluconate is unaffected by the presence of NaV03. Thus, in 
strongly basic media, vanadium(V) generated by electro- 
chemical oxidation of vanadyl ion and by dissolution of NaVO3 
shows the same behavior. This is probably due to the absence 
of polyvanadates which complicate the picture a t  lower p H  
values. 
Discussion and Conclusions 

Spectroscopy. The assignments of the bands in Figure 1A 
are not straightforward, and even for the most symmetrical 
oxovanadium complexes they have been the subject of con- 
siderable d i s c u ~ s i o n . ~ , ' ~  However, on the basis of the Ball- 
hausen and GrayI2 scheme, the assignments in Table I1 can 
be made. The band at  640 nm in Figure 1 for the pH 2.5 
solution (previously assigned to the bl +- b2 transitionI2) 
persists at  pH 8.2. Moreover, the circular dichroism spectra 
in Figure 1B indicate that this band is present even at  pH 14. 
This could indicate that the maximum a t  540 nm represents 
the a1 - b2 transition. In which case the 430-nm band would 
be due to a low-intensity spin-forbidden charge-transfer 
transition. 

Although several circular dichroism studies of vanadyl 
complexes have been r e p ~ r t e d , ] ~ , ' ~  the molecular basis for the 
observed optical activity has not been determined. Likewise, 
for the oxovanadium( 1V)-gluconate complexes (Figure 1 B) 
the origin of the CD bands cannot be assigned. The optical 
activity may be transmitted from the chiral carbon atoms to 
the d orbital of the metal, or a chiral complex may be formed. 
The g factorI9 ( g  = A ; c D / ~ ~ ~ ~ )  for the well-defined CD 
maximum at 430 nm (Figure 1) has a value of 0.024. For a 
spin-allowed transition in an optically active molecule, this 
would indicate an allowed magnetic dipole transition with a 
low oscillator strength. The value of the g factor is dependent 
upon the intensity of other symmetry-allowed transitions. 

At p H  6.0, the apparent stability 
constant, Ki' = 2.2 X lo3 M-', for the 1:l complex corresponds 
to the overall formation equation 

VO(OH), + GH; 2 VO(OH),GH; K , '  (3) 

The ionic form of the vanadyl group is unknown in the absence 
of gluconate ion at  pH 6; the VO(OH)2 designation is arbitrary 
but consistent with the known behavior of the group a t  
near-neutral conditions. The pKa of a hydroxy group usually 
is lowered when an adjacent function forms a metal-ligand 
bond, which might prompt one to suggest a chelate reaction 
such as 

VO(OH), + GHL 2 VO(0H)GH; -r H,O (4 1 

with a gluconate as a dianion. This possibility must be re- 

Solution Equilibria. 
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second, coordination via this group forms a five-membered 
chelate ring, which is expected to bring about more stabili- 
zation than other modes of bidentate coordination. A 
structural model for the complex indicates that this ring 
structure can be achieved without strain. 

Gluconate molecules are bulky and probably fit most easily 
in the equatorial plane, with the OH- group in the axial 
position. This structure is encountered with the bis(acety1- 
acetonato)oxovanadium( IV) complex;21 the OH- group can 
be replaced by Lewis bases, in particular amines.22 

Oxovanadium(1V) forms 2:2 dimers with tartrate23 in which 
spin pairing occurs between the two d electrons of vanadium. 
Magnetic susceptibility measurements of the 1:l and 1:2 
complexes of oxovanadium( IV) and gluconate yield values that 
essentially are identical with those obtained for a vanadyl 
sulfate solution. This indicates the absence of dimers with spin 
pairing but does not preclude the formation of non-spin-paired 
dimers. 

Reactions at the Mercury Electrode and Vanadium(V) 
Complexes. In the intermediate situation where both the 1:1 
and 1 :2 oxovanadium(1V)-gluconate complexes are present, 
polarographic data indicate the uptake of hydroxyl ions during 
the oxidation reaction. However, the limited pH range for this 
condition makes quantitative conclusions impossible. However, 
for conditions where only one of the complexes is present, 
several quantitative conclusions are possible. 

At pH 6, Figure 4A illustrates that the gluconate con- 
centration does not affect the oxidation half-wave potential, 
which implies that the half-reaction can be expressed as 

VO(OH),(GH,)-- VO(OH),(GH,) + e- (1 1) 

There are numerous possibilities for the reactions which follow, 
mainly because of the presence of polyvanadates at this pH. 

The absence of N M R  evidence for complexation in a 1:l 
solution of NaV03 and gluconate at pD 6.0 may be related 
to the polarographic data in two ways: first, the vanadi- 
um(V)-gluconate complex formed electrochemically may be 
unstable and only exist at the electrode surface for a brief 
period of time; second, due to sensitivity restrictions, N M R  
measurements have to be made in solutions whose metal 
concentration is 100 times higher than for polarography. 
Because the distribution of polyvanadates is dependent on 
concentration at pH values close to neutrality, the species in 
solution may differ from one method to the other. 

In 0.5 M NaOH,  the 1:2 oxovanadium(1V)-gluconate 
complex has an oxidation wave whose half-wave potential shifts 
with gluconate concentration, as shown in Figure 4B. Also, 
the proton N M R  spectra are identical for a strongly basic 
solution of gluconate ion, whether NaVO3 is added or not. 
This negative evidence is not conclusive by itself, but, in 
conjunction with the spectrophotometric and polarographic 
data, it establishes that vanadium(V) is not complexed by 
gluconate in strongly basic media. This result is in agreement 
with similar observations for the complexes of vanadium(V) 
and several polyaminocarboxylic acids.24 Hence, on the basis 
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of the slope of the curve in Figure 4B the oxidation reaction 
can be expressed as 

VO(OH)(GH,),3- + H,O -L VO(OH), + 2GH; + e- (1 2a) 

with a post chemical reaction 
VO(OH), + 30H--t VO,,- + 3H,O 

The monomeric tetrahedral vanadate ion is a well-established 
species in strongly basic media.25 
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