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Table 11. Best Fit of Energy Trdnsltlons and g and w,ff Values 

Lnergy of Transition, cm I 

calcd obsd calcd obsd 
- -_-______-___ ____ - 

5303 17 739 17 300 
541 7 17 797 
5658 18 161 
5736 18 232 
6425 21 405 
6471 21 417 21 400 
7212 7100 
7366 

11 354 
11 504 
12411 
12 506 12600 

g Values --______ - 
calcd obsd calcd obsd 

g ,  2.04 2.05 g, 4.84 4.7 

weff Values, PB 
temp, K obsd calcd temp, K obsd calcd 

gz 3.86 4.0 

-______ 

300 4.22 4.22 88 4.24 4.18 

to the observed ones, with a sequence of excited levels in order 
of decreasing energy: A,, E, E, A,. Actually the order of the 
levels in the low-frequency region is not so well settled since 
many overlapping levels are present. 

The usual variation of the e,/e, ratio, although affecting 
to some extent the energy of the levels, does not greatly modify 
their order. It affects however to some extent the relative 
energies of the highest 4A2 and 4E levels, negative values 
tending to decrease the separation. 

We wanted also to check what might be the effect on the 
energy levels of varying the N,,-Co-N, angle in the range 
from 109.44'. the tetrahedral value. to 90'. The commted 

levels in the low-frequency region follow a less definite path- 
way. In particular the energy relative to the ground state of 
the lowest 4A2 levels is calculated to have a maximum at 
N looo. 

The best fit of the electronic transitions we were able to find 
is given in Table I1 together with the calculated g and p values. 
The agreement is fully satisfactory for all the calculated 
properties. The values of the parameters used for the equa- 
torial donors are much larger than usually found for pyra- 
zole-type ligands.'"21 As a matter of fact, the calculated Dq 
value (Dq = 3e, - 4e,) for the equatorial ligand is 1500 cm-l, 
much higher than 1000 cm-' suggested by Jesson for poly- 
(pyrazolyl)borateslZa and also much higher than the value of 
1 100 cm-' found by Reedijk20 and 1200 cm-l found by us for 
pyrazole." 

If we try to understand the large Dq value required for the 
equatorial donor atoms, a structural comparison may be re- 
quired. .4s a matter of fact in the present case the metal to 
equatorial nitrogen distance is on the average 194 pm,4 which 
is somewhat shorter than the average 197 pm seen in the 
poly(pyrazoly1)borate complexeslZb and much shorter than the 
200-21 5 pm seen in the octahedral pyrazole complexes.22 
Although it may be surprising that a variation of 3 pm de- 
termines such a large increase in the ligand field strength, we 
believe that this is the only rationale for justifying the unusal 
electronic spectra of [Co(MeTPyEA)] (BPh4),. 

Registry No. [ C O ( M ~ T P ~ E A ) ] ( B P ~ , ) ~ ,  77417-18-6; [Co- 
(NCS)(MeTPyEA)]BPh,, 77417-20-0. 
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levels are shown in Figure 5 .  It is 'apparent that wi t i  this 
variation the 4AZ(p)-4E(p) separation tends to increase, as does 
also the energy of 4E relative to the ground 4A2 level. The 
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The kinetics of fluoride ion exchange in the oxovanadium(1V) glycine and fluoride mixed complex, VO(gly)glyF, and 
oxalate exchange in (dioxalato)oxovanadium(IV), V0(0x),~-, have been studied by means of I9F NMR and I3C N M R  
methods. The equilibrium and formation reactions of these complexes have also been studied by using spectrophotometric 
and stopped-flow measurements. In every case, the reactions were found to be first order in both the entering ligand and 
the V02+ complex. The overall rate is determined primarily by the charge on the ligand and on the complex, and the chelation 
process is not dissociation controlled. The activation parameters obtained are as follows: for F exchange on VO(gly)glyF, 
AH' = 33.2 f I., kJ mol-' and AS' = -51 ., A 5.3 J K-l mol-'; for oxalate exchange on V O ( O X ) ~ ~ - ,  AH* = 39.* f kJ 
mol-' and AS' = -51.6 f 5.8 J K-l mol-' a t  pH 6.50 and AH' = 51.0 f 2.6 kJ mol-' and AS' = -7.6 A 8 J K-' mol-' at 
pH 2.89. 

