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The influence of mixed sulfur-nitrogen oxides on the redox chemistry of iron-(IIr) and -(II) species in aqueous 
solution was studied kinetically as a function of various concentrations. Two oxides, uiz. HONH(S0,)- and 
HON(SO,),'-, were found to reduce Fe"' to Fe", whereby these oxides undergo an iron(rI1)-induced 
hydrolysis reaction. The hydrolysis products were analysed by ion chromatography. These redox reactions can 
in principle account for the inhibiting effect of sulfur-nitrogen oxides on the metal-catalysed autoxidation of 
sulfur(rv) oxides. Possible reaction mechanisms are suggested. 

The environmental importance of mixed sulfur-nitrogen oxides 
and their eventual influence on atmospheric oxidation pro- 
cesses are not well understood. Further investigations there- 
fore could yield valuable information. Recent studies have 
shown that such oxides can affect the catalysed autoxidation of 
sulfur dioxide in flue-gas desulfurization (FGD) systems used in 
coal-fired power plants.'.2 

The oxides in question are produced in mixtures of dissolved 
SO, and nitrogen-(11) and -(Iv) oxides (NO, NO,), in which the 
conjugate-base ions of the acids formed ( i e .  HSO,-, SO,,-, 
NO, -), and including metal-complexed NO, undergo a series 
of reactions. Several mixed sulfur-nitrogen oxides are produced 
and exhibit a complicated set of reactions (Scheme l), involving 
the interaction with sulfite, spontaneous and acid-catalysed 
hydrolysis and redox reactions, as summarized elsewl~ere.~-~ 
Although the chemistry of sulfur-nitrogen oxides has been 
studied by a number of  group^,^-^ the development of 
appropriate analytical techniques l o  should help to clarify 
further a number of the suggested reaction steps. 

In FGD systems CaCO, which is contaminated by metal 
impurities (Mn, Fe) is used to precipitate the sulfate produced. 
The presence of these metal ions favours the metal-catalysed 
autoxidation of dissolved SO, to sulfate."~'2 Hi gh concen- 
trations of sulfur-nitrogen oxides are generally found to be 
associated with an inhibition of the overall oxidation process, 
which is expressed by a high concentration of dissolved sulfite 
and a low concentration of precipitated MnO, in the CaSO, 
product. The installation of selective catalysed reduction 
systems (DENOX systems) for the removal of NO, from flue 
gases has changed the chemical processes in those FGD 
systems, which are deployed after the DENOX  system^.^.'^.'^ 
Much lower concentrations of sulfur-nitrogen oxides were 
found in these systems, whereas the overall oxidation processes 
are improved (low concentrations of free sulfite, high con- 
centrations of MnO, precipitates in the gypsum produced). 
All these observations point to a connection between the 
concentration level of oxides and the overall oxidation process 
in FGD systems. 

Recent studies in our laboratories have focused on the 
interaction of a series of sulfur--nitrogen oxides with manganese- 
(11) and - ( i l l )  species in order to clarify the underlying reaction 
mechanisms and product distribution. ' The results showed 
that the oxides are able to reduce Mn"' to Mn", whereby these 
oxides undergo a Mn"'-induced hydrolysis reaction. 'These 
redox reactions can account for the inhibiting effect of the 

t ( i i i )  
HONH(S03)- + HS04- - HN(S03)**- + HS04- 

(iii ) 
NH20H + HS04- - H2NS03- + HS04- 

( i )  1 
NH4+ + HS04- 

Scheme 1 
compounds. (i) H', water; (ii) oxidation, HSO,-; (iii) H S 0 , -  

Formation and hydrolysis reactions of nitrogen-sulfur 

oxides mentioned above since they withdraw from the system 
the trivalent initiator ions for the metal-induced autoxidation of 
sulfite. 

