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The kinetics of oxidation of hydroxylamine (L) by I ; follow a pseudo-first order disappearance in [1; ] in aqueous acetic
acid-sulphuric acid media. While the pseudo-first order rate constant (k,, ) remains constant in [1, ], range of 4.0 x 10 “* 10 20
x 10" * moldm ~*at [1;70 <4 x 10 "* moldm ~* k,,, increases progressively with decrcase in [15 },. The values of &, exhibit
(i) a linear dependence.on[L], tending to attain limiting values at higher relative [L],, (il) a decreasing and complex trend on
increasing [1 ~] and on increasing [H * ], (iii) a decreasing trend with decreasing dielectric constant of the medium, and (iv) a
negligible dependence on ionic strength, on added Cu?* aq and added disodium ethylencdiaminetetraacetic acid. Results are
interpreted in terms of a mechanism which envisages negligible reactivities of the I, and of the LH* species predominant in the
medium, an inner-complex mechanism of electron transfer involving the I, and L species, and an encounter-controlled

reaction bettween the HOI and the L species.

The literature on the kinetics of oxidation of
hydroxylamine by various oxidants is extensive' ~7. In
the hydroxylamine-iodine reaction reported earlier®,
many mechanistic details were lacking. Therefore, it
was thought worthwhile to study the kinetics of
oxidation of NH,OH (L) by I; under acidic conditions
in detail with a view to getting a clear-cut mechanistic
picture.

Materials and Methods

All the reagents used were of GR grade.
Hydroxylammonium sulphate was standardised by
bromate reaction. The experimental details were
reported earlier®. Experiments in the presence of added
metal ions or disodium EDTA etc, were conducted
employing lower concentrations of thesc.

Stoichiometry and products
The stoichiometric experiments under the condition
[1;]o>[L], showed that one mol of the substrate
reacted with 0.9 + 0.1 mol of the oxidant in accordance
with Eq. (1), giving nitrous oxide as the major product.
2NH,;0OH" +2I;7->N,0+H,0 +
61 ~+6H" (D)
N,O was also shown to be the major oxidation product
of NH;OH" in acidic medium by many workers®>7.

Results

The reaction followed a pseudo-first order kinetics
in the disappearance of oxidant (represented as [15],)
for more than four half-lives, in individual runs and in
the [1;7], range of 4 x 10 ™ t0 20 x 10 ~* mol dm 3 as
seen from the linear plots of log [I;], versus r.
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However at [I; ], <4 x 10 * mol dm 3 k_,_ increased
with decrease in [15 ], although the pseudo-first order
disappearance in oxidant was still observable in
individual runs (Table 1).

The k., values were insensitive towards added
acrylonitrile, Cu?* and disodium ethylenediamine-
tetracetate and towards varying ionic strength (y) of
the medium (supporting electrolyte: NaClO, and/or
NaHSO,). These observations indicate that the

Table | —Pseudo-first Order Rate Constants for Oxidation
of Hydroxylamine by I3
[Llg=1x10"%[H JF=1x10"%[1"]=1x10"2 and u=1 mol
dm ~?, HOAc=10%" and temp.=35C)

1001 7o mol dm ™3 10% koo (s 1) 10% ko (s )

1.0 21.0 9.9
1.8 16.0(15)® 34
2.4 14.0(13)® 2.3
3.0 13.0 10 «
4.0 9.9(9.6)° 9.9
44 9.6 10 ¢
5.0 9.98.9)° 9.8"
8.3 9.48.9)° 9.9}

10 9.4 10 }

20 9.5(8.5°

(a) H,SO0, was used as a source of [H * J; acetic acid-water = 10-
90°, (v, V).

(b) In the presence of 5 x 10 77 mol dm 3 of added Cu** aq.

(c.d) Aq. HOAc=5", and 20", respectively.

(e, ) #=0.05 and 2.0 mol dm * (supporling clectrolyte:
NaClO,/NaHSO,/KHSO,). ‘

(g.h,i) In the presence of 1 x1073, 1 x1072, 1.0 mol dm 3 of

added Kl respectively.
G) In the presence of 1 x 10 7 mol dm 3 of added acrylonitrile
[15Jo =~ Analytical initial concentration of the oxidant.
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Table 2—Pseudo-first Order Rate Constants for the
Oxidation of Hydroxylamine by I;
[I5Jo=5x10"% [H*]=1x10"2 [1"]1=1x10"2 and u=1 mol
dm 3, HOAc=10%, temp. =35°C)

10% [L], 10% kopy (s 7Y
(mol dm ~3)

0.05 . 0.5*
0.5 5.0 5.7
1.0 9.9%(15.0)°
2.0 18 (4.9)*
8.0 50 (2.5)¢

10.0 60(0.5)
1.0 115(10.0)®
1.0 12(8.9Y
1.0 1248.0)'

a) Calculated from the measured second order rate constant

under the condition [L],® 053o.,

(b,o) At 30° and 40°C respectively; average values of activation
parameters are: AH* =77 kJ mol ; AS* = —12.0 JK !
mol % log,,A =11.2.

