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Kinetics and Mechanism of the Oxidation of Hydroxylamine by lodine

By Gyula Réabai and Mihaly T. Beck," Institute of Physical Chemistry, Kossuth Lajos University, H-4010

Debrecen, Hungary

The rate law for the iodine oxidation of hydroxylamine in acidic aqueous solution has been determined and a
plausible mechanism is suggested. The reactivity of unprotonated hydroxylamine is much higher than that of the
protonated form. The reaction is autoinhibitory : the rate is inversely proportional to the first and second power of
the iodide concentration due to two pre-equilibria.

WE discovered recently that the oxidation of hydroxyl-
amine by iodate or periodate ion is an oligo-oscillatory
reaction: the concentration of iodide may show three
extrema during the reaction; iodine is also formed.
Since no information on the kinetics and mechanism of
the reaction between iodine and hydroxylamine was
available we decided to undertake this study.

In weakly alkaline medium the reaction takes place
smoothly and rapidly according to the stoicheiometry
(1). According to Bartousek! this reaction can be

2NH,OH -+ 2I, —» N,0 + 41~ + H,0 + 4H* (1)

applied to the iodometric determination of hydroxyl-
amine provided the pH of the solution is adjusted by the
addition of solid magnesium oxide. We found this
method to be reliable. However, in acidic media the
reaction is rather slow and the stoicheiometry depends
on the pH and the ratio of hydroxylamine to iodine.

EXPERIMENTAL

All chemicals were of analytical grade and used without
further purification. The solutions were prepared using
doubly distilled water. Iodine was dissolved in acetic acid.

Analytical Procedures.—Hydroxylamine was determined
iodometrically using starch as indicator and solid magnesium
oxide to adjust the pH. The iodide-ion concentration was
monitored using a Radelkis OP-1 7112D iodide-selective
electrode, with a saturated calomel electrode as reference
and a Radiometer PHM64 pH meter. We found that this
electrode could not distinguish between I~ and I,~. The
sum of the concentrations of I, and I;~ was spectrophoto-
metrically determined at the isosbestic point (468 nm; e =
740 dm3 mol! cm™) using a Beckman Acta I1I spectrophoto-
meter. Nitrous acid was also determined spectrophoto-
metrically using the Griess-Ilosvay reaction. Two reagent
solutions were prepared: A, sulphanilic acid (0.5 g) dissolved
in 309, acetic acid (150 cm3); B, a-naphthylamine (0.1 g)
dissolved in hot water (20 cm?) and poured into 309, acetic
acid (180 cm?®). Immediately prior to measurement, equal
volumes of A and B were mixed. Samples (0.1 cm3) of the
reaction mixtures were removed and added to a mixture of
the reagents (10 cm3). The absorbance was determined after
20 min. A calibration curve was obtained by an analogous
procedure using sodium nitrite solution of known concen-
tration. The gaseous products were analysed by an
ATOMKI NZ-850 quadrupole mass spectrometer.

Kinetic Experiments.—All solutions were deoxygenated
by bubbling argon through them. The pH was adjusted
using acetic and monochloroacetic acids. The reaction

mixtures were thermostatted at 25 4 0.2 °C. Reaction
was initiated by injecting a small volume of iodine dissolved
in glacial acetic acid into the deoxygenated reaction mix-
ture in the cell.

Calculation.—The system of differential equations was
solved numerically by a fourth-order Runge-Kutta method
using a Hewlett-Packard 9810 calculator.

