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The stoichiometry of the reaction Mn(III) + NH; — Mn(II) + $/;N. 4+ H * has been studied by standard chemical analysis
under conditions of excess Mn(I1I) and by direct meastrement of the nitrogen evolved for large excesses of hydrazoic acid.
The kinetics of the reaction has been followed spectrophotometrically with a stopped-flow apparatus at 25° in 1.00-2.87 M
HCIO, and ionic strength of 3.8 M. A pink color produced upon mixing the reactants hds been assigned to the formation
of a monoazidomanganese(I1I) complex. The formation constant X = [MnN32+][H *]/[Mn3*][HN;] has been determined
from initial optical densities which give the value K = 89 = 18; evaluation of the rate data leads to a value of about 70

(£209%,). The spectrum of the complex has been determined from 440 to 570 nm. The observed rate is second order in
[Mn(III)] and is consistent with the mechanism :
k1
2MnN?*+ 770 Mn?+ + Mn(Nj)2* )
k-1

k2 L
Mn(N;),2t —> Mn?t 4+ 3N,

kg

(I

Mn(Ng)p?* —=-MnN;+ + N, + (111)
k-3
ks
HN; + Nyt —> 3N, + H+ (1V)

Steps III and IV provide the predominaht path to nitrogen production. The chief features of this mechanism are the re-
action of two monoazidomanganese(I1I) complexes via a bridged intermediate and the formation of N3+, The values of the
kinetic parameters calculated from the mechanism with the additional assumption that %, and k-, limited by water exchange
in MnN;2* and Mn?™, respectively, are 108 < & < 10" M7? sec™!, k-1 < 3 X 108 M~ sec™!, kg 2> 6k,, and ky = 0.15
k-3K', where K’ is the formation constant for MnN;*.

Introduction

, Although information is available on the thermal and
photochemical decomposition of solid azide salts! and
on the equilibrium properties? and exchange rates? of
aqueous solutions of metal-azide complexes, kinetic
studies of the oxidation of hydrazoic acid by transition
metal ions have, until recently, been lacking.

In this paper we report a study of thé stoichiometry
and kinetics of the oxidation of hydrazoic acid by man-
ganese(II1). Measurements of the quantity of reac-
tants consumed and of nitrogen produced have con-
firmed the stoichiometry indicated by eq 1. The ki-

Mn(lI) + HN; —> Mn(II) + #/,N, + H* (1)

netics of the reaction have been followed spectrophoto-
metrically in a stopped-flow apparatus at 25° in aqueous
perchlorate media under conditions of excess hydrazoic
acid.

A summary of pertinent data on the uncomplexed
manganese(11I) species has recently been given.* Hy-
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B. Colburn, Ed., Elsevier Publishing Co., New York, N. Y., 1966, p 72.
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drazoic acid is a weak acid (its acid dissociation con-
stant® is Ko = 1.8 X 10~° M) and thus exists entirely in
the protonated form at the large hydrogen ion concen-
trations necessary for the stabilization of Mn(III).

The reactions of azide species (HN; and/or N;3~) with
metal ions have been found to produce stoichiometric
quantities of molecular nitrogen only for the cases
of Ce(IV) (in H,S0,),® Mn'MEDTA(OH,)~ (pH 3.0-
5.0),” and Co(III) (in HCIO,).2 Kinetic studies of the
latter two reactions have led to the postulation of the
unimolecular decomposition of coordinated metal-azide
species to give a neutral Nj radical intermediate. The
radical species HyNs* has been postulated as an inter-
mediate in the oxidation of HN; by Mn(III) at low ex-
cesses of hydrazoic acid.® Although the free energy
decrease for the oxidation of azide to nitrogen by ferric
ion is quite large (96 kcal/mol),'° this reaction does not
occur spontaneously. However, photolysis of ferric—
azide solutions has been shown to initiate polymeriza-
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Inc., New York, N. Y., 1964, p 62.
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(10) D. Bunn, F. S, Dainton, and 8. Duckworth, Trans. Faraday Soc., 57,
1131 (1961).
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tion of acrylonitrile, giving evidence for the oxidation of
the complexed azide via a free-radical mechanism.!!

Azide ion forms reasonably stable complexes with
metal ions:>!? The azide group, being a highly con-
jugated, symmetrical system, is an excellent bridging
ligand and participates ds such in inner-sphere electron-
transfer reactions in which the formation of the bridged
intermediate (rather than the actual electron transfer)
is the rate-determining step.!$ 14

Experimental Section

Reagents. —Preparatlon and standardlzatlon procedures for
perchloric acid, manganese(III) solutions, and the perchlorates
of manganese(II); iron(II), sodium, and barium were as pre-
viously described.* Acrylonitrile (Eastman, practical) was
purified by distillation in a nitrogen atmosphere.

