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The influence of mixed sulfur-nitrogen oxides on the redox behaviour of manganese(illil) species
in aqueous solution was studied kinetically as a function of various concentrations and temperature.
A series of oxides were found to reduce Mn" to Mn", whereby these oxides undergo a Mn"-induced
hydrolysis reaction. The hydrolysis products were analysed by ion chromatography. These redox
reactions can account for the inhibiting effect of the oxides on the metal-catalysed autoxidation of
sulfur(iv) oxides in flue gas desulfurization systems. Possible reaction mechanisms are suggested.

Recent studies in our laboratories have focused on the
interaction of sulfur and nitrogen oxides with metal ions and
complexes in order to contribute towards a better understanding
of the role of metal-catalysed autoxidation reactions of these
species in atmospheric water droplets. Our work on sulfur(rv)
oxides, ie. HSO; and SO;%, clearly demonstrated the
important role of redox cycling of the catalytic species, viz.
Fe™™ and Mn™™, during the autoxidation process.!”’ Similar
effects have now also been reported by other laboratories.?° In
the case of nitrogen oxides, i.e. mainly NO, NO,™ and HNO,,
iron(1) ions and complexes play a crucial role in their redox
chemistry, which again involves redox cycling of the iron(i1,1)
system.”10-11

The above-mentioned oxides of S and N"™" undergo a
series of reactions in aqueous solution to produce a range of
mixed sulfur-nitrogen oxides which exhibit a complicated
scheme of reactions, involving the interaction with sulfite,
spontaneous and acid-catalysed hydrolysis, and redox reactions,
as summarized in Scheme 1.22°!5 The chemistry of these species
has been studied by a number of groups,'?-'® and the more
recent development of appropriate analytical techniques !° will
assist the further clarification of a number of the suggested
reaction steps. The environmental importance of the mixed
sulfur—nitrogen oxides, and their eventual influence on atmos-
pheric oxidation processes, are presently unknown and under
investigation. However, recent studies have shown that the
presence of these oxides can significantly affect the oxidation of
sulfur(rv) oxides in flue gas desulfurization (FGD) systems used
in coal-fired power plants.29-2!

In FGD systems, CaCOj5, contaminated with metal impuri-
ties (Mn, Fe, Pb), is used to precipitate the produced sulfate.
The presence of these metal ions is favourable for the metal-
catalysed autoxidation of sulfur(1v) oxides, as referred to above,
but also results in the contamination of the precipitated CaSO,
with for instance MnO,. The installation of selective catalysed
reduction systems for the removal of NO from flue gases in
recent years has led to an inhibition of the overall oxidation
process in some FGD systems, which was ascribed to the
influence of sulfur-nitrogen oxides.2!'22 Not only are these
species present at considerable concentration levels in the
scrubber solutions, they are also held partly responsible for the
formation of MnO, precipitates in the produced CaSO,, and
for the inhibition of the overall oxidation process as mentioned
above.

We have therefore undertaken a detailed study of the
interaction of a series of sulfur-nitrogen oxides with man-
ganese(1L,1) species in order to clarify the underlying reaction

mechanisms and product distribution. The results of this study
show that ON(SO;);3, HON(SO,),> and HONH(SO,)™ are
the main reactive species involved in determining the redox
behaviour of manganese(I1,I11) species in aqueous solution.

Experimental

Chemicals of analytical reagent grade (Merck and Fluka) and
deionized Millipore water were used to prepare all solutions.
Argon was used to deaerate solutions where required. Stock
solutions of sulfite were prepared daily by dissolving Na,SO;
in deaerated water. Other stock solutions were prepared by
dissolving NaN;, HCIO, and HCI (to adjust the pH), NaClO,
(to adjust the ionic strength), MnCl,-4H,0O and Mn(ClO,),-
6H,0. The ions ON(SO;);*, HON(SO;),*, HONH(SO;)~
and HN(SO,),* were synthesised according to literature pro-
cedures,?*~27 and their purity was checked by ion chroma-
tography.'® Eluents for the ion chromatographic work were
prepared from sodium carbonate, tetrabutylammonium hy-
droxide and acetonitrile. Solutions of Mn' were stabilized with
an excess of Mn" in either an azide or acetate medium. In the
former case a mixture of NaN; and HCIO, was used to reach a
desired pH, whereas in thelatter case MeCO,H and Na(O,CMe)
were employed. In both cases Mn(O,CMe);-2H,O (Merck)
and Mn(ClO,),-6H,0 (Fluka) were used as sources for Mn™
and Mn", respectively.

