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Kinetics and Mechanism of the Oxidation of Hydrazine with lron(i) in
Acidic Perchlorate Media

Surendra S. Gupta and Yugul K. Gupta
Department of Chemistry, University of Rajasthan, Jaipur, India

The title reaction was investigated by determining iron(i) with thiosulphate under the condition
[N,H5*]/[Fe'"] > 1 and the stoicheiometry is 1 :1. Reproducible results were obtained from the same
stock solution of iron(in) perchlorate. The mechanism proposed for the reaction is shown in

equations (i)—(iii), and the corresponding rate law is as in equation (iv); k, and k,/k; were found to be

Fe3* + H,0 = [Fe(OH)]2* + H* (i)

[Fe(OH)]2* + NyHg* ,—} Fe2* + NoH,* + H,0 (ii)
2

N,H," + NoHs* — products (iii)

—d[Fe'] _  Kukiks[Fe'"'][NHs*]?
dt [H*1(k2[Fe"'} + k3[N2Hs5*])

(iv)

2.0 £ 0.2s 'and0.66 = 0.03 at 565 °C. The rate law has been verified under all conditions except that
where [Fe"] » [N,H; "] since Fe'' retards the rate and the lower limit of concentration of N Hg " is
governed by [Fe'"']. The rate of reaction decreases in the presence of sulphate ions showing that

sulphate complexes of iron(m) are not reactive.

We have previously ! studied the iron(u)-catalyzed oxidation
of hydrazine with peroxodisulphate, which proceeds very
slowly in the absence of a catalyst. The oxidation of hydrazine
with iron(in) is also slow and hence the role of iron(i) as
catalyst [involved in iron(it)-iron(u) cycle} requires further
probing as does the reaction of Fe''' with hydrazine. The
latter reaction has been studied by several workers *™* and
although the mechanism is not in dispute there are some
aspects which merit further investigation: (1) no studies have
been made under conditions of fixed stoicheiometry; (2)
chloride and sulphate systems have been employed, but the
reactive species of iron(in) has not been defined; (3) the
inhibiting effect of iron(11) has not been studied systematically;
(4) the effect of hydrogen ion has not been studied; (5) the
extent of complex formation between iron(iit) and hydrazine
is unknown; although no such complexation has been
reported in oxidations by Ce!,* Mn'""” and Cr''',® complexes
do form with Cu'',®>!® Pt!V '! and many other metal ions."?
Recently, an intermediate mixed complex has been suggested
in the oxidation of hydrazine with tris(1,10-phenanthroline)-
iron(1m).?

Experimental

Materials.—All the chemicals used were either B.D.H.
AnalaR or E. Merck G.R. quality. Iron(in) perchlorate was
prepared by precipitating iron(itf) carbonate from iron(ir)
nitrate, washing with hot water to free from nitrate, and
dissolving in perchloric acid. The concentration of iron(i)
in solution was determined by adding a known excess (about
four times) of sodium thiosulphate, allowing time (I min)
for completion of reaction, and back titrating the excess of
thiosulphate with a standard iodine solution. This is a
modification of the method given by Kolthoff and Tomicek.'*
Hydrazine perchlorate was prepared by mixing equivalent
amounts of hydrazine hydrate and perchloric acid.

Kinetic Procedure—The reaction was initiated by adding
thermally equilibrated iron(i) perchlorate solution to a
flask containing known concentrations of hydrazine per-
chlorate, perchloric acid, efc. at 55 + 0.1 °C in a thermostat
bath. The reaction was followed by removing aliquots (5
cm?) from the mixture and adding to an excess of thiosulphate
solution. The excess of thiosulphate was then titrated against
standard iodine solution as above, The solution was acidified
to 1.0 mol dm™ with sulphuric acid before titration to check
the reaction !’ of hydrazine with iodine.

All solutions were prepared in doubly distilled water, the
second distillation being from permanganate. All glass
vessels were of Corning glass.

The data were processed for initial rates by the plane-
mirror method,'® and in some cases second-order plots of
log ([N,H;*)/[Fe''],) versus time (1) were made to obtain
second-order rate constants (k;’). In a few other cases where
hydrazine was present in excess over iron(iu), first-order
plots were also made to obtain first-order rate constants (k;").
The three methods yielded results in good agreement.

Duplicate rate measurements were reproducible to -+ 10%
for the same stock solution of iron(ur) perchlorate, but
different batches yielded different results. Four different
solutions yielded rates which were 60—100%; different from
the one reported in this paper. A possible reason appears to
be a difference in the concentrations of a reactive dimer '@
of iron(i). Ondrus and Gordon '’®* have reported that a
maximum of 5% dimer, depending on acidity and the
concentration of iron(iir), may be formed. The complete study
of the present reaction was made with the same stock solution.

