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T ~ C I & H ~ C ( C H ~ A S M ~ ~ ) ~  and the tungsten complex shows that all of 
the peaks in the former, including that due to C-CHs, lie at 0.13-0.4 
ppm to lower field than those in the latter. It should be noted that the 
C-CH3 and uncomplexed -AsCH2- resonances for the tungsten complex 

(and for R ~ ( C O ) ~ C H ~ C ( C H ~ A S M ~ ~ ) ~ C I ,  in which the ligand is bidentate) 
have been misassigned in the original p~blication.~' 

(37) R. S. Nyholm, M. R. Snow, and M. H. B. Stiddard, J .  Chem. SOC., 6564 
(1965). 
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Second-order rate constants k2 have been measured for the reactions by which various chromous complexes, Cr"L, are 
oxidized to corresponding chromic complexes, Cr"'L, by Cr(NH3)5C12+ acting as oxidant. Reversible reduction potentials, 
6 O ,  of the Cr"'L complexes have also been studied. At 25 OC, in 1 M NaC104, values of k2, M-' s-' (-6' V vs. SCE), 
for various ligands L are as follows: EDDaDp, 7.1 X lo4 (1.42); EDTA, 1.2 X lo3 (1.23); HEDA, 3.4 X lo3 (i.22); MIDA, 
3.15 (0.82). These data and previously measured values for L = HzO follow the linear free energy relationship A log k2 
= 0.48A6'. There is firm evidence that the reactions of the aquo ion and the MIDA complex follow the inner-sphere 
electron-transfer mechanism and the same mechanism is probable for the other reactions. The enthalpies of activation 
(kJ mol-') for the EDTA and EDDaDp reactions are 54 and 32. Entropies of activation (J deg-' mol-') for the same 
reactions are -6 and -44. These results are interpreted in terms of rate-determining electron transfer in a binuclear intermediate. 

Introduction 
Reversible electrode potentials (SO) for Fe(II1)-Fe(I1) 

couples vary over a wide range, depending on the nature of 
the ligands coordinated to iron. In particular, the series of 
tris(orthophenanthro1ine) complexes' (with various substituents 
on the ligand rings) has been used a number of years ago to 
demonstrate that simple outer-sphere electron-transfer 
reactions2 and also more complex reactions, probably initiated 
by outer-sphere electron t r an~fe r ,~  follow linear free energy 
relationships. For such reactions, changes in free energy of 
activation directly parallel changes in overall free energy of 
reaction, measured by changes in the reduction potential of 
the Fe(II1) complexes involved. This result is consistent with 
Marcus' theory" as well as with less elaborate rationalizations5. 

The effectiveness of changes in ligands on Co(II1) complexes 
in causing changes in rate of reaction depends on the reducing 
agent, being large for Fe(I1)-Co(II1) reactions6 but small for 
C~(II)-CO(III)~ reactions. Guenther and Lincks demonstrated 
that linear free energy relationships existed between log rates 
of reduction of a series of common oxidants, by Fe2+ on the 
one hand and either Ru(NH&j2+ or V2+ on the other hand. 
The order of sensitivity to changes in the nonbridging ligands 
on Co(1II) was Fe2+ > Ru(NH&j2+ > V2+. The authors 
interpreted this order on the basis that lower reducing power 
(Fe2+) corresponds to a transition state which more closely 
resembles the reactants but that more powerful reductants (as 
V2+) give rise to a transition state more like the products. This 
version of the maxim "the more reactive, the less selective" 
has also been expressed in a more formal way.g 

Shortly after the elucidation of the inner-sphere 
electron-transfer mechanism, Taubelo suggested that reactions 
following this mechanism should follow linear free energy 
relationships. Characteristics which favor the bridged 
electron-transfer mechanism are not conducive to measurement 
of free energy data. Bustin and Earley" studied polarographic 
reductions of various chromium(II1)-amino acid complexes 
and demonstrated that these Cr(II1)-Cr(I1) systems covered 
a wide range of potentials. Using these data, .Earley12 
summarized evidence13 that Cr(II)-Cr(III) electron-transfer 
reactions (involving OH- as bridging ligand) followed a linear 

free energy relationship over many orders of magnitude. We 
now present more detailed results of a related study of 
Cr(II)-Cr(III) electron transfers, in this case involving chloride 
ion as bridging group. 
Experimental Section 

Materials. The compound [Cr(NH3)5Cl]Clz was prepared ac- 
cording to the method of S~h1essinger.l~ The perchlorate salt was 
precipitated from solutions of the chloride by slow addition of a solution 
of perchloric acid and cooling. The precipitate was washed with 
ice-cold water, ethanol, and ether and was air-dried. The complex 
was stored in the dark to prevent photochemical decomposition. The 
visible and ultraviolet absorption spectra of the complex showed 
maxima at X 513 (e 35.6) and 376 nm (e 36.8 M-' cm-') in good 
agreement with published data.I5 

