1975

25641

Kinetics and Mechanism of Electron-transfer Reactions of Aqueous and

Co-ordinated Thallium(m).
lium(m) by Hydrazine

Part Xlil.+ Reduction of Hexa-aquathal-

By Brij Mohan Thakuria and Yugul Kishore Gupta,” Department of Chemistry, University of Rajasthan,

Jaipur, India

Thallium(i) perchlorate and hydrazine react in aqueous perchloric acid as in equation (i). The kinetic results
conform to rate law (ii), where k; = 8.4 £ 0.3 dm® mol~2s2at 8 °C. The energy and entropy of activation associ-

2T 4 NyHg+ — 2TIT + N, + 5H+ (i)
—3d[TI™] /dz = k[T [N Hg* ] [H*]72 (i)

ated with &, are 138 £ 6 kJ mol~t and 259 + 25 J K-1 mol~! respectively. The rate of reaction is independent of
ionic strength, but chloride ion strongly inhibits the reaction.

THE present paper reports a further study of oxidation by
thallium(111) and was made in order to determine whether

+ Part XI is ref. 18.

1 G. Schwarzenbach and A. Zobrist, Helv. Chim. Acta, 1952,
85, 1291; A. Ferrari, A. Braibanti, G. Bigliardi, and F. Dallaralle,
Z. Krist.,, 1963, 119, 284; L. Sacconi and A. Sabatini, J. Inorg.
Nuclear Chem., 1963, 25, 1389; N. Ahmad and Fazlur-Rahman,
Z. anorg. Chem., 1964, 330, 210; D. Banerji and I. P. Singh, ibid.,
1967, 349, 213.

an intermediate complex is formed or not. Complex
formation of hydrazine with metal ions is well known !
and this is also a possibility here. However, it is some-
times difficult to obtain kinetic evidence of complex
formation in view of the highly reactive nature of the
complex, as found in the oxidation by cerium(1v).2

2 S. K. Mishra and Y. K. Gupta, J. Chem. Soc. (4), 1970,
2918.
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Oxidation of hydrazine by TIM! has been reported by
Higginson ef al® Aqueous TI™ quickly oxidizes?
hydrazine to nitrogen at room temperature. Kinetics
studies have been made in the presence of the complexing
ions sulphate,® chloride,® and acetate.® The present
paper reports the results of a study in aqueous per-
chlorate media.

EXPERIMENTAL

The stock solution of thallium(i1r) perchlorate was pre-
pared by dissolving thallium(1ir) oxide (B.D.H. AnalaR) in
609 perchloric acid (Riedel, AnalaR) and standardized
iodometrically. Hydrazine solutions were prepared from
hydrazine hydrate (B.D.H., AnalaR) and standardized
using standard iodate solution?® immediately before use.
Lithium perchlorate solution was prepared by neutralizing
609, perchloric acid with lithium carbonate (E. Merck) to
pH 6.8. All solutions were prepared in twice-distilled
water, the second distillation being from potassium per-
manganate.

Kinetic Procedure.—The experiments were made in
stoppered glass vessels in a temperature-controlled
(4:0.1 °C) water-bath. The reaction was initiated by add-
ing thallium(111) perchlorate solution to the reaction mixture
containing hydrazine perchlorate, perchloric acid, efc., both
solutions being equilibrated at 8 °C unless otherwise stated.
The rate of reaction was followed by determining the
thallium(111) concentration colorimetrically.® Aliquot por-
tions (5 cm?®) were withdrawn from the reaction mixture
and added to NaCl (3 cm?, 1 mol dm™3) to arrest the reaction.
Potassium iodide (2 cm3, 29,) was then added and the
liberated iodine was immediately determined on a Spectr-
onic 20 colorimeter at 380 nm. The reference solution was a
mixture of NaCl, KI, and HCIO, of the same concentrations
as in the reaction mixture. With the concentrations
employed in this investigation there was no possibility of a
precipitate of TII, as also stated earlier 1° for the oxidation
of arsenic(1r1). In most cases, duplicate rate measurements
were reproducible to 6%.