Stoicheiometry.—Several reaction mixtures with various
concentrations of reactants were kept for 24 h. Excess of
iron(ir) was determined as above '* and excess of hydrazine
was estimated '®!° by measuring the absorbance at 455 nm
after its reaction with p-dimethylaminobenzaldehyde in dilute
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Table 1. Initial rates (v,) for the variation of Fe''! in the Fe'''-
N;H;* reaction; [N,Hs*] = 0.02, [H*] = 0.3 mol dm™3, 55 °C

10’[Fe'**)/mol dm™3 20 40 6.0 8.
1059/mol dm™3 s™! 096 22 33 4

10*[Fe'""]/mol dm™? 18.0 19.0
10%,/mol dm= s~! 9.0 9.0

0 12.0 16.0
5 6.7 87

Table 2. Initial rates for the variation of N;Hs* in the Fe'"'-N,H,*
reaction; [Fe'"'] = 4.0 x 1073, [H*] = 0.1 mol dm™3, 55 °C

(a) [Fe''] = 0.0, [SO"] = 0.0
10?[N,H;s*]/mol dm—* 05 1.0 50 100 140 160

10%,/mol dm=3 s~! 1.55 3.0 145 300 43 52
10°[N;H;s*])/mol dm™* 18.0
10%,/mol dm™3 s~! 65

(b) [Fe'] == 0.01 mol dm, [SO. "} - 0.0l mol dm *

10*{N,H;*]/mol dm™3 0.5 0.8 1.0 1.2 1.5 2.0
10%09/mol dm™3 s—! 0.5 1.0 1.42 175 24 35

(c) [Fe"'] == 0.003 mol dm3, [SO,*~1 — 0.01 mol dm™

10?[N,H;*}/mol dm™® 05 08 10 12 15 20
10%p/mol dm™3 s~ 083 15 1.9 24 305 42

HC1 solution. Iron(i1) was estimated colorimetrically with
1,10-phenanthroline as the complexing ligand at pH =~ 3
using acetate buffer. The stoicheiometry was found to be 1 : 1
when [N;Hs*)/[Fe''"] > I, according to equation (1). How-
ever, the number of moles of iron(iir) which react increases

Fe'! + N,Hs* —» Fe'' 4 4N, + NH,* 4 H* (1)

with increasing ratio [Fe'"'}/[N,Hs*]. An attempt to determine
the stoicheiometry in the presence of excess Fe!' (more than
50 times the concentration of hydrazine) in a nitrogen
atmosphere was also made. The reaction was not complete

even after 96 h, i.e. it is very slow in the presence of Fe''. All-

reactions using iron(ir) were performed under a stream of
nitrogen.

Results

Iron(i1) Dependence.—The concentration of iron(il) was
varied from 2.0 x 107 to 1.9 x 1072 mol dm™ at fixed
concentrations of the other reactants. The results are given
in Table 1. A plot of initial rate versus [Fe'''] was a straight line
passing through the origin, denoting a first-order dependence
on [Fe''"]. However, for higher concentrations of Fe!'! this
plot deviated from linearity towards the [Fe'''] axis. The
second-order rate constant (k,”) obtained by dividing the
initial rate by the concentrations of Fe'' and N,Hs* was
found to be 2.8 x 102dm®*mol*s?at55°Cand [H*]= 0.3
mol dm™,

Hydrazine Dependence.—The concentration of hydrazine
perchlorate was varied from 0.005 to 0.20 mol dm™ (Table
2). A plot of initial rates versus [N,Hs*] was a straight line
passing through the origin, showing a first-order dependence
on hydrazine concentration and no significant complexing
of Fe''' and hydrazine. The second-order rate constant
calculated as in the previous paragraph was found to be
7.8 x 1072 dm?® mol™ s7'. If we take into account the different
[H*] and multiply the second-order rate constant by the
latter, the rate constants in the two cases were found to be
8.5 x 103 and 7.8 x 1073 s, The variation of hydrazine was

Table 3. Second-order rate constant (k,") for the variation of [H*]
in the Fe''-N,H;* reaction; [Fe!'"'] = 4.0 x 1073, [N;Hs*] = 1.0
x 1072 mol dm=3, I = 1.0 mol dm3, 55 °C