Deionized water that had been doubly distilled through a quartz 
apparatus was used throughout. Sodium perchlorate was prepared 
by neutralization of analytical grade HC104 with Na2C03 and was 
recrystallized twice from distilled water. Stock solutions of chro- 
mium(I1) perchlorate were obtained by allowing excess Cr metal 
(99.999%) to react with HC104 for about 1 week. The resultant 
solution, after filtration from the excess Cr metal, showed a pH of 
-3. It was standardized by oxidation with potassium dichromate, 
the excess chromium(V1) being determined iodometrically. "Analyzed 
reagent" disodium ethylenediaminetetraamtate dihydrate (J. T. Baker), 
recrystallized from ethanol-water mixtures, was used as the source 
of the ligand EDTA. Standard solutions were made up by weight. 
N-(2-Hydroxyethyl)ethylenediaminetriacetic acid (HEDTA) and 
N-methyliminodiacetic acid (MIDA) obtained from the Aldrich 
Chemical Co. (99%) were twice recrystallized from water and 
standardized by pH titration. The ligand ethylenediamine-N,N'- 
diacetic-NJV-di-3-propionic acid (EDDaDp) (LaMont Laboratories) 
was further purified prior to use by treating weighed aliquots of the 
acid with 2 equiv of NaOH to effect solution, followed by the addition 
of HC104 to precipitate the free acid. The solid obtained, after drying 
in air, analyzed as the trihydrate C12H200gNr3H20. Anal. Calcd: 
C ,  38.5; H, 6.95; N,  7.49. Found: C, 38.0; H,  7.06; N,  7.23. It 
underwent a 14.6% loss in weight ( e 3  H2O) on heating at 110 O C  
for 1 h. A further check on the ligand EDDaDp was obtained from 
its pH titration in 0.1 M KC1 solution. Titration data in good 
agreement with those reported earlier by Chaberek and Martell16 were 
obtained. 

Kinetic Measurements. Many of the rate constant determinations 
were made using a Durrum stopped-flow instrument with a 2-cm 
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optical path, coupled to a Biomation transient recorder and a 
Hewlett-Packard X-Y recorder with time base. Slower rate mea- 
surements involving the reductants CrIIMIDA and Cr(HzO)62f were 
obtained on a Gilford 240 spectrophotmeter equipped with a ther- 
mostated 10-cm cell compartment and a fast-scanning recorder. The 
reactions were followed by monitoring the increase in absorbance at 
or near the wavelength of maximum absorbance of the Cr"'L product 
(A 540-560 nm). In some cases, a continuing small increase in 
absorbance, following the main absorbance change due to the formation 
of CrlIIL, was noted. This latter change, which was attributed to the 
reduction of water by the strongly reducing Cr"L species, did not 
seriously affect the kinetic measurements being made. ' Pseudo- 
first-order rate constants calculated by the Guggenheim method" 
were always found to be linear to at least 2 and usually 3-4 half-times. 

All kinetic measurements were made with excess ligand as buffer 
using sodium perchlorate to maintain the ionic strength at 1.0 M. In 
a typical experiment, a mixture of Cr(NH&CI2+, ligand, and sodium 
perchlorate was adjusted to the appropriate pH with sodium hydroxide. 
For slower reactions, this solution was introduced into a two-necked 
10-cm optical absorption cell in the thermostated cell compartment 
of the Gilford spectrophotometer. After deoxygenation of the solution 
with 02-free nitrogen, the reaction was initiated by injection of 
thermostated chromium(I1) perchlorate. In experiments requiring 
the stopped-flow method, the buffered solution was mixed with a 
chromium(I1) solution which had also been adjusted to an ionic 
strength of 1.0 M with NaC104. It was established in separate 
experiments that the pH of the medium was not significantly affected 
by the addition of the chromium(I1) solution. 

Potential Measurements. Cyclic voltammetric measurements were 
made using a three-electrode polarographic cell and standard op- 
erational amplifiers adapted from the instrumentation described 
elsewhere. l8 Potentials were obtained mostly using a commercially 
available (Brinkman Instruments, Inc.) hanging mercury drop 
electrode. Some difficulty was encountered with this method in 
measurements involving ethy1enediamine-N,N1-diacetic-N,Wdi- 
propionic acid as ligand. The solution appeared to exhibit a detergency 
effect causing loss of adhesion by the drop. For this reason, mea- 
surements were also made using a dropping mercury electrode with 
a slow flow rate maintained by a small Hg column. No differences 
were noted in the potentials obtained by the two methods. Potentials 
were measured with respect to a calomel electrode saturated with 
NaCl, which has a potential 5 mV more negative than the SCE, but 
are reported with respect to the latter. Voltammograms were recorded 
on a storage oscilloscope at  3-4 V/s, the voltage calibration being 
made with an NLS digital voltmeter. 

