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Figure 1. Plot of log[(Pe — P)/P] vs. time for reactions at 45°
and p=0.9: O, from 0.08 M BH,” with 0.82 M NH,*; A, from
0.08 M NH,* with 0.82 M BH,".
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Figure 2. Temperature dependence of k at u =0.9.

Table 1. Rate Constants in Liquid Ammonia at £ = 0.9

Temp, Temp,
°C k, M~ sec’? °C k, Mt sec™?
25 5.88X 10°° 40 1.43x 10740
30 1.79 x 107* 42 2.17 x 107*
35 5.04 X 107° 45 3.40% 107% Y

% Average of 1.49 X 107% and 1.37 X 107%, from separate
experiments. b This value was obtained in two experiments.

Table II. Rate Constants in Liquid Ammonia at 30°

Tonic
strength {BH,"},M [NH,},M k, M~ sec™!
0.0098 0.00888 0.00094 2,07 X 1073
0.049 0.0446 0.0045 6.23x 10°*
0.20 0.1954 0.0046 1.94x 10°*
0.90 0.818 0.0818 1.79 X 107°
1.92¢ 0.818 0.0818 4,95 x 10°°

¢ NaBr was added to increase the ionic strength.

involved;
H,N-H. - ‘O-H HBH,” ~ H,N H-Q H,BH,

Because hydrogen bonding is relatively unimportant in liquid
ammonia, the analogous mechanism in liquid ammonia is
uniikely.

The Bronsted—Bjerrum theory of ionic reaction leads to the
expression
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log (k/ko) = |+ e
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Figure 3. [onic strength dependence of k at 30°. The line is
drawn with the slope given by eq 2.

which was applied to rate constants measured at various ionic
strengths at 30° (Table II). Using the dielectric constant?
of 16.5 for ammonia at 30°, we calculated® @ = 5.16 and 3
= (.711. A value for a of 4.7 A was used in constructing the
Bronsted—~Bjerrum plot of the data, shown in Figure 3. The
experimental points at relatively low ionic strengths have a
slope close to that predicted by eq 2, whereas the points at
higher ionic strengths are low, probably because of the pairing
of reactant ions with inert ions. Dewald and Browall’ cor-
related rate data for the reaction of the electron with the
tri-n-butyl-n-propylammonium ion with the Bronsted—Bjerrum
equation using a value for q of 6 A.
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The kinetics of the oxidation of several organic! and
inorganic2-5 compounds by vanadium(V) have been studied.
Kinetic studies of the oxidation of antimony(III) by inorganic
oxidants6-8 have also been reported. In continuation of our
earlier work,%-12 we have now studied the reaction between
antimony(1I1) and vanadium(V) which has been incorporated
in this report.



Notes

Inorganic Chemistry, Vol. 14, No. 9, 1975 2269

6
5
s 4
A 3
100+
A
2
S 8o} . S .
T
iE o : z
Slo 60F b
<t 0, . "
o A
s‘ ()
40 .
20r S
o 1 A L i
20 40 60 80

TIME IN MINUTES —»

Figure 1. Influence of temperature on oxidation of Sb,0, by V(V) in sulfuric acid medium ([vanadium(V)} = 8.65 x 10°* M; [Sb,0,] =
2.0 X 1072 M). Temperatures and H,SO, concentrations for the various curves are as follows: (1) 40°,4.0 M; (2) 45°,4.0 M, (3) 45°,

4.5 M; 4) 50°, 4.0 M; (5) 55 and 50°, 4.0 and 4.5 M; (6) 55°,4.5 M.

Experimental Section

Standard solutions of vanadium(V) in perchloric and sulfuric acids
were prepared by dissolving ammonium metavanadate in known
solutions of the respective acids. Antimony(III) solution in sulfuric
acid was made by dissolving antimony(III) oxide (GR, E. Merck)
in 509 sulfuric acid but the solution gradually hydrolyzed on keeping
and fresh solutions were always prepared. For reactions in perchloric
acid, antimony(III) oxide was allowed to stand overnight in contact
with perchloric acid. The decanted solution was then used after
dilution. Antimony(I1II) was standardized!3 against potassium
bromate using Methyl Red as a redox indicator. Acetic acid-water
mixtures were prepared by adding requisite amounts of glacial acetic
acid to the vanadium(V) solution.