RESULTS

Stoicheiometry.—Thallium(rir) perchlorate and hydrazine
of different concentrations were mixed and kept for ca.
48 h. Excess of TI' was determined 7 as stated earlier.
Excess of hydrazine was determined by allowing it to react
with iodine in the presence of Na[HCO,] and back titrating
excess of iodine with sodium thiosulphate. 1.98 4+ 0.01
Moles of TII were found to react with 1 mole of hydrazine.
A similar stoicheiometry was reported earlier.?

Kinetic Orders.—The orders with respect to the concen-
trations of TII and hydrazine were ca. 1 from log-log plots
of the rate and concentration. Apparent rate constants,

3 W. C. E. Higginson, D. Sutton, and P. Wright, J. Chem. Soc.,
1953, 1380.

4 W. C. E. Higginson, ‘The Oxidation of Hydrazine in
Aqueous Solutions,” Special Publ., No. 10, The Chemical Society,
London, 1957.

5 B. M. Thakuria and Y. K. Gupta, unpublished work.

6 K. S. Gupta and Y. K. Gupta, Indian J. Chem., 1973, 11,
1285.

7 I. M. Kolthoff and R. Belcher, ‘ Volumetric Analysis,’
Interscience, New York, 19567, vol. 3, p. 370; H. G. S. Sengar and
Y. K. Gupta, J. Indian Chem. Soc., 1966, 43, 223.

8 . M. Kolthoff and R. Belcher, ‘ Volumetric Analysis,’
Interscience, New York, 1957, vol. 3, p. 456.

% D. Betteridge and J. H. Yoe, Analyt. Chim. Acta, 1962, 27,

10 P. D. Sharma and Y. K. Gupta, J.C.S. Dalton, 1972, 52.
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ka, were calculated from equation (1) at constant hydrogen-
ion concentration; ka was also calculated from pseudo-

—§d[TIM/ds = RA[TIM[N,H,*] (1)
= E’[TI (when excess of hydrazine was present) (2)

first-order plots of log [T, against time when hydrazine
was in excess, from conventional plots of log([TIHI],/
[N,H;*];) against time, and from plots of (1/[TI'I]) against
time when the reactants were present in stoicheiometric
concentrations. The pseudo-first- and second-order rate
constants are given in the Table.

Pseudo-first- (£’) and second-order (%4) rate constants for
the TIL_N,H.* reaction at 8 °C and [HCIO,] = 1.0
mol dm™3, I = 1.0 mol dm™3, and 380 nm

105[T11] 105[N,H,*] R’ ka
mol dm™3 mol dm™3 s71 dm? mol1s?

4.0 5.0 8.7
4.0 10.0 8.0
4.0 20.0 1.71 9.0
4.0 30.0 2.53 8.7
4.0 40.0 3.45 8.8
4.0 50.0 4.30 8.8
4.0 60.0 4.97 8.4
4.0 80.0 6.34 8.0
4.0 100.0 8.00 8.1
5.0 5.0 8.0
5.0 10.0 8.4
5.0 20.0 8.3
5.0 40.0 3.48 9.0
5.0 60.0 5.23 8.9
5.0 80.0 6.87 8.7
5.0 100.0 8.26 8.4
2.0 30.0 2.62 8.9
3.0 30.0 2.51 8.6
4.0 30.0 2.62 9.0
6.0 30.0 2.62 8.2
8.0 30.0 8.2
9.0 30.0 8.0
10.0 30.0 8.1
2.0 50.0 3.94 8.0
4.0 50.0 3.90 8.0
6.0 50.0 3.90 8.1
8.0 50.0 4.07 8.5
10.0 50.0 3.84 8.1
4.0 2.0 8.5
6.0 3.0 7.8
8.0 4.0 8.0
10.0 5.0 7.9

Av. 844+ 0.3

Effect of Chlovide Ion.—A systematic study of the effect of
chloride was made in view of the catalytic activity of this
ion in the oxidations of hypophosphite,}? phosphite,!3
SbHI 14 and Fell 18 and its inhibiting role in the oxidations
of AsI18 formic acid,!” and hydroxylamine.’® A sharp
decrease in the rate was observed with increasing chloride-
ion concentration (lower curve in Figure 1). In all these
cases and also in the ionic-strength investigations, the rate

11 R, J. Ouellette and S. Williams, J. Org. Chem., 1970, 35,
3210.

12 K. S. Gupta and Y. K. Gupta, Inorg. Chem., 1974, 13, 851.

13 K. S. Gupta and Y. K. Gupta, Inorg. Chem., 1975, 14, in the

ress.