In a particular measurement, a solution containing the appropriate 
ligand and sodium perchlorate concentrations adjusted to the required 
pH with NaOH was deoxygenated in the polarographic cell. The 
chromium(II)-chelate complex was then generated by addition of 
chromium(I1) perchlorate from a calibrated syringe, and the potential 
measurements were made on the fresh chromium(I1)-ligand solution. 
Results 

Table I summarizes kinetic data obtained for reactions of 
the CrILEDTA, Cr"-HEDTA, and Cr'LEDDaDp complexes 
with Cr(NH3)5C12+ between pH 3.3 and 6.1. The reaction 
followed in each case is in effect the Cr2+-catalyzed conversion 
of Cr(NH3)5C12+ to the corresponding chromium(II1) chelate 
complex, as in eq 1 and 2. Spectra of the final reaction 

(1) 
CI(NH,),CI~+ + CrIIL2-n -, C I I I I L ~ - ~  + Crz+ + SNH, + CI- (2) 

products showed maxima at  X 544 and 392 nm for the 
Cr"'-EDTA complex and at X 545 and 388 nm for the 
Cr"'-HEDTA complex in agreement with published data for 
the quin uadentate species Cr(H20)EDTA- and Cr(H20)- 
HEDTAy.11.'9 The nature of the chelate complex formed with 
the ethylenediamine-N,N'-diacetic-N,N'-dipropionic acid 
ligand is less well established. A spectrum with A,, 397 and 
547 nm was recorded for this complex. With such strongly 
chelating ligands, it is expected that the chromium(I1) present 
during the reaction will be entirely in the complexed form 
under the experimental conditions employed. The calculated 

crz+ + ~ n -  f ~ ~ 1 I ~ z - n  
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Table I. Kinetic Data for the Reaction of Cr(NH,),Cl*+ with 
CrlIL at 1.0 M Ionic Strength (NaClO,)= 

50 
50 
50 
25 
50 
50 
50 
50 
50 

50 
50 
50 
50 

43.6 
43.6 
34.2 
34.2 
34.2 
41.1 
41.1 
41.1 
41.1 

1.03 
1.03 
1.03 
1.03 
2.06 
1.02 
1.02 
1.02 
1.02 

1.04 
1.04 
1.04 
1.04 

0.933 
0.933 
0.933 
0.933 
0.933 
1.20 
1.20 
1.20 
1.20 

(a) L = EDTA 
5.6 25.0 1.21 
3.3 25.0 1.41 
4.5 25.0 1.28 
4.5 25.0 1.15 
4.5 25.0 2.63 
4.2 25.0 1.18 
4.2 32.2 1.69 
4.2 15.0 0.468 
4.2 1.0 0.265 

4.4 25.0 3.56 
5.2 25.0 3.50 
5.1 25.0 3.62 
3.4 25.0 3.08 

6.1 25.0 62.1 
4.4 25.0 14.1 
4.5 25.0 12.1 
5.7 25.0 51.5 
5.7 25.0 50.4 
5.7 25.0 18.5 
5.7 34.5 135.1 
5.7 15.8 51.6 
5.7 6.4 34.5 

(b) L = HEDTA 

(c) L = EDDaDp 

1.23 
1.43 
1.24 
1.12 
1.29 
1.15 
1.64 
0.451 
0.259 

3.42 
3.31 
3.48 
2.96 

66.6 
80.1 
17.9 
55.2 
54.0 
65.4 

48.0 
28.8 

113 

a [Cr(NH,),CIZ+] = (1.4-1.6) X lo-' M. 

second-order rate constants, k2 = kobsd(s-l)/ [Cr(II)]a are seen 
to be independent of both ligand concentration and pH, 
consistent with this expectation. The data also establish a 
first-order dependence on [Cr(II)] and [Cr(NH3)sCl2+] 
indicating a rate expression 

d[CrlIIL]/dt = k2 [Cr(NH3)5C12+] [CPL]  (3) 

The specific rate constants obtained with Cr"EDTA, Cr"- 
HEDTA, and CrI'EDDaDp as reductants were (1.24 f 0.08) 
X lo3 M-ls-', (3.42 f 0.17) X lo3 M - ' d  , a nd (7.12 f 0.85) 
X lo4 M-' s-', respectively, at 25.0 OC. Rate measurements 
were also made at temperatures other than 25 OC with two 
of the complexes, and activation parameters were calculated 
from plots of log (k2 T) vs. 1/T. The values of the parameters 

f 23.4 J deg-' mol-' for Cr"EDTA and AI? = 32.2 f 4.6 
kJ mol-' and AS* = -43.5 f 15.9 J deg-' mol-' for Cr"- 

Ogino and Tana 'L 2o have previously determined a value of 
EDDaDp. 

2 X lo3 M-' s-' for the rate of electron transfer between 
Cr(NH3)sCl2+ and the ethylenediaminetetraacetato- 
chromium(I1) complex at 25.0 OC. They reported activation 
parameters A P  = 38.1 f 4.2 kJ mol-' and AS* = -54 f 13 
J deg-l mol-' for the same reaction, though details of the rate 
constants at temperatures other than 25 OC are not provided. 
Though there is some discrepancy between their activation 
parameters and those determined in this work, we suggest that 
this is possibly due to limitations imposed in the measurement 
of such a rapid reaction with their experimental method. The 
mixing of reactants directly in an optical cell and the recording 
of absorbance changes within 5 s of mixing are expected to 
result in lack of precision in their data compared to mea- 
surements made in this work by the stopped-flow method 
(mixing time of a few milliseconds). 

