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Equilibrium 2 was studied by Gritzel et al.,'* as noted above.
In that study NO, was formed in solution rapidly after the
pulse; the equilibrium constant K, determined from the de-
crease in NO, absorbance as equilibrium 2 was established,
was found to be 1.4 X 10* M1 (20 °C).

The magnitude of K, evaluated by eq 16, (2.3 £ 1) X 1073
M1, agrees within the estimated error bound with that de-
termined in this study ((3.03 + 0.23) X 10 M™!). This
agreement lends support to the present interpretation of the
measurements made in dilute acid, viz., that the species re-
sponsible for the quadratic component of the UV absorption
in the present study is the same species (presumably N,O,)
that gives rise to the UV absorption spectrum in the pulse
radiolysis studies. This close agreement contrasts with the
strong disagreement (70-90-fold) between the value of K|
evaluated by eq 15 and that determined by Turney* (in ~5
M perchloric acid) or that given by Schmid and Krenmayr®
(based on the value of Turney but corrected to dilute solution).
As noted above, it was this disagreement that stimulated the
present investigation. The present results establish that this
disagreement is a consequence of the shift in the empirical
association constant Ky’ with increasing acidity. We have
suggested above that this shift is due to the formation of a
species whose concentration is dependent upon hydrogen ion
activity as well as exhibiting a quadratic dependence on
[HNO,]. Since the shift in Ky’ is observed in studies both
in the UV (this work) and in the visible regions (Bunton and
Stedman,’ as well as the qualitative observations noted above),
we infer that the absorption at A 500-800 nm that gives rise
to the blue color of the acidic solutions also arises from the
acidic species, rather than from the neutral N,O; as has been
supposed in the previous studies. A study of the dependence
of the weak visible absorption band upon acid concentration
might give further insight into the identity of the species re-
sponsible for the blue color. We note in this context that the
presence of “blue nitrous acid” is generally associated with
highly acidic media.!1-28.2

The low value of K| found in the present study would appear
also to resolve an anomaly in the interpretation of the kinetics

(28) H. L Schlesinger and A. Salathe, J. Am. Chem. Soc., 45, 1865 (1923).
(29) F. Seel and H. Sauer, Z. Anorg. Allg. Chem., 292, 1 (1957).

of diazotization of amines via N,0; intermediate. As pointed
out by Ridd,? the apparent reaction rate between N,O; and
amines is far less than the encounter rate of the species when
[N,O;] is evaluated by using Turney’s value for K;, whereas
for diazotization via nitrosyl halide intermediates the rate
coefficients approach those of encounter reactions. However,
for the lower value of [N,0;] calculated by using K, obtained
in the present study, the rate coefficient for reaction between
N,0, and, e.g., aniline is found to be 7 X 108 M1 s7! at 25
°C, within 1 order of magnitude of the encounter rate of the
species and much more in keeping with the rate constants
obtained for reaction with nitrosyl chloride and nitrosyl
bromide.

Determination of X; permits the free energy of formation
of N,0s(aq) to be evaluated, making use of the known® free
energies of formation of HNO, and H,O(l); the resulting value
is AG;°(N,05(aq)) = 33.53 & 0.05 kcal/mol, where the error
bar represents the propagated uncertainty in K. This value
may be used in turn to evaluate the physical (Henry’s law)
solubility of N,O, as the equilibrium constant of reaction 16.

N,05(g) = N,05(aq) (16)

Making use of the known® free energy of formation of
N,0;(g), one obtains K;s = 0.70 & 0.05 M atm™, where again
the uncertainty reflects the uncertainty in the present value
of K. Because of the reactivity of N,O;, K¢ cannot be directly
measured. The value of K¢ derived here agrees as well as may
be expected with the value (1 M atm™) estimated by Turney
and Wright?! on the basis of physical properties of N,O; in
analogy with other molecules whose solubility coefficients are
known.
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The title reaction at constant [HCIQ,] and [CIO,] follows the rate law —-d[Ag(II)]/dr = 2k,[Ag(II)][H,PO,) /(1 + Ks[Ag(D)]),
where k, was found to be (7.6 ® 0.7) X 10* M~ 57, at 30 °C and I ~ 4.0 M, and X is the formation constant of AgH;PO,*,
and its value from kinetics results was 38 £ 2.5 M at 30 °C and [HCIO,] = 4.0 M. There is evidence for the complexes
AgClO* and Ag(ClO,), in perchlorate solutions of Ag(II). Silver(II) oxide appears to disproportionate to Ag(III) even

in the solid state.