During the past decade the kinetics of ligand substitution 
reactions for oxovanadium(1V) complexes have been of par- 
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ticular interest.I-I2 The I7O NMR were important 
in the early studies, which were concerned with the water- 
exchange reaction for VO(H,0)s2' and other related com- 
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plexes. 
It was found that water molecules in the equatorial and the 

axial positions behave completely d i f fe ren t l~ .~  The rate and 
mechanism for the replacement of coordinated water in the 
equatorial positions by various ligands were later studied by 
stopped-flow and temperature-jump relaxation 

The kinetic behavior of b ider~ta te~ .~  and multidentate lig- 
a n d ~ * , ~  has been reported, but the role of axial vs. equatorial 
monodentate intermediates and competition between substi- 
tution by solvent and/or anions and ring closure are not very 
well understood.6 

In this paper we report the kinetics of reactions 1-5 using 

VO(gly), + F ?= VO(glY)glYF 

VO(ox)22- + *ox2- + vo(ox)(*ox)~- + 0x2- 

(1) 

VO(g1y)glyF + *F- ?= VO(gly)gly*F + F (2) 

(3)  

VO(ox),Z- + *Hex- ?= VO(o~)(*ox)~-  + Hox- (4) 

VO(H20),2+ + 2H,ox - V O ( O X ) ~ ~ -  + 4H' (5) 
I9F NMR and I3C N M R  spectrometry as well as the stop- 
ped-flow techniques in an attempt to better understand the 
role of intermediates in oxovanadium(1V) substitution reactions 
(for the purpose of convenience, glycine and oxalate will be 
abbreviated gly (or Hgly) and ox (or Hox), respectively, and 
water in the axial position will not be shown except for VO- 

Experimental Section 
The preparation and methods of chemical analysis used for the 

oxovanadium(1V) solutions have been described in previous papers:S6 
The methods used to purify sodium hydroxide and glycine have also 
been described p rev i~us ly .~  Reagent grade sodium fluoride, sodium 
oxalate, and potassium oxalate were used directly without further 
purification. The pH of the solution was measured with a Hita- 
chi-Horiba Model F-7s pH meter. The spectrophotometric mea- 
surements were made at 25 OC on a Shimadzu MPS-SOL spectrometer. 

Stopped-flow measurements were made at  14 OC and at  740 nm 
by an instrument manufactured by the Union Scientific Engineering 
Co., Ltd. A JEOL JNM-MH-100 N M R  spectrometer equipped with 
a JEOL JNM-VT-3B temperature controller and a JNM-FX-90Q 
spectrophotometer were used for the N M R  measurements. Tem- 
peratures were calibrated6 by the chemical shift difference between 
the methyl and the hydroxyl proton signals of methanol. At least 
2000 individual signals were integrated for all of the I3C N M R  
measurements. 

The relaxation time, T2, of I3C N M R  signals is usually very long 
in pure solvents, and the values of T2 are difficult to obtain from 
conventional line-width measurements. For the pulsed N M R  technique 
used here, accurate values for long T2 relaxation times were obtained 
by means of the Carr-Purcell-Meiboom-Gill method.I6 However, 
in the presence of paramagnetic species such as V02+ the values of 
T2 were considerably smaller (0.1 s). Under these conditions, pulse 
intervals in the range of approximately 2 s were used and several 
thousand spectra were readily integrated in relatively short time periods 
(2-3 h) without any apparent decomposition. The corresponding I3C 
relaxation times were calculated directly from the N M R  measurements 
by using the techniques reported in detail e l ~ e w h e r e . ~ ~ J ~  

Results and Discussion 

M F is added to solutions of (diglycinato)oxovanadium(IV), 
VO(gly),, t h e  absorption spectrum changes  as is shown by 
Figure 1. Although it was anticipated from earlier studiesI3 

(H20)?+). 