(de,f)  In the presence of added [I-]=2x10"2, 4x 102 and
20.0 x 10 72 mol dm ~ respectively.

(i,k) In the presence of added [EDTA]=5x10"%, 10x 10—
and 50 x 10 mol dm ~* respectively.

(hy,)  Inaddition to added EDTA asin g, i, k, in the presence of

added [Cu?* aq]=1x10"",5x 107 and 10 x 10~7 mol -

dm 2 respectively.

reaction-does not proceed by a free radical mechanism,
does involve a neutral species as one of the reactants
and there is no metal ion catalysis of the reaction.
Under acid conditions the slight retarding effect of
added Cu?* aq(Tables 1 and 2) may possibly be traced
to the formation of very small quantities of iodides of
copper, which being less reactive, retard the reaction
slightly. When Na, EDTA is added to reaction systems
containing Cu?*, formation of iodides of copper is
prevented and hence slight acceleration in rate (Tables
1 and 2).

Decrease in the dielectric constant of the medium
retarded the rate. This suggests that the reaction may
be of a dipole-dipole type; a plot of log k., versus 1/D
was also linear. A plot of log k,,, versus 1/T was linear,
from which the net activation parameters were
calculated (Table 2).

The k, linearly increased with increase in [L], in
the lower concentration range (Table 2); however at
higher relative [L], the increase in k. with [L], was
somewhat non-linear as seen from the decrease in
kous/[L]o values. A plot of 1/k,,, versus 1/[L], was
linear with a definite intercept on the 1/k,,, axis.

Added iodide had a linear-inhibitory effect on &, at
[H*]=1x10"2 mol dm 3 (Table 2); however, at
lower [H*] (pH 2.75) the inhibitory influence of [I ]
on k,,, (Table 3) was such that a plot of k,,, [1 ] *

Table 3—Pseudo-first Order Rate Constants for Oxidation
of Hydroxylamine by 15
([1536=5x10~%, [I-J=1x 102, x=1.07 mol dm ~® and L,=5
x 10 ™ mol dm ~3; Medium H,SO,/HSO, ,
~CH,;COOH/CH,COO - and temp. = 35°C)

10°[H* ] 10 k gy 10°[H*] 10%,,, (s
mol dm 3 (s mol dm -3
100 1.0 10 s 0.5
20 5.0 8.91 0.6
10 9.9 4.47 1.5
6 16 2.51 40
5 20 1.78 7.0
3.0°
(1.0}
0.3y
1.26 13
1.00 20
0.89 26
0.79 31
0.7t 90
(a) {(L}o=1x10"2 mol dm3 HOAc=10%, H,SO,/HSO,
media.
(bed) At 2x1072, 4x1072 and 10x10~2 'mol dm 3 of I~
respectively.

versus [I17] was linear with significant intercept and
slope.

Table 3 presents the retarding effect of [H* ] on k..
Athigher [H* ] region, the k,,, versus 1/[H * ] plot was
linear passing almost through the origin whereas at
relatively low [H* ] range (corresponding to pH range
2.0 to 3.15) the reactions were relatively fast. The k.,
depended on [H*] at lower [H*] in a complex
manner; the k,, [H*]) ~* versus [H*] plot was linear
with significant intercept and slope.

Rate law, mechanism and data treatment

The observed kinetic data can be interpreted in
terms of a probable mechanism presented in Scheme 1.
(L=NH,0H, LH* =NH;0H"; the reactivities of
other species were considered negligible).