[H*}/mol dm™ 0.1 0.15 0.2 0.3 0.4 0.6
10%k,’/dm® mol ! s™! 8.3 5.0 4.3 3.0 2.1 1.7
[H*]}/mol dm™3 0.8 1.0
10%k,’/dm3 mol~! s~! 1.1

Table 4. Initial rates for the variation of Fe'' in the Fe!'"'-N,Hs*
reaction; [Fe'''] = 4.0 x 1073, [H*] = 0.1, [SO2"] = 1.0 x 102
mol dm3, 55 °C

(@) [N;Hs*} = 5.0 x 10~ mol dm™3

10°[Fe'')/mol dm™ 1.0 20 40 60 8.0 100
10%,/mol dm=2 st 0.80 071 058 0.50 0.43 0.38

(b) [N,Hs*] — 10.0 ~ 107 mol dm™*

10°[Fe''}/mol dm™3 1.0 2.0 4.0 6.0 8.0 10.0

10%ve/mol dm=3 s~} 1.8 1.65 1.5 1.30 1.25 1.15
(¢) [N;H;5*] —= 0.1 mol dm™?

103*[Fe''}/mol dm™ 00 20 40 80 100

103, (s~ * 49 49 5.2 5.1 5.0

* k' is the pseudo-first-order rate constant.

Table 5. Initial rates for the variation of SO,2~ in the Fe'"'-N,H,*
reaction; [Fe''"] — 4.0 x 1073, [N;H;*] = 1.0 x 1072 [H*] == 0.1
mol dm3, 55 °C

10%[SO.*~ }/mol dm™ 0.0 2.0 4.0 8.0 10.0
10%0/mol dm=3 s~! 3.1 2.2 2.0 1.7 1.5

also carried out in the presence of the different concentrations
of iron(ir) sulphate at constant [SO,2~] since the reaction is
retarded by sulphate ions. These results are also given in
Table 2.

Variation of Hydrogen-ion Concentration.—The effect of
[H *]was studied at fixed concentrations of the other reactants.
The rate decreases with increasing hydrogen-ion concen-
tration (Table 3). A plot of the second-order rate constant
(k") versus [H*]! yielded a straight line passing through the
origin. It thus appears that there is probably one term in the
rate law with an inverse hydrogen-ion dependence. The slope
of the line is 8.3 x 1073s7!, which is similar to the value of the
rate constant derived in the previous section.

Effect of Iron(i1).—The iron(11) sulphate concentration was
varied from 1 x 1073 to 1 x 1072 mol dm™ at constant total
[SO,2~] = 0.01 mol dm™ and different concentrations of
hydrazine. All the results are given in Table 4. The rate
decreases with increasing [Fe!'], except when excess of
hydrazine is present where it appears to be independent of
[Fe!']. In the first two cases (Table 4), a plot of (rate) ™ versus
[Fe''] gives a straight line with an intercept.

Effect of Sulphate and Hydrogensulphate.—The sulphate-
ion concentration was varied from 5 x 10 to 1.0 x 1072
mol dm™ by employing sodium sulphate at fixed concen-
trations of the other reactants (Table 5). The rate decreases
with increasing [SO.2~]. A plot of (rate) ™ versus [SO,2 "] gave
a straight line with an intercept. Since the hydrogen-ion
concentration was at least 10[SO,%~], the variation in [H*]
was considered negligible. The concentration of hydrogen-


http://dx.doi.org/10.1039/DT9830000547

J. CHEM. SOC. DALTON TRANS. 1983

Table 6. Initial rates in the oxidation of hydrazine with Fe'"" in the
presence of peroxodisulphate; [Fe!''}] = 5.0 x 1073, [N;Hs*] =
1.0 x 102, [H*] = 0.1 mol dm™3, 55 °C

10%(S;0¢2~ )/mol dm—3 0.0 20 4.0 8.0 10.0
10%/mol dm s™* 38 24 23 23 24

sulphate was varied from 1 x 102 to 1 x 102 mol dm™ but
without any effect.

Effect of Ionic Strength.—The ionic strength was varied
with LiClO; in the range 0.1—1.0 mol dm™ but there was no
effect.

Reaction in the Presence of Peroxodisulphate.—As stated
in the introduction, the reason for investigating the present
reaction was its relevance to the catalysis by Fe!" or Fe'"! of
the oxidation of hydrazine with peroxodisulphate. Since
peroxodisulphate would interfere with the method of determin-
ation of Fe'"" employed, the kinetics were studied by estimat-
ing hydrazine with potassium bromate using indigo carmine
as indicator.?® The results given in Table 6 are in accord with
earlier findings,'! showing that the mechanism in the presence
of peroxodisulphate is different from that of a simple
iron(im)-iron(m) cycle.