Sodium azide stock solutions were prepared from solid NaNj
(purified, Fisher Scientific Co.), which had been twice recrystal-
lized from water, Azide concentration was determined by the
addition of an excess of standard ceric solution followed by back-
titration with standard iron(II) to a ferroin end point.® Re-
actant hydrazoic acid solutions were made by pipetting the stock
NaNN; solution into velumetric flasks containing the appropriate
quantities of HCIO4, Mn(ClOy)z, and NaClOq.

Stoichiometry.—Stoichiometric measurements were made by
spectrophotometric analysis of manganese(III) for moderate
excesses of [Mn(III)] over [HN;] and by gaseouts analysis of
product nitrogen for conditions of excess hydrazoic acid. The
general experimental procedutes have already been described for
the reaction between Mn(III) and hydrogen peroxide.* Be-
cause of the high volatility of hydrazoic acid (pure HN; boils at
37°18), a gas-line stoichiometry vessel was designed which would
isolate the two reactant solutions during the initial degassing
period, thus eliminating the possibility of prereaction due to
hydrazoic acid distillation.’” Since HN; solutions are stable in
the absence of strong ultraviolet light or catalytic agents such as
platinum foil,’® no errors due to production of gases from the
spontaneous decomposition of HNj; were introduced. Collection
and measurement of the gaseous product was as previously
described.* The sample was analyzed using a Varian 90-P-3
gas chromatograph, and, from the ratio of the integrated peaks
for nitrogen and oxygen, the volume was cotrected for con-
taminating air. The stoichiometry was calculated as A[Ma-
(IID)]/A[Ne].

Kinetics.—Since the reaction between manganese(III) and
excess hydrazoic acid in perchlorate media is too rapid to be
studied by more conventional techniques, an all-glass stopped-
flow apparatus$'¥” was employed for kinetic measurements. All
runs reported here were at 25° ard at constant ionic strength of

= 3.8 M, adjusted with sodium perchlorate. In each case a
solution of freshly prepared Mn(IIl) was mixed with a series of
four hydrazoic acid solutions all having [Mn(II)], [HCIO4];
and [NaClO,] identical with those in the Mn(III) solution. The
increase in absorbance upon mixing was presumed to be due to
the rapid formation of the monoazido complex of Mn(III).

The disappearance of total manganese(III) concentration,
[Mn(III)]1, given by eq 2 was followed either at 470 nm, where
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Figure 1.—Oscillograph of a stopped-flow experiment at 25°
and p = 3.8 M. Concentrations are [Mn(III)]r, = 4.30 X
1074 M, [HNs), = 1.0 X 10~2 M, [Mn(II)] = 1.5 X 10-!
M, [HCIO;] = 1.98 M, and [NaClO,] = 1.35 M.

Mn(IID]r = [Mn**t] + [MnOH?*] + [MnNg2+]  (2)

Mn®* and MnOH?2* have absorption maxima, or at 510 nm,
where the total optical density is greatest in the presence of
HN;. To verify the assumption that the measured rates are
independent of wavelength, one set of experiments was repeated
at increments of 10 nm in the range 440~-570 nm. At least three
reaction traces were recorded for each set of concentrations.
Results of duplicate runs generally agreed to within £5%. An
example of a kinetic run is shown in Figure 1.

For all cases, the excess of [HN:]y over [Mn(III)]r, (concen-
trations at zero time) was such that the concentration of HNj
did not change appreciably during the course of the reaction.
Thus the concentrations of uncomplexed Mn(III), complexed
Mn(III), and total Mn(III) were in the same proportions at all
times. Consequently, the observed optical density at any time
t was related to total Mn(III) concentration by

A = & [Mn(III)]1. 3)

_where [ is the path length of the apparatus (6.9 mm) and the

apparent extinction coefficient, e,, is a constant for each run but
varies with initial concentrations. Reaction traces were found
to be second-order in [Mn(III)]r, plots of (4o — A.)/4: vs.
time being linear throughout at least 2 half-lives. The observed
pseudo-second-order rate constants for [Mn(III)]r disappear-
ance, Robsd, were calculated from the slopes of these plots using
the relation k,peq = 1/{Mn(III}]1, (slope).

Complexation Studies.—When solutions of manganese(III)
and hydrazoic acid are mixed, a pink color forms which dis-
appears as the manganese(III) is rediuced to Mn(II). We are
able to attribute this pink color to the presence of a monoazido-
manganese(III) species. The fact that second-order kinetic
plots are linear even in the earliest portion of a reaction trace
indicates that equilibrium is established within the first few
milliseconds after mixing and that the optical density of the
solution at zero time is equal to tHat for an equilibrium solution

of Mn(III), HN;, and the complex, where [HNj] = [HNal,
and [Mn(III)], + [MnN;?t), = [Mn(III)lr,. We define an
equilibrium quotient, Q, by

= [MnNg?*][H*]/[Mn(III)] [HNg] )

where Q is acid-dependent because of the manganese(III) hy-
drolysis relation

[Mn(III) Mnét] + [MnOH?*] =

(Mnd*i(1 + (Ku/[HF])) (5)

with Kg = 0:93 M at 25°.1°
The following procedure was used in the determination of Q.