., Kg=10"8 mo( g3 (ret. 7)

Ky=1/782=1-28 x 16> mol dm™3
(ref. 9a)

. {ref. 9a)
{
L+t =X, Intermediateproducts fast Products

k
HOI+L i» Intermediate products —fast, Products

(L=NHOH, LH’=NH30H*; the reactivities of other species
were considered negligible)

LH* L+HY
Iy L+I”
Ip*Hp0 T=—= HOI+H"+ T, Kq=4+6 x 10" S moldmm 6

Scheme 1

Atlow[L]yand [1;],=5x 10 "*moldm ~>where a
linear dependence of k,,, on [L], and [1;], was
observed respectively, ihe rate law (Eq.2) derived
based on Scheme 1 satisfies the observed kinetics.
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—dll yde
] o™

(kaKaKZ[H +:| [l 7] +k3xKaK2K3)[L]O
(K, +[H"IH"I0 P+ K,[H* 1 ]+ K,K5)
..(2)

Since [H™]> K, and that the terms K,[H* ][]
and K,K; in Eq. (2) are negligible in comparison to
[HT][17]* in the denominator under the present
experimental conditions, rate law (2) reduces to
expression (3).

k ,\,!?ZxKaKZ[L]Oi k3xK3K2K3[L]0 3
SSHIOT TP P -9

At higher [H™] range the effective reacting oxidant
species is 1, so that kp, 2 (k,, K, K)[L]oA[H* 11 D).
Atlower [H™ ] region (pH range 2.0 to 3.15), the &, is
composed of a negligible contribution from the most
abundant species 15, a major contribution from the
molecular I, species and a small contribution from
HOI. Although the concentration, and the contri-
bution to the overall reactivity of the HOI species are
small at lower [H "] range employed, individually HOI1
is the most reactive of the three species; therefore, the
rate law (Eq. 3) could not be further simplified at lower
[H™] region.

Assuming the enthalpy variation of K, K, and K,
(the latter two values shown in the Scheme 1 refer to
those at 257C) to be negligible in the small temperature
range, data treatment as discussed somewhere else in
the paper, in accordance with Eq. (2) results in the
average values of k,, and k;, as 4.6 x 10° dm? mol ~!
s ' and 3.5x10'"" dm® mol ~! s7!, respectively, at
35'Cin 109, aqueous acetic acid (Table 4). The pseudo-
first order rate constants calculated using these values
are in agreement with the experimental k_,, values.

At[H" ]=1x10"2, {1 ]=1x10"? and [l;]o=5
x 10 ™ mol dm ~* where a tendency to a limiting &, is
observed at higher [L],, the data fits Eq. (5) in
accordance with the reaction sequence in Eq. (4).

K K
I, +L=[I,L] = Products .4

o KNKRIL], "
T KH )+ KK L]0

K obs
Data treatment furnishes the average values of the
pseudo-formation constant (K) and the pseudo-
decomposition rate constant (k") of the [1,L] complex
intermediate as 4.6 x 10* dm?® mol ! and 0.1 s~!,
respectively at 35°C in 109, aqueous acetic acid. At
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Table 4 —Average Values of Resolved Constants for
Oxidation of Hydroxylamine (L) by I; in Aqueous Acid
(H,SO,) Medium

(HOAc =10%,; temp. =35°C; u=1 mol dm?)

Constant Value Reaction step/
Effective reactant
species

ky(dm3mol's™!) 46x10° 1,, NH,OH

ki (dm*mol 's-')  35x10'"  HOI, NH,OH

K’ (dm? mol ) 4.6 x10* [I,L] complex formation
constant

k'(s™h 0.1 [I,L] complex decompo-
sition rate constant

KK (dm? mol 's™)  4.6x10° Overall second order

rate constant for

1,4+ NH,O0H reaction
Forward rate constant

for [I,L] complex
formation

Reversal rate constant

for [1,L] complex reversal

k\(dm* mol 7' s ) 0.4

K’ 1(571) *Qw10°

lower [L], (and high [H*]) where a near linear
dependence of k., on [L], is observed, k'K’
approaches the computed value of k,, (4.6 x 10° dm?
mol~!'s™ 1),

Although the reaction followed a strict pseudo-first
order kinetics in 15 disappearance at [15], in the range
of 4x10™* to 20x10~* mol dm 3, there was a
progressive increase in the &, value when the [1;],
was lowered below 4 x 10 = mol dm —3. This increase
does not appear to have any relationship with trace
metal ion participation as seen from experiments in the
presence of small amounts of added Cu?* aq. On the
other hand, at low [1;],, if a reasonable assumption is
made that when k'[I,]J<k’_, (Egs 4 and 5; K
=k'/k'_,) i.e. when the [1,L] complex decomposition
constant is not so slow compared to the complex
reversibility, Eq. (6)-can be derived from which, the
pertinent values can be obtained.