The UV/VIS spectra were recorded on a HP 8452A diode-
array spectrophotometer. Kinetic measurements were per-
formed in the thermostatted cell compartment of the
spectrophotometer for slow reactions and on a Durrum D110
stopped-flow instrument for fast reactions. Both instruments
were interfaced with an IBM compatible personal computer
and data fitting was performed with the OLIS KINFIT
(Bogart, GA) set of programs. pH Measurements were
performed on a Metrohm 632 pH meter equipped with a Sigma
glass electrode. A Metrohm SM-Titrino 702 titration unit was
used for the successive addition of small volumes of reagents to
a reaction mixture under well controlled pH and temperature
conditions. Details of the ion-chromatographic procedures and
equipment used are given elsewhere.®

Results and Discussion

General Considerations and Observations.—It was the main
goal of this study to investigate the redox behaviour of
manganese(ILII1) species in the presence of a series of sulfur—
nitrogen oxides and at the same time identify the decomposition
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products of the oxides under such conditions. For this reason it
was essential to select experimental conditions which allowed
the stabilization of manganese(ir) species to some degree in
order to be able to study their interaction with the oxides.
Aquated manganese(111) species can only be stabilized in acidic
solution in the presence of a large excess of Mn" which pre-
vents the disproportionation of Mn'" to Mn'Y and Mn".28
Furthermore, it is known that the investigated oxides undergo
acid-catalysed hydrolysis reactions, which restricts the present
investigation to the range pH > 3.!%:2%3% Under these
conditions Mn"™ can only be stabilized in the presence of
complexing reagents, which has been done in studies using Mn™
to oxidize inorganic and organic materials.>>*° Based on our
earlier experience®*! and the excellent properties of azide
to form stable metal complexes*?#3 we used this medium to
stabilize Mn'!" under the conditions of this study. By way of
comparison, we also used an acetate medium to stabilize Mn™
under similar conditions. The instability of manganese(i)
solutions at pH > 9 (accompanied by the precipitation of
MnO,) and the relative ease of oxidation of Mn" in basic media
(which must be present in a large excess to stabilize Mn')
restricted our studies on the reduction of Mn™ by sulfur-
nitrogen oxides to the range 3 < pH < 6.5. Under the selected
experimental conditions the pH of the test solutions remained
constant within 0.2 units.

Sulfur—nitrogen oxides are in general produced from the
interaction of sulfur(iv) oxides with NO, NO,, HONO and
NO,". Their behaviour in aqueous solution can be summarized
by the overall Scheme 1, which is based on literature in-
formation!? and our own experience in this area.!® 2244
Solution acidity strongly affects the distribution of the different
oxides, since most undergo acid-catalysed hydrolysis. Formal
oxidation states have also been assigned to the oxides in Scheme
1. A summary of the available rate data on their hydrolysis
reactions is given in Table 1. From the latter data it follows
that the investigated compounds, HN(SO3),?", HON(SO,),?
and HONH(SO;)", are relatively stable under the selected
experimental conditions (3 < pH < 6.5). Experiments in our
laboratories indicted that no substantial hydrolysis of ON-
(SO;)5* occurs at pH 6 over a period of 24 h. We also found

2 n v
NO + SO, 2NO + S0,2~
.. _NO _l I VI _ +NO,; , +H*
ONSO2~ =—= NO(NO)SO, =*02, —
O, .
NO —= NO, +H
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Table 1 Summary of hydrolysis rate constants as a function of pH
for several sulfur—nitrogen oxides?7 34

