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toward BF3; than DMF or DMSO must be considered
as not reliable at the present time.

An extension of these ligand preference studies to a
wide variety of organic bases, including compounds
of biological importance, is now in progress. These
boron trihalide complexes are also being studied using
boron-11, fluorine-19, and nitrogen-14 nmr, as well as
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the chemical shift and peak intensity methods de-
scribed here and in previous reports.!3—15
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The stopped-flow apparatus has been used to determine the kinetics of reaction between manganese(III) and the reductants

NH;OH*, NH;0CH; ', and HNO; at 25° in acid (0.50-3.70 M) perchlorate media.
Stoichiometric measturements with Mn(III) in excess were used to analyze the kinetic data

oxidation of hydroxylamine.
with excess of substrate in terms of the reactions

Nitrate was determined as a product of

6Mn(IIl) + NH;OH* 4 2H,0 — 6Mn(II) + NO;~ + 8H*

OMn(III) + 2NH;0CH;* —> 2Mn(II) + N,;H;(OCH;),* + 3H*

2Mn(III) + HNO, + H;0 —> 2Mn(II) + NOs;~ + 3H~

All reactions were second order over-all, and first order in each reactant.
concentration of reactants, [Mn?7], [NaClO.], [NaNQ;], ionic strength, and wavelength,

The reactions were also independent of initial
The observed rate constant

was dependent on acidity. A mechanism consistent with these results was postulated, in which the rate-determining steps
involve the formation of the NH,O., -NHOCH;, and - NO, radicals for the reactions with NH;OH*, NH;OCH; ™, and

HNO,, respectively, The acidity dependence arises from reaction with Mn3+ and MnOH?2*.
stant designating MnOH?2* reaction, the rate constants for the rate-determining steps are:

With the primed rate con-
NH@OH‘, ki = (14 =+ 01) X

103 M—1sec™t, k' = (3.1 & 0.3) X 10% M1 sec™!; NH;OCH,*, k' = 6.1 £ 0.4 M sec™!, k3 < 0.5 M1 sec™!; HNO,,

by = (22 £ 02) X 10* M tsec™ ks’ = (4.9 = 0.4) X 104 M ' sec™,

The relative slowness of the reaction with NH;-

OCH;* is ascribed to the lack of hydrogen bonding in this system.

Introduction

In this paper we report a study of the stoichiometry
and kinetics of the reactions between manganese(III)
and hydroxylamine, O-methylhydroxylamine, and ni-
trous acid in aqueous perchloric acid. The reactions
were studied by standard analytical methods, and the
kinetics have been investigated using a stopped-flow
apparatus. Relevant equilibrium data for these re-
actants are summarized in Table I.

Many examples of metal ion oxidations of nitrogen
bases such as those considered here may be found in the
literature.? The reactions are often characterized by

(1) This investigation was supported in part by Public Health Service
Research Grant GM-08893-07 from the National Institute of General Medi-
cal Sciences, Public Health Service, and in part by National Science Founda-
tion Grant GP-4277.

(2) (a) N. Hlasivcovd, J. Novédk, and J. Zyka, Collection Czech. Chem.
Commun., 82, 4410 (1967); (b) W. A. Waters and 1. R, Wilson, J. Chem.
Soc., A, 534 (1886); (¢) D. G, M. Diaper and F. R. Richardson, Can. J.
Chem., 34, 1835 (1956); (d) S. R. Cooper and J. B. Morris, Anal, Chem., 24,
1360 (1952); (e} T. H. James, J. Am. Chem. Soc., 61, 2379 (1939); 64, 731
(1942); (f) C. P. Lloyd and W. F, Pickering, J. Inorg. Nucl. Chem., 29, 1907
(1987); (g) N. Hlasivcov4, J. Novak, and J. Zyka, Collection Czech. Chem.
Commun., 33, 4403 (1967).

large and complex over-all stoichiometries.?® As a
result, relatively few kinetic studies have been at-
tempted on these systems. Interpretation of kinetic
data is simplified by the use of the well-characterized*
Mn(II1)-Mn(II) system in the presence of a large
excess of Mn(II). The formation of radicals in these
systems has been demonstrated by esr, as in the oxida-
tion of hydroxylamine.>* Comparison with the oxida-
tion of O-methylhydroxylamine® provides further in-
sight into the nature of the primary steps. It will
also be shown that a knowledge of the kinetics of oxida-
tion of nitrous acid is useful in understanding the re-
action with hydroxylamine.

(3) R. F. Riley, E. Richter, E, Rotherham, N. Todd, L. 5. Myers, and R.
Nusbaum, J. Am. Chem. Soc., 16, 3301 (1954); H. Holzapfel, Wiss. Z. Univ.
Leipaig, Math, Naturwiss. Reihe, 4, 30 (1952); Chem. Abstr., 47, 10387 (1953);
S. Vivarelli, Ann. Chim, (Rome), 41, 415 (1951); R. K. Trivedi, C. C, Shah,
and D, K. Patel, J. Indian Chem. Soc., 28, 361, 403 (1948); F. Feigl, Mikro-
chim. Acte, 1, 127 (1937); A. Kurtenacker and J. Wagner, Z. Anorg. Allgem.
Chem., 120, 261 (1922); L. Szebellédy and Z. Somogyi, Z. Anal. Chem., 113,
385 (1938); L. Rosenthaler, Pharm. Acia Helv., 80, 69 (1955).