.  KKKK,[L]
TR H IO 1+ KK JH T+ KK LI ]

...(6)

The average values of A and k', as obtained from
the plot of 1k, versus [1;5],, where 0.4 dm? mol !
s 'and 9 x 10 ~°s ! respectively under the conditions
specified earlier. The above contention appears valid
as the value of the [I,L] complex decomposition
constant k' (=0.1 s~') is much too larger than the
complex reversal constant k'_,.

lodine (or HOI) is well known to be an effective two-
electron acceptor in aqueous solutions as also seen
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from the present study. This is because if a rate-
determining one-electron change were to take place it
would have resulted in the formation of atomic iodine
and NH ,O radical (viz. two reactive species) for which
the activation enthalpy would have been much
higher'© than what is observed here, and which would
have resulted in induced polymerisation of added
acrylonitrile.

The overall mechanism of product formation in acid
medium can be visualised in terms of Scheme 2.

I,(aq)+2¢—21" (ag)
or HOI (ac)+H +2e—1"(aQ+H,0
2NH,O0H —2e—2NH,0+2H"
2NH,0 —2e—H,N,0,+2H"
H,N,0,-N,0+H,0
or HON+NH,0H-N,+2H,0
2NH,0-N,+2H,0

Scheme 2

While the stoichiometry ratio, A[1,]/A[NH,OH], is
2/2=1 for the formation of N,O (through the
intermediacy of hyponitrous acid, H,N,0,), the same
ratio should be 1/2 =0.5 for the formation of N,. In the
majority of oxidation reactions of NH,OH in acid
medium, N,O has been obtained predominantly and
often almost quantitatively®”-’. Evidences for the
intermediacy of H,N,O, have also been presented in a
number of instances®’. In our previous work on
NH,OH-Ni(IV)-Cu(ll) reaction we made a gas
chromatographic analysis of the products and found
that when the acidity of the reaction medium is less
formation of N, is favoured, while in acid solutions
N,O formation is favoured’. Hyponitrous acid, HO
—N=N—-OH, which is a dimeric form of reactive
nitroxyl HON, easily loses a molecule of water, by
internal dehydration, to produce N,O(NON). This can
also be seen from a consideration of reported redox
potentials E,.=0.44 V and E,:=-0.54 V for the
couples 2 NH,OH -4 ¢—H,N,0,+4 H™ (ref. 9b)
and, 1,(aq)+2e—2I ~ (aq) respectively, and AF5;=38
kcal mol ! for the reaction H,N,0,—+N,0+H,0.
These data suggest that the formation of N,O by
oxidation of NH,OH by I, is thermodynamically
favourable. (On the other hand, the redox potential

5s=—2.65 V (see ref. 9b) for the couple, H,N,O,
+2H* +2¢ >N, +2H,0 suggests a high cnergy
barrier accompanying the formation of N, from
H;N,O, intcrmediate, although the two nitrogens in
the later are presumably linked). Even though we have
not made any detailed analysis on distribution of N,O,
the overwhelming evidence presented in  other
investigations® 7 lead us to belicve that N,O is the
product of oxidation of NH,OH under the present
conditions.

The oxidation of hydroxylamine often exhibits
extensive metal ion catalysis via complex formation;
the complex may undergo decomposition with
intramolecular and - concomitant electron transfer
prior to product formation step(s). But in the present
reactions added Cu?* aq did not have any significant
effect on the rate.

The reactivity of the most abundant reducing
substrate species LH* was negligible in comparison to
that of the less abundant unprotonated L species, since
the K, versus 1/[H* ] plot was linear passing almost
through the origin. Similarly while the abundance of
the oxidising iodine species decreased in the order: 15
> [, > IOH, the individual reactivity order increased in
a reverse pattern: I;7 <1, <HOI.

The reactivities of the two important oxidant species
HOI and I, might approximately be in consonance
with their redox potentials (e.g., k3, > k,,), but the lack
of reactivity of the most abundant I3 species is not
explicable on the basis of redox potential con-
siderations (viz. both I, and I; have the same redox
potentials in aqueous solutions®; E,,, =—091 V,
E;, =-054V, E| , .=-054 V). The latter can,
however, be explained if it is assumed that the oxidant
is involved in a complexation reaction with the
substrate prior to the rate-determining step; the
oxidant 5 species, in which iodine is strongly bonded
with I ~, will not most likely be available for such a
process. This has been evidenced in the oxidation of
hydrazine using I3 both from kinetic and spectral
measurements®.

The mechanisms and rate laws which satisfactorily
explain the kinetic data, lead us to conclude that the
oxidation of hydroxylamine by I3, resulting in the
formation of N,O and I T(aq), proceeds by an inner-
complex mechanism of electron-transfer(s) with a pre-
equilibrium 1:1 ¢-CT interaction involving I; and L
species. Further the reaction of the HOI and L species
approaches the encounter-rate limit, and the
reactivities of the predominant species I3 and of LH"
are negligible under the conditions of the present work.
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