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Compared to the bis(meta1) phosphinidenes, 1 probably does 
not enjoy any substantial stabilization from p r - d a  interac- 
t i o n ~ . ' ~ . ' ~ - ~ ~  The weak Ag-P interaction and the close P-0 
interaction (as in free ADPO) indicate the preference for the 
hypervalent bonding arrangement over Ag - P back-bonding. 
Also, as observed previously, ADPO does not form pnictinid- 
ene-like complexes with C P M ~ ( C O ) ~  fragments as do the heavier 
members of the ADPnO series." 

Attempts are currently under way to isolate monomeric 
ADP0[Ag+(CH,CN),I2(SbF6-), (2), and other metal complexes 
of planar ADPO. Preliminary data indicate the formation of 2 

in solution, but attempted crystallization lead to the formation 
of 1 and Ag+(CH3CN)4SbF6-. 
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The kinetics and equilibrium of interaction between vanadyl sulfate and a natural trihydroxamate-based siderophore, desferri- 
oxamine B methanesulfonate, were studied spectrophotometrically in acidic aqueous perchlorate solutions of 2.0 M ionic strength. 
The bi-, tetra-, and hexadentate-bonded complexes were formed under these conditions, and their stability constants were calculated. 
The rate constants for the formation and hydrolysis of the bi- and tetradentate complexes were estimated. The formation of the 
bidentate complex proceeds via two parallel pathways involving the hydrolyzed and unhydrolyzed vanadyl-aquo species. The 
hydrolyzed form was found to react with the siderophore ca. lo5 times faster than the unhydrolyzed form. 

Introduction 
Numerous living organisms are capable of selectively concen- 

trating various trace elements against an extreme concentration 
gradient due to the participation of low molecular weight molecules 
that are involved as the carriers. Tunicates, a certain type of sessile 
marine organism, are for example known to concentrate vanadium 
108-fold over the sea water level of ca. 0.1 ppb.] Although 
vanadium is the principal metal stored in the vanadocytes, iron 
was also found to be present as a c ~ n s t i t u e n t . ~ * ~  A possible 
common mechanism for transport and storage of these two metals 
was considered, since in human organisms the same proteins 
appear to be involved with both  metal^.^ Although during the 
last two decades the chemistry of vanadium attracted great in- 
terest, the biochemical role of this essential trace element is still 
poorly understood compared to the other first-row transition 
metals.' Its eventual better understanding, a t  least in part, 
depends on our understanding of the coordination chemistry of 
vanadium in its different oxidation states. 

In a previous communication6 we have reported on the mech- 
anism of the interaction between V02+ ion and desferrioxamine 
B in strongly acidic medium. Desferrioxamine B, NH2(CH2)5- 
(N(oH)C(o)(CH2)2C(o)N(H)tCH2)512N(oH)C(o)CH~ = 
H3DFB, is a linear trihydroxamate-based siderophore produced 
by certain microorganisms7 and besides iron(II1) also very strongly 
chelates vanadium ions.6*8,9 This siderophore is currently used 
as a drug in the treatment of patients suffering from Cooley's 

'Taken in part from 1.B.-H.'s Ph.D. Thesis. 

anemmia'O or chronic dialysis." Therefore, the obtained results 
may be of some relevance in predicting a potential disturbance 
in the vanadium balance in these patients as a consequence of the 
administration the drug. Hence, it seemed worthwhile to un- 
dertake a study of the interaction between vanadium in its 4+ 
oxidation state and desferrioxamine B, the results of which are 
presented in this report. Apart from their eventual biological 
application, the results throw some more light on the intimate 
mechanism of the substitution reactions at  the V(1V) metal ion 
center. Besides the new kinetic data on this system, our results 
also augment a previous stud? regarding the equilibrium constants 
of the system, which has been published during the preparation 
of this paper. 
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Figure 1. Electronic spectra of the equilibrated solutions of 40 pM 
VOSO, and 0.4 mM desferrioxamine B at 25 OC and 2.0 M ionic 
strength (perchlorate). The concentration of HC104 is as follows: (1) 
10 mM; (2) 1.04 mM; (3) 0.48 mM, (4) 0.2 mM; ( 5 )  80 pM; (6) 56 fiM; 
(7) 24 PM; (8) no added HCIO,; (8a) pH = 6. 

Experimental Section 
Materials. All solutions for kinetic and equilibrium studies were 

prepared in water, which was doubly distilled from alkaline per- 
manganate in an all-glass apparatus. The solutions of desferrioxamine 
B (Ciba, Desferal) were prepared by weight from the recrystallized 
methanesulfonate salt (methanol, mp 149 OC, uncorrected) and used the 
same day. The solutions of vanadyl sulfate were prepared by weight of 
the solid (Aldrich, 99.999%) kept in a vacuum desiccator over P4Olo or 
prepared by reduction of V205 (Riedel, pa) with SO2.I2 The solutions 
were standardized by potentiometric titration against KMnO,." The 
ionic strength of 2.0 mol dm-3 was maintained by the addition of NaCIO,, 
recrystallized from water, standardized by exchange on Dowex 50W-X8 
(H+) cation-exchange resin and titration with NaOH. 