(4) C.F.Wells and G. Davies, J, Chem. Soc., A, 1858 (1967); Nature, 308,
692 (1965).

(5) C.J. W. Gutch and W. A, Waters, J. Chem. Soc., 751 (1965).

(6) J. W, Adams, S. W. Nicksic, and J. R. Thomas, J. Chem. Phys., 48,
654 (1966).
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TaBLE I
EguiLiBriUM DATA AT 25°

Tonic strength®

Reaction of medium Constant®
NH;OH+ <= NH,OH + H* u = 0 (cor) 1.1X 10-tbe
NH;0OCH,;+ === NH,0OCH; u = 0 (cor) 2.5 X 1075
+H*
HNO; == NO,~+ H™ u=1(NaClo,) 1.6x 10~#d

Mnét+ e MnOH:+ + H+ g =4.0(ClO,) 0.93

@ Units are M. b R. A, Robinson and V. E. Bower, J. Phys.
Chem., 65, 1279 (1961). ¢ T. C. Bissot, R, W. Parry, and D. H.
Campbell, J. Am. Chem. Soc., 79, 796 (1957). 4 E. G. Vassian
and W. H. Eberhardt, J. Phys. Chem., 62, 8 (1958). ¢C. F.
Wells and G. Davies, J. Chem. Soc., 4, 1858 (1967).

Experimental Section

Reagents.—Preparation and standardization procedures for
perchloric acid, manganese(III) solutions, and the perchlorates
of manganese(II), iron(II), sodium, and barium were as de-
scribed previously.” Sodium nitrate (Baker Analyzed reagent
grade) and sodium nitrite (Fisher Chemical Co.) were used,
without further purification, to make up stock solutions. Nitrite
solutions were made up daily and estimated iodometrically in
the absence of oxygen.?

Reagent grade hydroxylamine sulfate ((NH,OH ).H,SO4) from
Baker and Adamson was used without further purification.
We have found that hydrazine and N.H,;-H,SO, are oxidized
at the same rate under the present conditions.? Presumably,
the large excess of Mn(II) and the high acidity greatly reduce
the concentration of free SO427.1% O-Methylhydroxylamine was
obtained as the free base by distillation of the hydrochloride
(Eastman) from 509 w/v aqueous NaOH. The distillate was
collected up to 55°, twice redistilled from solid NaOH, refluxed
over calcium hydride for 3 hr, and finally fractionally distilled
(bp 48.1° (757 mm)). The base was stored at low temperature
under nitrogen. Stock solutions are moderately unstable and
were made up by weight immediately before use. Attempts to
prepare a pure sample of N-methylhydroxylamine as the free
base from the hydrochloride were unsuccessful.

Stoichiometry.—Spectrophotometric measurements of [Mn(III)]
were made directly at 250 or 260 nm and by estimation of Fe(III)
formed by sampling into excess acidic Fe(II). The Fe(II)
sampling method is inapplicable in the presence of nitrate, which
absorbs strongly at the wavelengths used. Any product gases
were collected, measured quantitatively, and identified using a
high-vacuum gas chromatography system, as described pre-
viously.”"® A modified gas-line stoichiometry vessel was used
to avoid possible prereaction due to substrate distillation during
preliminary degassing of the solutions. Glass beads were found to
be effective in reducing the time required for degassing.

Nitrate was estimated quantitatively as a product of oxidation
of hydroxylamine by comparison with spectra of nitrite and
. nitrate in the region 210-230 nm under the same conditions as
those used for the stoichiometry measurements.

The spectrum of nitrite was investigated in the region 210-230
nm in water and in a solution with [HClO,] = 2.16 M and [Mn-
(II)] = 0.54 M. With [NO;~] = 1.65 X 10~4 M we obtained the
extinction coefficients’ shown in column 1 of Table II. Beer’s
law is obeyed for nitrite in the range [HNO,] = 0-12.80 X 10-¢

(7) G. Davies, L. J. Kirschenbaum, and K. Kustin, Inorg. Chem., T, 146
(1968).

(8) H. A. Laitinen, ‘“Chemical Analysis,” McGraw-Hill Book Co., Inc,,
New York, N. Y., 1960, p 408.

(9) G. Davies and K. Kustin, submitted for publication.