Discussion
The present reaction is first order in the concentrations of
Fe''' and hydrazine, and inversely proportional to the first
power of the hydrogen ion concentration. Thus, so far as the
main reactants are concerned, the reaction and its mechanism
appear to be simple. The role of hydrogen ion could be
explained by the reactive hydrazine species being N,H,,
although the predominant species would be N,Hs* since the
protonation equilibrium constant 2! is large. It could also
be explained by assuming [Fe(OH)P* to be the reactive
species, but the predominant form would be Fe?* since the
hydrolysis constant of Fe3* is small 2 compared to the
hydrogen-ion concentrations employed in this investigation.
There is no way to distinguish kinetically between the two
situations. However, since [N,H,] would be small and the
hydrolyzed species of Fe''! are considered 2 to be more
reactive than the unhydrolyzed species, the reactive species
in the present case are probably [Fe(OH)}** and N,H;*.
One important observation in the present investigation is
the deviation from first-order behaviour at high concentrations
of Fe!', This could be due either to dimer 7 formation or
inhibition by one of the products. Since the reaction is
retarded by the presence of added iron(i1) and dimer formation
is small, the reaction seems to involve an equilibrium between
Fe'" and Fe!!. The fact that the reaction is not complete in
the presence of Fe'' even after 96 h and the stoicheiometry
could not be determined also suggests that iron(i) reacts to
yield iron(i). Secondly, the inhibiting effect of iron(u) is
not found at high concentrations of hydrazine (Table 4).
All these facts taken together lead to the formulation of the
mechanism in equations (2)—(4). With [H*] > Ky the rate
law (5) is obtained.

Fe** + H;0 == [Fe(OH)P* + H* 2)

k.
[Fe(OH)I* + N,H,* ké Fer* + NH,* + H,0 (3)
2

k
N;H,* + NH,* —» products “
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Figure 1. Plot of [N,H,*Jug versus [N;Hs* [ at [Fe'"'] = 4.0 x
10~ [H*] = 0.1, [SO~] = 0.01 mol dm™3, 55 °C; {Fe'"] = 0.01
(O) and 0.003 mol dm™ (@)

28

24

20

10~%(rate)"'7dm? mol~'s
]

| 1 1 1

0 )
0 0-002 0-004 0-006 0-008 0-01

(Fe''1/mot dm™

Figure 2. Plot of (rate)™ versus [Fe''l at [Fe'"'] = 4.0 x 1073,
[H*) = 0.1, [SO2~] = 0.01 mol dm2, 55 °C; [N,Hs*] = 0.005
(O) and 0.01 mol dm™ (@)

—d[Fe''] _ Kukks[Fe'"][N,H;* I )
dr [H*] (k2[Fe"] + &3[N,H;s*])

According to equation (5), plots of [N,Hs*]/rate versus
[N,Hs*1", and those of (rate)™ wversus [Fe''], should yield
straight lines with intercepts (Figures 1 and 2). This is actually
found and from these plots values of k; and k,/k; (Table 7)
were calculated using 4.84 x 1073 for the value of Ky. The
agreement amongst the values can be considered satisfactory
in view of the complexity of the reaction. The order in
[N,Hs;*]* at high concentrations of Fe'! could not be
demonstrated since the reaction becomes very slow. However,
the fact that the plot of [N,Hs*]/rate versus [N,Hs*]?!
contained an intercept shows that the order varies between
one and two. The order in [N,Hs*] is one when Fe!! is not
present. A close look at Table 4 reveals that the ratio of the
rates at [N,Hs+] = 0.01 and 0.005 mol dm™ increases from
2.3 to 3.2 as the concentration of iron(ir) is increased, i.e. the
order in [N;Hs*] increases from one towards two.
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Table 7. Values of &, and k,/k; at 55 °C in the oxidation of hydrazine with Fe''' in acidic perchlorate media from the variation of N,Hs*

and Fe'' at I = 1.0 mol dm~2 and 55 °C

103[Fe™] 103[N,Hs*] [H*]
mol dm™3 Intercept
10.0 5.0—20.0 0.1 4.4 x 10%°
3.0 5.0—20.0 0.1 4.4 x 10%°
1.0—10.0 10.0 0.1 52 x 10%°
1.0—10.0 5.0 0.1 1.1 x 10%?