14 P. D. Sharma and Y. K. Gupta, Indiar J. Chem., 1974, 12,
100.

15 W, C. E. Higginson and K. G. Ashurst, J. Ckem. Soc., 1953,
3044; F. R. Duke and B. Bornong, J. Phkys. Chem., 1956, 60,
1015.

16 P, D. Sharma and Y. K. Gupta, Austral. J. Chem., 1973, 26,
2115.

17 H. N. Halvorson and J. Halpern, J. Amer. Chem. Soc., 1956,
78, 5562.

18 B, M. Thakuria and Y. K. Gupta, J.C.S. Dalton, 1975, 77.
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constants were calculated from the initial rates. Since a
number of chloride complexes 1® of different reactivities are
formed in the presence of chloride, only 5—109, reaction
was considered for calculating the initial rates so that the
ratio of chloride to TI*™ does not change significantly.
Effect of Ionic Strength and Chlovide-ion Impurity —There
was a small effect (109, increase in the rate) of the ionic
strength on the rate of the present reaction when the
measurements were made with barium nitrate (0.02—0.1
mol dm™) and with the other reactants having concen-
trations as in the Table. Larger concentrations of barium
nitrate could not be employed because nitric acid is formed
in the system, which is likely to oxidise KI used in the
kinetic procedure. It was difficult to obtain a salt for the
ionic-strength investigations which was free from trace

amounts of chloride and other complications. In other
{Liclo 1/ mol dm™3
0 04 08 1:2 1:6 20
L T T

ky/dm3mot™!s™!

0 0-4

0-8
10°[C1~1/mol dm™3

12 16 2:0

Ficure 1 Effect of NaCl (@) and Li[ClIO ] (O) on the TIWL-
N,H,* reaction at 8 °C, [TII] = § x 1078 mol dm™3, [N,H+] =
8 X 107 mol dm™, and [HCIO,] = 1.0 mol dm™

systems the ionic strength has little or no effect. For
example, in the oxidation 20 of SbII by TIH! no effect was
observed, there was only a 159, increase in the rate of
oxidation 2 of H,PO, by T on increasing the ionic strength
from 0.34 to 5.34 mol dm™, and in the oxidation 22 of Hg,?"
the effect of sodium perchlorate was ascribed to perchlorate
complexing of Hg,?" rather than to any ionic-strength
effect.

Ionic-strength effects are generally investigated with
sodium or lithium perchlorates. The former was not
employed in order to avoid medium effects 22 and chloride-
ion impurity.?%2¢ Jonic-strength effects were therefore
also studied by employing lithium perchlorate in the
concentration range 0.02—2.0 mol dm™. The rate of
reaction decreased significantly. This appears to be due
to the trace amounts of chloride present in the lithium
perchlorate, sufficient to complex the small concentrations
of TIM! employed. The two curves in Figure 1 would
overlap if 1.0 mol dm™ Li[ClO,] were equivalent to 4 x 1075

1* J. M. Woods, P. K. Gallaghar, Z. Z. Hugus, jun., and E. L.
King, Inorg. Chem., 1964, 8, 1313.

20 P. D. Sharma and Y. K. Gupta, J.C.S. Dalton, 1973, 789.

2 K. S. Gupta, and Y. X. Gupta, J. Chem. Soc. (4), 1970, 256.

102220A. M. Armstrong and J. Halpern, Canad. J. Chem., 1957, 85,
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mol dm™ NaCl. Thus it can be concluded that the decrease
in the rate on addition of Li[ClO,] is due to the chloride
present (0.0022%) in it. No such effect was encountered

50

40

1 1 1 1 1

0 2 4 6 8 10

[H'17 mot™ dm™®
Ficure 2 Effect of HCIO, on the TIML-N,H+ reaction at 8 °C,
[THH] = 4 x 107 mol dm™, [NyH*] = 3 x 107¢ mol dm™
and [LiClO,] = 2.5 (O) and 2.0 mol dm™ (@)

in the oxidation 2! of hypophosphite because the concen-
trations of T employed were large. Similar behaviour
was observed in the oxidation of hydroxylamine.!’® When
the perchloric acid concentration was varied at a large
constant concentration of Li[ClO,] so that effects due to
ionic strength and/or chloride impurity are constant, an
inverse hydrogen-ion dependence was obtained as shown in
Figure 2.