(10) L. G. Sillén and A, E. Martell, Ed., ““Stability Constants of Metal
ITon Complexes,”” Special Publication No. 17, The Chemical Society, London,
1964,

(11) G. Davies, L. J. Kirschenbaum, and K. Kustin, submitted for pub-
lication.
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TABLE 11

ExTINCcTION COEFFICIENTS? FOR NITRITE AND NITRATE IN
WATER AND ACID PERCHLORATE SoLuTIONS? AT 25°

Wave- e -—Extinction coefficient X 10 -t—————0. -—
length, — Nitrite - Nitrate -
nm Water Acid soln? Water Acid soln?
200 4.88 . 8.34

205 5.42 11.57¢ iy
210 5.59 2.86 6.90 6.50
215 5.18 2.36 5.12 4.70
220 4.20 1.75 3.16 2.90
225 2.95 1.19 1.58 1.46
230 1.83 0.75 0.72 0.68

o All extinction coefficients are in Mt em™!, ? [HCIO4] =
2.16 M, [Mn(II)] = 0.54 M. °©At 204 nm: M. A. Hussain,
G. Stedman, and M. N. Hughes, J. Chem. Soc., B, 1703 (1968).

TaBLE III

ANALYSIS OF THE SPECTRUM OF PRODUCT NITRATE IN THE
REACTION WITH HYDROXYLAMINE AT 25°¢

Wave-

length,

am Absorbance?  10¢[HNO:], M 104[NOs ™), M
210 1.36 4.76 2.03
215 0.99 4.19 2.02
220 0.600 3.43 1.98
225 0.295 2.48 1.94
230° 0.120 1.60 1.71

Av 1.99 £+ 0.03
¢ [HCIO,] = 2.16 M, [Mn(II)] = 0.54 M, [Mn(III)], =
13.48 X 10~* M, [NH;OH ], = 2.80 X 10-* M. °® Measured
in matched 2-mm quartz cells and corrected for [Mn(III)]s.
¢ Measurements at 230 nm have been neglected in computing the
average. E

M. The extinction coefficient for HNO; in this region is seen to
be smaller than that of NO;~ (columns 1 and 2). Nitrite solutions
were found to decompose slowly in acid perchlorate solution; the
rate increasing with increasing [HNO.]. ., The decomposition is
accompanied by an increase in absorbance in the region 210-230
nm, which is greater than that expected for NO; ™~ formation.

The nitrate ion has an absorption maximum in the uv region at
301 nm (e 6.83), and Beer’s law is obeyed in the range [NO;™] =
0-6.00 X 104 M. The extinction coefficients obtained in water
and the same medium as used for stoichiometry meastrements
are shown in columns 3 and 4 of Table II. The species present
have the same extinction coefficient in the differerit media, The
extinction coefficient of nitrate is unaffected by a 600-fold excess
of hydroxylamine in this wavelength range. Since the extinction
coefficient of hydroxylamine is no greater than unity in this
wavelength range, the observed absorbance at the end of a
reaction could be corrected for any remaining Mn(III) (concen-
tration known from sampling into Fe(II)) and shown to be due
to nitrate, and not nitrite, at each wavelength. An example of
this treatment of absorbance data is shown in Table III. Agree-
ment between product concentration and reactant consumption
was generally satisfactory.

Kinetics.—The reactions which are reported here are rapid
and a stopped-flow apparatus (constructed of quartz and glass)
was used for quantitative study.”!? An excess of reductant was
employed so that no Mn(III) remained at the end of a reaction.
Kinetic studies in the presence of excess Mn(III) are much less
precise because of low extinction coefficients (¢ <100) in the region
350-600 nm and the low concentrations ([Mn(III)] <10~ M)
which are available.t Variation of ionic strength, g, in the range
u = 2.10-4.20 M, was achieved by adjustment of the concentra-
tions of sodium or manganese(Il) perchlorates or sodium nitrate.

(12) P. Hurwitz and K. Kustin, Trans. Faraday Soc., 62, 427 (1966).
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Figure 1.—Variations in the stoichiometry of reaction with
O-methylhydroxylamine. The conditions are: [HCIO,] = 2.16
M, IMn(11)] = 0.54 M, u = 3.78 M, temperature 25°; O, direct
spectrophotometry; @, sampling method.

The temperature was maintained at 25 == 1°, The kinetic
procedure has already been described,”!! the disappearance of
manganese(I11) being followed at 470 or 510 nm. None of the
reductants or products absorbs appreciably in the visible region.
Manganese(I1I) was always freshly prepared by electrolysis of
an excess of acidic Mn(II), and the reductant was added to the
solution to be mixed with Mn(III) immediately before reaction.
(This latter precaution was taken to avoid any possibility of
substrate decomposition prior to reaction with Mn(III).) At
least three reaction traces were recorded for each set of concentra-
tions, results of duplicate runs usually agreeing to within £5%,.
The rates of reaction showed no detectable oxygen dependence.
In most cases the apparent extinction coefficient of Mn(III)
could be estimated by extrapolation of kinetic plots to zero time.

Results

Stoichiometry. (A) Spectrophotometric Analysis.
(a) Hydroxylamine.—The results in Table IV show
that the oxidation of hydroxylamine to nitrate is quan-
titative when the ratio R = [Mn(III)],/[NH;OH+],
is in the range 16.9-3.6, the average molar nitrate
vield of 16.2 &= (.49 agreeing well with the theoretical
value of 16.79,. The nitrate yield falls off as R de-
creases, however, and is negligible when R < 107°
(Table 1V). From this data we estimate that nitrate
is the primary product of oxidation in the kinetic range
(see Kinetics section).