Kinetic data were also obtained for the reduction of Cr- 
(NH3)5C12+ by the chromium(I1)-N-methyliminodiacetic 
acid2' complex, Cr(MIDA)(H30)3 (Table 11). Rate mea- 
surements in this case were made at  pH 2.5 to avoid the 
formation of higher bis complexes which are known to exist.22 
Under these conditions, only a fraction of the total chromi- 

so obtained are AIA = 54.0 f 11.3 kJ mol-' and aS* = -5.9 
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Table 11. Kinetic Data for the Reaction of Cr(NH,),Clz' with 
Cr(MIDA)(H,O), at 25.0" and 1.0 M Ionic Strength (NaClO,)' 

0.029 2.00 1.89 0.154 8.55 8.07 
0.050 3.32 3.13 0.175 9.17 8.65 
0.080 5.67 5.35 0.200 10.3 9.65 
0.100 6.42 6.06 0.250 11.3 10.7 
0.120 6.22 5.87 0.269 11.5 10.9 
0.150 7.27 6.86 

a [C~(II)]T = 1.06 X 10- M; [Cr(NH,),CF] = 8.7 X to 
1.54 X M; PH 2.5. k:' =kobsd/[Cr(II)]T. 

um(I1) was present in the complexed form and the measured 
pseudo-first-order rate constants showed a dependence on the 
ligand concentration of the form k = a[L]/(b + [L]). The 
observed rates are sufficiently high that contribution due to 
reduction of Cr(II1) by uncomplexed Cr2+ is negligible. 

Under the experimental conditions employed, where the total 
chromium(I1) is distributed between complexed and un- 
complexed forms and where the N-methyliminodiacetic acid 
is present as a mixture of protonated, unprotonated, and 
coordinated ligand, the relationships 

(4) 

can be shown to hold, where K is the chelate formation 
constant for the reaction 

crZt + L'- *CrIIL (6) 

K1 and K2 are the two acid dissociation constants for 
N-methyliminodiacetic acid,23 and [Cr(11)]~ and [LIT rep- 
resent the total analytical concentration of chromium(I1) and 
ligand present during the reaction. 

If the reduction is carried wholly by the chelated chro- 
mium(I1) species Cr(MIDA)(H20)3 according to the rate 
expression given in eq 3, provided [LIT >> [Cr'IL], elimi- 
nation of [L2-] and [Cr"L] from eq 3-5 leads to the expression 

(7) 

where k2' ( = k o ~ ( s - l ) /  [Cr(11)]~) is the apparent second-order 
rate constant. 

A test of this relation can be made in a plot of l/k2' vs. 
1/[L]T which should be a straight line having l /k  as intercept 
and {g+F+l  - 1 1 Kk2 

as slope. Treatment of the data in this manner, shown in 
Figure 1, leads to the values of k2 = 3.15 M-' s-l and K = 
1.84 X lo7 M-l, using K1 = and K2 = 10-9.3. The value 
of K, derived from this treatment, is in line with values reported 
for the complexation of other first-row divalent transition metal 
ions by the same ligand.23 Visible spectra recorded on a Cary 
14 spectrophotometer at the end of the reaction with MIDA 
as ligand were not consistent with Cr(MIDA)(H20)3+ as the 
chromium(II1) product. Hamm and Weyh22 reported a 
spectrum for this complex with maxima at 393 (t 48) and 553 
nm (e 60 M-' cm-'). The immediate product of our reaction 
showed absorption bands shifted appreciably toward higher 
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-I - 1  
[MI DA]  M. 

Figure 1. Plot of the reciprocal of the apparent second-order rate 
constant k,' against [MIDAJ-' showing conformity to eq 7. 

wavelengths: A,,, 405 (t 53) and 565 nm (t 63). The 
spectrum obtained from product solutions left to stand 
overnight, however, resembled that of Cr(MIDA)(H20)3+ 
quite closely with A,,, 395 (t 47) and 554 nm (E 59). Ex- 
periments were also carried out to monitor the release of C1- 
into solution during the reaction. The turbidity resulting on 
addition of Ag+ to quenched reaction solutions at various times 
( t  < t1p) was compared to the turbidity obtained with 
standard C1- solutions under similar conditions. The rate of 
C1- buildup was found to be slower than the rate of reduction 
of Cr(NH3)5C12+. At reaction times t1/4-t1/3 the free chloride 
ion in solution was only 25-40% of that expected for an 
outer-sphere reaction 

Cr(NH,),CIZ+ + CrIIMIDA -+. CrzC + CrII'MIDA + C1- + 5NH3 

though at the end of the reaction near-quantitative release of 
C1- was found. 