Equilibrium Measuremeats. Solutions of vanadyl sulfate in Na/HClO, 
were mixed with the ligand solutions in the same medium, and absor- 
bance of the 510-nm band was recorded on a Pye Unicam 8-100 or a 
Perkin-Elmer Model Lambda-3 spectrophotometer equipped with a 
thermostated cell holder. At 25 f 0.1 OC the absorbance quickly rises 
to a maximum and then very slowly decreases due to decomposition of 
desferrioxamine B in strongly acidic solutions. Proton concentrations of 
equilibrated solutions were calculated by summing up added acid and 
protons released during complexation. 

Kinetic Measurements. Kinetic experiments were carried out on 
Durrum D-110 stopped-flow and a Perkin-Elmer Lambda-3 UV-vis 
spectrophotometers thermostated at  25 i 0.1 "C. Two types of exper- 
iments were performed. In the first, the solutions of vanadyl sulfate and 
desferrioxamine B, in the same medium, were mixed together in the 
instrument and the increase in absorbance was followed at  several dif- 
ferent wavelength. In another series of kinetic runs, equilibrated solutions 
containing vanadyl sulfate and desferrioxamine B at p[H+] 2 4 were 
mixed in the stopped-flow instrument with solutions of different acidity. 
The increase in absorbance and its eventual decrease at  510 nm were 
monitored. All the solutions were of 2.0 M ionic strength. In most of 
the runs, pseudo-first-order conditions were ensured by keeping one of 
the reactants at a much lower concentration than the others. Under these 
conditions the rate constants were therefore calculated by fitting the data 
points to the equation A, = A&-" + A,, where the A symbols have the 
usual meaning of absorbance at different times t .  When the pseudo- 
first-order conditions were not met since the total concentrations of the 
V02+ and H4DFB+ ions during the formation kinetics were equal, the 
observed forward rate constants were calculated by fitting the absorbance 
data points to the equation 

A,  = cmlm2U - exp[Wml - m 2 ) l l / h  - m~ exp[kt(m, - mAll 

where e is the apparent molar absorbance coefficient of the equilibrated 
solutions. The parameters ml and m2 represent a + 0.5K-' f (aK-' + 
0.25K-2)1/2, where a represents the initial concentration of both the va- 
nadyl ion and the ligand and K is an apparent equilibrium constant in 
each of the runs. When the hydrolysis of the produced complex was 
followed in the absence of an excess of any of the reactants, the forward 

(12) Brauer, G. Handbook of Preparative Inorganic Chemistry, 2nd ed.; 
Academic Press: New York, 1965; Vol. 2, p 1258. 

(13) Vogel, A. I. Textbook of Quantitative Inorganic Analysis, 2nd ed.; 
Longmans, Green and Co.: London-New York-Toronto, 1953; p 319. 
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Figure 2. Dependence of the absorbance at 510 nm of the equilibrated 
solutions of 50 pM VOS04 and 0.5 mM desferrioxamine B on p[H+] at 
25 OC and 2.0 M ionic strength (perchlorate). 
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Figure 3. Dependence of the apparent equilibrium constant (for defi- 
nition see the text) on p[H+]. Experimental conditions: [VOSO,] = 0.1 
mM; [desferrioxamine B] = 50-400 pM; at 25 OC; 2.0 M ionic strength 
(perchlorate); a t  510 nm. 

rate constants of the hydrolysis were calculated by fitting the absorbance 
data points to the equation A, = Ao(A, + A&)/(Ao + &E), where E 
= exp[-(Ao + A,)kr/(Ao - A ) ] .  

Other Measurements. IR spectra were recorded on a Perkin-Elmer 
M-547 grating spectrometer as KBr pellets. 

ESR spectra were recorded on a Varian E-109 spectrometer, at 77 K 
in liquid nitrogen, with diphenylpicrylhydrazyl radical (DPPH) as a g 
marker (g  = 2.0037). 

A Radiometer PHM85 pH meter was used for pH measurements in 
neutral and weakly acidic solutions. 