The authors recently studied’ the silver(I)-catalyzed oxi-
dation of hypophosphorous acid with cerium(IV) to ascertain
the role of the catalyst. Though no evidence for the Ag(I)/
Ag(II) cycle was obtained, a study of the reaction of Ag(Il)
with hypophosphorous acid seemed desirable to confirm the
absence of this cycle in the catalyzed reaction. The kinetic
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studies made with silver(II) have been few, owing to its re-
action with water in acidic solutions of HC1O,,?? H,S0,,*
H,PO,,’ and HNO,,5 and some of them are incomplete from
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Figure 1. Typical plot of absorbance and time for the oxidation of
H,PO, by Ag(Il) ([Ag(II)] = 2.5 X 103 M; [H,PO,] = 1 X 107
M; [HCIO,] = 4.0 M; [Ag(I)] = 0.20 M; 30 °C; A = 470 nm).

the viewpoint of the mechanism.

Several papers have appeared on the oxidation of hypo-
phosphorous acid. The central theme of these oxidations in
acidic solutions has been the existence of tautomeric equilib-
rium between the normal and active forms of hypophosphorous
acid. Complexation with the metal ions is another feature of
these reactions.

Apart from the motivation with which this work was started,
the reaction has not been studied so far, and the interest lies
in knowing whether the tautomeric equilibrium is the bottle-
neck of the reaction and whether disproportionation’ of Ag(II)
as given by eq 1 is important in this reaction since in some

2Ag(IT) = Ag(IID) + Ag(D) (1)

cases (exchange reaction® and decomposition?6) Ag(III) has
been reported to be the oxidizing species.

Experimental Section

Materials. Silver nitrate and peroxydisulphate were S. Merck GR
quality, and hypophosphorous acid was Riedel AR grade (32%).
Perchloric acid was Riedel 60%. All other chemicals were either BDH
AnalaR or E. Merck GR quality. Corning glass vessels were employed
for storing the solution and for carrying out the reactions. Doubly
distilled water was used for all solutions and in the reaction mixture,
second distillation being made from alkaline potassium tetraoxo-
permanganate.

Preparation of Ag(II) Solutions. Concentrated solutions of silver
nitrate and potassium peroxydisulphate were mixed to yield a black
solid? which was filtered, washed with water, and dried. Solutions
of Ag(IT) were prepared by weighing the required quantity of this
solid and dissolving it in a mixture of solutions of 0.2 M silver per-
chlorate and 4.0 M HCIO,. Solutions were prepared whenever re-
quired since Ag(II) reacts with water yielding oxygen. Dried solid
older than 2 h was not used for reasons mentioned later. The de-
composition?? is sufficiently slowed down in about 4.0 M HCIO, and
in the presence of about 0.2 M AgClO,.

Extinction Coefficient of Ag(II) in Perchloric Acid Solutions.
Solutions of Ag(II) so prepared were determined cerimetrically. Excess
iron(Il) was added to a solution of Ag(II), and excess iron(II) was
back-titrated with cerium(IV) in the presence of about 1.0 M H,SO,.
Absorbance of solutions of silver(II) perchlorate was measured on
a Coleman colorimeter with a 470-nm filter, and the molar extinction
coefficient was found to be 139 = 2 M~ cm™. Other reported values
of extinction coefficients are 140 £ 7 M! cm™ at 475 nm?, 140
7 M7 cm™ at 474 nm,'® and 138 = 2 M™! cm™ at 470 nm.!"!?