RESULTS AND DISCUSSION
Stoicheiometry.—The ratios of the amount of reacted

iodine to hydroxylamine and of the initial concentrations
at pH 2.53 are given in Table 1. It appears that in the

TaBLE 1

Ratios of the amounts of reacted iodine and hydroxylamine
and of initial concentrations of the reactants. pH =
2.53, [I,]p = 9.0 X 107 mol dm™

(Lalo/[NH,OH*], (T.)/[NH,OH*]
4.5 1.62
3.0 1.53
2.2 1.45
1.8 1.25
1.5 119
1.3 111
1.1 1.03
1.0 0.97
0.8 1.01
0.5 105

case of excess of iodine there is a deviation from the
stoicheiometry (1). The dependence of the stoicheio-
metry of the oxidation of hydroxylamine on the excess
of oxidant is a general observation and was also noted
when cerium(1v),? hexacyanoferrate(11),? chromium(vi),*
and cobalt(11x)  were used as oxidants. In the present
case it is due to the sequence of reactions (2)—(4). The

NH,OH* + 21, + H;0 —» HNO, + 41~ + 5H* (2)
NH,OH* + HNO, — N,0 + 2H,0 + H* (3)
2HNO, + 2I- + 2H* —»2NO + I, + 2H,0  (4)

contributions of the various reactions to the consumption
of hydroxylamine and iodine are determined by the
kinetics of the reaction. According to the mass spectro-
metric analysis of the gaseous products in the case where
hydroxylamine is in excess, mainly N,O is formed
besides NO, while no trace of N, could be detected. If
iodine is in excess, only trace amounts of N,O are found
and slow evolution of NO is observed.

Kinetics.—As can be seen from Figure 1 the rate of
reaction decreases sharply with increasing ionic strength
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at low salt concentrations but is practically independent
of the ionic strength in the range I = 0.2—1.0 mol
dm3. In all kinetically evaluated experiments the ionic
strength was within this range and in most of the experi-
ments was 0.2 mol dm™3,

——— o

05 1-0
[NaNO3]/mol dm 3

FIGURE 1 Dependence of the pseudo-first-order rate constant
on ionic strength. ([I,], = 5.0 x 107, [NHOH+], = 1.0 X
1073, and [H+] = 4.17 X 107® mol dm™

In a 1 mol dm™® acetic acid solution ([H*] = 4.17 x
108 mol dm™) the initial rate is proportional to the
concentrations of both iodine and hydroxylamine. The
dependence of the pseudo-first-order rate constant on
hydrogen-ion concentration is illustrated in Figure 2.
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Ficure 2 The pseudo-first-order rate constant as a function

of reciprocal hydrogen-ion concentration. [I,}, = [NH;OH¥),
= 5.0 X 107 mol dm™

The reaction -is autoinhibitory, ¢.e. iodide ion, one of
the products of the reaction, decreases the rate. Auto-
inhibition is a rather unusual kinetic phenomenon. In
principle, autoinhibition is to be expected in all oxid-
ations by iodine due to the difference in the rate of
reactions involving iodine and tri-iodide ion respectively.
However, in most cases the difference is insufficient to
cause autoinhibition to become manifest. Asis apparent
from Figure 3, in this particular reaction iodide ion has a
large inhibitory effect and the initial rate is not simply
inversely proportional to the iodide concentration.
Based on 200 experiments, the dependence of the initial
rate on the initial concentrations can be described by
equation (5). The values of the constants at 25 °C are

1 dlL,_,

0 =
k' [NH,;OH*]
(k’* + m)T K, + ol @

J_ C S ﬁ/mégicleomine

as follows: k&, =2.3¢ dm® mol? s?t; £, = 6.67 x

102 s1; K =785 dm? mol?;

and Q = 4.94 x 104

dm® mol2. Agreement between the experimentally
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FiGure 3 The effect of iodide-ion concentration on the pseudo-
first-order rate constant. [I], = 6.0 x 107, [H¥] = 4.17 x
1073 mol dm™; [NH,OH+], = 5.0 X 10™ (@), 2.0 x 1073 (A},

and 1.0 X 1072 mol dm™ (X))

determined and the calculated constants is reasonably
good as can be judged from a comparison of the data from
several randomly selected experiments (Table 2).
Although equation (5) satisfactorily describes the
concentration dependence of the initial rate, it fails to

TABLE 2

Measured and calculated values of first-order rate constants
at [I]y = 6.0 X 1074, I = 0.2 mol dm™, and 25 °C