A nonlinear least-square curve-fitting program based on the published 
routines14 was used for all the calculations performed on a Compaq 
Deskpro 386s computer. 
Results 

Equilibrium Measurements. According to Keller et aL8 two 
different vanadyl-desferrioxamine B complexes are formed in 
acidic aqueous solutions. Figure 1 presents electronic spectra of 
the equilibrated solutions of vanadyl sulfate and desferrioxamine 
B as a function of the perchloric acid concentration, which con- 

- logIH'1 
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Figure 4. Hill's plot for the interaction of 0.1 mM VOS04 and 0.1 mM 
desferrioxamine B at 25 OC, 2.0 M ionic strength (perchlorate), and 510 
nm. 

firms those findingsS8 The first complex exhibits strong bands 
at  385 and ca. 515 nm (a broad maximum), and the other one 
has its bands shifted to the shorter wavelengths of the UV 
spectrum. Job's method of continuous variations of the metal and 
ligand concentrations revealed that a t  0.1 and 0.01 M proton 
concentrations the formed complexes are 1:l in metal to ligand 
ratio. A plot of the absorbance at 510 nm versus p[H+] exhibits 
a bell-shaped curve, as shown in Figure 2, which indicates dis- 
sociation of at least two protons during complexation. In strongly 
acidic solutions, [HC104] I 0.05 M, a plot of log Kapp versus p[H+] 
gives a straight line, as shown in Figure 3, with a calculated slope 
of 1.01 (5) (hereafter numbers in parentheses represent the single 
value of standard deviation expressed in terms of the last significant 
digits reported for the parameter). Kapp is defined as the equi- 
librium concentration of the formed complex divided by the 
product of the equilibrium concentrations of the uncomplexed 
metal ion and ligand. From the obtained slope it may be concluded 
that in the first complexation equilibrium only one proton is 
released. The number of protons released in the second equilibrium 
stage was determined from the slope of Hill's plot under the 
experimental conditions that the fraction of uncoordinated vanadyl 
ion is low enough to be neglected. Figure 4 demonstrates the 
linearity of log ( (A ,  - A ) / ( A  - A,)]  vs p[H], with a calculated 
slope of 1.00 (4). This suggests that in the second equilibrium 
one proton is released as well. 

Therefore, overall two protons per vanadyl ion are released 
during the two-stage coordination of H4DFB+. From the reported 
ligandls and vanadylI6 acid dissociation constants it can be pre- 
dicted that the uncoordinated ligand is in the fully protonated form, 
H4DFB+ (the ligand terminal amino group also being protonated), 
whereas the "uncoordinated" metal ion is mainly in the 
(H20)=,VO2+ form. The observed release of one proton in the first 
equilibrium may correspond to the formation of bi- and/or hex- 
adentate complexes described by eqs 1 and 2. The observed 

81 = KI, 
(H20)sV02+ + H4DFB' - 

(H20)3VO(H3DFB)2+ + H+ + 2 H 2 0  (1) 

(H20)sV02+ + H4DFB+ & V(HDFB)2+ + H+ + 6 H 2 0  (2) 
release of the second proton may be described by eqs 3 and 4. A 

KZ 
(H20)3VO(HjDFB)'+ 

(H20)VO(H2DFB)+ + H+ + 2 H 2 0  (3) 

V(HDFB)2+ + 2 H 2 0  e (H20)VO(H2DFB)+ + H+ (4) 

noteworthy aspect of the proposed scheme is that increasing acidity 
will favor the hexa- over the tetradentate form of the complex 
(eq 4), which is in contrast to the behavior of the majority of 
coordination complexes of transition-metal ions with monoprotic 
ligands. The reason for this is that coordination of the third 
hydroxamic acid of desferrioxamine B is accomplished by disso- 
ciation of one proton, during which the expelled oxo ligand in 
solution binds two protons. 

K3 

Table I. Equilibrium and Kinetic Parameters (Defined in Text) for 
the Desferrioxamine B-Vanadium(1V) Interaction at 25 OC and 2 M 
Ionic Strength (NaC104) 

K I  6.24 (28) X lo3 k'iKh 2.55 ( 3 5 )  SKI . .. 
. 6.60 (76) X lo3" k- ,  9.0 (23) X lo-' M-I s - l b  

8.5 (18) X lo-' M'I s-IC KII 
KI 1.87 (50) X 10 kL,  1.36 (47) X lo-' s d d  
K z  1.99 (41) X M 6.6 (25) X 1O-I s d a  

K 3  1.67 (40) X lo4 M-I k2 1.03 (12) X 10 s-I 
k ,  1.69 (14) X 10 M-! SKI k-* 5.17 (62) X lo2 M-I s-I 

"Calculated from the kinetic data, K, = (slope of Figure 6)/(slope of 
Figure 7). bCalculated from the formation data, k- ,  = k l / K , .  
CCalculated from the hydrolysis data, k- ,  = (slope of Figure 7)(1 + 
KzK3).  dCalculated from the formation data, k l ,  = k ' ,Kh/K1 .  
'Calculated from the hydrolysis data, kC, = (intercept of Figure 7)(1 

5.98 (36) X lo-' M 

+ KZK3). 