Equilibrium between V o ( g 1 ~ ) ~  and Fluoride Ion. When 

Jordan, R. B.; Angerman, N. S. J. Chem. Phys. 1968, 48, 3983. 
Kustin, K.; Pizer, R. Inorg. Chem. 1970, 9, 1536. 
Johnson, C. R.; Shepherd, R. E. Bioinorg. Chem. 1978. I ,  1. 
Tomiyasu, H.; Gordon, G. J. Coord. Chem. 1973, 3, 47. 
Ito, S.; Tomiyasu, H.; Ohtaki, H. Bull. Chem. Soc. Jpn. 1973, 46, 224. 
Swift, T. J.; Connick, R. E. J. Chem. Phys. 1962, 37, 307. 
Farrar, T. C.; Becker, E. D. "Pulse and Fourier Transform NMR"; 
Academic Press: New York, 1971. 
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Figure 1. Absorption spectra for the V 0 ( g l ~ ) ~ F  species a t  various 
F concentrations with 0.0166 M [V02+], and 1.64 M glycine at  pH 
7.07 and 1.0 M NaC10,. 

3 

Figure 2. Plot of apparent molar absorptivity as a function of reciprocal 
fluoride ion concentration with 0.0166 M VO(gly), and 1 .O M NaC104. 

that VO(gly), interacts with F ion, the existence of isosbestic 
points at 540 and 6 1 0  nm indicates that only one species is 
formed from the addition of F ion to a VO(gly), solution. The 
most probable reaction taking place upon the addition of F 
ion is 

VO(glY)z + F ?== VO(gly)glyF 
The stability constant for this process, K I ,  can be obtained from 
eq 6, which is derived from Beer's law and eq 1. Here, tobd 

l/('%bsd - cg) = I / ( E f  - cg) + [ l /K , ( c f  - e g ) l ( l / [ F ] )  (6)  

is the observed molar absorptivity for the V02+ species, and 
cg and cf are those of VO(gly), and VO(gly)glyF, respectively. 
It can be seen that the plot should be linear if (eobsd - tg)-] is 
plotted vs. l/[F]. Indeed, Figure 2 shows this linear rela- 
tionship, which supports the validity of the reaction shown by 
means of eq 1. From the slope and intercept, values of K1 = 
17.0 f 1.0 M-I and tf = 15.8 f 0.5 M-I cm-I are calculated 
from the results at 740 nm. 

T h e  structure of this mixed-ligand complex, VO(gly)g lyF,  
can be written as either I or 11. Although the structure of 

0 0 

F- H ;O 

I I1 
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Table I. Experimental and Calculated Absorbances at 750 nm for 
Solutions Containing VO*+, VOHox', VO(ox), and VOlox),'- as a 
Function of pH and H,ox 

Yokoyama, Tomiyasu, and Gordon 

abs lO'[VO'+]t: lO'[H,ox]t," 
M M PH obsd calcd 

1.72 0.802 1.54 0.679 0.694 
1.60 1.09 0.602 0.610 
1.60 1.52 0.605 0.615 
3.21 1.52 0.623 0.6 3 8 
6.42 1.07 0.626 0.637 
6.42 1.53 0.665 0.679 
8.02 1.07 0.632 0.639 

16.03 1.54 0.761 0.752 
24.05 1.55 0.819 0.807 
32.06 1.56 0.855 0.837 
6.20 1.79 0.621 0.644 
9.31 2.02 0.674 0.674 

10.86 2.02 0.691 0.687 
12.41 2.02 0.71 1 0.698 
13.96 2.02 0.726 0.714 
15.51 2.00 0.726 0.714 
17.06 2.00 0.737 0.719 

1.62 

a The quantity in the brackets represents total analytical 
concentrations. 

this complex may not be determined directly by spectroscopy, 
structure I1 seems to be more reasonable considering the 
spectra of other related V02+ glycine c ~ m p l e x e s . ~ ~ ~ ' ~  