We have now investigated the interaction of a series of 
sulfur-nitrogen oxides with iron-(m) and -(II) species in order to 
establish whether or not iron ionic species react in a comparable 
way to manganese species. The results show that HONH(S0,)- 
and HON(S0,),2- are the principal reactive (SN) species 
involved in controlling the redox behaviour of iron-(rir) and -(II) 
species in aqueous solution. 

Experimental 
Chemicals of analytical reagent grade (Merck, Fluka and 
Aldrich) and deionized Millipore water were used to prepare all 
solutions. Argon was used to deaerate solutions when required. 
Aqueous HClO,, HCl and NaOH were used to adjust the pH, 
and NaClO,, NaCI, Na,SO,, Na(O,CH), Na(0,CMe) and 
NaN, to adjust the ionic strength. The ions H0N(SO3),'-, 
HONH(S0,)-, ON(S0,),3- and N(s03)3,- were synthesized 
according to literature procedures, l6 - I9  and their purity was 
checked by ion chromatography." Eluents for the latter were 
prepared from sodium carbonate, tetrabutylammonium hydrox- 
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ide and acetonitrile. Solutions of Fe"' were stabilized at pH 5-6 
in either an azide or acetate medium. In the former case NaN, 
and HCIO,, and in the latter case Na(0,CMe) and HCIO,, 
were used to obtain the desired pH. In addition, a formate 
buffer (pH 3.6) was also used to investigate the iron(m) system 
in this pH range. 

The UVjVIS spectra were recorded on a Hewlett-Packard 
8452A diode-array spectrophotometer. Kinetic measurements 
for slow reactions were performed in the thermostatted cell 
compartment of the same spectrophotometer or in a Shimadzu 
UV-250 spectrophotometer. For fast reactions a Durrum D 1 10 
stopped-flow spectrophotometer was used. Data fitting was 
performed with the OLIS KTNFTT (Bogart, Georgia) set of 
programs. Details of the ion-chromatographic procedures and 
equipment used are given elsewhere." The IR spectra of the 
gas-phase products of the reaction between iron(1Ir) perchlorate 
and HONH(S0,)- were recorded in a 10 cm gas cuvette on a 
Nicolet 5 SX FT-IR instrument. The evacuated gas cuvette was 
used to obtain a sample of the gas-phase species of the reaction 
when carried out in a sealed flask. 

Results and Discussion 
General considerations and observations 

The redox chemistry of iron-(111) and -(II) species in the presence 
of a number of sulfur-nitrogen oxides has been investigated. 
The principal objective was to determine whether iron reacts in 
a similar way to manganese under parallel conditions. The 
emphasis of the investigation was on iron(II1) complexes with 
weaker co-ordinating anions e.g. perchlorate, chloride and 
sulfate. Both chloride and sulfate are present at high con- 
centrations (several g 1.') in the scrubber solutions.2 The pH 
range of common FGD systems (4.5-5.5) requires the use of 
stable iron(1rr) complexes in order to investigate the interaction 
of iron species with sulfur-nitrogen oxides in this pH range. 

Iron salts in aqueous solution form different aquated species, 
depending on the pH and concentration. The most important 
equilibria of the aquated iron(m) ions are (1)-(3). Here the value 

[Fe(H20)6]3' [Fe(H20),(OH)]2+ + H + ;  
K ,  = 6.4 x lo-, rnol dm-3 (ref. 20) ( 1 )  

[Fe(H,O),(OH)]'+ C [Fe(H,O),(OH),]+ + H f  ; 
K ,  = 3.2 x lop4 mol dm-3 (ref. 21) (2) 

of K ,  is given at 25 "C and 0.1 mol dm-, ionic strength, and 
those for K ,  and K3 at 25 "C and zero ionic strength. These 
equilibria depend on the nature of the anion, since it is well 
known that anions such as C1-, SO,,- and HC0,- form stable 
complexes with aquated iron(rr1). 