If we neglect the number of released water molecules during 
the complexation reactions, an equilibrium constant for the first 
complexation step may be written as indicated in ( S ) ,  and an 
equilibrium constant for the second complexation step may be 
written as given in (6). 

{ [ (H20)3VO(H3DFB)2+] + [ V(HDFB)2+] )[ H+] 
KI = ( 5 )  [(H20)sVOz+] [H4DFB+] 

(6) 
[(H20)VO(H2DFB)+l [H+l 

[(H20)3VO(H3DFB)2+] + [V(HDFB)'+] 4 1  = 

All the measured spectrophotometric data points were fitted 
to eqs 5 and 6 by means of the nonlinear curve-fitting procedure. 
The evaluated values of KI and KII are listed in Table I. 

The vanadyl species in reaction mixtures of lower acidity ([H+] 
< lo4 M) spontaneously oxidize in the presence of air (oxygen), 
whereas under strictly anaerobic conditions the equilibrated so- 
lutions were found to be stable. In most of the experiments the 
oxidation process was however slow enough to not interfere sig- 
nificantly with the substitution reactions at  the metal ion center. 
ESR spectra of the equilibrated reaction solutions of various 
acidities exhibit characteristic features for V4+ speciesS8 

Keller et a1.8 presented ESR evidence for the domination of 
the hexadentate over bidentate complex in the first equilibrium. 
In order to prove it, an attempt was made to isolate solid complexes 
by vacuum evaporation of the reaction mixtures a t  different 
acidities in dinitrogen atmosphere. IR spectra of the dried material 
differ from the spectra of the uncomplexed ligand and the metal 
ion exhibiting a band at  935 cm-I, which is characteristic for the 
V = O  bond in oxovanadyl comple.xe~. '~-~~ An absence of this 
band would be indicative of the hexadentate complex that should 
have all six coordination sites of the vanadium(1V) metal ion center 
occupied by the hydroxamate donor atoms. In the spectrum of 
the material isolated from the more acidic solutions (proton 
concentration 2 lV3 M), the 935-cm-' band is much weaker than 
that in the material isolated from the solutions of lower acidity. 
Therefore, the observed IR spectra confirm the model in which 
the first complexation step results in the predominant formation 
of the hexadentate complex, whereas the second step mainly 
represents a proton equilibration of the hexa- and tetradentate 
complexes. These observations are also in agreement with recently 
reported data for the vanadyl-rhodotolurate which 
electronic spectra exhibited maxima at  390 and 516 nm and were 
assigned to the hexadentate species precipitated from the solution. 

Although collected spectrophotometric data make possible a 
very accurate calculation of the equilibrium constants KI and ICIr, 
they are not sufficient for the calculation of an equilibrium 

~ ~~ ~~ ~ 

(17) Evans, J. C. Inorg. Chem. 1963, 2, 372. 
(18) Selbin, J. J.  Chem. Reu. 1965, 65, 153. Selbin, J. J .  Coord. Chem. Reu. 

1966, I ,  293. 
(19) Cooper, S. R.; Koh, Y. B.; Raymond, K. N. J .  Am. Chem. SOC. 1982, 

104, 5092. 
(20) Fisher, D. C.; Barclay-Peet, S .  J.; Balfe, C. A,; Raymond, K. N. Inorg. 

Chem. 1989, 28, 4399. 
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Figure 5. Dependence of the observed formation rate constant nn the 
ligand concentration at 25 OC, 2.0 M ionic strength (perchlorate), and 
510 nm. Conditions: [VOSO,] = 50 pM; 1.6 mM HClO, (triangles); 
16 mM HClO, (open circles); 0.16 M HCIO, (full circles); 0.8 M HClO, 
(squares). 

constant for the interconversion of the bidentate into the hexa- 
dentate complex (&/Ol), because no net proton is released during 
this interconversion. However, this equilibrium constant can be 
extracted from the kinetic data for this system (vide infra). 

Kinetic Measurements. As mentioned in the experimental 
section, two types of kinetic experiments were performed, viz., 
the formation and hydrolysis of the produced complexes. 

Figure 5 illustrates the dependence of the observed pseudo- 
first-order rate constant for, the complexation of vanadyl ion with 
desferrioxamine B on the total concentration of the H4DFB+ ion 
(essentially the same rate constants are obtained independent of 
which one of the reactants is in excess). It is evident that the 
observed rate constant depends inversely on the proton concen- 
tration and linearly on the ligand concentration. The latter 
suggests that the rate-determining step of the studied reaction 
involves the formation of the bidentate complex, since a bimo- 
lecular interaction is only expected for this step (successive for- 
maion of the tetra- and the hexadentate complexes corresponds 
to the stepwise ring closing). 