Equilibrium between VOz+ and Oxalate. The absorption 
spectra of VOz+ in the presence of oxalic acid differs from that 
of tetraaquooxovanadium(1V) ion, VO2+(aq). It was found 
that the absorbance at about 750 nm increases with increasing 
oxalic acid concentration. However, no additional changes 
in the spectra were observed if the concentration of oxalic acid 
was greater than 0.1 M at pH 1.6. These results suggest that 
complex formation between V02+ and oxalic ion occurs, and 
from inferences in an earlier study,13 the final product is most 
probably VO(OX),~-. 

Under the conditions when the oxalic acid concentration is 
less than 0.01 M at pH values below 1.5, the spectra are very 
similar to those reported for VOHgly2+ l 3  and VOHmal+,I4 
where glycine and bimalonate coordinate as unidentate ligands. 
In view of the similarity of the spectra, it would appear that 
the VOHox+ complex, where Hox- coordinates as a unidentate 
ligand, is formed in oxalic acid solutions under the conditions 
described here. At higher oxalate acid concentrations or at 
higher pH values, the monodentate oxalate coomplex, VO(ox), 
also appears to form and must be taken into account. 

The stability constants for VOHox', VO(ox), and VO(ox)?- 
can be evaluated from the spectra at various pH values by the 
method described previou~ly. '~ In Table I, the observed ab- 
sorbances for V02+ in the presence of oxalic acid are shown 
along with the calculated absorbance values obtained by using 
a least-squares analysis. The resulting values are Kl(Hon-) = 
10.1 M-I, p1 = 1.6 X lo5 M-I, and p2 = 8.2 X lo9 M-*, with 
the agreement between the observed and calculated spectra 
being better than f2%. 

I9F NMR for Exchange in VO(g1y)glyF. The I9F NMR 
spectrum of fluoride ion in aqueous solution at pH <7 shows 
line broadening as a result of the dissociation process appro- 
priate to the reaction 

H F  + * F =  H*F + F 

However, at pH >7 the F exchange with HF  can be neglected, 
and the 19F NMR spectrum shows a very sharp line. Under 
these conditions above pH 7, line broadening is observed in 
the presence of the VO(g1y)glyF complex. This is consistent 
with the F-exchange reaction 

VO(g1y)glyF + *F- F= VO(gly)gly*F + F (2) 

4 6 1  

3 8 -  

I , I , I I I / l I I  
3 2  3 3  3 4  3 5  3 6  3 7  

10IT ('K-') 

Figure 3. Plot of I9F line width as a function of reciprocal temperature 
at pH 7.21 and 1.0 M NaC104, with [VO*+], = 2.12 X M, [F],  
= 0.261 M, and [VO(gly)glyF] = 1.73 X lo-) M. 

5 

[F'l 

Figure 4. Plot of kw as a function of fluoride ion concentration with 
2.2 X lo-) M [VOzt], at  pH 7.2. 

The line width becomes broader as the temperature increases, 
which is as anticipated for a chemically controlled exchange 
reaction. In Figure 3, log [(l/T2p)/Pm] is plotted against the 
reciprocal temperature. The quantity Tzp is defined by4%I5 

(7) 1/TZp = 1/T2 - 1/T2a = P,/T, 

where T2 is the relaxation time observed in the presence of 
V02+ ion and T2a is that in the absence of V 0 2 +  and where 
P, is that in the presence of VOz+. In dilute solution, P, can 
be approximated by 

P, = n[complex] / [total ligands] 

where n is the number of coordinated ligands. The lifetime 
of a ligand in the environment of the coordination sphere, T,, 

is related to the first-order rate constant, k ,  as follows: 

k = T,-] (8) 

It can be seen that Figure 3 is linear with negative slope. 
Clearly, the relaxation process is controlled by the chemical 
exchange process shown by reaction 2. The activation pa- 
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Table 11. Rate Constants and Activation Parameters for Various Ligand-Substitution Reactions of VO" Complexes 
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reaction rate const, M - '  s-' method Us, kJ mol-' AS*, J K-I  mol-l 