(6) H.N.Po,J. H.Swinehart, and T. L. Allen, Inorg. Chem., 7, 244 (1968).
(7) A. A.Noyes, D. DeVault, C. D. Coryell, and T. J. Deahl, J. Am. Chem.
Soc., 59, 1326 (1937).
(8) B. M. Gordon and A. C. Wahl, J. Am. Chem. Soc., 80, 273 (1958).
(9) R.N. Hammer and J. Kleinberg, J. Inorg. Synth., 4, 12 (1953); L. Z.
Cramer, Koll., 2, 171 (1907); H. Marshall, Proc. R. Soc. Edinburgh,
23, 163 (1900).
(10) G. Veith, E. Guthals, and A. Viste, Inorg. Chem., 6, 667 (1967).
(11) E. MeFtasti,)E. Pelizzetti, and C. Baiocchi, J. Chem. Soc., Perkin Trans.
2,77 (1978).
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Figure 2. Plot of absorbance and time for the decomposition of Ag(II)
([Ag(ID] =2 X 102 M (@); 3 X 102 M (0); 4 X 102> M (@);
[HCIO,] = 4.0 M; [Ag()] = 0.20 M; A = 470 nm; 30° C).

Table I. Stoichiometry of the Reaction of Ag(Il) and H,PO, in
4.0 M HCIO, and 0.2 M AgClO, at 30 °C

10* x 10% X 10* x 10% x
[(H,PO,]/M [AgD]/M [AgD]/M [AgADI/M  [Ag(D]ysed!

taken taken left over  consumed [H,PO,lugeq
2.0 5.0 0.96 4.04 2.02
2.0 15.0 10.94 4.06 2.03
2.0 20.0 16.06 3.94 1.97
3.0 25.0 19.07 5.93 1.98
5.0 25.0 14.83 10.17 2.03
7.0 25.0 11.00 14.00 2.00
10.0 25.0 5.00 20.00 2.00

av 2.00 £ 0.02

Although in general the absorbance is reported to be independent of
the concentration of HCIO,, complexing of Ag(II) with perchlorate
is reported by Kirwin and co-workers.2 However at about 475 nm
the various perchlorate complexes of Ag(II), even if formed, have the
same extinction coefficients. The quantity of solid silver(II) oxide
weig,he;i and the cerimetric assay corresponded to the empirical formula
AgO.!

Kinetics Procedure. The reactions were studied colorimetrically
at 470 nm in 4.0 M HC1O and 0.2 M AgClO,. A weighed amount
of solid silver(IT) oxide was quickly dissolved in a 10-mL mixture of
HCIO, and AgClOQ,, yielding the above final concentrations at 30
= 0.1 °C, and the solution was added to a known quantity of a
temperature-equilibrated solution of H3PO, in the colorimeter tube.
Mixing and the first measurement of absorbance took from 2 to 3
s. The reaction was very fast for this conventional method of analysis
and not more than three to four measurements were possible within
15-20 s. There was no variation in the temperature of the reaction
mixture during this interval since the air temperature was 30 £ 2 °C
for the period during which this study was made. A typical plot of
absorbance and time is given in Figure 1. Initial rates were calculated
by the plane mirror method.!* Duplicate measurements were re-
producible to £15%.

Decomposition of Ag(IT) Solutions. Though the decomposition of
Ag(II) is fast, the title reaction is much faster, and, further, the
decomposition reaction is slowed down in the presence of Ag(I) and
by employing a suitable concentration of HCIO4. Thus during the
period in which the title reaction occurs, decomposition reactions can
be neglected. This is also obvious from the nature of the curve in
Figure 1. Some decomposition reactions were also studied, and the

(12) E. Mentasti, E. Pelizzetti, and C. Baiocchi, J. Chem. Soc., Perkin Trans.
2, 1841 (1976).

(13) P. Ray and D. Sen, “Chemistry of Bi- and Tripositive Silver”, NISI
(India) Monograph, 1960, p 3.