Investigations dealing with the substitution behaviour of 
these complexes have shown that the iron pentaaquahydroxo 
complex is significantly more labile than the hexaaqua 
c o r n p l e ~ , ~ ~ ~ ~ ~  due to the trans labilization effect of the co- 
ordinated hydroxy group. The distribution curves (Fig. 1 2 6 ) ,  

based on the constants given in equation ( I ) ,  show the different 
iron species present as a function of pH. It is evident that in a 
weakly acidic medium (2 < pH < 4) four different iron species 
are present at varying concentrations. At pH ca. 3 and a total 
iron concentration of mol dmP3 the iron(m) solutions 
become pale yellow since the iron hydroxo species dominate 
under such conditions. With increasing pH ( > 3) the solutions 
become turbid, due to the formation of higher iron hydroxo 
species (dimers and polymers), and therefore a spectrophotomet- 
ric investigation of these solutions is precluded. Hence it was 
necessary to stabilize iron(1rr) with complexing reagents. Based 

on our earlier experience,'s we used an azide and an acetate 
medium to stabilize iron(rr1) at a higher pH (5-6). A formate 
buffer was used at pH 3.6. 

The chemistry of sulfur-nitrogen oxides in aqueous solution 
can be summarized by the overall Scheme 1, which is based on 
literature information , q 2 '  and our own experience in this 
field.1~2~'0~'3*'5*28 It is known that the oxides investigated 
undergo acid-catalysed hydrolysis reactions, which restrict the 
present investigation to pH 3 3.'0329 34 A s was found for 
manganese(m), l 5  the presence of iron(rr1) species induces the 
hydrolysis reaction and no other products than those usually 
found during acid hydrolysis were detected by ion 
chroma tograph y . 

The IR measurements of the gas phase of the reaction 
between iron(r1r) perchlorate and HONH(S0,) - clearly showed 
the formation of N 2 0 .  Thus redox chemistry occurs, since N 2 0  
is the oxidation product of this ion. 

Reduction of Fell1 

Iron(1rr) in an azide medium is characterized by two absorbance 
maxima at 340 and 470 nm, whereas in perchlorate, chloride, 
sulfate and acetate media no characteristic absorbance maxi- 
mum is present. Iron(r1I) is characterized by an absorbance 
maximum at 280 nm in the presence of alarge excess of formate. 
Upon addition of HONH(S0,)- or HON(SO,),'- to a 
solution containing iron(m) in one of these media a decrease in 
the iron(1rr) concentration is observed as shown for the case of 
iron(II1) perchlorate in Fig. 2. In most cases the reactions consist 
of two steps, a fast and a slow one, in contrast to one step 
usually observed in the case of manganese(I1r). In general the 
OLIS KINFIT program was adopted to fit the two exponential 
functions. In some cases the rate constants were too similar and 
a single exponential gave a better fit of the data (see subsequent 
tables). In comparison to the reactivity of manganese(m), 
iron(Ir1) also reacts faster with HONH(S0,) ~ than it does with 
HON(S03)22-. In the case of fast overall reactions the kobs 
values vary linearly with the concentration of the oxide for both 
reaction steps [most reactions of the iron(1Ir) species with 
HONH(S0,)- can be measured on a stopped-flow spectropho- 
tometer]. Such a dependence was found for the reaction of 
HONH(S0,) with iron(1Ir) in perchlorate, chloride, sulfate and 
formate media, and for the slow reaction step of HON(S0,),2- 
with iron(rr1) in chloride medium (Table 1). In the latter case the 
fast reaction step exhibits a significant intercept (see further 
discussion). 