F- exchange on VO(p1y)glyF- (6.4 t 0.3) X lo4 (25 "C) 19F NMR 33., t l . ,  -s1., t 5 . ,  

ox2-  exchangeb on VO(OX),~-  (2.5 t 0.3) X l o 3  (50 "C) I3C NMR 39., f l . ,  -51., I5., 
Hox' exchangea on VO(ox), 2 -  (6.6 t 0.6) X lo3 (50 "C) "C NMR Sl . ,  t 2., -7., t 8., 

formation of VO(g1y)glyF 5.6 X lo2 (15 "C) stopped flow 

formation of V 0 ( 0 x ) , ~ -  stopped flow 

stopped flow for mat ion of VO( ox) '- 

(vo(giY), + rT-) 
(7.0 t 1.3) x 10' (15 "C) 

(1.3 t 0.06) x 10' (15 "C) 
(V02+ + Hox-) 

(VOZ' + ox,-) 

a pH 2.89. pH 6.50. 

5 0, 1 

I I I I I I 1  
2 7  29 31 3 3  

1/T x 103 

F v  5. I9F NMR as a function of reciprocal temperature with 0.012 
M [V02'], a t  pH 6.50. 

rameters corresponding to reaction 2 are AH* = 3X2 f 1.6 
kJ mol-' and AS* = -51e7 f 5.3 J K-' mol-'. In Figure 4, the 
observed first-order rate constants are plotted as a function 
of fluoride ion concentration, demonstrating that the exchange 
reaction is first order in fluoride ion. Thus, kobd can be ex- 
pressed as 

kobsd = kexptl[Fl (9) 

At pH 7.2, 1.0 M ionic strength, and 25 "C, the second- 
order rate constant, k,, tlr is 6.4 f 0.3 X lo4 M-' s-l. These 
results are summarizeB in Table 11. 

I3C NMR of the Oxalate Exchange on VO(ox)?-. The rate 
of oxalate exchange on VO(ox)?- was studied by means of 
I3C nuclear magnetic resonance studies. The reaction can be 
expressed by eq 3 or 4. The rate of such an oxalate-exchange 
process might possibly be determined by using I'O NMR 
spectrometry. However, the I7O NMR spectrum of oxalate 
ion is not symmetrical because of the interference of the much 
larger concentration of the bulk H2170 signal. The I3C NMR 
spectrum of oxalate, on the other hand, shows only one singlet 
due to the I3COO- group. This makes the line-broadening 
information considerably easier to analyze with I3C NMR than 
wi th  I7O NMR spectrometry. 

The treatment of data is essentially the same as that de- 
scribed in the I9F NMR experiments since the relaxation 
process is also controlled by chemical exchange as is noted in 
Figure 5, where log ( T2p1/Pm) is plotted against the reciprocal 
of the temperature at  pH 6.50. Similar results are obtained 
at  pH 2.89. The exchange,rate can be obtained directly by 
using eq 7 and 8. The activation parameters obtained from 
the results of pH 6.50 (Figure 5) and pH 2.89 are summarized 
in Table 11. 

Table 111. Observed Rate Constants for the Oxalate Exchange on 
VO(OX),~-  as a Function of [H,ox]+, at 50 "C 

1.42 0.512 6.46 0.856 t 0.040 
1.52 0.686 6.36 1.50 t 0.08 
1.50 0.856 6.54 1.98 f 0.06 
1.49 1.018 6.13 2.05 t 0.05 
1.46 1.205 6.42 2.14 t 0.04 

Table IV. Observed Rate Constants for the Oxalate Exchange on 
V O I O X ) , ~ -  as a Function of pH at 50 "C 

1 0 2 [ V 0 2 + l ~ ,  [ H , o x I ~ ,  [ox2-],0 [Hox-I," 10-3kkpb,d, 
M M pH M M S' 

1.50 0.433 2.14 0.011 0.385 2.64 
1.50 0.531 3.73 0.280 0.250 2.10 
1.50 0.533 4.11 0.389 0.144 2.03 
1.50 0.525 4.50 0.456 0.069 1.58 
1.67 0.585 5.10 0.563 0.022 1.51 

a The concentrations of ox2- and Hox- were calculated by using 
the values pK, = 3.68 and pK, = 1.12 obtained from: Sillen, L. G.; 
Martell, A. E. "Stability Constants": The Chemical Societv: 
London, 1971. 