(19) C.F. Wellsand G. Da\;ies. J. Chem. Soc., A, 1858 (1967).
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Before each series of kinetic runs, the Mn(III) solution, of con-
centration (after mixing) {Mn(III)]r, was mixed in the stopped-
flow apparatus, with a solution of equal {Mn(II)], [H*], and u.
The absorbance of this solution was At = e&![Mn(III)]r,,
where ¢ is the extinction coefficient for Mn(III) at the particular
wavelength and acidity. For a given reaction mixture at time
t = 0, the absorbance is given by

Ao = ell[Mn(III)]o + egl[MnNaz+]o (6)

where ¢ is the extinction coefficient for the complex.
eq 2, 4, and 5 we obtain

Ao(1 + (Q[HNi]o/[H*])) = Ar + (Qel[Mn(IID]r X
[HNs]o/[H*]) (7)

Using

The best value of Q was taken to be the estimate (esta which
resulted in a linear plot of A¢(1 4+ (Qosta!HNs]o/[HT])) vs.
[HN;]s for a given series of hydrazoic acid concentrations.
Using eq 5, the formation constant, K = [MnN;2*¥][H*]/
[Mn3+][HNj], for the complexation of Mn8* with HNj;, was
calculated from the relation K = Q(1 + (Ku/[H'])). The
analogous quantity Kom = [MnN;?*}/[MnOH?**][HN;] is
given by Kog = Q(1 + ([H*]/Kg))/[H*]. A spectrum of the
complex was determined in 1.98 M HCIO, in the range 440-
570 nm by comparing the initial optical density of a reaction
mixture with the absorbance of a solution in the absence of
HN; under the same conditions. The spectrum is presented in
Figure 2.

Polymerization.—A series of reactions between Mn(III) and
HN; were carried out in stoppered vessels at 25° in the presence
of 6% v/v acrylonitrile. Initial conditions were [Mn(III)] =
9.4 X 10~¢ M, [HCIO,] = 2.00 M, and [Mn(II)] = 0.60 M.
Hydrazoic acid concentrations were 0.005, 0.01, and 0.02 M.
A cloudy suspension formed in all of the reaction mixtures within
a few minutes after addition of hydrazoic acid. After several
hours, a large amount of polymer had precipitated. Blank ex-
periments in which either manganese(III) or hydrazoic acid was
absent yielded no signs of polymer formation in this time. These
experiments show that the reaction between manganese(III) and
hydrazoic acid produces species which are capable of initiating
polymerization but cannot be used to identify the initiator.

Results and Treatment of Data

Stoichiometry.—Results of four independent sets of
experiments by the spectrophotometric method* gave a
value of A[Mn(III)]/A[HN;] = 1.02 =% 0.05. For
these experiments, all at [H+] = 2.00 M and [Mn-
(I1)] = 0.60 M, the initial concentration of Mn(III)
was 1.1 X 10—% M with initial HN; concentrations be-
tween 3.0 X 10~* and 8.0 X 10—* M. Three direct
determinations of the amount of nitrogen produced in
the reaction by the gas-line method using solutions with
high hydrazoic acid concentrations ([HN;], = 0.10 M,
Mn(IID)]r,e = 4.7 X 10~+7.0 X 10~* M, [H*] =
2.00 M, [Mn(II)] = 0.60 M) yielded a stoichiometry of
AMn(IIT)]/A[N,] = 0.69 =+ 0.02. Thus, over a
range of [HN;]y/[Mn(III) ]z o from 0.3 to 210, the reac-
tion follows the stoichiometry indicated by eq 1.

Kinetics.—Values for apparent pseudo-second-order
rate constants for [Mn(III)]r disappearance from ex-
periments at u = 3.8 M are given in Table I. The fol-
lowing qualitative dependences exist throughout the
data. The value of kon.q increases with increasing hy-
drazoic acid concentration and decreases with increasing
[Mn(II)]. At constant Mn(II) concentration, the
effect of perchloric acid on Eobsq is not large, the direction
of the variation being a somewhat irregular function of
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Figure 2.—Visible spectrum of MnN;?*, The experimental
points were obtained as follows. A point by point spectrum of
Mn(III) in 1.98 M HCIO, and 0.60 M Mn(ClO.); was determined
in the stopped-flow apparatus. Then, from initial points on
stopped-flow traces for a particular set of concentrations, the
absorbance was determined at each wavelength. Using the
experimental value of Q = 30 (see Results) the concentrations of
[Mn(III)], and [MnN;2%], were calculated and eq 6 was solved
for the extinction coefficient of the complex.