Kinetic Measurements. The kinetics of reaction were followed as
described earlier.? Known concentrations of both antimony(III) and
vanadium(V) were placed in two separate conical flasks which were
placed in the thermostat for a sufficient time to attain the temperature
(£0.1°). Two solutions were then mixed and at suitable intervals
an aliquot part was withdrawn and quenched in a phosphoric
acid-sulfuric acid mixture containing a known excess of ferrous
ammonium sulfate solution, The unreacted ferrous solution was then
titrated against vanadium(V) using sodium diphenylaminesulfonate
as indicator. The reaction was followed up to 40% conversion of initial
oxidant and generally four to eight experimental points were taken
in each run for the calculation of rate constants. Antimony(V) did
not interfere with the titration. Iron(III) which is generated by the
oxidation of iron(Il) with vanadium(V) would not react further with
antimony(I11), since the redox potential of the Fe(I11) — Fe(II) couple
is lowered!4 to about 0.5 V in phosphoric acid and the potential is
well below the potential of the Sb(V) — Sb(III) system which is 0.64
V.

Results

Stoichiometry. One mole of antimony(III) oxide consumed
4 mol of vanadium(V) in 6.0 M sulfuric acid in 72 hr at 35°
and the reaction may be represented stoichiometrically by the
equation

Sb,0, + 4V(V) + 2H,0 - Sb, 0, + 4V(V) + 4H* 1)

Rate Law. Equation 2 was used to evaluate the second-order
rate constant, where “q” and “b” are the initial molar con-
centrations of antimony(III) oxide and vanadium(V), re-
spectively, and “x” is the amount of vanadium(V) which has
disappeared at time “s”. The plots of log [4a(b ~ x)/b(4a
— x)] against ¢ gave straight lines passing through the origin

Table 1. Variation of First-Order Rate Constants of the Oxidation
of Sb,0, by Vanadium(V) with Change in :
Substrate Concentrations

a , b
10%,/  10° 10%k,/
o B S g e
}W > secl"1 sec™! Aal’ secl‘,l sec™!
2.29 2.71 1.18 1.50 0.62 0.42
333 46 "1.38 2.10 0.93 0.44
4.59 6.4 1.39 2.53 1.12 0.44
5.17 . 7.3 141 3.12 1.39 0.45
6.45 9.1 141

¢ [Vanadium(V)}=2.17 x 1073 M, [H,80,] = 4.8 M, tempera-
ture 45°. ° [Vanadium(V)]=2.07 X 10-* M, [HCIO,]= 5.0 M,
temperature 45°.
9.212 4a(b —x
ky= log ( )
b(4a —x)

b — 4a) b>4a 2)
(Figure 1) and the values of k2 have been calculated from the
gradient of such plots. The reproducibility was better than
+3%.

Effect of Substrate Concentrations on Reaction Rate. The
reactions were studied .at constant [vanadium(V)]o, but
[Sb203]0 was varied. The acid concentration was held constant
in each run. The first-order rate constants were determined
graphically from the plots of log [vanadium(V)] against time.
The rate increases with the increase in [Sb203]o. The plots
of 1/k1 against 1/[Sb203]o are linear, passing through the
origin. The values of k1/[Sb203]o are found to be 1.35 X 102
and 4.4 X 10-3 M-! sec! in sulfuric and perchloric acids,
respectively (Table I). The results indicate that the con-
centration of any intermediate complex is small under the
conditions studied.

Effect of Mineral Acids and Their Salts on the Rate. The
rate was highly dependent on acidity which was varied by the
addition of either sulfuric or perchloric acid. The reaction is
acid catalyzed and is faster in sulfuric acid than in perchloric
acid (Table IT). The most widely used way of explaining the
rate with acidity has been the Zucker-Hammett hypothesis!7-18
where log k1 may be plotted against either —Ho, the Hammett
acidity, or log [HX]. The plots of log k1 against log [HX]
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Figure 2. Plot of log k, against 1/7 ([vanadium(V)] = 8.65 X 1072 M; [Sb,0,] = 2.0 X 1072 M). Acids used for the various curves are as

follows:

Table II. Dependence of First-Order Rate Constants on the
Oxidation of Sb,0, by Vanadium(V) at Different
Sulfuric and Perchloric Acid Concentrations®

Table HI.
the Oxidation of Sb,0, by Vanadium(V) in Acetic Acid-Water

(1) 4.0 M HCIO, ; (2) 4.0 M H,S0,; (3) 4.5 M H,S0,; (4) 5.0 M HCIO,.