Slope kyfs! kayjks
8.0 2.19 0.64
28.0° 2.19 0.61
36 x 107" 1.86 0.69
15.1 x 107 ° 1.75 0.68
Averagc 20102 0.66 -+ 0.03

2 From the plot of [N,Hs* /v, versus [N;Hs* 1. ® From the plot of vs! versus [Fe''].

In the presence of sulphate ions, the reaction rate decreases
perhaps owing to the formation of less reactive species,
[Fe(SO,)]* and [Fe(SO,);]-. The values of the formation
constants 2% of these complexes suggest that the concentration
of [Fe(S0.,):]1~ would be negligible. The sulphate-ion concen-
tration would be controlled by its complex formation with
Fe3* and also by its protonation. The extent of the latter
would be small # at the temperature and the ionic strength
employed. Without defining the various species and consider-
ing the gross picture, it is found that a plot of (rate)™ versus
[SO,2~] yields a straight line with an intercept and hence the
empirical relationship (6) should hold, where A4 is an un-

—d[Fe] A
dr T (1 4+ K[SO.s27])

(6)

specified constant for a particular set of concentrations of
reactants and K is a sort of equilibrium constant involving
sulphate ions. From this one can estimate K separate from
A. Although the value obtained is only approximate, it
enables one to compare the values of k; obtained under
different conditions. An average value of about 88 dm?® mol™
found for K may prompt one to relate it with the equilibrium
(7) which has an equilibrium constant 2% of the same order of

Fe’t 4+ 80,2~ == [Fe(S0,)]"* )

magnitude at 55 °C and the ionic strength employed.

The data of Table 1 and set (a) of Table 2 correspond to the
rate law (8) under the condition that no Fe'' or SO~ is
initially added and hence k; can be obtained. The average

—d[Fe)/dr = Kuki[Fe""I[NHs*J/[H*]  (8)

value of k, from Table 7 is 2.0 4+ 0.2 s, that from Table 1
is 1.76 s™!, and from the hydrazine and hydrogen-ion
dependences the values are 1.65 and 1.70 s respectively. At
high concentration of hydrazine [set (¢), Table 4] when the
rate is independent of iron(u), &, is found to be 1.9 s%. In
view of the complicated rate law, the agreement among these
values can be considered satisfactory. In all these calculations
the value % of Kj; employed was 4.84 X 1073, From the values
of ky/ks it is obvious that k, and k; are of comparable
magnitude.

Although iron(in) forms strong complexes with oxygen-
containing compounds,? it does not seem to form complexes
in general with nitrogen compounds in aqueous acidic media.
There is no evidence for such complexation in the present
investigation, nor is there any spectrophotometric evidence.
However, mixed complexes of Fe'! in which nitrogen-
containing compounds are also present are known 328 to be
formed as intermediates in the redox reactions of Fe'l
Since complexes of metal ions with hydrazine are formed !*
in neutral or slightly acidic media, the only inhibiting factor

for complex formation appears to be the protonation of
hydrazine in the acidic medium and the very low concentration
of neutral hydrazine available for co-ordination. The form-
ation of mixed complexes with hydrazine even in acidic
media shows that after complexing by the other ligands there
are still vacant orbitals on the iron(m) ion available for
co-ordination. It appears that the existence of similar charges
on the metal ion and the ligand is a significant inhibiting
factor. With the formation of a complex between [Fe(OH)]**
and S,042 there is charge neutralization and redistribution,
and the charge no longer remains a hurdle for complexation
of hydrazinium ion. The increased rate of oxidation of
hydrazine in the presence of peroxodisulphate (Table 6),
which could also beregarded as an iron(imr)-catalyzed oxidation
of hydrazine with peroxodisulphate, thus shows the inter-
mediacy of a reactive iron(in)-peroxodisulphate-hydrazine
ternary complex.

A comparison of the present results with those of earlier
workers 35 shows that the equilibrium step involving Fe!'!
and Fe'! is essentially the same. The previous studies con-
sidered the dimerization of N;H; and its subsequent decom-
position in two different ways [equation (9)] and that these

2NH; + N, (9a)
2N,H; — N,H,
N1H4 + Nsz — N2 (9b)

steps are rate controlling. Large concentrations of iron(i)
were employed which would make the stoicheiometry
variable. Since the retardation by Fe'! is not observed at high
hydrazine concentration, step (3) of the present mechanism
is more realistic. Quantitative comparison of our results with
those of earlier workers 3:* is not possible because of the lack
of reproducibility between different samples of iron(i);
even the order of magnitude cannot be compared since the
earlier workers did not specify the species of iron(in) and
hydrogen-ion dependence, both of which are significant as
found in the present investigation. However, retardation by
iron(n) is well established and is also reported in the oxidation
of hydroxylamine.?®
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