Compound pH T/°C kjst
HON(SO,),* 6.4 25 50 x 10°
5 37 x 108
4 3.7 x 1077
3 3.7 x 1078
2 3.7 x 10°°
1 3.6 x 104
HONH(SO;) " 6.4 75 6.7 x 1077
3.2 20 x 10°°
1.6 7.0 x 10°°
1.3 1.6 x 10
1 2.7 x 1073
N(SO;)4> 5.8 25 5 x 10°3
39 1 x 10°?
2.7 1 x 102
2.0 2 x 102
HN(SO,),% 1.8 25 1 x 102
2.0 9 x 1073

that the presence of manganese(1, 1) species induced hydrolysis
reactions in the range 3 < pH < 6, which may involve co-
ordination of the oxides to Mn™ followed by oxidation of
the sulfonate group which induces the hydrolysis process (see
further discussion). Typical ion chromatograms2° recorded in
the presence of Mn" indicated that HON(SO;),*” decomposed
to HONH(SO;)™ and sulfate, ON(SO;),>" to HON(SO;),*
and sulfate, whereas HN(SO;),> decomposed to H,NSO;~
and sulfate. No other products than those usually found during
acid hydrolysis could be detected. The products of the reaction
of sulfite with Mn™ were found to be sulfate and dithionate. It
is important to note that the Mn"-induced hydrolyses do not
correspond to a stoichiometric reaction with the oxides. The
conversion of the oxides into their hydrolysis products is ca. 10?
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Reduction of [Mn(N,)]?*. Experimental conditions: [Mn'"] =
4 x 1075, [Mn"] = 0.1 mol dm~3; pH 5.5; [azide]; = 0.25 mol dm™;
I = 0.5 mol dm 3; argon-saturated solutions; Az = 10 s (a) [HONH-
(S03) Iy = 1 x 10> mol dm 3, 10°C; (5) [HON(SO,),% ]y = 2 x
10* moldm *, 25°C

Fig. 1

times higher than the manganese(11) concentration employed,
which clearly points to a catalytic role of Mn™" in such
hydrolysis reactions.

Reduction of Mn™ by Sulfur—Nitrogen Oxides.—According to
the available stability constant data,*>**¢ Mn" produces 1:1,
1:2, 1:3and 1:4 complexes with N, 7, for which §, = 4.15 mol
dm 3, B, = 6.61 mol*> dm™, B, = 3.35 mol®> dm™ and B, =
0.64 mol* dm™? at 25°C and 2.0 mol dm™ ionic strength,
whereas Mn"' only produces a 1:1 complex with N3~ (B, =
82 + 20 mol dm?) in the range [N;~]0-1.8 mol dm™ at 25 °C
and 2.0 mol dm™? ionic strength. Manganese(ur) in azide or
acetate medium is characterized by an absorbance maximum
at 420 nm. On the addition of HON(SO,),%", ON(SO;),*,
HONH(SO,)~ and HN(SO;),?" to a solution containing Mn™
in the presence of Mn" and azide a rapid decrease in the
manganese(1ll) concentration is observed as shown for two
cases in Fig. 1. In most cases the reactions exhibit simple first-
order decay kinetics and the observed rate constant, k,, varies
linearly with the concentration of the sulfur-nitrogen oxide.
Some typical results are shown in Fig. 2 for the reduction of
Mn™ by these four anions at pH 4.5 and 6.5. Some
complications were observed under other conditions. For
instance the reaction with HN(SO,), 2" exhibits two consecutive
reaction steps at pH 6.5 (Fig. 3), and similarly for ON(SO;);*"
at pH 5.5 (Fig. 4). In the case of HN(SO;),? the first step
depends on the anion concentration but the second step is
concentration independent. In the case of ON(SOj;),% both
reaction steps are independent of its concentration under these
conditions. The kinetic results are summarized in Table 2, linear
concentration dependences being expressed as in equation (1).