At a proton concentration lower than 0.16 M, zero intercepts 
are observed, since as predicted by the equilibrium measurements 
a t  these acidities the reverse hydrolysis reaction can then be 
completely neglected. At 0.8 M HC104, “irreversibility” of the 
reaction is not ensured and an intercept is observed as expected 
from the equilibrium measurements. 

In order to prevent the formation of any dimer in solution, a 
series of complex formation experiments were performed with the 
total concentration of the reactants as low as 5 X M. Figure 
6 demonstrates that the calculated forward rate constant multiplied 
by the proton concentration depends linearly on the proton con- 
centration for [H+] 2 0.05 M. For this proton concentration range 
weighted least-squares analysis results in a slope and intercept 
of 16.9 (14) M-I s-l and 2.55 (35) s-l, respectively. The observed 
linearity can be explained by a simple reaction model that involves 
both the hydrolyzed and unhydrolyzed vanadyl-aquo ions as 
reactants with the H4DFB+ ion (vide infra the scheme). The 
deviations a t  [H+] < 0.05 M could be due to a slight coupling 
of the first formation step with the consecutive ones, the third of 
which should exhibit an opposite proton dependence. 

Consequently, the above results require that the analogous step 
for the backward reaction, i.e. the final hydrolysis step of the 
produced vanadyl-desferrioxamine B complex, should also proceed 
through protondependent and -independent pathways. Therefore, 
a series of experiments were performed in which the equilibrated, 
equimolar solution of V02+ and H4DFB+ (in 2 M NaC104) was 
hydrolyzed against HClO, of various concentrations. Since at  
low acidity vanadium(1V) species easily undergo oxidation, vanadyl 

10 O 5  [ t i * ]  

Figure 6. Dependence of the forward rate constant for the first formation 
step multiplied by the proton concentration on the proton concentration 
of the reaction solutions. Experimental conditions: [VOSO4l0 = [des- 
ferrioxamine BIo = 50 pM; 2.0 M ionic strength (perchlorate); at 25 OC; 
510 nm. 
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Figure 7. Dependence of the rate constant of the last (slowest) hydrolysis 
step of p r o d u d  complex on the proton concentration of the reaction 
solutions. The experimental conditions are as for Figure 6. 

sulfate was mixed with H4DFB+ in a deaerated perchlorate so- 
lution a few minutes before the p H  jump was performed. The 
reaction proceeds through at  least four distinct steps, the slowest 
one being accompanied by a decrease in absorbance at  510 nm 
and obviously corresponds to the reverse step of the studied 
formation reaction. This step was well separated on the time scale, 
and Figure 7 shows a linear dependence of the calculated hy- 
drolysis rate constant (see Experimental Section for the integrated 
rate equation) on the proton concentration. A least-squares 
analysis results in a value of slope of 0.00256 (38) M-’ S-I and 
an intercept of 0.00219 (76) SI. The value of the slope for the 
forward reaction (Figure 6) divided by the slope of the reverse 
reaction (Figure 7) gives a value of 6601, which is in excellent 
agreement with the value of KI  = 6243 determined via the 
spectrophotometric titration as described above. Under the em- 
ployed experimental conditions, the second and third kinetic steps 
are much faster than the first one, and the rate expression that 
fully describes the kinetics of the first reaction step can be written 
as given in (7). The calculated values of the rate constants are 
summarized in Table I. 

The first three distinct steps of the hydrolysis process exhibit 
an increase in absorbance at  510 nm. Whereas the fastest one 
can be quite well separated, the second and third ones are to much 
coupled to be resolved. Figure 8 shows the dependence of the 
calculated rate constant of the fastest hydrolysis step on the proton 
concentration. It should be noted that the largest values of the 
observed rate constant approach the limits of the stopped-flow 
technique (the mixing-time of the instrument is approximately 
3 ms) and are therefore determined with a quite large uncertainty. 
At low acidities the relaxation amplitudes are quite small. These 
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under such conditions ferrioxamine B exists only in the bi- and 
tetra- but not in the hexadentate form. 

It is interesting to note that, although disputed, on many oc- 
casions the intravanadophoric milieu of the vanadocytes was re- 
ported to be strongly acidic, acidity being invoked only to preserve 
the V(II1) and V(1V) states from oxidation (see ref 23 and ci- 
tations therein). 

Above p[H+] - 4 in the complex that dominates the solutions 
desferrioxamine B is tetradentate bonded to the vanadyl ion 
without release of the oxo ligand, and the apparent stability 
constant of the desferrioxamine B-Fe(II1) complex (KPHE4 - loi5) 
greatly exceeds that of the vanadyl complex (KPH34 - lo'). Under 
these conditions only iron and not vanadium can form the hex- 
adentate complex. Therefore, from our results, the hitherto known 
complexes, and their stability constants, no competition of vanadyl 
with iron(II1) ions for desferrioxamine B at physiological acidities 
can be predicted. 