(14) M. Latshaw, J. Am. Chem. Soc., 47, 793 (1925).
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Table II. Rates (v) of Ag(II) Dependence in the
Ag(I1)-H,PO, Reaction®

10°[AgdD)/M 0.5 1.0 1.5 20 3.0 4.0 5.0
10°v/M 57! 1.8 41 56 725 11.0 132 178

% [H,PO,]=2.0 X 10™* M; [HCIO,] = 4.0 M; [Ag(1)] = 0.2 M;
30 °C.
Table III. Varation of H;PO, in the Ag(II)-H,PO, Reaction®

10°[H,PO,]/M 1.0 20 30 50 70 100
100/M 5™ 45 96 137 260 340 485

¢ [AgdD)] = 2.5 X 10~ M; [HCIO, | = 4.0 M, [Ag()] = 0.2 M;
30 °C.

Table IV. Effect of Ag(l) in the Ag(II)-H,PO, Reaction?

[H,PO,]=2.0X 10~ M
[AgD]/M 006 0.1 015 020 025 0.30

10v/M s 173 113 103  6.34 555 4,07
[H,PO,]=4.0X 10™* M
[AgD]/M 0.15 0.20 0.25 0.30
10%0/M s~ 17.8 14.7 11.3 9.26

% [Ag@D] = 2.0 X 10 M; [HCIO, | = 4.0 M; 30 °C.

results are given in Figure 2. If one divides the rate (decomposition
of Ag(II) of the first reaction by the concentration of Ag(ll), a
first-order rate constant of about 6 X 107 s7! is obtained whereas
a similar treatment of the rate of the title reaction with the same
concentration of Ag(II) and the lowest concentration of H,PO, would
yield a value of about 4 X 1072 s7! for the so-called first-order rate
constant. The value for the decomposition reaction would be still less
in the presence of Ag(I).

Stoichiometry. The conventional method of determining the
stoichiometry with excess Ag(II) was not possible owing to its reaction
with water. With excess H;PO,, cerimetry!® appears to be the least
troublesome method, but even this would fail in the presence of Ag(I)
owing to the reaction of Ce(IV) with H;PO; catalyzed by Ag(I).
Fortunately in all the kinetics experiments employing excess Ag(II),
almost constant absorbance is obtained after the title reaction is over,
and from this the concentration of leftover Ag(II) can be calculated.
Some of those results given in Table I show that 2 mol of Ag(II) are
required for each mole of H;PO,. Obviously the reaction of Ag(II)
with H3PO; seems to be slow, and it is s0.!¢

Reactions with Aged Solid Oxide of Ag(IT). If reactions are carried
out with different samples of solid oxide of Ag(II), the rate of title
reaction is almost unchanged, but the rate of decomposition (reaction
of Ag(II) with water) increases with the aging of the sample. Even
1 day old samples result in a 100% increase in the rate. Such old
samples when dissolved in aqueous HClIO, immediately yielded a
precipitate of AgCl with a solution of NaCl whereas fresh samples
yielded a precipitate after a few seconds. These findings are in
conformity with the earlier reports that solid samples of formula Ag,0,
are really Ag'Ag'O,.

Results

Silver(IT) and H,PQ, Dependences. The concentration of
Ag(II) was varied in the range 5 X 10™*-5 X 103 M with a
fixed concentration (2 X 10* M) of H;PO,, and the concen-
tration of H;PO, was varied in the range (1-10) X 10™* M
at a fixed concentration (2.5 X 107> M) of Ag(1l), in 4.0 M
HCIO, and 0.2 M AgClO,. The results are given in Tables
ITand III. The plots of rate vs. [Ag(1I)] and also [H,PO,]
yielded straight lines passing through the origin in both cases.
The reaction is thus first order in each. The apparent sec-
ond-order rate constants were found to be 1.74 X 10% and 1.96
X 102 M~' s7! at 30 °C in the variation of Ag(II) and H,PO,,
respectively.