kons = k[oxide] (H

By way of comparison we recorded kinetic data for the
reduction of Mn™ by HSO;~ under similar conditions. Once
again two subsequent exponential decays were observed (see
Fig. 5), for which both rate constants exhibited a non-linear
dependence on the [S'V]; as shown in Fig. 6. The data can be
fitted with the rate equation (2) as demonstrated by the plots of
kobs/[S™ 1 versus [S'V}; shown in Fig. 7. A non-linear least-
squares fit of the experimental data according to equation (2)
results in the k, and &, values summarized in Table 3.
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Fig.2 Plots of first-order rate constants versus [oxide];. Experimental
conditions: [Mn"™] = 4 x 1073, [Mn"] = 0.1, [azide]; = 0.25 mol
dm™3; I = 0.5 mol dm>. (@) Plots for different oxides (25 °C, pH 6.5):
ON(S0;);> (@), HN(80;),* (), HON(SO;),>" (m) and H-
ONH(SO;)™ (¥). (b) Temperature dependence for the reaction with
HONH(SO;)~ (pH 4.5): 20 (@), 25 (v), 30 (¢) and 35°C (m)
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Fig. 3 Absorbance vs. time trace for the reaction of HN(SO;),*
with [Mn(N;)]**. Experimental conditions: [Mn"] =4 x 1075,
[Mn"] = 0.1, [HN(8O,),; ]y = 3 x 107, [azide]; = 0.25 mol dm™;
I = 0.5moldm?; 25 °C; pH 6.5; 1 = 400 nm; 10 V = | absorbance unit

The results in Tables 2 and 3 also indicate that in general the
reduction of Mn'" proceeds faster at higher pH and at lower
azide concentration, which must be related to the change in
speciation which is controlled by these factors. In general the
deprotonation of aquated metal ions will lead to more sub-
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Table2 Summary of kinetic data for the reduction of Mn™ by different sulfur—nitrogen oxides in 0.25 mol dm~3 azide®

Oxide pH T/°C
HON(SO,),2" 5.5 25.0
6.5 25.0
HONH(SO,)~ 45 20.0
25.0
30.0
35.0
55 25.0
6.5 25.0
HN(SO,),> 6.5 25.0
ON(SO,),* 5.5 25.0
6.5 25.0

[Oxide}/mol dm™3

k;®/dm> mol™! s7!

(1-6) x 103 298 + 7
(2-6) x 10 605 + 9
(2-8) x 107 (24 £ 0.1) x 10°
(2.7 £ 0.1) x 10°
(3.7 £ 0.1) x 10°
(5.0 + 0.1) x 103
(2-6) x 1073 (29 £ 0.1) x 10°
(2-6) x 10 (5.1 £ 0.3) x 103
(3-7) x 107 5.49 +0.17
(2.0 £ 0.2) x 103
(2-5) x 1073 20+ 0.2¢
0.42 + 0.04¢
(1-5) x 1073 (1.72 £ 0.07) x 10°

¢ Experimental conditions: [Mn'"] = 4 x 1075, [Mn™] = 0.1 mol dm™; 420 < A < 500 nm; ionic strength = 0.5 mol dm™3. ® Calculated from
the slope of a plot of k_,, versus [oxide] as shown in Fig. 2 unless otherwise indicated. ¢ Second reaction step independent of [oxide] and
reported as the mean first-order rate constant in s™!. 4 First reaction step independent of [oxide] and reported as the mean first-order rate

constant in s™*.
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Fig. 4 Absorbance vs. time trace for the reaction of ON(SO;);*
with [Mn(N3)]**. Experimental conditions as in Fig. 3 except
[ON(SO,);*}r = 4 x 10> moldm™ and pH 5.5
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Fig. 5 Absorbance vs. time trace for the reaction of sulfite with
[Mn(N,)]?*. Experimental conditions as in Fig. 3 except [sulfite}; =
1 x 103 mol dm™3 and pH 4.5
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Fig. 6 Plots of first-order rate constants versus [sulfite];. Experimental
conditions: [Mn"] = 4 x 10°°, [Mn"] = 0.1, [azide]; = 0.25 mol
dm 3; 7 = 0.5 mol dm™3; 25°C. (a) First reaction step, (b) second
reaction step at 20 (@), 25 (a) and 30 °C ()

stitution-labile hydroxo species due to the trans-labilization
effect of co-ordinated hydroxide. An increase in [H ] will cause
a protonation of SO;* to HSO;", which could slow down the
redox reaction, whereas an increase in [N;7] will cause a
stabilization of the manganese(in1) species and a lower redox rate.