The obtained kinetic results for the first formation (the slowest 
hydrolysis) step at [HC104] 1 0.05 M can be accommodated by 
the two parallel path mechanism outlined in the following scheme: 

k i  
(H20)5V02+ + HdDFB' __ (H~O)~VO(HJDFB)~+ + H* + 2H20 

1500 1 
/ *  ! 
/ 

I J 

[ H * l  IM 
0.1 0.2 0.3 

Figure 8. The first (fastest) hydrolysis rate constant of the produced 
complex plotted as a function of the proton concentration. The experi- 
mental conditions are as for Figure 6. 

factors account for the deviations from linearity shown in Figure 
8. The weighted least-squares analysis applied to the data results 
in a slope of 517 (62) M-I s-I and intercept of 10.3 (12) s-l. 
On the basis of the above mentioned arguments, it is reasonable 

to assume that mixing of V02+ and H4DFB+ ions in sodium 
perchlorate ([H'] < M) yields the tetradentate VO(H2DFB)+ 
complex; hence the observed fast relaxation steps can be accom- 
modated by the simplest reaction model that includes conversions 
of VO(H2DFB)+ into VO(H3DFB)2+ and V(HDFB)2+ (depending 
on the acidity of the reaction medium, in the slowest hydrolysis 
step the bidentate complex then eventually gives the free ligand 
and V02+ ions). Since the dissociation of the oxo ligand is most 
probably a much slower process than the stepwise unwrapping 
of the hydroxamato group in the VO(H2DFB)+ complex, the 
observed rate constant of the fastest hydrolysis step may be de- 
scribed in the simplest way by eq 8, where k-2 represents the rate 

constant for the hydrolysis of (H20)VO(H2DFB)+ into 
(H20)3VO(H3DFB)2+ and k2 is its reverse. The ratio k2/k-2 gives 
a value for the equilibrium constant K2 defined by eq 3. If this 
equilibrium constant is combined with K,, from Table I, the value 
of K3 = KIi' - K2-l can also be calculated. Once K2 and K3 are 
known, these can be used to calculate K1 = K I / (  1 + K2K3).  The 
calculated values of all of these constants are listed in Table I. 
Discussion 

Our equilibrium measurements on the V02+-H4DFB+ system 
reveal high stability of the produced complexes. It is comparable 
to the stability of the complexes that this ligand forms with Fe- 
(III),21s22 Le. with the metal for which transport the siderophore 
is naturally produced. In strongly acidic media the stability of 
vanadyl complexes even exceeds the stability of the ferric com- 
plexes as a consequence of two facts: (i) In aqueous solutions 
under all conditions the hexadentate-bonded desferrioxamine 
B-vanadium(1V) complex is far more stable than the bidentate 
vanadyl complex (p3/& = K2K3 = 333). (ii) The oxo group of 
the vanadyl s p i e s  on substitution by the ligand binds two protons 
to form a water molecule. Since this process is favored by high 
acidity, the hexadentate complex, from which the oxo ligand is 
expelled, also dominates over the tetradentate complex in acidic 
solutions. This in turn makes the vanadium ions competitive with 
iron( 111) for desferrioxamine B in strongly acidic solutions, since 

~ ~~ 

(21) Monzyk, B.; Crumbliss, A. L. J .  Am. Chem. SOC. 1982, 104, 4921. 
(22) Bird, M.; BradiC, Z.; KrznariC, G.; KujundiiC, N.; PribaniC, M.; 

Wilkins, P. C.; Wilkins, R. G. Inorg. Chem. 1987, 26, 1000. 

k-i 

K1 

K-1 

Knl I+.* 
(H20)4(OH)VO+ + HJDFB' (H20)2(OH)VO(H,DFB)' + H' + 2H20 

From the values in Table I, assuming Kh = 1.1 X 10-6,24 a rather 
high ratio of k',/k, - lo5 can be calculated. This is 2 orders 
of magnitude larger than the one obtained for the analogous 
pathways of iron(III)22 and 10 times larger than that for alu- 
m i n ~ m ( I I 1 ) ~ ~  ions. For the latter two metal ions the effect was 
explained in terms of the reduction of the positive charge on the 
metal ions and the labilization of the coordinated water molecules 
by the hydroxo ligand. An equatorial water molecule that must 
be expelled from the vanadyl ion in order to coordinate a bidentate 
ligand, such as an hydroxamato group of the H4DFB+ ion, ex- 
changes with a rate constant of ca. 500 and its exchange 
rate must also be increased by such a labilization effect. However, 
it was suggested2' that the labilizing effect of the hydroxo group 
on the water molecule of the vanadyl ion should not exceed the 
effect observed for iron(II1) and aluminum(II1) ions, which are 
3+ charged species, whereas the vanadyl ion experiences less 
positive charge.28 A plausible explanation of this effect can 
therefore not be based on this simple model. 