(b) O-Methylhydroxylamine.—The stoichiometry of
the reaction between Mn(II1) and O-methylhydroxyl-
amine is also a function of R = [Mn(III)],/[NH;-
OCH;%]y (Figure 1). At low R, where all of the kinetic
runs were made, the stoichiometric consumption ratio
is close to unity. We have assumed a stoichiometry
of unity in analyzing our kinetic data in the range
6 X 10 <R<S5 X 1072

{(¢) Nitrous Acid.—The stoichiometry in the pres-
ence of excess Mn(11I) with [HCIOs] = 2.15 M and
[Mn(II)] = 0.54 M at 25° was found to be A[Mn-
(III)]/A[HNO,] = 1.97 = 0.06 (14 determinations) in
the range R = 10.8-2.7. Agreement between spectro-
photometric and sampling methods was satisfactory.
This stoichiometry was also found for the reaction

Inorganic Chemistry

TaABLE IV
STOICHIOMETRY OF REACTION WITH HYDROXVLAMINE BY
SPECTROPHOTOMETRIC ANaALvsis AT [HCIO, = 2.14 M,
[Mn(II)} = 0.54 M, u = 3.80 M, aND 25°@?

104[Mn- 10¢{Mn- 104- 104- %

(ITII) Jo (ITD]e [NH;OH*]; [NOs~]°  yield? Re¢
13.48 8.96 0.80 0.80 17.7 16.9
13.48 3.39 2.00 1.62 16.0 6.74
13.48 0.33 2.80 1.99 15.1 4,82
13.48 0.24 4.00 2.36 17.8 3.37
14 .48 10.81 0.90 0.60 14.6 16.1
14,48 9.58 1.20 0.61 16.3 12.1
14 .48 0 4.00 2.27 15.7 3.62
14 .48 0 13.50 1.86 12.8 1.07
15.54 0 28.0 1.33 8.6 0.56
15,54 0 100 0.73 4.7 0.16
15.54 0 200 0.97 6.2 0.08
15. 54 0 400 0.63 4.0 0.04

1.08 0 9565 0 0 0.001

@ All concentrations are molar. ! Extinction coefficients used
for Mn(III) are e 1.35 X 10° M ™! em~! and ey 1.82 X 103
M~lem™1: G. Davies, Ph.D. Thesis, Birmingham, England, 1966.
¢ Extinction coefficients used are those in Table II. 4 9 yield =
INO;~ ) /(IMn(IID)], — [Mn(III)]e) X 100. ¢R = [Mn-
(I11)]e/[NH;O0H *]o. '

TABLE V

GAsEOUS PrRODUCTS FROM OXIDATION OF HYDROXYLAMINE AND
O-METHYLHYDROXYLAMINE

Mn(III) Initial
consumed, substrate, Product gas,
Substrate mol mol mol
Hydroxylamine 1.73 X 105 5.02 X 10—+ N, 2.71 X 108
3.46 X 10-¢ 5.02 X 10—¢ N2, 2.2 X 1077
1.73 X 10-3 5.02 X 10~ No gaseous product
detected
O-Methylhydroxyl- 5.92 X 10~¢ 5.20 X 1073 No gaseous product
amine 2,12 X 10 5.20 X 108 detected
with nitrite in pyrophosphate media.’®* Stoichiometric

measurements were much less precise in excess nitrous
acid, where mixtures of nitrous acid and nitrate had to
be analyzed. As a result, we have assumed that the
stoichiometric ratio is unchanged in the range R =
1.6-0.2 used for kinetic measurements (see Kinetics
section).

(B) Analysis of Gaseous Products.—The results of
an examination of the gaseous products from the oxida-
tion of hydroxylamine and O-methylhydroxylamine at
low R are summarized in Table V. Nitrogen is found
as a product only at very low values of R in the oxida-
tion of hydroxylamine, supporting the results of the
previous section. The observation that no nitrogen is
produced in the oxidation of the methoxy compound
eliminates the reaction

2Mn(I11) + 2CH;ONH;* — N; + 2CH;0H +
2H* + 2Mn(II)

from consideration.

Kinetics.—Although the relative error associated with
the evaluation of individual reaction traces did not
exceed =59, (vide supra), uncertainties in solution

(13) R. Belcher and T. S. West, Anal. Chim. Acia, 6, 322 (1952).



Vol. 8, No. 8, March 1969

composition and stoichiometry over the entire con-
centration range studied are reflected in the greater
relative error (approximately 8%, vide infra) associ-
ated with individual second-order rate constants.
These values will be given explicitly as we turn again
to a consideration of the substrates taken individually.