The different dependences of k. on [oxide] and [S"™]
reported above must be related to the nature of the rate-
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Table 3 Summary of kinetic data for the reduction of Mn' by sulfur(1v) oxides in azide media®

[N,V Reaction k.Y 107k, ?/
pH T/°C mol dm™ step dm3 mol™* s7* dm® mol™2 57!
45 20.0 0.25 1 (26 +19) x 103 3808
2 (8.1 + 3.8) x 102 10+ 15
25.0 1 (4.2 £2.5) x 10° 63 % 1.0
2 (1.9 £ 0.5) x 103 1.1 £ 02
30.0 1 (8.3 £29) x 10° 89 + 12
2 (3.7 £ 0.8) x 103 13+02
5.5 25.0 0.25 1 (72 + 1.0) x 10° 2104
2 (2.3 £ 0.2) x 10° 1.8 £ 0.6
5.5 25.0 0.5 1 206 + 15°¢

“ Experimental conditions: [Mn'""] = 4 x 1075, [Mn'] = 0.1 mol dm?; 420 < A < 500 nm; [S'] = (0.5-3) x 10~* mol dm~3; ionic strength =0.5
mol dm~3. * Determined from the plots in Fig. 7 according to equation (2). © Plot of &y, versus [S'] exhibits an intercept of 0.22 * 0.03 s under

these conditions.
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Fig. 7 Plots of k,./[S'V]y versus [S'Y]. Experimental conditions as
in Fig. 6

determining step of the redox reaction. In the case of ON-
(SO3),* the independence of k,, on [ON(SO;);]*~ for both
reaction steps observed at pH 5.5 may either be due to a rate-
determining dissociation of a co-ordinated water molecule on
the manganese(in1) species, or a slow intramolecular electron-
transfer reaction following the rapid formation of a Mn"-
ON(S0,);* complex. The two reaction steps observed may
involve [Mn(H,0)¢]** and [Mn(H,0)s(N;)]**, respec-
tively,*® for which the speciation is controlled by [N;7]. Azide is
known to stabilize the manganese(m) state, such that it is
reasonable to expect that [Mn(H,0)¢]**, or its deprotonated
analogues, is more readily reduced by the sulfur-nitrogen and
sulfur(iv) species than is [Mn(H,0)s(N3)]*", or its depro-
tonated analogues. Although the exact speciation of the

[Mn(H;0):1** + N;~ == [Mn(H,0);(N;)]** + H,0
{Mn(H,0),1** + HSO,” === [Mn(H,0)4(S0,)]* + H,0*

[Mn(H,0)5(SO;)]* + HSO; ===
trans-[fMn(H,0),(50,),] + H;0*

[Mn(H,0)5(N;)1** + HSO; ==
trans-[Mn(H,0),(N;)}S0,)] + H,0*

trans-[Mn(H,0),(N5)(SO,)] + HSO; " —
trans-[Mn(H,0),(S0,),]” + HN,

fast

[Mn(H,0)5(S03)] " — Mn**(aq) + 'SO,

trans-[Mn(H,0),(S05),] =5 Mn?*(aq) + SO;* + "SO;"

trans-[Mn(H,0),(N3)(S05)] 2% Mn?*(aq) + N5 + SOy

Scheme 2

deprotonated (hydroxo) species is unknown, it is safe to assume
that appreciable deprotonation of the aqua complexes will
occur under the selected experimental conditions. A similar
explanation can account for the two reaction steps observed for
the reduction of Mn"™ by sulfite. The linear concentration
dependence of k,,, on [oxide] in equation (1) was found
for most of the oxides, and indicates that the redox process
can follow either an inner- or outer-sphere electron-transfer
mechanism. The high substitution lability of aquated
manganese(i1) species would favour the operation of an inner-
sphere mechanism. This will even be more favoured by the
formation of mixed aqua-hydroxo species, since these are
generally known to be significantly more labile (due to trans-
labilization by co-ordinated hydroxide) than are the corre-
sponding aqua complexes. The [S'V] dependence described
by equation (2) suggests that 1:1 and 1:2 Mn"sulfite species
participate in the redox process, where the 1:2 species is
especially formed at higher sulfite concentrations, presumably
from the 1:1 species. Thus a plausible mechanism for the
reaction with hydrogensulfite can be summarized as in Scheme
2. For simplicity, no hydroxo complexes are included although
they are very likely to be the more reactive species as outlined
above. Similar reactions will occur with sulfite. The sulfite
radicals produced can react with another manganese(ii) species
to produce Mn" and sulfate, or in the presence of oxygen induce
the autoxidation of Mn" to Mn" via the formation of *SO; .*
A similar reaction sequence can account for the linear
concentration dependence observed for the reactions with
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Table 4 Activation parameters for the reduction of Mn™ by HSO,
and HONH(SO;) ™ *