TABLE I
KiINETIC RESULTS AT 25° AND & = 3.8 M¢

104 10? 10-+ 104
(HCIO]  [MadD] [Mn(IIDlr,e [HNsl kobsd® kealed®©
2.87 0.30 4.91 5.00 4.20 2.97
2.50 2.04 1.26
1.00 0.491 0.304
0.50 0.140 0.0888
1.98 0.60 4.17 10.0 1.93 1.79
5.00 1.05 1.05
2.50 0.428 0.491
1.00 0.118 0.129
0.45 4.36 5.00 1.74 1.70
2.50 0.694 0.793
1.00 0.167 0.208
0.50 0.0623 0.633
0.30 3.31 5.90 3.15 3.23
2.50 1.55 1.51
1.00 0.388 0.395
0.50 0.129 0.120
0.15 4,30 5.00 5.19 8.77
2.50 2.65 4.09
1.00 0.728 1.07
0.50 0.209 0.326
0.075 2.73 5.00 21.3 21.2
2.50 10.9 9.87
1.00 4.12 2.59
0.50 1.85 0.788
1.50 0.30 2.90 5.00 4,88 3.24
2.50 1.96 1.60
1.00 0.694 0.450
0.50 0.156 0.141
1.00 0.93 3.40 5.00 0.449 0.391
2.50 0.238 0.210
1.00 0.0582 0.0646
0.50 0.0210 0.0213
0.60 2.76 5.00 0.949 0.880
2.50 7 0.437 0.472
1.00 0.159 0.145
0.50 0.0427 0.0478
0.30 3.09 5.00 2.79 2.98
2.50 1.56 1.60
1.00 0.578 0.492
0.50 0.173 0.162
0.10 1.15 5.00 20.1 16.5
2.50 11.9 8.85
1.00 2.94 2.72
0.50 1,50 0.897
¢ All concentrations in M. °?Units: M™! sec™! ¢ Calcu-

lated from eq 11 with K = 67, D/C = 0,k = 3 X 108 M ~!sec™},
B = 0.131, and ,C = 9.7 X 103 sec™.
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Figure 3.—Plot of (1/kepsa)/? vs. 1/[HN;], for different [Mn-
(ID)] at [HCIO,] = 1.98 M and g = 3.8 /. [Mn(II)] concentra-
tions: O, 0.60; @, 0.45; @, 0.30; ©,0.15 @, 0.075.

[HCIO,]. 1In the presence of a large excess of Mn(II),
Mn(III) disproportionates to a negligible extent at high
acidity, and there is no evidence for Mn(III) dimeri-
zation under these conditions.!®

A fraction-weighted least-squares treatment was used
to fit all 11 sets of data at constant [Mn?*] and [H*] to
straight lines of the form

1 8
Vi~ (S/[HNg]) 4+ I (8)

where the slopes, S, and intercepts, 7, are different for
each set of data. The deviations of the observed points
from the best straight line is within %59 for all cases.
Figure 3 gives the results of this analysis for five sets
(i.e., five different [Mn2+]) at 1.908 M HCIO,. The
linearity of plots of 1/ kopsa vs. 1/[HNj]indicates that
the rate law is of the form

[Mn(IIT)]*[HN,] #([H *], [Mn*~]) (9)
[MnNg?7]2/([H ], [Mn?*])

rate

where the functions f and f’ are related by the equilib-
rium condition given by eq 4. A mechanism which is
consistent with eq 9 and explains the variation in rate
with [Mn?+]and [H+]is

Mn3+ + HNQ < MTIN;;2+ + Ht <K>
MnOH?* + HN; > MnN;**  (Kon)
Mn?* 4+ HN; T MnNe* + H* _(X)

Mn3+ > MuOH?* + H* (Kg)

k1
2MnNg?* = Mn2+ + Mn(Ngh?+t ¢9)
k-1
ke
Mn(N;3)2+t —3 Mn?+ + 3N, (I1)
ks
Mn(Ny)?+ T MnN;* + Np* (I11)
ks
ke
HN3+N3+——>3N2+H+ (IV)

All equilibria are assumed to be maintained throughout
the course of the reaction.

Inorganic Chemaistry

Application of the steady-state approximation to N3+
and Mn(N;),2+ yields the rate law

rate = Ropsa (Mn(III)]1? (10)
where
_ . §_KIHNy K[HN:] \|®
Faved = ki o] 1 e/ (1 e T X
g CIH*] + D[Mn?*] L an
[Mn?+]? + B[Mn?*][H~] + C[H*] + D[Mn?~]}

with B = ky/k_3K', C = ki(ky + k3)/k_1k_sK', and D =
ky/k_y. v

Equation 11 predicts that the slopes and intercepts
of eq 8 should obey the relationship I/S = Q/[H*} =
K/([H*] + Kgu), from which we may obtain values of
K. These kinetically determined values can be com-
pared with the values of K from the analysis of initial
optical densities (see Table II and Complexation
Studies section).