003 T v T

0.02 o,

0.0
0.008-

ABSORBANCE

0.006+

0.004 -

0 20 40 60 80 100 120 140
TIME {m SEC)

Figure 2.—Pseudo-first-order plots for the disappearance of
Mn(III) in the presence of hydroxylamine. The ordinate is
logarithmic and the abscissa is in milliseconds. The conditions
are: O, [HCIOs] = 0.60 M, [Mn(II)}] = 1.10 M, [Mn(III)], =
473 X 1074 M, [NH;OH*]p = 10.0 X 1072 M; O, [HCIO,] =
1.80 M, [Mn(1I)] = 0.15 M, [NaClQy] = 1.65 M, [Mn(III)], =
2.08 X 1074 M, [NH;OH*], = 5.0 X 1074 M, e, [HCIO] =
3.50 M, [Mn(II)] = 0.13 M, [Mn(III)ls = 4.56 X 10—¢ M,
[NHsOH ], = 45.0 X 10=4 M. Ionic strength 3.90 M; tem-
perature 25° throughout.

TABLE VI

KiNgETIC DATA FOR REACTION WITH HYDROXYLAMINE®
AT 25° AND p = 3.90 M?

10+- 104
[N H;- [N H;-
[HCIO:] OH*l  107%4° [HCIO4] OH*h 10-3k,4°
3.50 15.0 1.6 1.20 10.0 1.95
35.0 1.8 15.0 2.3
45.0 1.7 15.0¢ 2.15
10.09 1.5 5.0" i.8
20.09 1.7 10.0% 1.9
40,09 1.9 15.0M 2.4
Av 1.7£0.1 20.0% 1.9
2.40  40.0 2.0 5.0°% 1.7
50.0 2.0 10.0¢ 2.1
70.0 2.1 20.0¢ 1.8
15.0° 1.9 ) Av 2.0+0.2
25.0° 1.8 0.80 10.0 2.3
30.0° 1.9 15.0 2.5
35.0° 2.0 25.0 2.6
Av 2.0+0.1 5.0/ 2.3
1.80 10.0 1.7 10.07 2.7
15.0 1.8 15.07 2.6
20.0 2.0
25.0 2.2 Av 2.5=£0.1
5.07 1.9
10.07 1.8
15.07 1.9
Av 1.9£0.1

e All concentrations are molar; [Mn(III)], = 1.09-5.19 X
10— M. *? Ionic strength adjusted with Mn(II) except where
noted otherwise. ¢ Units are M1 sec™, 94 [Mn(II)] = 0.05
M, [NaClOy] = 0.267 M. ¢ [Mn(II)] = 0.18 M, [NaClO,] =
112 M, u = 4.06 M. / [Mn(II)] = 0.15 M, [NaClQ;] =
1.65 M. ¢ Measured at 510 nm. * [Mn(II)] = 0.30 M, u =
2.10 M. ¢ [Mn(I)] = 0.15 M, [NaNQ;] = 225 M; [Mn-
(1II)], was estimated from initial absorbance using the extinc-
tion coefficient in perchlorate media.* 7 [Mn(II)] = 0.60 M,
[NaClO4] = 1.50 M.
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(a) Hydroxylamine.—Examples of plots of log [Mn
(III)] vs. time in the presence of excess hydroxylamine
are shown in Figure 2. The observed linearity shows
that the reaction is first order in [Mn(III)]. Moreover,
the linearity at only moderate excesses of NH;OH™*
suggests that the stoichiometry of the reaction is high,
consistent with the stoichiometric determination.
The -invariance of the derived second-order rate con-
stant with [NH;OH*], (Table VI) supports the assign-
ment of the stoichiometry of the reaction, namely,
A[Mn(II1)]/A[NH;OH*] = 6, within the range of
kinetic measurements. We thus define

d[Mn(IID)] _

a ka[Mn(IID] [NH;OH*] (I)

1

(rate)a = — (6
where the equality represents the empirical rate law.
The results in Table VI show that k4 is independent of
Ma(IIl)], NH;OH*], p, Mn(II)], [NaClO,], [Na-
NO;], and wavelength. The rate constant is, how-
ever, acidity dependent, increasing with decreasing
[HCIO4]. Calculations of extinction coefficients for
manganese(IIT) at 470 and 510 nm and zero time give
values in good agreement with those in the absence
of hydroxylamine.

(b) O-Methylhydroxylamine.—Graphs of log [Mn
(III)] vs. time are linear for reaction in the presence of
excess substrate; the second-order rate constants, at
different acidities, obtained from Figure 3 are collected
in Table VII. For reaction with NH;OCH;* we may
therefore define

(rate)p = _‘i_[_l\ﬁrc‘lﬁjﬁl

= ka[Mn(III)][NH,OCH;*] (II)

(¢) Nitrous Acid.—The rate law, with a stoichio-
metric consumption ratio of 2 over the kinetic concen-

0.40¢

A

0.301

0.204

0.104

PSEUDO-FIRST-ORDER CONSTANT (SEC™

0 " 20 40 60
102[0MH) (M)

Figure 3.—Plot of pseudo-first-order rate constant vs. initial
concentration of reductant for reaction with O-methylhydroxyl-
amine at various acidities: O, [HCIO,] = 0.60 M, @, [HCIO4]
= 120 M; @, [HCIOs = 180 M; ©, [HCIO,] = 240 M;
®, [HCIO4] = 3.00 M; @, [HCIO,] = 3.60 M (¢f. Table VII).
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TaBLe VII