Reaction Rate AHY/ ASY/
Species step constant  kIYmol!  JK!' mol!
HSO,~ ] k, 85+ 10 +106 + 34
k, 59 + 6 +8 % 19
2 k, 110 £ 6 +186 + 20
ks 18+2 -70%6
HONH(SO;)" 1 k, I5ES 60 £ 17

* For experimental conditions see Tables 2 and 3.

1.0
[Mn(Ng)}?*

C
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5

o

g 05+

Q

Q

[o%

[45]
Mn®*(aq)

0.0 s T
0.0 0.2 0.4 0.6

[azide]r/mol dm™

Fig. 8 Speciation of manganese(l) as a function of azide
concentration

HON(SO;),%, HONH(SO;) and HN(SO;),>" under all
conditions, with [Mn(H,0)¢]*"*, or its deprotonated ana-
logues, probably being the most reactive species. A comparison
of the values of k, in Tables 2 and 3 suggests the following reac-
tivity order SO;2” > HONH(SO;)~ > ON(SO;);* > HON-
(SO;),2~ > HN(SO;),% at pH 6.5. It follows that HSO,~ and
HONH(SO,) are the most effective reducing agents for Mn'™
at this pH. At pH 5.5 HON(SO;),? is more reactive than
ON(SO,);>, although HSO; and HONH(SO,) are again the
most reactive reducing agents. The redox reactions will result
in partial or complete oxidation of sulfite (see further
discussion), which will involve the formation of ‘SO; radicals.
These species are essential for the autoxidation of the reduced
metal ions.’ The activation parameters reported in Table 4
allow an extrapolation of the measured rate constants to other
temperatures for the two strongest reducing agents, but do not
reveal any further mechanistic information since they represent
composite quantities as can be seen from the suggested
mechanism in Scheme 2.

A crucial aspect of this study is the complex-formation
reaction with N3~ to control the stability of the manganese(ir)
species. The stability constant reported for the Mn(N;)**
species*® is 89 + 18 (spectrophotometric determination) and
74 + 15dm? mol ! (kinetic determination). These values result
in the speciation curves shown in Fig. 8, from which it follows
that at 0.25 mol dm™ ca. 5% of the total Mn™ is in the Mn3*
(aq) form, whereas at 0.5 mol dm > N5 this fraction has reduced
to ca. 2%, Rather similar results were also obtained in acetate
media as indicated by the data in Table 5. Under the selected
conditions Mn™ was not reduced by ON(SO;);*> and HN-
(SO;),2", whereas the other three species exhibit the reactivity
pattern HSO; > HONH(SO;) > HON(SO;),% similar to
that observed in azide media at significantly higher pH. From
this we conclude that our data in azide media can be used to
predict the behaviour of sulfur-nitrogen oxides in the presence
of manganese (ILI11) species.