Reactions in Presence of Ag(I) and H;PO,. Since the
products of the reaction are Ag(I) and H;PO,, systematic

(15) D. N. Bernhart, Anal. Chem., 26, 1798 (1954).
(16) A. Viste, D. A. Holm, P. L. Wang, and G. D. Veith, Inorg. Chem., 10,
631 (1971).

Indrayan, Mishra, and Gupta

Table V. Effect of HCIO, in the Ag(l)-H, PO, Reaction®

[HCIO, |/M 2.5 3.0 3.5 4.0
1050/Ms™! 5.8 6.15 6.55 6.7

% [AgD] = 2.0 X 107 M; [H,PO,] = 2.0 X 10~* M; [Ag()] =
0.2 M;7=4.2 M;30°C.

Table VI. Effect of Ionic Strength or Perchlorate Ions in the
Ag(I)~H, PO, Reaction®

[LICIO,]/M 0 05 07 10 1.3

[CIO,-]p/M 32 37 39 42 45

IM 32 37 39 42 45

1050/M s 38 47 54 63 13
3 [AgdD] = 2.0 X 107° M; [H,PO,]=2.0 X 10™* M;

[oR=4

[AgICIO, ] = 0.2 M; [HCIO, ] = 3.0 M; 30 °

Table VII. Absorbance of Ag(ll) in Different Perchlorate
Solutions at 380 nm?®

[CIO, "] 7/M
time/s 3.0 3.5 4.5 5.0

20 0.65 0.66 0.690 0.695

30 0.635 0.64 0.655 0.670

60 0.625 0.625 0.635 0.650

100 0.615 0.618 0.625 0.635

140 0.605 0.615 0.618 0.625

extrapolated 0.655 0.680 0.725 0.745
abs at zero

time

a [Ag(N)] = 4.0 X 107 M; [HCI0,] = 2.0 M.

studies in their presence were also made. The concentration
of Ag(I) was varied from 0.05 to 0.3 M, and the rate was
found to decrease with the increase of [Ag(I)]. The results
are given in Table IV. If a plot of (rate)™! vs. [Ag(I)] is made,
a straight line with an intercept results. The concentration
of H;PO, varied in the range (1-10) X 107 M had no effect.

Effect of Perchloric Acid. The reaction was studied with
different concentrations (2.5-4.00 M) of HCIO, at a constant
ionic strength of 4.2 M adjusted with lithium perchlorate. The
results given in Table V show a little increase in the rate with
the increase of [HClIO,].

Effect of Ionic Strength/Perchlorate Ions. The ionic
strength was varied in the range 3.2-4.2 M by employing
LiClO, at a fixed [HCIO,] = 3.0 M. The results given in
Table VI show an increase of rate with the increase of ionic
strength or [ClO4"]. However, the effect of ionic strength in
such concentrated solutions in general is not much, and the
increase in rate probably occurs owing to the variation in the
concentration of the reactive species of Ag(II) with perchlorate.
A plot of rate vs. [ClO,7] yields a curve with the increase of
[C10,]. Two complexes of Ag(II), AgClO,* and Ag(ClO,),,
appear to be formed as in the case of sulfate solutions.* The
formation constant of AgClO,* appears to be large enough
to convert all of the Ag(II) into this complex, but the formation
constant of Ag(ClOy), appears to be small.

Spectrophotometry of Perchlorate Solutions. Absorbance
of 4.0 X 10 M Ag(II) in 2.0 M HCIO, and different per-
chlorate solutions at 380 nm? was measured at different times.
The results are reported in Table VII. A plot of absorbance
vs. time yielded a curve which is extrapolated to obtain ab-
sorbance at zero time.

Since the extinction coefficient of Ag?* without perchlorate
cannot be determined, the formation constants of AgClO,*
and Ag(ClO,), separately cannot be calculated by the Yat-
simirskii method.!'” If all of the Ag(II) is considered to be

(17) K. B. Yatsimirskii, Zh. Neorg. Khim., 1, 2306 (1956).
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converted into AgClO,* in 2.0 M HCIO,, the formation
constant of Ag(ClO,), can be calculated by Ramette’s me-
thod!® from the data of Table VII, and it was found to be 0.077
£ 0.011 M at 30 °C.