TaBLE II
KiINETIC AND EQUILIBRIUM PARAMETERS®
[HC10:] [Mn(II)] K? Kkin® 106728
2.87 0.30 124 76 0.574
1.98 0.60 73 55 2,28
0.45 59 60 1.57
0.30 59 71 0.952
0.15 118 74 0.592
0.075 118 151 0.246
1.50 0.30 84 47 0.514
1.00 0.93 74 50 6.90
0.60 91 59 3.70
0.30 84 79 1.61
0.10 91 79 0.224
Av 89 £ 18 73 £ 14

e All concentrations in M. ! Determined from initial optical

densities. ¢ Kyin = (I/S)({H*] + Ku). ¢Units: M sec.
From eq 8 and 11 we have
1 {Mn?*]? + B[Mn**][H*]

72 = - +

g T RCUET + Mn2+](D/C) (12)

Inspection of eq 12 and the values of 7? given in Table
II indicate that (i) %, is significantly greater than 4 X
105 M1 sec™! (see the point for [HCIOs] = 1.00 M,
[Mn2+] = 0.10 M) and hence (ii) the first term in eq 12
is small with respect to the fraction for all [Mn?*] and
[H+] studied, with the possible exception of those at the
lowest [Mn?*]. This latter observation explains the
formulation of eq 12 in terms of the parameters B, ki,
E.C, and C/D rather than B, &, C, and D. Because of
the small number of points used in the determination of
each value of 7% and the relatively large deviation in
Kyin (Table II), attempts to solve eq 12 using values of
I? from Table IT and the experimental concentrations
of Mn?* and HCIO, gave results which did not yield
satisfactory agreement when used with K = 73 to re-
calculate konsa fromeq 11.

The approach which was finally adopted was to apply
a fraction-weighted, nonlinear, least-squares treatment
to eq 11 in terms of the independent variables [HN;],
[H+], and [Mn?+] using all 44 data points from Table
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1.2 The minimum sum of squares of fractional devia-
tions {Z[(Bobsa — Eealod)/kobsa]? = 2.90} occurred for
K =67, D/C =0, B = 0.162, and kC = 1.02 X 104
sec”l.  Values of k; of 3 X 107 M ~!sec™! or higher gave
identical values for kea1ca. However solutions for which
Z[(Ronsa — Reatca)/Rovsa)? are only very slightly different
from the “best” fit were found using K = 67, D/C =~
0, ;iC = 1 X 10* sec™, and much smaller values of k.
For example Z[(kobsa — Ecatea)/Bonsa]? = 3.04 for the set
of parameters by = 3 X 108 M~lsec™, K = 67, b1C =
9.7 X 103 sec™!, B = (.131, and D/C = 0. Similar
solutions exist for intermediate values of k. Below
k1 = 3 X 10%® M ! sec~! the weighted sum of squares
increases quite rapidly. Thus, from the treatment of
data alone, we are unable to determine a unique value
for k. It appears, however, that k; is greater than
108 M1 sec™’. Because of the inner-sphere nature of
step I, k1 should be significantly less than the diffusion-
controlled limit of ~2 X 108 M ~!sec~!2! for encounter
between two dipositive ions. The nature of this step
will be discussed more fully in the next section.

The result that D/C =~ 0 indicates that D/C «
[H*]/[Mn?*] for all experimental conditions. Thus,
using [Mn2+] = 0.93 M and [H*] = 1.00 M, we have
D/C <« 1. The conclusions to be drawn from the anal-
ysis of the kinetic data are summarized in Table III.
Table I contains values of kaea calculated from the
solution nmientioned above with &y = 3 X 108 M~ sec™.

TaBLE 111

KINETIC PARAMETERS AT 25°
by > 108 M1 sec™?
kC = 104 sec™!
D/C = kok—3K'ks(ks + k3) < 1
C = kilky + k3)/b—1k-3K' < 1072 M
D= bky/b-1 <10 M
B = ki/b—3K’ ~ 1.5 X 10
B(D/C) = ka/ (ks + ks) < 1.5 X 10~!

It should be noted that mechanisms other than the
one given in steps I-IV can be written which are con-
sistent with eq 9 and have [Mn?*] and [H*] depen-
dences which are similar to those given in eq 11. Other
mechanisms have been considered but lead to rate laws
which do not fit the observed data as well. In addi-
tion, these schemies necessitate the inclusion of azide
radicals in equilibrium and of radical-radical reactions
as rate-determining steps, 22

(20) We acknowledge Dr. T. W. Newton for adapting and applying a non-
linear, least-squares program to the data. The original program was written
by R. H. Moore and R. K. Zeigler and is described in Los Alamos Report
LA-23687 4+ addenda.