For the chelation of iron(II1) by hydroxamates, Crumbliss and 
c o - ~ o r k e r s ~ ~  proposed formation of a hydrogen bond between the 
ligand and the solvated metal ions. This can also be applied to 
the vanadyl ion with the oxo and hydroxo ligands in a cis position. 
The strongly polar complex should be able to donate its electron 
density toward the proton of the terminal ammonium or the 
hydroxamato group of the H4DFB+ ion. 

An alternative explanation can be based on the model given 
by Johnson and Murmam30 They studied the kinetics of the 
exchange of the vanadyl oxo ligand in water and obtained an 
analogous ratio of k']/k1 = 6 X lo4. The authors explained their 
results by proposing a low-energy pathway in which the oxo and 
hydroxo ligands mutually interconvert through an oxygen 
equivalence in the activated state. This model is also applicable 
in our case, since this effect could modify the equatorial water 
molecules into those more similar to the axial one. This should 

(23) Frank, P.; Carlson, R. M. K.; Hodgson, K. 0. Inorg. Chem. 1986,25, 
A7n . . -. 
Kh at 25 'C and 2.0 M ionic strength was calculated using the ex- 
pression given in: Baes, C.; Mesmer, P. Hydrolysis ojCurions; Wiley: 
New York, 1967. 
Garrison, J. M.; Crumbliss, A. L. Inorg. Chim. Acta 1987, 138, 61. 
Wuthrich, K.; Connick, R. K. Inorg. Chem. 1975, 14, 2895. 
Che, T. M.; Kustin, K. Inorg. Chem. 1980, 19, 2275. 
Ballhausen, C. J.; Gray, H. B. Inorg. Chem. 1962, 1,  1 1 1 .  
Monzyk, B.; Crumbliss, A. L. J .  Am. Chem. SOC. 1979, 101, 6203. 
Brink, C. P.; Crumbliss, A. L. Inorg. Chem. 1984, 23, 4708. 
Johnson, M. D.; Murmann, R. K. Inorg. Chem. 1983, 22, 1068. 
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make the exchange rate about 105-108 times faster, since the axial 
water molecule exchanges with a rate constant of - 108 s-1.26 The 
fact that both (H20)4(0H)VO+ and (H20)4V02+6 react with 
H4DFB+ with approximately equal rate constants (1 X lo5 M-I 
s-l and 2.3 X lo5 M-' s-', respectively) makes this model more 
attractive than the one involving formation of hydrogen bonds. 

It is generally accepted that the inner-sphere substitution re- 
actions proceed via a mechanism in which the formation of an 
outer-sphere complex precedes the rate-determining step. The 
formation rate constant is defined as kf  = kexKoul, where k,, and 
KO,, are the water-exchange rate constant and the outer-sphere 
complex stability constant, respectively. KO,, can be calculated 
according to the Eigen-Fuoss equation3' for (2+,1+) interaction. 
However, H4DFB+ is a large and nonspherical ion, making an 
estimation of the closest approach of the reacting species very 
uncertain and the calculated value of K,, unreliable. On the other 
hand, KWt for the Fe(H20)50H2tH4DFB+ outer-sphere complex 
can be calculated easily as kf /k , ,  = 3.6 X 103/l.2 X lo5 = 3 X 

M-1.22,32 Since the hydroxoiron(II1) and vanadyl ions are 
equally charged, their outer-sphere stability constants should not 
differ significantly. Therefore, this value of KO,, and kl  given in 
Table I can be used for calculation of water-exchange rate con- 
stants of vanadyl ion, which then can be compared to the ex- 
perimental value. The calculated value of k,, = kl/K0,,  = 563 
s-I favorably compares to the experimental k,, = 500 This 
suggests that the substitution of a water molecule by H4DFB+ 
on these two metal ions follows the same dissociative mechanism 

(31) Eigen, M. 2. Phys. Chem. (Frankfurt) 1954, I ,  176. Fuoss, R. M. J .  
Am. Chem. SOC. 1958,80, 5059. 

(32) Swadle, T. W.; Merbach, A. E. Inorg. Chem. 1981, 20, 4212. 

because their rates appears to be dominated by the water exchange. 
Unfortunately, a lack of relevant data for the water exchange on 
(H20)4VO(OH)+ makes a similar analysis for this ion impossible. 

Che and Kustin2' reported a much smaller effect of the hydroxo 
ligand for the complex formation kinetics of vanadyl ion with a 
series of bidentate ligands than what we observed for H4DFB+. 
However, it should be noted that the experimental conditions used 
in these two studies are very different (they worked at pH ranging 
from 3 to 4.5 but a t  much higher vanadyl concentrations where 
dimerization of vanadyl ion cannot be excluded). 