Discussion

Since the acid dissociation constant'® of H;PO, is about
0.135 at 25 °C and I = 1.0 M, the predominant form of
hypophosphorous acid would be H,PO, With regard to
Ag(II) species, since perchlorate solutions have been employed
and since the rate increases with the increase of perchlorate
ion, a possibility of complexes>* AgClO,* and Ag(ClO,), being
reactive exists (see eq 2 and 3).

K
Ag* + ClO,- = AgClO,* )
K
AgClO,* + ClO,- == Ag(ClO,), (3)

Another possibility for Ag(II) species to exist in the hy-
drolyzed form has been indicated in the oxidation of hy-
droxylamine,® vanadium(IV),? and aliphatic organic com-
pounds!??? (eq 4). The value of Ky has been found? to vary

K
Ag?* + H,0 = AgOH* + H* (4)

from 0.1 to 0.7 at I = 5.6 M. Hence the predominant form
of Ag(II) in 4.0 M HCIO, would be Ag?*, but AgOH™* would
also be present. If Ag?* is reactive, there would be small
changes in the concentration of Ag?* with the increase of
HCIO,, and consequently there would be a small increase in
the rate as found in the present investigation. Thus Ag(Il)
is likely to be present as Ag?*, AgClO,*, Ag(ClO,),, and
AgOH* in perchloric acid solutions.

There is yet another possibility for a complex of Ag(II). A
number of complexes of Ag(II) with organic ligands containing
nitrogen donor atom are known, viz., pyridine,* o-
phenanthroline,?* a,o’-dipyridyl,?® oxime,?” picolinic acid,?®
nicotinic and isonicotinic acids,”® and other pyridinecarboxylic
acids,*® but inorganic complexes so far reported are those of
nitrate,’! sulfate,* and perchlorate.>* Hypophosphorous acid
is likely to complex with Ag?* through oxygen, but there is
no evidence of any kind. On the other hand for Ag(I) there
is kinetics as well as spectrophotometric evidence?? for its
complexing with hypophosphite, and as a consequence of this,
the concentration of free H;PO, in the present system de-
creases.

(18) R. W. Ramette, J. Chem. Educ., 44, 647 (1967).
(19) J. H. Espenson and D. F. Dustin, Inorg. Chem., 8, 1760 (1969).
(20) D. S. Honig, K. Kustin, and J. F. Martin, Inorg. Chem., 11, 1895

(1972).

(21) E. Baumgartner and D. S. Honig, J. Inorg. Nucl. Chem., 36, 196
(1974).

(22) E. Pelizzetti and E. Mentasti, J. Chem. Soc., Dalton Trans., 2086
(1975).

(23) P. Hammes, L. D. Rich, D. L. Cole, and E. M. Eyring, J. Phys. Chem.,
75, 929 (1971); M. Eigen, W. Kruse, G. Maass, and L. DeMaeyer,
Prog. React. Kinet., 2, 287 (1964).

(24) G. A. Barbieri, Gazz. Chim. Ital., 42, ii, 7 (1912).
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(29) B. Banerjee and P. Ray, J. Indian Chem. Soc., 33, 503 (1956).
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In view of the various types of dependences described earlier,
mechanism (2)—(8) for the reaction may be suggested.

Ag* + ClO, == AgClO,* 9
AgCIO,* + ClO, == Ag(CIO,); 3)
Ag* + H;0 == AgOH" + H @

Ag* + H;PO, == AgH,PO,* (5)

Ag®* + H;PO, A products (6)
AgClO,* + H;PO, &, products (7)
Ag(ClO,), + H;PO, i products (8)

The rate law for the decrease of Ag(Il) is given by eq 9.
v = -d[Ag(ID)] /dr = 2[Ag(1])][H;PO,] X
(k; + kK,[ClO,] + k3K,KG[CIO. T2 /(1 +
Ks[Ag(HD(1 + Ky/[H'] + K,[CIO,] + K2K3[C104'(]92;