(21) M., Eigen, W. Kruse, G. Maass, and L. DeMaeyer, Progr. Reaction
Kinetics, 8, 239 (1964).

(22) E.g., one such mechanism involves, in addition to the formation of
MnNs?*, the rapid equilibria Mn3+ 4+ HN3; & Mn?* 4+ HN+* and HNs; +* =2
H+ 4 Nafollowed by the rate-determining steps MnN3?2+ + N3 — Mn2+ 4
3Nzand HN3;* 4+ N3— H* + 3N: Anadditional objection to this mechan-
is that, because of the high value of AH;(HN;*) = 308 =% 5 kcal mol-!, the
production of HNa?* in a single step appears less likely than the two-step
formation of N3* (see Discussion), A similar scheme, which leads to a
slightly different [H *] dependence, contains the rapid preequilibrium MnNj2*
= Mn2* 4 N; followed by MnN;2* + Nz — Mn?+ + 3Nz;and 2N3s — 3N.,
Cf.ref 8,
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Complexation Studies.—The value of K for com-
plexation between Mn?* and HNj; calculated from ini-
tial absorbancies is K = 89 = 18, while the values
determined from kinetic arguments average 70 (relative
error ~209%,). A possible explanation (other than ex-
perimental error) for any differences is that the former
value contains contributions from higher order com-
plexes. In a recent study of the iron(III)-HN; com-
plexation reaction, for example, Carlyle and Espenson!?
were able to correct their data for the concentration of
Fe(Nj),* and determine a refined value of Q) which is
almost 209, lower than previous determinations. Be-
cause of the difficulty in accurately determining the op-
tical density at ¢ = 0 for our stopped-flow experiments,
the data for the manganese(III)-hydrazoic acid com-
plexation do not lend themselves to similar refinement.

No spectrophotometric evidence for the formation of
complexes between manganese(II) and hydrazoic acid
could be obtained in the range 10—2-6 M HCIO,, even
at very high [Mn(II)] and [HN;]. At higher pH, hy-
drolyzed manganese(II) species are formed, preventing
experiments at very low [H+]. Thus, the complex
MnN;*, postulated in step III of the mechanism, must
be present in low concentrations or have a visible spec-
trum which is nearly identical with that of Mn(II).2?
As has been prevously mentioned, the fact that plots of
(Bobsa) =" ws. 1/[HN;], are linear suggests that the
amount of hydrazoic acid removed by complexation is
small. We will now discuss the results in detail.

Discussion

The spectrum of MnN,2+ is similar to that of other
complexed Mn(I1I) species.?* Its high extinction coeffi-
cient can be attributed to the large reduction in sym-
metry in going from Mn?+ (distorted from On by the
Jahn-Teller effect) or MnOH?2+ (C,,) to the complex
which, because of the nonlinear MnNN bond angle, has
C, symmetry. The stability constant that we have
determined for complexation between Mn?®+ and HNj is
two orders of magnitude greater than that found in the
ferric-azide system.!? However, it is substantially
less than the value found by Fackler and Chawla2?® for
complexation with HF. As already mentioned, we are
not able to treat our data for the presence of higher
order complexes. In a study of the oxidation of bro-
mide ion by Mn(III) Wells and Mays?® were able to
rule out the presence of the hydrolyzed complex, Mn-
OHBr*. The protonated species MnN,H3+ might
also exist in the present system but would not be ex-
pected to participate in the redox reaction, which re-
quires a symmetrical bridging ligand.

Failure to account for protonated and/or hydroxy-
lated complexes as well as higher order complexes may
be responsible for the deviations encountered in the fit
of the kinetic data.

The mechanist proposed in this study involves, as

(23) C.F. Wellsand D. H. J. Mays, J. Chem. Soc., A, 577 (1968).

(24) (a) R. E. Hamm and M. A, Suwyn, Inorg. Chem., 6, 139 (1967);
(b) J. P. Fackler, Jr., and 1. D. Chawla, tbid., 8, 1130 (1964); (c) H. Diebler
and N. Sutin, J. Phys. Chem., 68, 174 (1964).
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the initial step, the bimolecular reaction between two
complexed species, while for the oxidation of HN, by
Co(IIT)8 and of Ny~ by Mn'"™EDTA(OH,)~ 7 uni-
molecular decomposition of the metal-azide species to
give the neutral Nj radical has been postulated. Step I
of our mechanism can be visualized as the transfer of an
electron across an inner-sphere azide bridge with the
formation of Mn?* and a species which is formally a
diazido complex of manganese(IV). The analogous
reaction would not be expected to occur for the Co(III)
reaction because of the unattainability of the formal +4
oxidation state nor for the reaction of seven-coordi-
nated Mn"™EDTA(N,)?~ which cannot accommodate
an additional azide group in the inner sphere.