SECOND-ORDER RATE CONSTANTS FOR REACTION WITH
O-METHYLHYDROXYLAMINE AT u = 3.90 M@ aNp 25°

[HC104] 104 [Mn(II1) s kB°
3.60 5.29 1.4£0.1
3.00 6.81 2.0£0.1
2.40 5.35 2.3%+0.1
1.80 4.19 3.3£0.2
1.20 4.00 5.56x0.4
0.604 2.88 88+1.0

o Jonic strength adjusted with Mn(II), ? All concentrations

are molar. © Units are M ~1sec™! (¢f. Figure 3). du = 4.20 M.
tration range, is
(rate)o = —(é)‘ﬂw = Bo[Mn(III)][HNO,] (III)

The kinetic data were analyzed in terms of the ap-
propriate second-order function” for this reaction, and
examples of plots under various conditions are shown
in Figure 4. The general linearity supports the stoi-
chiometric assignment with excess of reductant. Kinetic
data for this substrate are collected in Table VIII. °

Mechanism

Two assumptions are fundamental to mechanistic
descriptions of the reactions we have studied. These
are (1) that all protolytic equilibria are rapid in com-
parison to the rate-determining steps and (2) that a
radical mechanism operates for each reaction. The first
assumption is germane to all three reductants, whereas

80+

60

40-

204

(2b-x)7(a-x)

2 T T T

T T

) 20 40 60
TIME (mSEC)

Figure 4.—Typical second-order plots for reaction with HNO,.
The conditions are: @, [HC1O4] = 0.50 M, [Mn(II)] = 0.60 M,
[NaNQ;] = 1.60 M, [Mn(III}]; = @ = 2,55 X 107¢ M, [HNO;],
=5 =100 X 10~¢ M; O, [HCIO4] = 2.16 M, [Mn(II)] = 0.56
M,a=1655X10"*M,b =150 X 10—+ M; @, [HCIO;] = 3.60
M, [Mn(I1)] = 010 M,a =413 X 1074 M, b = 5.0 X 10~ M.

Inorganic Chemistry

TaABLE VIII
KINETIC DATA FOR REACTION WITH NITROUS ACID AT
25°2 AND p = 3.90 M?®
[HCIOs} 104[HNO:)s 10tkc° [HC10s] 104[HNO2)o 10 ~tkc®

3.60 5.0 3.0 1.40 5.0 2.8
10.0 3.1 10.0 2.8
15.0 2.6 15.0 3.5
20.04 2.6 10.0/ 3.5
5.0¢ 2.7 15.0/ 3.3
10.0¢4 3.2 20.0/ 3.0
15.04 2.8 Av 3.1£0.3
25.04 2.5
Av 2.8+ 0.2 0.50 1.25 3.9
10.0 4.2
3.00 5.0 2.6 3.7%¢ 3.9
.0 3.0 5.0¢0 3.9
15.0 2.7 7.59 4.5
Av 2.6 £ 0.2 10,00 4.3
3.75 4.4
2.16 5.0 2.6 5.00 4.4
10.0 3.0 7.5 4.3
15.0 3.0 Av 4.2=£0.2
20.0 3.1
5.0° 2.5
12.5° 3.0
15.0¢ 2.6

Av 2.8 0.2

2 All concentrations are molar; [Mn(III)], = 1.96-6.55 X
10—¢ M. ? Ionic strength adjusted with Mn(II), except where
noted otherwise. ¢ Units are M~1sec~l. 4 [Mn(II)] = 0.06 M,
[NaClO4] = 0.12 M. ¢ [Mn(1I)] = 0.18 M, [NaClOy] = 1.2 M.
fIMn(ID)] = 0.30 M, u = 2.30 M. ¢ [Mn(II)] = 0.60 M,
w=230M. *[Mn(I1)] = 0.60 M, [NaNOQO;] = 1.60 M, [Mn-
(III)], was estimated from initial absorbance using extinction
coefficient in perchlorate media.*

the involvement of free radicals has to be discussed in the
special context of each reaction. We shall therefore
follow the pattern of the previous section and con-
sider assumption 1 in general and then treat the in-
dividual reactions in detail.

Acid-base equilibria of the type involved with
Mn3+t—MnOH?+ and each of the reductants studied
are generally very rapidly established—in times of the
order of microseconds for the concentrations employed
here.’* It is well known that when both partners in
a reaction participate in a rapid protolytic preequilib-
rium, it is not possible to establish the true molecular
identity of the activated complex.’® When, however,
the acidity range covered is very far from the region
[H+] = 1/Kaeia, it is often possible to rule out one of
the species in the conjugate acid-base pair, as in the
oxidation of hydrogen peroxide by manganese(III)
in acid (1-4 M) perchlorate.”