Since Ky is reported to be small, K, is large (greater than at
least 10), and K is 0.077 M, the predominant form of Ag(II)
would be AgClO,* in HCIOQ, solutions used, but Ag(ClO,),
would also be present in significant amounts and contribute
to the rate. The rate law thus is given by eq 10. A plot of

2[Ag(ID][H;PO,](k, + k3K;5[CIO,])

(1 + Ks[Ag*])(1 + K5[ClO,7])
(10)

v (1 + K;5[ClO,]) vs. [ClO,7] yields a straight line, but with
a negative slope on the rate function axis. This is not possible,
and it appears that the straight line may pass through the
origin. Hence X} is still smaller, and the only species pre-
dominant and contributing to the rate appears to be AgClO,*.
The rate law thus reduces to eq 11. A plot of (rate)™! vs.

2k,[Ag(11)] [H;PO,]
I+ Ks[Ag(D)]

[Ag(1)] would yield a straight line with intercept, and from
these K and &, were found to be 38 £ 2.5 M and (6.8 +
0.2) X 102 M1 571, respectively, at 30 °C and [HCIO,] = 4.0
M. The value of K recently found?? in the oxidation of H;PO,
with Ag(I) was 138 £ 19 M~ at [H*] = 0.1 M and 30 °C.
The difference in the values of Ks may perhaps be explained
by its dependence on hydrogen ions. At constant [Ag(I)] the
rate law further reduces to eq 12.

—d[Ag(ID)]dr = 2k, [Ag(ID][H;PO,] (12)

The apparent second-order rate constants from the Ag(II)
and H;PO, dependences were found to be 1.74 X 10? and 1.96
X 102 M! 571, respectively; &, values are thus 87 and 98 M~!
s, If these values are multiplied by (1 + K[Ag(I)]), one
obtains 7.5 X 102 and 8.4 X 102 M~! 5! for the values of k,.
These values are fairly comparable to the one obtained from
the Ag(I) variation. An average value of &, is thus (7.6 £ 0.7)
X 102 M7's7, The same rate law (10) would be obtained at
constant [C1O,7] and [HCIO,], if one assumes only one com-
plex, AgClO,*, along with Ag?*, to be the reactive species,
the latter being predominant.

The reaction is conspicuous by the fact that the Ag(Il)
dependence is first order and not second order,26%16 and hence
it appears that the Ag(III) species is not reactive in this system.
Moreover, the disproportionation step (eq 13), which would

—~d[Ag(ID] /dt =

—d[Ag(ID)] /dt = 1y
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2Ag(I1) = Ag(III) + Ag(I) (13)

exist any way, becomes insignificant in the presence of large
concentration of Ag(I). The reaction appears to be somewhat
similar to the oxidation of formic acid,2*! involving three terms
in the rate law which, however, could not be proved in the
present case on account of high concentrations of Ag(I) and
HCIO, employed to check the decomposition.

There is no evidence for a tautomeric equilibrium between
the normal and active forms of hypophosphorous acid in the
present system since under the conditions employed the rate

is not independent of Ag(II). This mechanism becomes sig-
nificant only when the direct reaction with the hypo-
phosphorous acid and the oxidant is very slow. Direct reaction
between the oxidant and reductant is the preferred path in the
present case.
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The title reaction has been studied in the [H*] range of 0.01-1.0 M at different ionic strengths and temperatures. Unlike
previous reports, the rate is dependent on the concentration of the hydrogen ions, if it is larger than 0.2 M. The rate laws
are d[Fe(III)] /dr = 2k,[S,04*7] [Fe(ID)] for [H*] < 0.2 M and d[Fe(II1)]/dt = (k; + k,K[H*])[S,;05*][Fe(I)] for [H*]
>0.4 M. Inthe [H*] range of 0.4-1.0 M and at I =~ 1.0 M, k; (M"! s71) and &,K (M2 57") were found to be 25 £ 1.2
and 83+ 8,18 1.2and 63+ 4,and 11.5 £ 0.6 and 55 £ 4 at 40, 35, and 30 °C, respectively. A plot of log ke (second-order
rate constant) vs. I'/2 for 7 < 0.02 M yields a straight line with a slope of —3.83. The slope decreases numerically with
the increase in the range of ionic strength investigated. The energy of activation (kcal mol™) was found to be 14.7 £ 1
and 7.6 £ 2 for the k, and k, paths, respectively. The value for the k; path is dependent on the ionic strength showing

ion pairing.