The linear concentration dependence of kobs on [oxide] as 
expressed in equation (4) indicates that these sulfur-nitrogen 

5 1  I 

G h 

1.0 2 .o 3.0 4 .O 

PH 

Fig. 1 
acidic solution as a function of pH;26 [Fe"'] = 5 x 
I z 0 moi dm-3, T = 25 "C 

Distribution curves for the various iron species in aqueous 
rnol dm-3, 
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kobs = k,[oxide] (4) 

a 
0.52556 - 

oxides are involved in the rate-determining step of the reaction, 
but no distinction between an inner- or outer-sphere electron- 
transfer mechanism can be made on the basis of this 
relationship. The high lability of the iron pentaaquahydroxo 
complex would, however, favour the operation of an inner- 
sphere mechanism. In the case of the two steps observed for the 
reaction between iron(IIi) perchlorate and HONH(S0,) - the 
fast reaction presumably corresponds to the reduction of the 
labile iron( in)  pentaaquahydroxo complex by this ion, whereas 
the slow reaction represents the reduction of higher-order iron 
hydroxo species (di- or poly-meric). The high reactivity of the 
iron(1ii) pentaaquahydroxo species has also been found in 
another in~estigation.~' Both reactions depend on the 
concentration of HONH(S0,)- . The iron(i1i) species rapidly 
co-ordinates this ion in a first step [equation ( 5 ) ] .  The 

(b 1 

Fe"'L + HONH(S0,)- [Fe"'L(HONH(SO,))]- ( 5 )  

0.16487 . 

intermediate formed reacts subsequently to give the final 
products [equations (6)-(8); L = H20,  OH-, X- (anions, e.g. 
CI -, SO,' -, etc. )]. 

[Fe"'L(HONH(SO,))]- + H,O --+ 

Fe"L + NHOH + H +  + HS0,- (6) 

2 NHOH --+ NH20H + HNO (7 )  

2 HNO - N 2 0  + H 2 0  (8) 

In the suggested mechanism reaction ( 5 )  can be a rapid pre- 
equilibrium ( K , )  followed by the rate-determining electron- 
transfer step (6). In such a case kobs = k,K,[oxide] under the 
experimental conditions in the present study, viz. kobs depends 
linearly on the [oxide] as expressed by equation (4). In the 
presence of anionic ligands reaction ( 5 )  can be significantly 
slower and represent the substitution-controlled process. Under 
these conditions the rate equation could be of the form kobs = 
k-, + /\.,[oxide] (see below). During the reduction of iron(rr1) 
to iron(r1) by HONH(S0,)- both the hydrolysis products of 
the ion (NH20H and sulfate) and N 2 0  as oxidation product are 
formed. The gas N 2 0  can be detected by IR measurements, the 
characteristic bands being at 22 10 and 2234 cm-' . A decrease in 
velocity accompanies a reduction in pH from 3 to 2; this is due 
to the different distribution of the various iron species 

200 250 300 350 400 

o.60 I ( b  1 

7 

200 300 400 500 

h/nm 
Reduction of iron(1rr) perchlorate. Experimental conditions: 

rnol drn-,; pH 3; T = 25 "C; Z = 0.1 rnol dm-3: 
rnol drn-,; At = 10 s; (b) [HON- 

Fig. 2 
[Fe"'] = 1 x 
(a)  [HONH(SO,)-] = 1 x 
(SO,),'-] = I x mol drn-,, Ar = 500 s 

(Fig. At pH 2 the amount of the reactive iron(rr1) 
pentaaquahydroxo species and of the higher iron(ri1) hydroxo 
species is lower than at pH 3; therefore, the reaction is slower at 
lower pH. This indicates that the substitution reaction ( 5 )  
plays an important role in the overall electron-transfer 
process. When the pH is increased to 4 the absorbance changes 
become smaller and therefore no exact kinetic measurements 
could be made. 