The rate of electron transfer between Cr(NH3)5C12+ and 
Cr2+ in the absence of complexing ligands has also been 
measured. An average value of k2 = 4.95 X lo-* M-' s-l, 
independent of acidity, was obtained from three experiments 
at 25.0 OC and 1.0 M ionic strength, in good agreement with 
the value of 5.0 X M-' s-l reported by Ogard and 
T a ~ b e . ~ ~  

Formal redox potentials for the Cr"L4r"'L couples, where 
L = EDTA, EDDaDp, and MIDA, were determined by cyclic 
voltammetry using both hanging mercury drop and dropping 
mercury electrode methods. Measurements were made in the 
presence of excess ligand at an ionic strength of 1.0 M 
maintained with NaC104 as in the kinetic experiments. For 
the Cr"-EDTA complex, the reversible voltammogram re- 
corded at pH 5.9 was in agreement with earlier 
Reversible voltammograms were also recorded for the 
chromium( 11)-ethylenediamine-N-N'-diacetic-N,N'-di- 
propionic acid system, though the respective anodic and ca- 
thodic peaks in this case were found at more negative potentials 
than was the case for the EDTA complex. In light of this 
unexpected result, measurements were made at several pH 
values and with variation in the excess ligand concentration. 
From six such measurements (Table 111) between pH 4.1 and 
5.4, which showed no systematic trend, an average value of 
6 O  of -1.424 f 0.017 V was obtained. The formal potential 
was obtained from the average of the anodic and cathodic 
peaks, which showed a separation of some 76 f 4 mV in the 
six determinations made. Though at the very negative po- 
tentials involved the cathodic peak was found close to the 
hydrogen wave with which it merged, the two were always 
sufficiently separated for measurement of the cathodic peak 
potential to be possible. 

In the N-methyliminodiacetic acid case, a different approach 
was adopted since it was not possible to work with the 
chromium(I1) entirely in the complexed form. The cyclic 
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Table 111. Data on the Formal Potentiala of the 
Cr"EDDaDpCr"IEDDaDp Couple at p = 1.0 M and 22 'C 

._ 

I- z 
w 
K 
a , '  
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Figure 3. Dependence of the aflodic CrIIMIDA peak potential on 
[MIDA]T at pH 2.5, [chromium(II)]~ = 4 X 
ionic strength. 

Table IV. Summary of Data on the Reaction of Cr(NH,),Cl'+ 
with Cr"L Reductants 

M, and 1 .O M 

- 8' [c~IIL-c~"'LI , 
L k , ,  M-' s" V vs. SCE 

EDDaDp 7.12 x 10, 1.424a 
EDTA 1 . 2 4 ~  103 1.227b 
HEDTA 3.42 x 103 1.22c 
MIDA 3.15 0.81gd 
H2O 4.95 x l o +  0.656e 

a This work at 22 f 1 "C and p = 1.0 M (NaClO,). At 20 "C 
and p = 0.10 M (KCl): R. L. Pecsok, L. D. Shields, and W. P. 
Schaefer,Zmrg. Chem., 3,114 (1964). A value of -1.20 V was 
obtained in this work by cyclic voltammetry at 22 "C and p = 1.0 
M (NaC10,). At 22 "C and p = 0.2 M (NaC10,): D. I. Bustin 
and J. E. Earley,J. Am. Chem. SOC., 89,1818 (1967). This 
work at 22 OC, p = 1.0 M (NaClO,), and pH 2.5. e At 19 "C: G. 
Grube and A. Breitinger,Z. Elektrochem., 33, 112 (1927). 

stabilization of the oxidized form through chelation in the case 
of EDDaDp. 

In the chromium(II1) complex Cr(EDTA)(HZO)-, EDTA 
behaves as a quinquedentate chelating ligand, and its inability 
to achieve closure of the fifth chelate ring (compared to 
Co(EDTA)- in which it is hexadentate) has been attributed 
both to the larger size of chromium(II1) ion25 and to the 
different repulsions between the t2g electrons of the ions and 
the methylene group of the ring in the two cases.I9 

With EDDaDp as ligand the ability of the larger propionate 
group to form six-membered rings should enable the CrlI1- 
EDDaDp complex to avoid the strain present in the corre- 
sponding EDTA complex. Consistent with this, Douglas and 
Radanovic26 have recently reported the preparation of a 
Cr"'-EDDaDp complex in which EDDaDp acts as a hexa- 
dentate ligand. They have characterized the complex through 
its infrared, electronic absorption, and CD spectra and have 
shown that of three possible geometrical isomers, the trans ( 0 5 )  
isomer with two six-membered rings in the plane of the di- 
amine ring is formed preferentially. This isomer is preferred 
since it avoids the strain associated with five-membered 
glycinate rings in the "equatorial" girdle plane. Bond length 
and bond angle dataz7 have shown that even in the hexadentate 
Co(EDTA)- complex the five-membered glycinate rings in the 
girdle plane are considerably more strained than the two 
glycinate rings bonded in the "axial" positions. Greater 
stabilization of the chromium(II1) ion in Cr(EDDaDp)- 
through increased chelation, compared to the corresponding 
EDTA complex, is consistent with the greater reducing power 
of Cr"EDDaDp noted in this study. 

Tables IV and V contain summaries of kinetic data that we 
have obtained on the Cr(I1)-catalyzed formation of Cr(II1) 
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Table V. Kinetic Parameters for the Reaction of Cr(NH,),CIZ+ 
with Chromium(I1) Reductants 

ASs., J 
k,(25 "C), AH*, kJ deg-' 

Reductant M-1 s-l mol-' mol-' 

O :  

N 
* 4  
01 

- 
0 

- 4  
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substitution reactions. No CrlI1(EDTA)X complexes (X = 
halide) are known although the corresponding Co(II1) species 
are known. Carbonates l a b i l i ~ e ~ ~ . ~ ~  Cr(II1) [but not Co(II1 ] 

(EDTA)(H20)2- is rapid.lg All of this evidence leads to the 
conclusion that product analysis of Cr"EDTA oxidations is 
not a criterion of mechanism since chloride would rapidly be 
lost from the product of an inner-sphere mechanism. 