- 1  

[ox"] (MI 

Figure 6. Graph of kobsd as a function of oxalate ion concentration 
with 0.0102 M [V02+], at pH 6.5 and 50 O C .  

The observed rate constants for various concentrations of 
oxalic acid at  about pH 6.5 are listed in Table 111. Since 
oxalic acid exists mainly as the oxalate ion (ox*-) (99.8%) in 
this pH region, the observed rate constant, kobsd, was plotted 
against the [ox2-] concentration as is noted in Figure 6. As 
can be seen from these results, the exchange reaction is first 
order in [ox2-]. Hence, the second-order rate constant, kexptl,ox 
= kobd/[0X2-], was determined to be (2.5 f 0.3) X I O 3  M-' 
s-l. The data at lower pH values are shown in Table IV. The 
exchange process was found to increase as the pH decreases 
below 6.5. This suggests that the species [Hox-] could ac- 
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Table V. Rate Constants for the Formationa of VO(ox), 2 -  as a 
Function of pH at 15 "C 

- 
l o2  [ Hox-] , 

PH M M 

3.82 5.68 23.14 2.99 
3.49 6.69 12.85 2.12 
3.44 6.81 11.60 1.85 
3.34 7.01 9.45 1.69 
3.09 7.33 5.56 1.35 
2.93' 7.47 3.92 1.32 
2.53' 7.52 1.57 0.829 

data were not included for least-squares calculation because of the 
low [ox ' - ] / [Hox-]  ratio. 

l o3  [ox2-] ,  
10-2k,, s - '  

- 

a [ V 0 2 * l t  = 0.0221 Mand [H,oxIt = 0.0789 M. ' Last two 

9.1 

0.1 0.2 03 0 L 
IHox - l  ( M  1 

Figure 7. Plot of {kow - kexptl,ox[o~2-]j as a function of [Hox-] at 50 
O C  with 0.0102 M [VOz+],. 

d e r a t e  the exchange rate in the lower pH region. On the basis 
of this assumption, the following two exchange processes can 
be formulated: 

( 3 )  

V O ( O X ) ~ ~ -  + *Hex- + VO(o~)(*ox)~-  + Hox- (4) 
Thus, the rate law based on these equations is expressed as 

VO(ox),2- + *ox2- G== vo(ox)(*ox)2- + 0x2- 

kobsd = kexptl,Hox[HoX-l + kexptl.ox~oX2-l (10) 

or 

kobsd - kcxptl,ox[0X2-l = kexptl,Hox[HoX-l (loa) 

Since the value of kobd - kcxptl,ox was determined to be 2.5 X 
lo3 M-' s-I at pH 6.5, the quantity kOw - kcxptl,ox[ox2-] can 
be plotted as a function of [Hox-] as is shown in Figure 7. If 
the mechanism shown by eq 3 and 4 is correct, the resulting 
plot as described by eq 10 and 10a should be linear with a zero 
intercept within the error limits set by the individual data 
points. As can be seen from Figure 7, the data are linear and 
the value of kcxptl,Hox is determined to be (6.6 f 0.6) X lo3 M-' 
s-l at 50 "C. 

Formation of VO(g1y)glyF from VO(gly),. The formation 
of VO(g1y)glyF from VO(gly), was measured by the stop- 
ped-flow method. The reaction is expressed by eq 1. Since 
the concentration of fluoride ion was kept more than 10 times 
in excess of the VOz+ concentration, the reaction can be 
considered to be pseudo first order in VO(gly),. The stop- 
ped-flow data were fitted in terms of a first-order process. The 
observed second-order rate constant for the forward process 
( k , )  was determined to be 560 M-' s-l at 14 "C. 