For O-methyl- and hydroxylamine the acid dis-
sociation constant is of the magnitude K, = [H*]:
[base]/[acid] ~ 1078 M. Therefore, if we assume that
the contribution from the inverse (base) pathway is
within the experimental limit of =109, then the rate
constant for this reaction would be given by kxm,on =~

(14) M. Eigen, W. Kruse, G, Maass, and L. De Maeyer, Progr. Reaction
Kinetics, 2, 287 (1964).

(15) A. A. Frost and R, G. Pearson, “Kinetics and Mechanism,” 2nd ed,
John Wiley & Sons, Inc., New York, N. Y., 1961, p 307.
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Figure 5.—Plot of 10~%a([H*] + Ku) vs. [H*] for reaction with
hydroxylamine, using the value Kg = 0.93 M at 25°,

10~ ([H+]ka/K,) (for hydroxylamine) and similarly
for the O-methyl derivative. At [HF] ~ 1 M we
calculate kym,on =~ 10° M~! sec™!, which is close to
the diffusion-controlled limit for a reaction of this
charge type. Consequently, for the two hydroxyl-
amine substrates, the reducing species will be assumed
to be unequivocally NH;OH*+ and NH;OCH;*+.  Since
the nitrite ion is too weak a base to apply the foregoing
assumptions, a somewhat more circumspect treatment
will be used. This type of analysis will be provided
as we consider each reaction separately.

Hydroxylamine.—With [Mn(III)] representing the
concentration of total oxidized manganese and NH;-
OH * the reducing species, the following mechanism may
be applied to the disappearance of manganese(III) to
obtain the empirical rate equation (I)

k
Mn®+ + NH;OH* — Mn2* 4+ NH:0- 4+ 2H* (1)
k/
MnOH?* 4+ NH;OH* —> Mn?* + NH:;0- + H:0+ (1)

k
9H;0 + 5Mn(I11) + NH;0+ —3 5Mn(IT) + NOg— + 6H* (2)

In this mechanism only reactions 1 and 1’ are meant
to represent single-step processes. However, it is
postulated that, for the composite process (2), k. >
ki, k. Assuming that all protolytic equilibria are
rapidly established with respect to reactions 1 and 2 it
may be shown that

by = BIHY + b'Kn
A

- [HY+Ks
In Figure 5 the function ks([H+] * Ky) is plotted
against [H*] from which the values b, = (1.2 = 0.2)
X 108 M'sec—land &’ = (8.4 = 0.3) X 103 M
sec™! are obtained.

O-Methylhydroxylamine..—With NH;OCH;* as the
reducing species and applying the same assumptions as
for the hydroxylamine reaction, a mechanism consistent
with (II) is

(Iv)

k:
Mn’* + NH;OCH;* —s Mn?* + -NHOCH, + 2H* (3)
k ’
MnOH?*+ 4+ NH;OCH;* —» Mn?+ + -NHOCH; + H,0* (3")

ks
2(: NHOCH;) —> N;H(OCHj), )

with &y >> ks, By,
An initial treatment of the data according to the
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Figure 6.—Plot of 10/ks vs. [H*] for reaction with O-methyl-

hydroxylamine at 25°.

equation analogous to (IV) indicated that k;[H*] «
ky’Ky. Consequently, a plot of 1/kg vs. [H*] should
be linear, as shown in Figure 6. From this plot we
have determined k3’ = 6.3 % 0.4 M ! sec™?!; we also
estimate ks < 0.5 M~ sec™! in the range 0.5-3.0 M
HCl0.,.

Nitrous Acid.—Since the nitrite jon is the weakest
base of the series, it is necessary to consider a more
complete mechanism for the rate-determining steps.
Thus, the reaction with nitrite in strong acid solution
should be written as

ki
Mn’* 4 HNO, —> Mn?* + H* + NO, (5)
k ’
MnOH** + HNO; —» Mn?* + H,0 + -NO,  (5)

Mni* + NOy= —> Mn2+. + -NO; 6)
MnOH?* + NO,~ —> Mn?+ + -NO, + OH-  (6")
H0 + Ma(IIl) + -NO; 15 Mnt+ + NOs- + 2H* (7)
with (7) as the fastest process. Under these conditions
one may derive an expression identical with the em-
pirical rate law (eq IIT) where
_ Bs[H"] + &'Kn + kKo + (ke'KuKn/[H*])
[H*] + K&
and K, = [NO.~][H+]/[HNO.] ~ 10~* M.

As a starting hypothesis, we assumed that the last
term in the numerator would be smaller than any of
the other three terms (on the grounds that this term
contains the quotient K,Ku/[H*+] << 1). We there-
fore plotted kc([H*] + Ku) vs. [H*], which should
then be linear, as is indeed the case (Figure 7). This
treatment yields the rate constant k; from the slope,
but the intercept is k;’Kux + ksK,., representing the
two kinetically indistinguishable pathways, as dis-
cussed above. However, we may draw upon two ob-
servations to make an assignment. First, other studies®
suggest that ks’ =~ ke. If this condition also holds for
the reaction with manganese(III), then it follows that
koK, =~ k' K, Ku/[H*]; therefore, since omission of the
ks’ term was justifiable, so too is neglect of kK, with

ko V)
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Figure 7.—Plot of 107#¢([H*] 4+ Kg) vs. [H*] for reaction with
nitrous acid, using the value Kg = 0.93 M at 25°.

respect to k;'Kyx. From Figure 7 and the foregoing
argument we obtain k& = (2.2 = 0.3) X 10¢ M—!
sec™!, intercept = (k;'RKu + kK, = (4.6 = 0.4) X
104 M~tsec™, and ks’ ~ (4.9 = 0.4) X 104 M1 secL.