A change of the iron medium from perchlorate to chloride, 
sulfate or formate resulted in a decrease in the rate constant 
values for both reaction steps, as shown in Table 2. According 
to the available stability-constant data, 3 6 * 3 7  chloride, sulfate 
and formate are stronger complexing reagents than perchlorate, 
and in turn sulfate forms stronger iron(iii) complexes than 
chloride and formate stronger ones than chloride or sulfate. 
Obviously, the stronger complexing agents diminish the 
amount of the reactive iron(1ir) hydroxo species by forming 
complexes in which one or more anions are co-ordinated. This 
shows that ligand substitution plays an important role and 
controls the overall redox reaction. In the case of acetate and 
azide, complex formation is so effective 3 8 3 3 9  that the reduction 
of iron(ii1) in these media is very slow (Table 3). Furthermore, in 
the pH range of these media (5-6) almost no reactive iron 
species exist. The slow reduction of iron(i1i) azide and iron(iri) 
acetate by HONH(S0,)- is presumably independent of the 
oxide concentration (Table 3). This means that the electron- 
transfer reaction (6) itself must be the rate-determining step; it 
must be an intramolecular process within the precursor 
complex rapidly produced in ( 5 ) .  The reaction of iron(iI1) azide 
with HONH(S0,)-, in contrast to the other reactions, exhibits 
a single reaction step. Only at very high excess of oxide 
([Fe"'] = 1 x mol dm ,> 
could two reaction steps be observed. Furthermore, iron(iii) 
azide is able to perform a redox cycle with HONH(S0,)- (Fig. 
3), due to the oxygen sensitivity of the reduced iron(r1) azide 
product. In the absence of oxygen, HONH(S03)- reduces the 
iron(i1i) azide to iron(ii) azide. The absorbance of the two 
characteristic maxima of iron(1ii) azide at 340 and 470 nm 
decreases as a function of time (Fig. 3). When oxygen is added 
to induce the back reaction the reoxidation of the oxygen- 
sensitive iron(ri) azide to iron(m) azide takes place accompanied 
by a build-up of the two absorbance maxima of iron(m) azide 
(Fig. 3). 

The interaction of HON(S0,),2- with iron(ri1) exhibits, in 

[HONH(SO,)-] > 6 x 10 
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Table 1 Summary of kob\ values for the reduction of iron(rr1) in different media as a function of the oxide concentration. I = 0.1 rnol dm-3. 25 "C 

Medium 
0.1 ml dm-, NaClO, 

0.1 mol dm NaCl 

0.1 mol dm-, Na2S04 * 

0.1 mol dm-, Na(0,CH) 

* I = 0.3 rnol drn-,. 

Oxide 1030xide/mol dm-, Step 
I-lONH(SO,)p 1 

2 

4 

6 

HONH( SO,) - 1 

2 

4 

6 

HON(SO,),* 1 

2 

4 

6 

HONH(S0,) 1 

2 

4 

6 

HONH(S0,) ~ 1 

2 

4 

1 
2 
1 
2 
1 

1 
2 
1 

1 - 3 

1 
2 
1 

1 
2 
1 
2 
1 
2 
1 
2 
1 
2 
1 
2 
1 

1 
2 
1 
2 
1 
2 
1 
2 

3 - 

3 

3 
i 

3 - 

ko,,ls ' 
2.16 t 0.6 
0.398 t 0.04 
3.01 t 0.5 
0.50 t 0.09 
6.48 ? 0.3 
0.99 _+ 0.04 
9.18 t 0.8 
1.41 t 0.26 
0.67 t 0.16 
0.11 _+ 0.02 
1.87 t 0.13 
0.25 t 0.01 
3.29 f. 0.23 
0.45 t 0.02 
5.05 t 0.8 
0.79 t 0.15 
0.011 t 0.001 
(2.1 t 0.2) x 10 
0.011 t 0.001 
(5.1 _+ 0.2) x 10-4 
0.016 k 0.001 
(7.7 2.1) x 10-4 
0.02 f 0.001 
(9.5 t 0.1) x 10-4 
0.06 k 0.003 
(8.5 2 0.3) x 
0.13 t 0.01 
(21 f 0.7) x 10 
0.31 t 0.03 
0.050 t 0.001 
0.48 5 0.06 
0.082 t 0.002 

(4.7 5- 0.3) x 10 
(3.1 t 0.1) x 

(7.4 t 0.95) x 10 
(1.7 t 0.1) x 10 

(2.3 2 0.2) x 

(7.3 t 0.1) x 10 

PH 
3 

3 

3 

3 

3.6 

Table 2 
by HONH(S0,) ~ 25 "C; I = 0.1 rnol dm-, 

Values of k for the reduction of the different iron(1Ir) species 

Tron(rr1) complex Reaction step k/dm3 mol s-l pH 
Perchlorate 1 

2 
Chloride 1 

2 
Sulfate * 1 

2 
Formate 1 

2 

* I = 0.3 mol drn-,. 