Needless to say, this value of the rate constant for reaction 
1 supports structure I1 for the VO(g1y)glyF complex since 
the rate of water exchange in the axial positions of VOz+ has 
been shownzJ to be extremely fast (- lo7 s-l). Clearly, the 
value of 560 M-I s-I would be too small, if an axial water 
molecule were assumed to be replaced by F ion in order to 
form structure I. On the other hand, the observed value of 
kl  appears to be quite reasonable, if the NH2 group of the 
coordinated glycine is replaced by fluoride ion, since the ex- 
change rate between glycine and VO(gly), as shown by eq 11 

VO(gly), + *H@Y G= vo(glY)(*glY) + Hgly (11 )  

is reported6 to be about 5 X I O 2  s-I. Furthermore, the rate 
constant, >kl for the reverse of reaction 1, can be calculated 
from the relationship 

k,/k-, = K1 = 17.0 M-' 

The calculated value of kwl is 33 s-I at 14 "C. The k-, path 

0 1 0  20 3 0  4 0  

r o x 2 - 1  t [ H ~ ~ -  1 10 

Figure 8. Typical rate constants as a function of the [ox*-]/[Hox-] 
ratio at 25 O C ,  0.0221 M [V02+], ,  and 0.0789 M [H2oxIt. 

corresponding to the glycine chelation process6 from the 
monodentate species is shown in eq la.  It is interesting to 

p+F v+j F -  ( l a )  

OCOCH2NH2 

OH2 OH2 

Vo(glY)glY 1. - VOl Ply) 2 

note that the k-I value is very similar to the rate constant (k,, 
= 35 SKI at 25 "C) for the glycine solution process reported 
previously6 (eq 12). The similarity in the rate constants for 

7?,oH2 d k, ,  7Fb (12) 

H 2 0  OCOCH2NH2 H20 

OH2 OH2 

VOgly + VO@iY )+  

processes l a  and 12 suggests that the reactions are primarily 
controlled by association (i.e., chelation) of the glycine rather 
than by dissociation of the ligand being replaced (Le,, fluoride 
ion or a water molecule). Thus, the chelation process is not 
dissociation controlled. 

Formation of V O ( O X ) ~ ~ -  from VO(H20)52+. The rate of 
formation of VO(OX)~~-  from VO(H20)22+ was also measured 
by using the stopped-flow method. The reaction is described 
by eq 5a, a modification of eq 5. Measurements were made 

V02+(aq) + 2Hox- (or ox2-) - V O ( O X ) ~ ~ -  + 2H+ (sa) 

at various pH values. The observed first-order rate constants, 
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kS, are listed in Table V along with the calculated concen- 
trations of Hox- and ox2-. 

In Figure 8, k,/[Hox] is plotted as a function of the 
[ox] / [Hox-] ratio. The straight line in this figure suggests 
the rate law 

kS = kS,Hox[Hoxl -k kS,ox[oxl (13) 

The values of k5 and k5,0x were determined to be 7.0 f 1.3 
X lo2 M-' s-l and 1.29 f 0.06 X lo4 M-' s-l, respectively. 

It is interesting to compare these rate constants with the 
values of kHox and k,, tl,ox from eq 3 and 4. For the oxalate- 
exchange process wit{ VO(ox)?-, kexptl,Hox was larger than 
k,,,,, while k5,m is much larger than kS,Hox for the formation 
of VO(ox),Z-. The larger value of kS,ox as compared to the 
value of kS,Hox can be explained by the assumption that the 
divalent negative oxalate ion-VOZ2+ reaction is primarily a 
Coulombic process and thus should be faster than the corre- 
sponding reaction with the monovalent Hox species. On the 
other hand, since the VO(ox)?-complex has a negative charge, 
the monovalent Hox- exchange should be faster than the di- 
valent ox2- exchange with VO(ox)?-. This is exactly what is 
observed experimentally. 