The upper limit for the forward rate constant, %,
should therefore be determined by the rate of water ex-
change in the momnoazidomanganese(III) complex, as-
suming that subsequent electron- or group-transfer
reactions are more rapid. One may infer, from temper-
ature-jump measurements by Diebler and Eigen on the
reaction of fluoride with aqueous Mn(III),% that the
first-order rate constant, k.., for water exchange in un-
complexed Mn(III) is kex = 10%sec™!. A largeincrease
in water exchange rate would be expected to result
upon formation of MnN;2+,2 but because of a low ion-
pair formation constant for (N;~Mn™", Ny-Mn'™"), it is
unlikely that the value of k; would be more than a factor
of 10 larger than the lower limit of k; 2 108 M ~1sec™ 1

The magnitude of the reverserate constant, k—, should
be limited by the rate of water exchange in manganese-
(IT). The first-order rate constant for water exchange
in Mn(IT) is 3 X 107 sec™! ¥ which, if we take 10 M ~1as
the upper limit for the ion-pair formation constant for
(N7~Mn' Ny, Mn?+), leads to an upper limit of 3 X 108
M~tsec™!for k—. The disproportionation constants for
Mn(III) in perchloric? and sulfuric® acids are <102
and ~1073 respectively. Although a direct compar-
ison cannot be made, these values suggest that k- is
indeed greater than k; and that, here too, the rate may
be determined by water exchange.

The unimolecular rate constants, k, and ks, for the
decomposition of Mn(Nj),?t are, in fact, composite
quantities involving the fractions of intermediates, f.
and f;, in the cis and #rans forms, respectively. Since
step II can proceed only from the cis complex, k; =
Sfekee.  Similarly, for step III, k3 = foks® + fikst. The
new parameters, ky°, &3¢, and kst are true first-order rate
constants. From Table III we have k3 3> 6k;; in-
deed, inclusion of step II is not strictly necessary for
interpretation of the kinetic data. It is instructive to
consider this pathway, however.

Although the azide group is linear, covalent bonds in-
volving the azide group are asymmetrical; e.g., the

(25) H. Diebler and M. Eigen, Abstracts, 9th International Conference on
Coordination Chemistry, St. Moritz, Switzerland, 1966, p 360.

(26) F. Basolo and R. G. Pearson, ‘“Mechanisms of Inorganic Reactions,’”
2nd ed, John Wiley, & Sons, Inc., New York, N. Y., 1967, Chapters 1 and 5.

(27) T.J. Swiftand R. E. Connick, J. Chem. Phys., 87, 307 (1962).

(28) R. G. Selim and J. J. Lingane, Anal. Chim. Acta, 21, 536 (1959);
A. J. Fenton and N. H, Furman, Anal. Chem., 83, 748 (1860).
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HNN bond angle is 110° in HN; while the CNN bond is
135° in methyl azide.?® CrNN bonds of approximately
135° are necessary for the formation of the double-
bridged intermediate in the electron-exchange reaction
between Cr?* and cis-diazidotetraaquochromium(IIT)
ion.® The direct production of nitrogen from ¢is-Mn-
(N3)2?* via step II would require the formation of the
cyclic intermediate Y. The fact that there is no de-

F ' N\ -2+

tectable contribution from step II indicates either that
Y does not form to an appreciable extent or that the
cyclic structure is stable with respect to the direct for-
mation of nitrogen.

Using the upper limit for C (Table I1I) gives k3/k_; =
(C/BYy — DL 7 X107 M. Assuming C 2> 107% (i.e., as-
suming by < 107 M ~1sec™!) weget ks/k— 2> 7 X 1073 M.
Thus for all concentrations studied, the specific rate of
the reverse of step I is greater than the rate of formation
of nitrogen, and the over-all reaction is only moderately
rapid in spite of the high values of #; and X.

The production of N3+ in step III of the proposed
mechanism as opposed to a path involving neutral Nj
radicals’'® appears to take place in spite of a higher heat
of formation for the N;* species. The gas-phase heats
of formation are AH:;(N;t) < 388 kcal mol—! ? and
AH(N;) = 105 = 3kcalmol™.' The predominance of
the N;* path in the present system may be due to the
lower free energy of the resulting manganese(II) com-
plex over the +3 or 44 oxidation states, together with
a high solution enthalpy for the positive intermediate
and the possibility of solvent-assisted dissociation.??
It has already been mentioned that for both of the azide
oxidations previously investigated,’-® the formation of a
diazido intermediate from which the N3+t species can
arise is unlikely. Both of these reactions are much
slower than the present one which has no detectable
contribution that is first order in [Mn(III)]r as would
be required if an analogous path were important. The
absence of a first-order contribution under our condi-
tions also precludes the mechanism proposed by Wells
and Mays? for the reaction at low azide concentrations.