1456 t 88 3 
210 t 14 
848 f. 48 3 
132 t 11  

85.6 5 2 3 
14.7 f. 0.4 
17.6 t 3.5 3.6 
4.1 f 0.5 

the case of perchlorate and sulfate, two reaction steps without a 
clear dependence of kobs on the oxide concentration, which 
indicates that the electron-transfer reaction (6) is the rate- 
determining step (Tables 4 and 5) .  The fast reaction is the 
reduction of the labile monohydroxo species, whereas the slow 
reaction is a measure of the reduction of a higher-order iron 
hydroxo species in the case of the perchlorate medium. In 
sulfate-containing media the slower reaction can be attributed 
to a reduction due to an iron(1rr) sulfato species. In general, rate 
data for the second reaction step are subject to large error limits 
such that these should not be overinterpreted. 

A concentration dependence of kobs on the [oxide] was 
observed for the reduction of iron(rrr) chloride by HON- 

(Table 1 ) .  A plot of kobs versus [HON(SO,),'- ] 
(Fig. 4) clearly shows that the fast reaction exhibits a significant 

Table 3 Summary of kinetic data for the reduction of iron(rrr) 
( 1  x 10 mol dm-3) by HONH(S0,)- at 25 "C (a)  in acetate medium: 
[CH,CO,-] = 0.1 rnol dmp3;  pH = 6; h = 250 nm; (b) in azide 
medium: [Fe"'] = 1 x rnol dm-3; [N3-] = 0.3 rnol dm-3; pH = 
5.5; h = 340 nm 

103[HONH(S0,)p]/m~l dm-, Reaction step 

((l)a 
1 

2 

4 

6 

8 

10 

1 

4 
6 
8 

10 

7 
I 

1 
I 7 
1 
2 
1 
2 
1 
I 3 

I 

1 
2 

3 - 

kob?a/S 

(1.5 t 0.2) x 10 
(3.9 t 0.8) x 
(1.5 t 0.4) x 10 
(7.6 2 0.5) x lo-' 
(1.5 t 0.2) x 10 

(9.5 t 0.7) x 10 

(1.3 t 0.1) x 10 

(1.4 t 0.1) x 10 
(5.6 t 0.3) x 10 

(1 .1  2 0.1) x 10-4 

(2.0 0.5) x 10-5 

(9.5 t 0.5) x 10-5 

(3.2 t 0.1) x 10-4 
(6.3 t 0.2) x 
(7.0 2 0.2) x 10-4 

(1.3 t 0.2) x 

(6.6 k 0.3) x 10 
(7.5 ? 0.1) x 10 

(1.8 t 0.1) x 10 
(7.0 2 0.3) x 

Average values of kobS: first reaction step, ( 1.4 t 0.2) x 10 '; second 
reactionstep,(6 t 3 )  x 10 ' 5 - l .  * AveragevalueofkOb,:(6 k 2) x 
s l .  
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Table 4 Summary of kinetic data for the reduction of iron(xrr) 
perchlorate by HON(SO,),' -. Experimental conditions: [Fe"'] = 
5 x 10 rnol dm ' >  f = 0.1 rnol dm-3, pH 3,25 "C, h = 365 nm 

10"[HON(S0,)2L -]!mol dm- Reaction step koba*/s-l 
1 (1.30 t 0.06) x 10 
2 
1 (1.0 k 0.01) x 10 
2 (1.72 t 0.02) x 
1 
2 (1.6 t 0.1) x 
1 (1.01 k 0.02) x 10 
2 (1.85 t 0.03) x 
1 (1.18 t 0.07) x 
2 (2.76 k 0.02) x 10 

(1.29 k 0.01) x 10-4 

(1.13 t 0.02) x 10-3 

* Average values of /cob\: first reaction step, (1.1 2 0.1) x 
reaction step, (1.8 t 0.5) x 

second 
s I .  