This ratio of the formation rate constants ks,ox/k5,Hox for 
reaction 5a corresponds to 18.4 f 4.2. This value can be 
compared with the ratio of the theoretically calculated asso- 
ciation constants from the Fuoss equation16 for the reaction 
between V02+(aq) and ox2- or Hox- 

Kos(ox)/Kos(Hox) = 23*6 

The agreement between the calculated and experimental values 
for these ratios suggests that ligand substitutions on VOZ+(aq) 
are mainly controlled by the electrostatic forces between 

V02+(aq) and the various ligands and that the corresponding 
chelation processes are associative controlled. 
Conclusions 

It was demonstrated in this paper that 13C NMR spec- 
trometry can be used effectively to determine the rate of lig- 
and-exchange processes for oxovanadium( IV) complexes. 
These values compare well with the corresponding 19F NMR 
measurements. 

The experiments reported here support the earlier results& 
that indicate that ligand-substitution reactions on oxo- 
vanadium(1V) complexes are essentially associative. Fur- 
thermore, the charge of the entering ligands, Hmal- and ox2-, 
is of particular importance in determining the rates for both 
the ligand-exchange reactions with V O ( O X ) ~ ~ -  and the rate of 
complex formation for VO2+(aq) to form VO(OX)~~- .  

The chelation process starting with VO(g1y)glyF to form 
VO(gly), is also consistent with the preliminary observations 
reported earlier: and the results clearly show that the chelation 
process is associative and is not dissociation (water or anion) 
controlled. 

A similar unidentate ligand complex for the reaction be- 
tween V02+ and oxalic acid was observed just as in the re- 
actions of glycine13 and malonic acid14 with V02+. The sta- 
bility constant for the VOHox' reaction is 10.1 M-l, which 
is somewhat smaller than the value of 44.7 M-' for the cor- 
responding malonato complex, VOHmal-. The difference 
between these stability constants can be readily explained from 
the different pK2 values for these ligands in that pK2(H20x) 
= 1.12 and pK2(H2mal) = 2.80. 
Registry No. VO(gly)glyF, 80327-44-2; VO(ox)?-, 17569-94-7; 

VO(gly),, 15283-90-6; Fa, 7782-41-4; VO(H*O)?+, 15391-95-4; H~ox, 
144-62-7. 
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The pressure and temperature dependences of 14N NMR line widths yielded the following activation parameters for the 
exchange of acetonitrile solvent on iron(I1) perchlorate: AH* = 41.4 kJ mol-', AS* = +5.3 J K-' mol-I, k298 = 6.6 X lo5 
s-', and AP(259-264 K) = +3.0 cm3 mol-'. For acetonitrile exchange on manganese(I1) perchlorate, the parameters were 
as follows: AH* = 29., kJ mol-', AS* = -8.9 J K-' mol-', k298 = 1.36 X lo7 s-I, and AP(252-260 K) = -7.0 cm3 mol-'. 
Problems concerning the mechanistic significance of these data, and inconsistencies with AH* and AS* values of some 
earlier reports, are discussed. 

We have recently reported the results of a study of the effect 
of pressure on the rate of exchange of acetonitrile solvent on 
nickel(I1) and cobalt(II),2 using nitrogen-14 FT N M R  line- 
broadening measurements. That study complemented those 
of Meyer, Newman, and Merbach3v4 using proton FT NMR, 
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2142. 

which is not well suited to this purpose in the case of the 
cobalt(I1) system because, at temperatures high enough to 
preclude freezing the solvent on application of pressure, the 
"slow-exchange" approximation of Swift and Connicks is no 
longer applicable; Le., the 'H line broadening due to the 
presence of the paramagnetic ion is not simply related to the 
solvent-exchange rate from the first coordination sphere. 

(4) Newman, K. E.; Meyer, F. K.; Merbach, A. E. J .  Am. Chem. Soc. 1979, 
101, 1470. 
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