On the other hand, positive evidence for the inner-sphere 
mechanism for Cr"EDTA oxidations does exist. Tanaka20 
has measured the rate of oxidation of Cr'IEDTA by Co- 
(NH3)6<2+ (X- = F, C1-, Br-, NCS-) and has found that 
the variation of rate with the nature of X indicates an 
inner-sphere not an outer-sphere ath. In the reaction of 

effects37 demonstrate that an inner-sphere mechanism obtains. 
There is direct experimental evidence in the Cr2+ and 

Cr"M1DA cases that electron transfer involves a bridged 
electron-transfer mechanism. The best available evidence for 
other systems favors a bridged mechanism for Cr'IEDTA 
oxidations and the data of Figure 4 reinforce that interpre- 
tation, since a rate discontinuity would be expected to ac- 
company a change in mechanism, but none is observed. The 
following discussion will be based on the conclusion that all 
the reactions studied are inner-sphere redox reactions. 

The course of an inner-sphere redox process may be broken 
down into formation of the precursor complex, electron ex- 
change within this complex, and then dissociation of the initial 
product thus formed to give, via subsequent reactions, species 
which are stable in the prevailing environment. Since our 
medium is buffered and contains excess ligand, the overall 
process being studied in this work is 

Cr(NH,),Cl + Cr"L 

and replacement of water by a carboxylate group of Cr' I) I- 

Cr"EDTA with Co(NH3)50H2 P , isotope fractionation 

CrIIL + SNH,' + Cl- + Cr"IL (8) 
h,bsd, 

- 

I I I I 

/ 

Cr(H, 01, '+ 4.95 X lo-' 46= -113* 
Cr(EDTA)'- 1.24 x 10, 54 -6 
Cr(EDDaDp)'- 7.12 X 10' 32 - 44 

a Reference 26. The value -96 J deg-' mol-' reported in 
error in ref 24 is corrected to -113 J deg-' mol-' in ref 37. 

Since substitution reactions of Cr(I1) are rapid, the rate- 
determining step is electron transfer within the assembled 
precursor complex 

k 
Cr1"(NH,),C1CrrrL 3 Crll(NH,),CICr'l'L (9) 

Since steps subsequent to (9) are rapid, the overall rate is kow 
= Kk,, where K is an overall equilibrium constant for rapid 
steps prior to (9). Variation in the nature of L will cause 
changes in K although in high ionic strength media such 
changes should be small. The effect of variation in the nature 
of L on the step represented by (9) occurs only on the re- 
ductant side since the same chloropentaammine oxidant is used 
for all react m. The variation of free energy of reaction for 
step 9 shod I, therefore, be the same as the variation in the 
Cr(III)-Cr(II) potential caused by variation in L. The affinity 
of Cr(II1) for H20 is not greatly different from the affinity 
of Cr(II1) for C1- and the affinity difference for Cr(I1) is still 
smaller; therefore the difference caused by the presence of the 
bridgehead C1- should be small. The linear free energy re- 
lationship shown in Figure 4 may therefore be interpreted to 
indicate that AAG*/AAG' for electron transfer between Cr(I1) 
and Cr(II1) within a C1-bridged binuclear complex is nearly 

The prototype of linear free energy relationships is the 
Br0n~te.d~~ relationship which notes that the logarithm of the 
rate constant for catalysis of decomposition of nitramide, by 
a basic anion, is proportional to the equilibrium constant for 
protonation of the same basic anion, the proportionality 
constant being l /2.  For many years, this result was discussed 
in terms of a simple proton-transfer reaction being rate de- 
termining. Bronsted, however, had pointed out real difficulties 
with this explanation in his original paper and more recently 

1 2 -  
1 
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Eigen39 showed that systems for which simple proton transfer 
was in fact rate determining yield curved, rather than linear, 
free energy relationships, and that a AAG*/AAGo of nearly 
l / 2  does not persist for even a single order ofpagnitude of 
change in rate constant. 

A useful model for discussing electron-transfer reactions 
involves two hypothetical potential energy (U) surfaces in 
nuclear configuration space, one (Ur) corresponding to the 
reactants and the other (Up) to the products. It is customary 
to approximate the shape of such surfaces by parabolic po- 
tential wells 

u, = a(x' + u") 
Up = b(x - R)2 

where x is a displacement and R is a distance between mimima 
of the wells, along the reaction coordinate. It is usually as- 
sumed that both wells have the same shape; that is, a = b = 
1. At the intersection of the two surfaces, x is x* and U is 
U$. Assuming that R is a constant, x* can be eliminated 
between Ur and Up to give 

fi=-.-..-. R 2  U" , (U")' 
4 2 ' 4R2 

For all constant values of R, this model predicts a linear 
relationship between l? and UO, with a proportionality 
constant of l/2, but only for UO << 4R2.  Any large variation 
in UO would be expected to give rise to a nonconstant SvSlUO 
and hence curvature of the free energy relationship. Equation 
12 has some similarities to the final equation of Marcus' 
t h e ~ r y , ~  and Newton40 has shown that the assumption of 
harmonic oscillator potential wells and more elaborate ar- 
guments than given here do yield the full form of the Marcus 
equation. The assumptions made here (a  = b = 1 and R = 
constant) are also made in the more elaborate treatments, if 
less obviously. It appears that no such model can adequately 
account for the wide span of the linear free energy relationship 
and that these redox reactions, like the proton transfers 
originally studied by Bronsted and later discussed by Eigen, 
require a more complete model for adequate discussion. 