Table 5 Summary of kinetic data for the reduction of iron(xrr) sulfate 
by HON(SO,),' . Experimental conditions: [Fe"'] = 1 x 10 ' mol 
dm '. pH 3. f = 0.3 rnol dm-3 (Na,SO,), 25 "C, h = 300 nm 

103[HON(S0,)22-]/mol dm Reaction step 
1 1 

2 
- 3 1 

2 
4 1 

6 1 
2 

3 
1 

kob5 *IS-' 

(5.6 t 0.1) x 10-3 

(6.7 k 0.2) 1 0 - 3  
(7.8 0.1) x 
(5.8 k 1.5) x 
(6.4 t 3.8) x 

(8.0 t 0.1) x 10 

(5.5 ? 0.3) x 10 
(2.9 t 0.8) x 10 

* Average values of kobs: first reaction step, (5.9 k 0.5) x 
reaction step, (6 ? 2) x 

second 
s-l. 

0.025 I--- -1 

0.0°5 I- -1 
0 1 2 3 4 5 6 7 

1 03[HON(S03),2-]/mol dm3 

Fig. 4 Plot of first-order rate constant oerms [HON(SO,),'-] for the 
fast reaction step of the reduction of iron(r1r) chloride by HON(SO,),'- 

intercept. In contrast, the slow reaction (data in Table 1)  
exhibits almost a linear concentration dependence with no 
significant intercept. The intercept for the fast reaction can 
either be due to the reverse reaction ( 5 )  (see above) or indicate 
that a parallel reaction path may be involved, independent of 
the concentration of HON(S0,)22-. This path could for 
instance represent the rate-determining dissociation of dimeric 
species to produce the more reactive monomeric species. This 
would again suggest that the fast reaction is substitution 
controlled. Alternatively, rapid formation of the inner-sphere 
species in ( 5 )  followed by rate-determining intramolecular 
electron-transfer (intercept) could be paralleled by an outer- 
sphere reaction path that will depend on the [HON(S0,),2-] 
(slope). The k values ( k ,  = 1.9 ? 0.2, k ,  = 0.15 k 0.02 dm3 
rnol s ' )  of this reaction are much smaller than the values of 
the analogous reaction with HONH(S0,)- ( k ,  = 848 k 48; 
k ,  = 132 & I 1 dm3 rnol s '1 since HONH(S0,)- is a stronger 
nucleophile and/or a better reducing agent than HON(S0.,),2 - .  
The latter is not able effectively to reduce the strong iron(rI1) 
formate, acetate and azide complexes under the selected 
conditions (1 = 0.1 rnol drn-,). The ions N(S03)33- and 

Table 6 Comparison of kinetic data for the reduction of ( a )  iron(1rr) 
and (b)  manganese(rr1) in azide medium at pH 5.5 and 25 "C. 
Experimentalconditions:(a)[Fe'"] = 1 x 10-4moldm ,,[N3- I r  =0.3 
rnol dm-3; h = 340 nm; (h )  [Mn"'] x 4 x rnol dm ', [Mn"] =0.1 
rnol dm-3, [N3- lT  = 0.25 mol dm-3; 420 < h < 500 nml'  

~ 

1 03[HONH( SO,)-]/ Fe"' Mn"' 
rnol dm-3 
2 (6.3 k 0.2) x I0 5.8 t 0.2 
4 (7.0 t 0.2) x 11.6 k 0.4 
6 (6.6 2 0.3) x 10 17.4 t 0.6 

I I 

0.2 

0.1 

0 0.02 0.04 0.06 0.08 0.10 0.12 
[Forrnate]/rnol dm" 

Fig. 5 Formate dependence for the two reaction steps [fast (a) ,  slow 
(b)] in the reduction of iron(rr1) formate with HONH(S0,)- .  Ex- 
perimentalconditions:[Fe"'] = 1 x 10-4moldm 3,[HONH(S03)-] = 
3 x 10 mol drn-,, pH 3.6, T = 25 "C, h = 320 nm, l = 0.1 rnol 
dm- 

HN(S03),,- were found not to react with the labile 
monohydroxo species of Fe"'. 