Effect of Hydrogen Ion.—The effect of the hydrogen-ion
concentration was studied in the range 0.1—1.0 mol dm™3

1
650 80
{H*1"/mol 'dm™3

Ficure 3 Plots of k4 at different [H+] for the TIIL-N,H +
reaction at 8 °C, [TIMI] = 4.0 x 107 mol dm™3, [N,H;*] =
3 x 107¢moldm™, and I = 0.5 (O), 0.6 (A), 1.0 (@), 1.5 (D),
and 2.5 mol dm™ (i)

without adjusting the ionic strength (ionic strength solely
determined by HCIO,) since there is no effect of the latter
(solid line in Figure 3). Thus the reaction has an inverse

2 (a) F. Roig and R. W. Dodson, J. Phys. Chem., 1961, 85,
2175; (b) D. Huchital and H. Taube, J. Amer. Chem. Soc., 1965,
87, 5371; (¢) K. S. Gupta and Y. K. Gupta, Indian J. Chem.,
1970, 8, 1001.

24 R. Favier and M. Zador, Canad. J. Ckem., 1969, 47, 3539.
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hydrogen-ion dependence. When the effect was studied at
constant ionic strengths adjusted with lithium perchlorate
(as is generally done), however, and plots of rate constant
against [H*]™! were made, broken lines were obtained as
shown in Figure 3. This variation in the rate of reaction
with the change in ionic strength at the same [H*] can again
be ascribed to the chloride-ion impurity in the samples of
lithium perchlorate. Thus the linear relation obtained in
the presence of lithium perchlorate employed to adjust the
ionic strength is fortuitous. A similar situation was noticed
in the oxidation 2 of thiols by neptunium(vi) and the refs.
mentioned therein. The small positive intercept was
assigned to the substitution of hydrogen by lithium ions
in the ionic medium. However, this factor does not appear
to be important in the present reaction.

Energy and Ewntropy of Activation.—The reaction was
studied at four different temperatures. Rate constants,
ky, at [H*] = 1.0 mol dm™, I = 1.0 mol dm™, and 5, 8, 10,
and 12 °C were 4.6, 8.4, 13.2, and 19.5 dm?® mol ™ s71 respec-
tively. The Arrhenius energy and entropy of activation
associated with %, were 138 - 6 kJ mol™ and 259 4- 25 J
K1 mol™ respectively.

DISCUSSION

The reaction of TI™ with hydrazine shows significant
acid dependence. In the oxidations of Hg,?* 2%
U2 formic acid,'? hydroxylamine,® and tris(2,2'-
bipyridyl)osmium(11) 2 the species [TI{OH)]?>* has been
considered to be reactive. However, in the present
investigation the acid dependence can be explained by
assuming both TI3* and [TI(OH)}?* as reactive species.
Hydrazine exists in the protonated form, N,H,*, in the
acid solutions since the acid dissociation constant #
for NoHz*is 1.2 X 108 mol dm™ at 25 °C. Both forms
of hydrazine could be reactive. Protonated hydrazine
has been considered to be reactive in other oxidations.%30

The oxidation of hydrazine by different oxidants has
been reported # to take place by two paths depending on
whether the oxidant is a one- or two-electron agent.
Since nitrogen is a product of the oxidation of hydrazine
by TIMI, it appears that thallium(1) is acting as a two-
electron oxidant as in most of its oxidation reactions
and as discussed by Higginson ¢f al.3 Also, intermediate
species have been reported by Huang and Spence
in the oxidation of hydrazine by Mo¥* and by Beck and
Durham 22 in the oxidation by CrVL. Based on these
facts, the stoicheiometry, the orders with respect to
[T} and [N,Hg*], and the hydrogen-ion dependence,
the following mechanism is suggested.