Cr(I1) is subject to severe Jahn-Teller distortion whereas 
Cr(II1) is not. The Franck-Condon restriction requires that 
the long axial Cr11-H20 bonds be compressed and the cor- 
responding bonds of Cr"' be extended, prior to the transfer 
of the electron between chromium atoms. Motions of this type 
would necessarily involve considerable alteration in secondary 
solvation sheaths of both ions and corresponding entropy 
variations. Nearly half of the activation barrier to oxidation 
of Cr2+ by Cr(NH3)5C12+ resides in the TM term and our 
present data indicate that the more rapid rate of reaction of 
the Cr'LEDTA complex is to be ascribed to a less unfavorable 
entropy of activation rather than to a lower enthalpy of ac- 
tivation. Conversely, the reaction of the Cr"-EDDaDp 
complex does appear to show decreased The greater 
thermodynamic and kinetic reducing power of the Cr(I1) 
complex indicates that intraligand interactions in the equatorial 
plane of this Cr(I1) complex are more unfavorable than those 
in the corresponding Cr(II1) complex and that this is ap- 
parently an enthalpy effect. 

A noncooperative one-step mechanism would suggest either 
zero or unity for AAG*/AAGo (reaction being diffusion 
controlled in one direction or the other). The simple 
double-harmonic-oscillator model predicts a more complicated 
variation of AG* and AGO than is observed. 
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In the case of general-base catalysis, Eigen invoked highly 
cooperative proton transfers involving many molecules; a 
related rationale can be given for our result. As AGO changes 
from zero to a more negative value, any treatment will predict 
that U$ will decrease from a maximum. The relative influence 
of geometric changes (variation in R ,  say) and of entropy 
effects will increase. Variations in these should be less than 
variation in V$ and AAG*/AAG" should be reduced below the 
value predicted by eq 12. 

Our result may be phrased as follows: the nexus of factors 
which influences the magnitude of the Cr(III)-Cr(II) redox 
potential also determines the rate of bulk-phase electron 
transfer, which proceeds through the inner-sphere (bridged) 
electron-transfer mechanism. The measured value of 
AAG*/AAGa pertains to the electron translation and is 
consistent with a transition state partaking of both product 
and reactant character; however, as in the hoary case of the 
Bronsted reaction, it appears that an understanding of this 
phenomenon based on an explicit microscopic model will have 
to include a significant contribution from the action of many 
molecules. 
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Reduction of Azidochromium(II1) Complexes by Vanadium(I1) 
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The kinetics of the reduction of (H20)5CrNj2+, eis-(H20)4Cr(N3)2+, and (H20)3Cr(N3)3 by V2+ have been measured. 
The respective activation parameters at 25 OC, I = 0.97 M (LiC104), are as follows [AH* (kcal/mol), 4S* (cal/(deg mol)]: 
12.9, -13.0; 12.4, -12.9; 14.1, -6.5. These results and data from experiments with added Cr2+ are consistent with an inner-sphere 
pathway with electron transfer through a single azide bridge to the Cr(II1) center for all three systems. The rate of reduction 
of VN32+ by Cr2+ was determined indirectly; AH* = 3.85 kcal/mol and AS* = -27.3 cal/(deg mol). Cr2+ was concluded 
to reduce (H20)3Cr(N3)3 via a doubled-bridged activated complex; the rate constant is 112 i 7 M-' at 4.8 OC. The 
implications of these kinetic results are discussed and reaction schemes are proposed. 

Introduction 
Hydrazoic acid has been used in a number of kinetic studies 

both as an oxidant and as a reductant, and the results have 
revealed a rich chemistry.' Attempts to investigate the redox 
properties of the azide ion when coordinated to a 
substitution-inert metal ion center, however, have met with 
difficulty. Nitrous acid is the most notable exception; it reacts 
with many azido complexes and hydrazoic acid with analogous 
stoichiometry and similar rates.2 Generally, though, the 
coordinated azide ion serves as an effective bridging ligand 
and either undergoes no net oxidation or reduction or does so 
in a subsequent step after the primary electron-transfer process. 
For example, although chromium(I1) reduces hydrazoic acid 
rapidly,'g the only detectable reaction in the chromium- 
(II)-azidochromium(III)3 system is isotopic e ~ c h a n g e . ~  When 
azidopentaamminecobalt(I1Q is treated with excess vanadi- 
um(II) ,  an inner-sphere reaction occurs producing cobalt(I1) 
and azidovanadi~m(111);~ the latter species aquates rapidly 
in acidic solution,6 and the hydrazoic acid released is reduced 
by the excess vanadium(I1). Since vanadium(I1) reduces 
hydrazoic acid at  a moderate ratelg but reacts very slowly with 
~ h r o m i u m ( I I I ) , ~  we thought it was conceivable that  vana- 
dium(I1) would directly reduce the ligand when allowed to 
react with azidochromium(II1) complexes. This does not 
occur; in every case the reaction proceeds via an inner-sphere 
pathway with electron transfer through a single azide bridge 
to the chromium(II1) center. The results of our kinetic studies 
of these systems are  presented in this article. 