Initial concentrations/mol dm™

104 10? 103
[NH,OH+*], (11 [H*]
51 1.0 4.17

5 2.6 4.17

5 3.0 4.17

5 4.0 4.17

b 10.0 4.17

5 20.0 4.17

b 20.0 4.17
50 3.0 4.17
50 4.0 4.17
50 5.0 4.17
50 6.0 4.17
50 8.0 4.17
50 10.0 4.17
50 20.0 4.17
100 2.0 4.17
100 4.0 4.17
100 6.0 4.17
100 7.0 4.17
100 8.0 4.17
100 9.0 4.17
100 10.0 4.17
100 20.0 4.17
100 40.0 4.17
1.5 10.0 4.17
10 10.0 4.17
25 10.0 4.17
5 0 2.95

5 0 4.17

5 0 5.88

5 0 14.12

5 0 28.84

5 0 39.81

103 2,/s?
Measured  Calculated
4.88 4.99
3.10 2.80
2.68 2.41
1.86 1.86
0.69 0.67
0.26 0.25
0.30 0.25
24.4 24.1
18.8 18.6
15.50 14.9
13.1 12.3
9.20 8.80
7.60 6.70
2.49 2.51
52.2 66.2
32.8 37.1
22.2 24.5
20.1 20.6
17.1 17.6
14.9 15.2
13.4 13.3
4,98 5.03
1.92 1.65
1.02 0.99
1.57 1.33
3.40 3.33
12.4 12.6
9.32 9.15
6.42 6.35
3.48 3.53
2.48 2.32
1.72 2.00
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give an account, when combined with reaction (2), of
the change of concentration with time. The deviations
between the experimentally determined and calculated
concentrations of iodine, hydroxylamine, and nitrous
acid increase with increasing extent of reaction. Evi-
dently, the rate of reactions (3) and (4) should also be
considered. These two reactions can be studied inde-
pendently and some data are available. Hughes and
Stedman © studied the reaction between nitrous acid and
hydroxylamine. Using their rate equation, (6), and the

v3 = k[HNO,)[NH;OH ][H"] (6)

activation energy determined by them, the rate constant
at 25 °Cis k3 = 2.5 dm® mol® s}, The rate law for the
reaction between nitrous acid and iodide 7 is given by
equation (7) where 2, = 3.7 X 10% dm® mol3® s and

vy = k[HNO,J[H*][I7]? + %,/ [HNO,[H*]*[I"]* (7)

(a)

N

10* Concentration /mol dm™3

~

200 460 600

FicUrE 4 Kinetic curves of the iodine-hydroxylamine reaction.
The points indicate experimentally measured values whereas
the continuous line indicates the calculated values using the
following set of constants: % = 2.34 dm?® mol™ s7}, %, =
6.67 x 107 s1, K = 785 dm?® mol?, Q = 4.94 x 10* dm*
mol™2, k5 = 2.5 dm® mol™2 s™, k, = 3.7 X 10® dm® mol™ s,
and k&, = 3.7 x 10" dm?® mol™® s™*. Dashed lines represent
the curves calculated using the same constants but also
considering the second term of rate equation (8’) (R =
1 x 10¢ dm® mol? s7). [I], = [NH,OH+], = 5.0 x 107,
{Ht] = 2.9 X 10 mol dm™; [I-], = 2.0 X 107* (a), 0 mol
dm™ (b)

Vieg,?gicle Online

kY = 3.7 x 10 dm'® mol® s?. Using these rate
constants, good agreement was found between the
experimental and calculated iodine concentrations,
whereas the deviations between the found and cal-
culated concentrations of nitrous acid monotonously
increase with time (Figure 4).

According to the investigations of Hughes and Sted-
man,® bromide and thiocyanate ions catalyse reaction (3)
and it is thus reasonable to assume that iodide is an even
more active catalyst of this reaction. That is, the rate
equation (6) should be extended to give (6). It is

vg = k,[HNO,|[NH,OH*][H*] +
ky [NH;OH"][HNO,J[I"] (6')

apparent from the curves of Figure 4 that using &, =
1 x 10* dm® mol2? s gives a fairly good agreement
between the calculated and found concentrations of
nitrous acid throughout the reacion.*

Mechanism.—The dependence of the initial rate on
hydrogen-ion concentration indicates that the reaction
takes place along two pathways involving either un-
protonated or protonated hydroxylamine. Although it
follows from the protonation constant of hydroxyl-
amine 8 (Kp = 1 x 108 dm?® mol™?) that at the pH of our
reaction mixture (pH 1.3—3.0) NH,OH* is the dominant
species, the contribution of the route involving NH,0H
is greater.