Table 5 Kinetic data for the reduction of Mn™ by HON(SO;),>",
HONH(SO,)™ and HSO, ™ in acetate media“

k,/dm?
Oxide [Oxide], kopst/s! mol! 7!
HON(SO,),> 1 x 1073 0.11 £ 0.01 103 £ 2
2 x 1073 0.22 £ 0.01
3 x 1073 0.32 £ 0.01
4 x 1073 0.40 + 0.01
5 x 1073 0.51 + 0.02
HONH(SO,)~ 1 x 1073 0.59 £ 0.01 470 + 16
2 x 1073 1.05 = 0.03
3 x 103 1.36 £ 0.02
4 x 1073 1.89 + 0.04
5 x 1073 227 * 0.05
HSO, - 5x 10% 0.72 + 0.02 784 + 17
1 x 1073 1.14 + 0.04
1.5 x 1073 1.47 £ 0.05
2 x 1073 1.90 + 0.05
25 x 1073 2.30 + 0.04

¢ Experimental conditions: 25 °C; pH 3; [MeCO,H]; = 0.2 mol dm?;
argon-saturated solutions; A = 500 nm; [Mn"™] = 5 x 107, [Mn""] =
0.5 mol dm™?; ionic strength = 0.6 mol dm™. ® Mean value of at least
five kinetic runs.

OH -
\N /SO;,
AN

HON(SO;),> + Mnll )
Mnm soa"

H,0

HONSO;™ + Mn" + HSO,” + H*
2 HONSO;™ + Hy0 ——» HONH(SO3)" + HNO + HSO,~

Scheme 3

ON(SO;);* + Mn™ + H,0 —
Mn" + HSO, + ON(SO,),*> + H*

2 ON(SO;),> + HSO;" — HON(SO,),2 + ON(SO;),>"
4 ON(S0O,), + OH" —— HON(SO,)," + 2 ON(SO,),* + NO,

Scheme 4

To what extent do we understand the spontaneous and Mn'!'-

catalysed hydrolysis reactions of the sulfur-nitrogen oxides?
During acid catalysis, protonation of the amine will facilitate
the hydrolysis reaction, for which a typical example is shown in
equation (3). In a similar way Mn™ can co-ordinate to the N

HON(SO;),% + H* — HONH(SO;),
H,0 3

HONH(SO,)" + HSO, + H*

donor atom and induce the hydrolysis process as shown in
Scheme 3. In order to complete the catalytic cycle, Mn" can
undergo sulfite-induced autoxidation.’ A similar Scheme (4) can
account for the Mn"-catalysed hydrolysis of ON(SO,);* to
HON(S0,),%", which involves the intermediate formation of
ON(S0,),2" which undergoes subsequent reactions to HON-
(50,),%" and ON(SO,),*". Alternatively, reactions (4) and (5)
can account for the formation of N(SO;);> (ref. 47) via the
hydrolysis of ON(SO;);>".

ON(SO;);* + M —— Mn" + SO,* + N(S03), 4)


http://dx.doi.org/10.1039/DT9940002373

J. CHEM. SOC. DALTON TRANS. 1994

2N(SO;), + 3H,0 —>
N(SO,);> + HONO + HSO,” + 4H* (5)

The reported kinetic results can account for some of the
typical observations made in FGD systems.?° In plants
operating under oxidizing conditions, N(SO5);> dominates as
sulfur—nitrogen oxide in the scrubber solution. Under reducing
conditions none of it could be detected. High concentrations of
HON(S0,),? and HN(SO,),? cause an inhibition of the aut-
oxidation of sulfite, and ON(SO;);3" and S,04” " are present
at low concentrations under those conditions. The last two
anions are especially produced in cases where not enough
oxygen is available for the autoxidation process. The pre-
cipitation of MnO, is prevented by the presence of HONH-
(SO;) and HON(SO,;),* since Mn"™ is effectively reduced
by these species. Some laboratory experiments clearly demon-
strated that these two ions can prevent the formation of MnQO,
in the presence of Mn!| sulfite and O,, whereas HN(SO,),*
cannot. Sulfite can induce the autoxidation of Mn" to Mn",*"”
which will be rapidly reduced by HONH(SO;)” and HON-
(S0,),% to prevent the formation of MnO, via the dis-
proportionation of Mn™. No HONH(SO;)~ could be detected
in the FGD systems,?%-?! presumably due to the fact that it is an
effective reducing agent for Mn"., 47 based on the results of this
investigation. The mentioned observations lead to the question
as to whether the studied oxides can also induce the aut-
oxidation of Mn" as was found for sulfite.>7 This aspect has
been studied in more detail and in most cases only seems to play
arole at pH > 9. The results will be reported in a forthcoming

paper.
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