Discussion

The kinetic results of this study, with those obtained
from an investigation of the reaction between Mn(III)
and Hy0s, are collected together in Table IX. It is
apparent from this grouping that, whereas the dif-
ferences among the first three substrates are slight,
NH;OCH;* is appreciably less reactive than the others,
The differences in hydrogen bonding in these systems
may be an important factor in determining the relative
rates of these reactions, being favored for the first three
substrates in Table IX but less likely for O-methyl-
hydroxylamine.

TaABLE I1X
RaTeE CONSTANTS FOR REACTIONS OF Mn?+ AND
MnOH?* WITH SELECTED SUBSTRATES IN PERCHLORATE
MEDIA AT 25°

e k, M ! se¢ Tl————
Substrate Mns3+ MnOH2*
H,0,° 7.8 X 10¢ 3.2 X 104
HNO, 2.2 X 10¢ 4.9 X 10°
NH;0OH* 1.2 X 103 3.4 X 103
NH,OCH;* <0.5 6.1

¢ Reference 7.

Electron transfer to Mn3+ (the only mode of attack
reasonable for this species) and H atom transfer to
MnOH?+ could both occur. In the absence of further
evidence (e.g., experiments in D;0) we cannot elim-
inate the possibility that both Mn(III) species react
via electron transfer with all four substrates, each of
which contain a suitable coordinating site and three
of which are strongly hydrogen bonded in solution.
Coordination is not as easy and H bonding is greatly
reduced in O-methylhydroxylamine.

Complex’ formation between reactants has been
implicated in previous studies of oxidation reactions
of this type. Although it cannot be ruled out, no
direct evidence was obtained for the presence of com-
plexes. The lack of clear evidence for complex forma-

Inorganic Chemistry

tion such as was found, for example, in the reaction
with HN;, ' would indicate the presence of very
weak complexes.

The radical NH,O- is apparently more easily oxidized
than is -NHOCH; Waters and Wilson?t have pos-
tulated from stoichiometric measurements that di-
merization of NH,O- produces N, in the oxidation of
hydrogylamine by Ce(IV) in Hy8O,, as in

2NH;0+ —> N; + 2H,0 (8)

The stoichiometry of this reaction is acid dependent,2*
however, and the rates of reaction are much lower than
for Mn(II1), where N; appears as a minor product
only in the presence of large excesses of NH,OH*
(Table V).

The simplest explanation for the stoichiometry of
the O-methylhydroxylamine reaction can be given in
terms of a radical dimerization reaction analogous to
(8) to give CH;ONHNHOCH; as a product at low R.
We have found® that 1,2-dimethylhydrazine is oxidized
with a stoichiometry of A[Mn(III)]/A[CH;NH,-
NHCH;*] = 4 under the present conditions, which
would be consistent with a stoichiometry of A[Mn-
(I11)]/A{CH;ONH;*] = 3 at high R, if the reactivities
of these two molecules are similar. Characterization of
this product at low R has not been attempted, how-
ever, since it would be extremely difficult in the pres-
ence of such a large excess of substrate. The apparent
deviation from linearity at [HClOs] > 3.0 M may be
due to the presence of more highly protonated species
at higher acidities.

The high rate of oxidation of nitrous acid by Mn-
(IIT) compared to that of hydroxylamine makes it a

‘likely intermediate in the oxidation of NH;OH+, A

radical mechanism (eq 5-7) might be expected by
comparison of the rate constants with those for re-
action with H,O, (Table IX).

None of the present reactions exhibits the retarding
effect on the rate of increasing [Mn(II)] which is a
feature of the oxidation of HN; (at high excess of sub-
strate)!! and Hy0,.” The radicals formed are there-
fore much weaker oxidizing agents than those formed
in the previously studied systems. The observation
that reaction rates are also independent of a large
excess of nitrate and qualitative examination of the
spectrum of Mn(III) in nitric acidV strongly suggest
that, at most, only very weak complexes are formed
between Mn(III) and nitrate. Thus, extinction co-
efficients of the species in the two media are very
similar in the visible region.

The most rapid reaction in the series, that with
nitrous acid, may proceed in the inner sphere of the
oxidant, with water exchange on Mn®+ or MnOH?+
as the rate-determining process. If the reaction with
NH,;OH* is also inner sphere, then the rate might be
expected to be lower than that of nitrous acid because
of the positive charge on the reductant.

(18) C. F. Wells and D. Mays, J. Chem. Soc., 4, 1622 (1968).
(17) G. Davies and K. Kustin, unpublished results.