K
TE* + H,0 === [TYOH)* + H*  (3)

[TUOH)JE* + NpH,*
TI* + N,H, - 2H* - H,0 (4)

fast
THO 4 N,H, —» TE -+ N, + 2H*  (5)

25 C. J. Weschler, J. C. Sullivan, and E. Deutsch, Inorg. Chem.,
1974, 18, 2360.

28 A, M. Armstrong, J. Halpern, and W. C. E. Higginson, J.
Phys. Chem., 1956, 60, 1661.

27 J. O. Wear, J. Chem. Soc., 1965, 5596.

28 D. H. Irwin, J. Chem. Soc., 1957, 1841.
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The above mechanism leads to the rate law (6).
—3d[TI"M]/df = EEu[TIM][N,H*)/((HY] 4 K»)  (6)

Biedermann 3 found a value of 0.073 mol dm3 for
Ky at I = 3.0 mol dm™ and 25 °C, whereas Rogers and
Waind 2 reported the value 0.086 mol dm™ at I = 1.5
mol dm™ and 25 °C. Using 69.4 kJ mol? as the en-
thalpy 35 of hydrolysis of TI3*, K}, was estimated to be
0.015 mol dm™ at 8 °C. Since the concentration of
perchloric acid used in most experiments was 1.0 mol
dm3, Kp could be neglected in the denominator of
equation (6) and the simplified rate law (7) or (8) is
obtained. The equation is of the same form as (1) if

@
—3d[TIT)/d¢ = kK, [TIHN,H, I [H*L (7)
= ky[TIM [N, H+][H*]? (8)

kKy/[H*] = ksy. From the gradient of the solid line in
Figure 1, k, was estimated to be 8.9 dm3 mol™ s which
is similar to the value reported in the Table.
Alternatively the rate law (11) where 2K = k4 can
be obtained by assuming that only TI3* is present in
significant amounts and is reactive, and that reaction
occurs vza an intermediate complex formed between T13*
and N,H* with release of a proton and subsequent
decomposition of the complex. No kinetic evidence for

K
TB* 4+ NH* == [TINH, B + HY (9)

[TEN,H,J* — TIF 4 NH, + 2H*
—3A[TIT/dt = RK[TIM)[N,Hg | [H*]2

(10)
(11)

complex formation between TI* and N,H;* was
obtained. However, the possibility of formation of a
weak complex does exist. The rate of reaction is very
slow in the presence of chloride 5 and acetate 6 ions which
form strong covalent complexes with TI3*. Obviously
the co-ordination sites on TI3* are blocked by these
ions and the formation of the intermediate complex (if
it is a prerequisite for the activated complex) is inhibited.
This is further supported by the fact that the rate in the
presence of sulphate ions is faster than in these two
cases (chloride and acetate), presumably because sulphate
ions form weak complexes3® or only ion pairs. In
perchlorate media the reaction is so fast that spectro-
photometric evidence for complex formation cannot be
provided even with low concentrations of the reactants.

28 G. Schwarzenbach, Helv. Chim. Acta, 1936, 19, 178; D.
Banerji and I. P. Singh, Z. anorg. Chem., 1967, 349, 213.

30 A, P. Bhargava, Ratan Swaroop, and Y. K. Gupta, J. Chem.
Soc. (4), 1970, 2183.

31 T, Huang and J. T. Spence, J. Phys. Chem., 1968, 72, 4198.

32 M. T. Beck and D. A. Durham, J. Inorg. Nuclear Chem.,
1970, 82, 1971.

33 G. Biedermann, Arkiv. Kemi, 1964, 6(5), 527.

3¢ T. E. Rogers and G. M. Waind, Trans. Faraday Soc., 1961,
57, 1360.

3 Yu. B. Yokolev, F. Ya. Kulba, and L. N. Thu, Zhur. fiz.
Khim., 1967, 41, 1168.

36 F. Ya. Kulba, Yu. B. Yakovlev, and V. E. Mironev, Russ. J.
Inorg. Chem., 1965, 10, 1113.
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The results of hydrogen-ion dependence show that either A third mechanism consistent with the observed rate

there is no such complex formation, or if there is, it law involves the reaction between TI3* and N,H, and
involves release of a proton. release of a proton, as in equations (12) and (13).

e Here [TI3*] = [TI'] since it has already been men-

N,H " === N,H, + H* (12) tioned that [H*] > K, in equation (6). The fact that

the rate of reaction is almost independent of ionic

TB* + N,H, _i,_ TI¥ + N,H, + 2H*  (13) strength strongly supports a reaction between TI3* and
NoH, in preference to that between [T1(OH)]?* and

—3Q[THT)/df = R [NH [ TB*|[H NoH.*.
= RAINLH V[T [H*L (14) [6/808 Received, 29th April, 1975]
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