Experimental Section 
Reagents. Azidochromium(II1) solutions were isolated by ion- 

exchange separation at 5 "C of an equilibrated chromium(II1)- 
hydrazoic acid, azide buffer mixture.* A minor modification utilized 
potassium azide instead of sodium azide in the equilibrium solution; 
the precipitation and separation of potassium perchlorate significantly 
lowered the electrolyte concentration and minimized smearing in the 
ion-exchange procedure. cis-Diazidochromium(II1) solutions were 
purified by ion-exchange methods at 5 O C  after allowing excess 
cis-diazidobis(ethylenediamine)cobalt(III) to react with chromi- 
U ~ ( I I ) . ~  Triazidochromium(II1) solutions were isolated from 
equilibrated chromium( 111)-azide solutions by ion-exchange procedures 
at 5 "C after first removing excess hydrazoic acid by acidification, 
extraction with cold ether, and aeration. Diazidochromium(II1) was 
retained by the long column of Dowex SOW-X12 resin used in the 
separation provided the potassium azide procedure ,was+ used in 
preparing the equilibrated solution. All of the separated azido- 
chromium(II1) solutions were stored at -78 OC. Triazidochromi- 
um(II1) aquates rather rapidly; in the kinetic experiments individual 

aliquots were thawed just prior to initiation of the reaction. 
A number of procedures were used in an attempt to prepare a 

diazidochromium(II1) solution containing appreciable amounts of the 
trans isomer. 

Method A. The middle fraction of diazidochromium(II1) in an 
equilibrated chromium(II1)-azide solution was collected. 

Method B. The first 30% of the diazidochromium(II1) fraction 
was collected following a slow elution (4 h) with 0.2 M HC104 or 
0.2 M NaC1Q4-10-3 M HC104 at 5 "C. Longer elution times (24 
h) as used previouslyI0 to separate cis- and trans-dichloro- 
chromium(II1) were unsuccessful due to aquation of diazido- 
chromium(III), even at 5 "C. 

Method C. The final 30% of the diazidochromium(II1) fraction 
described in method B was collected. 

Method D. A solution of triazidochromium(II1) was allowed to 
aquate, and the predominantly diazidochromium(II1) product was 
isolated by ion exchange. 

Method E. Chromium(I1) was oxidized with excess hydrazoic 
acid-azide buffer and the diazidochromium(II1) product was separated 
by ion exchange." The first 30% was collected. 

Method F. The last 30% of the diazidochromium(II1) fraction 
described in method E was collected. 

Method G .  An equilibrated chromium(II1)-azide solution was 
slowly (ca. 4 h) eluted, and the first 40% of the diazidochromium(I1) 
fraction was collected. This eluent was allowed to react with half 
of its concentration of nitrous acid, and the remaining diazido- 
chromium(II1) was separated from the predominantly azido- 
chromium(II1) product by ion exchange (first 40% collected). It is 
not clear that any of these procedures resulted in a diazido- 
chromium(II1) solution containing an appreciable amount of the trans 
isomer (vide infra). 

Vanadium(I1) and chromium(I1) solutions were prepared at 0 OC 
in the absence of oxygen by reduction of oxovanadium(1V) perchlorate 
and chromium(II1) perchlorate, respectively, over a pool of mercury 
containing dissolved granulated zinc. These solutions were prepared 
freshly just prior to a series of kinetic or stoichiometric experiments. 
Total vanadium in the reaction mixtures were determined spectro- 
photometrically as vanadium(V) after addition of excess bromate ion.I2 
Total chromium was determined as chromate ion.I3 

Stoichiometric Studies. When azidochromium(II1) and excess 
vanadium(I1) are allowed to react completely, 94-97% of the 
chromium(II1) originally present in the complex ion is converted to 
amminechromium(II1). For example, a solution originally containing 
0.239 mmol of CrK32+ and 0.78 mmol of V2+ in 25 ml of 2 M HC104 
was allowed to react for 40 min in the absence of oxygen at 25 "C. 
The ion-exchange separation of the reaction products, after addition 
of excess chlorate ion to convert the vanadium to a mixture of V02+ 
and VOz+, yielded 0.226 mmol of CrNH33+. Similarly, a solution 
originally containing 0.257 mmol of CrN32+, 0.737 mmol of V2+, and 
6.80 mmol Cr2+ in 25 ml of 2 M HC104 yielded 0.250 mmol of 
CrNH33f. Blank experiments showed negligible net chemical reaction 