By analogy with other ligands, the monoazido com-
plex of manganese(IT) would be expected to be weaker
than monoazidomanganese(III), but since the differ-
ence between formation constants could be less than an
order of magnitude (as in the case of the monochloro

(29) See ref 5, p 63.

(30) R. Snellgroveand E. L. King, J. Am. Chem. Soc., 84, 4609 (1962).

(81) J. L. Franklin, V. H. Dibler, R. M. Reese, and M. Krauss, bid., 80,
298 (1958).

(32) Seeref 25, p 134.
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complexes?) or several orders of magnitude, we are in-
able to determine the relative values of k—; and k4 from
the experimental value of B. ’

Although step IV is very highly exothermic, the
ground-state reaction?®?

N +H(3Z,~) + HN;(TA') —> 3Ny (1Z,*) + H+ o
— AH < 420 kcal mol™?
is forbidden by spin-correlation rules. Step IV thus
proceeds either (a) from the lowest singlet of N+ or
(b) via the sequence
N;+(3Zg) + HNs(1A") —> 2N;(°IL) + H+
ON;(*Ig) —> SN,(1Z, %)

(33) (a) The term state for N3+ is given in ref 30, From electron impact
data, these authors give' AH; as <388 kcal mol-t, bu§ in solution AH¢
should be substantially smaller, (b) B. L. Evans, A. D..Yoffe, and P. Gray,
Chem. Rev., §9, 515 (1959), gave 61.9 kcal mol ! as the heat of formation of

undissociated HN; at infinite dilution. Dissociation into H+* 4 N3~ re-
quires 3.8 kcal mol~!, AH#Ns3~) = 35 &= 1 kcal mol~1.
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with the second process involving azide radicals of
opposite spin. Either the N3+ triplét state ot the neu-
tral N; radical would be expected to be responsible for
initiating the polymerization of acrylonitrile. Finally,
it should be noted that the isotopic distribution of the
nitrogen formed in the present system would be ex-
pected to be the same as that found in studies involv-
ing 1’N-N-15N azide radical species.” 34
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p- Benzoqumone reacts in alkaline solutions with Co(CN);H3~ via two paths:

a slow, pH- independent, direct reaction

with the hydride species (b = 13.5 M1 sec™1) and a fast reaction with the univalent cobalt complex Co(CN);4~, formed by

the deprotonation of the hydride,

pH >9.2and 0°isk = 13.5 + 8.7 X 10¢[OH"].

The rate constant for the redction with Co(CN)s““ is of the order 10° M~ ! sec™l, In
both cases (CN);CoOCsHOH?~ is the only primary product of the reaction.

The formal rate constant of the process at

An addition mechanism is proposed for both reaction paths the direct

hydride transfer or an insertion process being excluded. At pH <9, p-benzoquinone is partly reduced in two one-electron
steps, (CN);Co(u-0CsH;0)Co(CN); being the primary product of this reaction path.

In the preceding paper of this series! the reaction of
pentacyanocobaltate(II) with p-benzoquinone was
shown to proceéd wia the redox addition mechanism
under the formation of a bridge species, (CN);Co(u-
OCsH,0)CO(CN)s#~ (I). I decomposes giving in the
first step (CN);CoOCsH,OH3~ (II) and Co(CN)s-
H20.2‘

p-Benzoquinone is known to react also with the
hydrogenated solutions of pencyanocobaltate;? the re-
action shows, however, several peculiar fedatures, most
probably due to the rather complicated system in
which the reaction was studied. In the present paper
we wish to report our results on the kinetics and mech-
anism of the reaction of p-benzoquinone with Co-
(CN);H3~ in the absence of hydrogen.? As Co(CN);-

(1) Part II: A. A. Vléek and J. Hanzlik, Inorg. Chem., .6, 2053 (1967).

(2) J. Kwiatek, I. L. Mador, and J. K. Seyler, J. Am. Chem. Soc., 84
304 (1962); Advances in Chemistry Series, No. 87, American Chemical
Society, Washington, D. C., 1963, p 201,

H3~, unlike Co(CN)s3—, is not able to react by an
ordinary redox addition mechanism, it was of im-
portance to compare the mechanism of the redox re-
action of these two complexes withi the same substrate
and to compare the intermediates and products of the
reactions in order to find out what species represents
the reactant proper in the reduced pentacyanoco-
baltate(II) solutions. Furthermore, as Co(CN);H?~
is formally a two-electron agerit, it was hoped that its
reaction with p-benzoquinone rhight result in the diréct
formation of II which could thus have been prepared
in the pure form.

Experimeéntal Section
Most of the experimental details were the same as described in
our earlier paper.! The spectrophotometric measurements were
carried out using a Unicam SP 800 spectrophotometer:
(3) No molecular hydrogen was introduced into the system. There

might, however, have been hydrogen present owing to the partial decom-
position of the hydride species; see Experimental Section.