Recently the authors have studied! the iron(II)-catalyzed
oxidation of hydrazine with peroxydisulfate in aqueous per-
chloric acid solutions. The study necessitated the investigation
of the oxidation? of hydrazine with iron(III) and the oxidation
of iron(IT) with peroxydisuifate under the conditions employed
in the catalyzed reaction. Although the catalyzed oxidation!
operates through the Fe(II)/Fe(III) cycle, the mechanism is
not simple, and it involves mixed complexes of iron(III) with
peroxydisulfate and hydrazine, and there is no evidence for
a complex of iron(II) or iron(IIl) with hydrazine. The second
reaction? substantiates this finding. The reaction of iron(II)
and peroxydisulfate is much faster than the catalyzed reaction’
and also the oxidation of hydrazine with iron(III). The title
reaction has been studied by several workers®® in the past,
and all of them suggest the same mechanism. The stoi-
chiometry was studied in detail by Kolthoff and co-workers.?

(1) S.S. Gupta and Y. K. Gupta, submitted for publication.

(2) S.S. Gupta and Y. K. Gupta, unpublished work.

(3) J. W. L. Fordham and H. L. Williams, J. Am. Chem. Soc., 73, 4855
(1951).

(4) (a) E. Turska and J. Matuszewska-Czerwik, Makromol. Chem., 104
(1), 161 (1967); (b) E. Turska and J. Matuszewska-Czerwik, Polymeri,
12 (6), 251 (1967).

(5) 1. M. Kolthoff, A. I. Medalia, and H. P. Raaen, J. Am. Chem. Soc.,
73, 1733 (1951).

(6) G. Talamini, A. Turolla, and E. Vianello, Chem. Ind., 47 (6), 581
(1965).

(7) S. A. Balabanova and A. M. Markevich, Zh. Fiz. Khim., 40 (4), 775
(1966).

(8) L. M. Pozinand V. L. Kheifes, Zh. Prikl. Khim. (Leningrad), 38 (II),

2469 (1965).

Table I. Stoichiometry of the Reaction between Fe(II) and
S, 0, at Different [H*]
10% x 10° X 10° x
[FedD]/ [S,0,*"1/ [FedD}/
M M

[HCIO, ]/ M [Fe(ID]reactea/
M taken taken  remaining [S,04* lreacted
0.01 5.0 2.0 1.0 2.0
0.01 10.0 2.0 6.05 1.975
0.01 20.0 4.0 12.0 2.0
0.01 40.0 4.0 32.0 2.0
0.01 10.0 1.0 7.95 2.05
0.50 5.0 2.0 1.60 1.70
0.50 8.0 2.0 4.5 1.75
1.0 5.0 2.0 2.0 1.5
1.0 8.0 2.0 4.9 1.55

Most of the workers®® studied the reaction in buffered solutions
and found the rate to be unaffected by the change in hydrogen
ion concentration. In the present investigation, when the study
is extended to higher acid concentrations, significant depen-
dence on [H*] was found. The reaction therefore, has been
fully reinvestigated from the viewpoint of hydrogen ion de-
pendence.

Experimental Section

Materials and Solutions. The chemicals employed in the inves-
tigation were either BDH AnalaR or E. Merck GR quality. The
solutions were prepared in doubly distilled water, the second distillation

(9) I. M. Kolthoff, A. I. Medallia, and H. P. Raaen, J. Am. Chem. Soc.,
73, 1733 (1951).
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