To explain the dependence of rate on iodide-ion
concentration it is not enough to consider the tri-
iodide ion equilibrium (8), Kz = 725 dm® mol? at 25 °C

L+ =1y (8)

and to assume a much reduced reactivity of I,~ relative
to that of I,. A similar dependence of rate on the con-
centration of iodide was recently observed in the reaction
of hydrazine with iodine. King et al.? assumed that in
the iodine oxidation of hydrazine there was an iodide-
producing  pre-equilibrium. Analogously, reactions
(9)—(13) are taken into account. Applying the steady-

e

NH,OH + I, NH,OHI* + I~ ©)

NH,OHI* —*_» NOH + I- + 2H* (10)
NOH + I, + H,;0 = HNO, + 21~ + 2H* (11)

NH,0H* + I, —se NH,OHI** + I (12)

NH,OHI** — 5 NOH + I- + 3H* (13)
state treatment to the NH,OHI* and NH;OHI?* inter-
mediates and considering that the free iodide concen-
tration is practically equal to the initial total iodide
concentration, equation (14) is obtained for the depen-
dence of apparent rate constant on the concentration of
iodide and hydrogen ions where K, is the protonation
constant of hydroxylamine. From a comparison of

* The authors are grateful to one of the referees for his helpful
suggestion to take the catalytic effect of iodide ion into account.
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[NH,OH*],

bo = o i R, S PRl T F 13) *

J.C.S. Dalton "™

[NH,OH*],

[‘"—‘Hﬁxp)({k-s/km F R T + (Kol I T 1}) (14)

equations (5) and (14), it follows that k g/k,, does
not differ much from %_,,/k;5, and the experimentally
obtained values are as follows: ky = kyy; &y = ko/Ky;
K = k jolki3 + Kg; and Q = Kgk o[k Since K =
785 dm?® mol™ and @ = 4.94 x 10* dm® mol2, a value
for Ky of 716 dm?® mol? is obtained which agrees well
with the independently obtained equilibrium constant.
It appears that the oxidation of unprotonated hydroxyl-
amine is much faster (ky = 6.67 x 10* dm?® mol? s7)
than that of the protonated species (&, = 2.3¢4 dm3
mol™? s1). Although it is unlikely that there are four
orders of magnitude difference between the rates of the
reactions involving iodine and tri-iodide ion, the experi-
ments do not allow us to determine the reactivity of the

latter.
[1/1112 Received, 14th July, 1981]

REFERENCES

1 M. Bartousek, Z. Anal. Chem., 1960, 173, 193.

¢ W. A. Waters and J. R. Wilson, J. Chem. Soc. A, 1966, 534.

3 V. K. Jindal, M. C. Agraval, and S. P. Mushran, J. Chem.
Soc. A4, 1970, 2060.

4 R. A. Scott, G. P. Haight, jun., and J. N. Cooper, J. 4m.
Chem. Soc., 1974, 98, 4136.

5 B. Sramkova, J. Sramek, and J. Zyka, Anal. Chim. Acta,
1972, 62, 113.

¢ M. N. Hughes and G. Stedman, . Ckem. Soc., 1963, 2824.

? L. Dézsa, I. Szilassy, and M. T. Beck, Inorg. Chim. Acta,
19786, 17, 147.

8 P. Lumme, P. Lahermo, and J. Tummavouri, Acta Chem.
Scand., 1965, 19, 2175.

» S. E. King, J. N. Cooper, and R. D. Crawford, I'norg. Chem.,
1978, 17, 11.


http://dx.doi.org/10.1039/dt9820000573