Dependence of Second-Order Rate Constants on

Binary Mixtures at 50°

10%k,/ 10%k,/
[H,- 10%k,, [H, SO *, [HCl- 10°k,, [HClO,]?,
SO,1,M sec™' M™%sec -t 0, .M sec™d M ?sec™
4.0 4.6 2.88 4.0 1.44 0.90
4.5 6.0 2.97 4.5 1.92 0.95
5.0 7.4 2.97 5.0 2.40 0.95
5.5 9.2 3.04 5.5 2.90 0.95
6.0 12.3 3.41
6.5 15.4 3.64
7.0 17.2 3.50
@ [Vanadlum(V)] 8.0x 107* M, [Sb,0,]=2.0X% 1072 M,

temperature 45°.

or —Ho are linear up to acid concentrations of 5.5 M. The
gradients of the former plots in both sulfuric and perchloric
acids are the same (2.05) but are significantly less than unity
for the other plots. The plots of (log k1 + Ho) against log an,0
according to Bunnett!6 are generally linear for the hydrolysis
reactions in acid medium. The slopes define a parameter called
“w” which is useful for the classification of reactions. A linear
dependence of (log k1 + Ho) against log aH,0 is also observed
in the present study. The values of —Ho and aH,0 at various
acidities are taken from the reviews by Paul and Long!s and
Bunnett,!6 respectively. Values of Bunnett’s parameter w are
found to be 2.95 and 3.7 for sulfuric and perchloric acids,
respectively. When w is positive, it is usually higher in
perchloric acid than in sulfuric acid and the present result is
in agreement with the observation made by Bunnett.!¢ Again,
for similar hydrolytic reactions, wide variations in w values
have been observed!¢ (-2 to +7). Consequently, the same type
of mechanism may be operative in both of the acids considering
that the present variations of w are not widely different. Again,
the additions of sodium perchlorate (in perchloric acid), sodium
sulfate, and sodium bisulfate (in sulfuric acid) do not seem
to have any influence on the rate. Salt concentrations were
varied up to 0.8 M, and constant values of 2.40 X 10-2 M~!
sec~! in 4.0 M sulfuric acid and 0.72 X 10-2 M~! sec-! in 4.0
M perchloric acid have been obtained at constant concen-
trations of vanadium(V) and antimony(III) oxide of 8.65 X
10-3 and 2.0 X 10-3 M, respectively, at a constant temperature
of 45°.

Effect of Solvent, The dielectric constant was varied by the
addition of acetic acid (v/v) to the reaction mixture. The
second-order rate constant increases with the increase in the

10%k,, M ! sec™?

% acetic

acid (v/v) 10%/D a b
20 17.39 5.9 1.54
30 19.61 11.4 2.40
35 20.96 3.34
40 22.38 24.0 4.4
45 24.10 41 6.3
50 26.04 73

[Vanadlum(V)] 8.50x 1073 M, [Sb 1=2.0x 1072 M,
{H,S0,]=3.2M. [Vanadlum(V)] X 1072 M, [Sb,0,]) =

1.44 X 10'3 M, [HCIO,] = 3.0 M.

Table IV. Second-Order Rate Constants at Different
Temperatures and Various Thermodynamic Data in Sulfuric and
Perchloric Acid Media of the Oxidation of

Sb,0, by Vanadium(V)?

2 -1 -1
[HX], 10%,, M~ sec AHF,  —AS*, calf
M 40°  45°  50° 55°  Kkcal/mol  (moldeg)
40° 1.8 240 32 42 11.3:05 32.7x05
45% 230 3.10 42 56 11.3x05 321:04
4,0 058 072 092 113 85:05 43.6:04
50 093 1.17 148 1.82 85:0.5 42.7:05

8.65 X 1073 M, [Sb,0,1=2.0 X 10~* M.
¢ HCIO, medium.

@ [Vanadium(V)] =
H SO, medium.

proportion of acetic acid (Table III). It has earlier been
reported?0 that with the increase in proportion of acetic acid,
the dielectric constant of the medium is mainly altered. The
plots of log k2 against 1/D (D = dielectric constant) are linear
and the gradients of both plots are positive. The values of
dielectric constants for various acetic acid-water mixtures are
due to Radhakrishna Murti et al.1?

Activation Parameters. Runs were also made at different
temperatures ranging between 40 and 55° and at intervals of
5°. The plots of log k2 vs. 1/ T are linear (Figure 2); from
the gradient of these the heats of activation have been
computed. The other thermodynamic parameters have been
determined (Table IV) with the aid of usual expressions which
have been described earlier.?

Discussion

It is already known’ that antimony(III) and antimony(V)
exist as oxy and hydroxy species but not as sulfate complexes
in sulfuric acid medium. Moreover, the antimony(I11) ion has
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Table V. Activation Parameters for the Oxidation of Some Oxy
Acids of Group 5B Elements by Vanadium(V)?