The kinetic steps that follow the initial formation of the bi- 
dentate complex are faster and were studied only for the hydrolysis 
of the produced complex. The fastest and kinetically well-resolved 
step was attributed to the formation of the bidentate complex by 
the hydrolysis of the tetradentate complex. Even though it is 
dangerous to compare the kinetics of the asymmetric vanadyl ion 
with the kinetics of the symmetric Fe(II1) ion, the obtained values 
of the hydrolysis rate constants of the tetradentate-bound com- 
plexes of these two metal ions confirm that the assignment of the 
kinetic step is reasonable. The unwrapping of the fem tetradentate 
complex appears to be ca. 50 times slower than that of the 
analogous vanadyl complex. This is qualitatively what one may 
expect considering the effect of the coordinated oxo group on the 
charge of the central metal ion and in turn on the kinetic stability 
of its desferrioxamine B complex. 
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Influence of the Distal Para Substituent through NH- - -S Hydrogen Bonds on the 
Positive Shift of the Reduction Potentials of [Fe4S4(Z-cys-Gly-NHC6H4-p -X),I2- (X = 
H, OMe, F, C1, CN) Complexes 
Ryotaro Ohno, Norikazu Ueyama, and  Akira Nakamura*  

Received February 5, 1991 
[Fe4S4(Z-cys-Gly-NHC6H4-p-X)4]2- (X = H, OMe, F, C1, CN) complexes were prepared as models of P. aerogenes ferredoxin, 
whose redox potential is controlled by NH- - -S hydrogen bonds. Their reduction potentials became more positive in CH2C12 at 
298 K as the electron-withdrawing tendency of the substituent increased. The most positive potential was observed at -0.80 V 
vs SCE for the 3-/2- couple of [Fe4S4(Z-cys-Gly-NHC6H4-p-CN)4].z- (l), in which all of the amide NH of an anilide residue 
participated in intramolecular NH- - - S  hydrogen bonds probably with a cysteinyl sulfur atom. The reduction potential of 1 
controlled by the electronic property of its ligand was -1.13 V vs SCE. 

Introduction 
Ferredoxins have the function of electron transfer and are 

characterized by a cluster consisting of four iron atoms coordinated 
by four inorganic sulfide ions and thiolate groups of cysteine 
residues.l One important aspect of ferredoxin research has been 
the elucidation of controlling factors of the reduction potential. 

Holm and his co-workers have extensively investigated the 
reduction potentials of (Fe4S4)2+ ferredoxin model complexes with 
alkane- and arenethiolato ligands and found that not only the 
dielectric constant of a s o l ~ e n t ~ * ~  but also the electronic property 
of a ligand3 exerted influences on the reduction potentials of 

( I )  Berg, J.  M.; Holm, R. H. Iron-Sulfur Proteins. In Metal Ions in 
Biology; Spiro, T. G., Ed.; Wiley-Interscience: New York, 1982; Vol. 
4, p 1. 

(2) Hill, C. L.; Renaud, J.;  Holm, R. H.; Mortenson, L. E. J .  Am. Chem. 
Soc. 1977, 99, 2549. 

(3) DePamphilis, B. V.; Averill, B. A.; Herskovitz, T.; Que, L., Jr.; Holm, 
R. H. J .  Am. Chem. SOC. 1974, 96, 4159. 

(Fe.,S4)2+ complexes. However, reduction potentials of their model 
complexes were far more negative than those of native ferredoxins.' 
On the other hand, it has been proposed that NH- - -S hydrogen 

bonds are the major mechanism of influence of a polypeptide on 
reduction potentials of ferredoxins as evidenced by the X-ray 
analysis of P. aerogenes ferredoxin! Actually, we experimentally 
verified the influence of NH- - -S hydrogen bonds on the reduction 
potential using ferredoxin model complexes with tripeptide ligands 
containing a sequence Cys-Gly-Ala, which was characteristic of 
P. aerogenes fe r red~xin .~  Reduction potentials of [Fe4S,(Z- 
~ys-Gly-Ala-OMe)~] 2- (Z = benzyloxycarbonyl) and [ Fe4S4(Z- 
~ys-Gly-Ala-cys-OMe)~]~- shifted positively in CH2C12 a t  low 
temperature, where NH- - -S hydrogen bonds from N H  of the Ala 

(4) Carter, C. W. J .  Bioi. Chem. 1977, 252, 7802. 
(5) (a) Ueyama, N.; Terakawa, T.; Nakata, M.; Nakamura, A. J .  Am. 

Chem. Soc. 1983,105,7098. (b) Ueyama, N.; Kajiwara, A.; Terakawa, 
T.; Ueno, T.; Nakamura, A. Inorg. Chem. 1985, 24, 4700. 

(6) Small letter cys represents Cys residue coordinating to Fe ion. 
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