No. of
electrons AH¥,

trans- kcal/  AS¥,cal/

Substrate Medium ferred  mol (mol deg)
H,PO,*° H,SO, 1 18.95 -5.1
H,PO,'° HClO, 1 18.8 -5.7
H,PO,'? H,S0, 1 22.9 -6.9
H,PO,'? HClO, 1 20.4 -15.2
C,H,PO,H," H,SO, 1 28.8 15.3
C,H,PO,H," HCIO, 2 12.2 ~36.9
As, 0,° H,S0, 2 5.7 -50.8
As,0,° HCIO, 2 7.6 —48.2
Sb,0, H,SO, 2 11.3 -32.7
§b,0, HCIO, 2 8.5 —43.6

@ The polymerization test was applied in all of these cases, and
in all of these one-electron-transfer reactions the addition of
acrylamide yielded positive test.

a great tendency to hydrolyze2! and cationic compounds of
antimony(III) exist as the so-called “antimonyl” ion, SbO*,
and not as HSbO». Again, the increase in rate in acetic acid
is so pronounced (unlike that in sulfuric and perchloric acid
media) that the changes may be considered mainly due to
changes in dielectric constant, and the positive slope of the plot
of logarithm of the second-order rate constant against the
reciprocal of the dielectric constant indicates that one of the
reactive species is positively charged. The speciest.9-12 of
vanadium(V) like V(OH)3HSO4+ and V(OH)32+, which
participate in many vanadium(V) oxidations, cannot be
considered as the other reacting species in sulfuric and per-
chloric acids, respectively since the addition of perchlorate,
bisulfate, or sulfate to the reaction mixture failed to alter the
rate of reaction. The second-order dependence on mineral acids
may be explained assuming (VO2-2H2804)* and V(OH)23+
as the reactive species for the respective cases of oxidation.
However, the removal of a single electron from antimony(III)
must result in the formation of a free-radical intermediate if
vanadium(V) behaves as a one-electron-transfer oxidant. It
is to be mentioned that neither has the antimony(IV) com-
pound been isolated in the free state nor has its existence been
established from spectral measurement.2223 The addition of
acrylamide to the reaction mixture failed to cause polymer-
ization, suggesting that free radicals do not intervene in the
oxidation-reduction reaction. Consequently, vanadium(V) may
behave as a two-electron oxidant. Again, the kinetic evidence
points to a transition state having vanadium(V), antimony(III)
(possibly HSbO3), two protons, and an unknown number of
solvent molecules. The reactive species of vanadium(V) would
therefore react with antimony(III) leading to the oxidation
of the same to antimony(V). Vanadium(III) which is produced
in the slowest step would further react with vanadium(V)
producing 2 mol of vanadium(IV). The reaction between
vanadium(I1I) and vanadium(V) is very fast.3

Although the slowest steps have been explained by a
two-electron-transfer mechanism, an alternative path assuming
vanadium(V) as a one-electron-transfer oxidant cannot be
totally ruled out. In the oxidation of hydrazine by vanadi-
um(V), Higginson et al.2 have suggested that vanadium(V)
behaves as both a 1- and 2-equiv oxidant. However, in an
oxidation-reduction reaction between an ion of a transition
element and a compound or ion derived from a nontransition
element, the formation of a free radical or unstable oxidation
state from the second reactant by a 1-equiv reaction is likely
in some cases to be a more endothermic process than the
corresponding 2-equiv reaction.24 The exothermic process is
able to lower the activation energy of reaction below that of
the corresponding one-electron process.2 The heats as well
as entropies of activation are smaller than those obtained in
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previous studies!0-12 where vanadium(V) behaves as a 1-equiv
oxidant. The smaller activation parameters obtained in the
present study lend further support to the view that vanadi-
um(V) behaves as a 2-equiv oxidant. Corroborative evidences
come from similar investigations concerning the oxidations of
arsenic(III)® and benzenephosphonous acid!! by vanadium(V).
These reactions where vanadium(V) behaves as a 2-equiv
oxidant are also characterized by low activation parameters
unlike the values which have been obtained in the oxidations
of hypophosphorous!® and phosphorous acids!2 by vanadi-
um(V) where the oxidant behaves as a one-electron reagent.
The results presented in Table V would therefore support the
contention that vanadium(V) behaves as a two-electron and
not as a one-electron oxidant in the present study.

Registry No. Sb(III), 23713-48-6; V(V), 22537-31-1.
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The symmetric and antisymmetric Zn—Cl stretching fre-
quencies of a series of tetrahedral complexes of the form
[Zn(4-Rpy)2Cl2], where 4-Rpy are 4-substituted pyridine
derivatives, have been measured by both far-infrared and
Raman spectroscopies.23 Substituents on the fourth position
of the pyridine rings shift the Zn—Cl stretching frequencies
and their magnitude can be correlated with the electron-
releasing and -withdrawing abilities of the substituents. These
results have been interpreted in terms of the change of the
Zn~-Cl bond nature induced by the substituents.2s