Comparison between iron and manganese 

A comparison of the kinetic data for the reaction of iron(r1r) and 
manganese(Ir1) in azide and acetate medium by HONH(S0,)- 
(Tables 6 and 7) indicates that manganese(m) is much more 
reactive than iron(Ir1). The much faster reactions of 
manganese(Ii1) show a linear dependence of kobs on the 
concentration of HONH(S0,)- in contrast to the slow 
reactions of iron(m), where no concentration dependence of the 
rate constant was found. In the case of the slow reacting iron(Ir1) 
azide and acetate systems the electron-transfer reaction seems 
to be the rate-determining step. 

In most of the reactions studied an increase in the 
concentration of the anions (chloride, sulfate, formate, acetate, 
etc.) causes inhibition to a varying extent depending on the 
nature of the anions. The extent is directly related to the 
complexing ability of the anions. An increase in the formate 
concentration (Fig. 5 )  results in a significant decrease in the 
velocity of the reduction of iron(1Ir) formate by HONH(S0,)- 
in both reaction steps. In addition, the reduction in this case 
also depends on pH because this controls the concentration 
of formate ions in solution. It is therefore difficult to obtain 
satisfactorily reproducible kinetic data near the pK, value of 
formic acid since a small change in pH is associated with a large 
change in the distribution between formic acid and formate 
ions. 

J. Chem. Soc., Dalton Trans., 1996, Pages 2135-2141 2139 

http://dx.doi.org/10.1039/DT9960002135


Table 7 
( a )  [Fe"'] = 1 x 
[MeCO, -]T = 0.2 mol dm-3; I = 0.6 mol dm 3; pH 3, h = 500 nml' 

Comparison of the kinetic data for the reduction of (a)  iron(rrr) and (6)  manganese(m) in acetate medium at 25 "C. Experimental conditions 
mol dm-3; [Mn"] = 0.5 mol dm-3, mol dm-', [MeCO,-], = 0.1 rnol dm-3, pH 6, h = 250 nm; (b) [Mn'"] = 5 x 

kobalS -' 
103[HONH(S03)~]/mol dm-3 Reaction step Fe"' Mn"' 
1 I (1.5 f 0.2) x 0.59 k 0.01 

2 1 (1.5 f 0.4) x 1 O - j  1.05 k 0.03 

4 1 (1.5 f 0.2) x 1.89 k 0.04 

2 

2 

(3.9 f 0.8) x 10 

(7.6 f 0.5) x 10 

2 (1 .1  f 0.1) x 10-4 

The iron(m)-catalysed hydrolysis reaction of the oxides 
probably follows an analogous pathway to that of the 
spontaneous and manganese(rI1)-catalysed hydrolysis reac- 
tions. During the reaction involving Fe"' the nitrogen atom 
of the oxide co-ordinates to the metal, through which the 
hydrolysis process is induced. In the case of the hydrolysis of 
HON(S0,)22- by Fe"', HON(S0,)- is formed as an 
intermediate, which then reacts further to form HONH(S0,)- 
and N,O [equations (9)-(11) and (8); L = H 2 0 ,  OH-, X -  
(anions, e.g. C1-, SO,2-, etc . ) ] .  

Fel"L + HON(SO,),'- [Fe1"L{HON(S03)2}]2~ (9) 

[Fe"'L(HON(S0,)2)]2- + H 2 0  - 
Fe"L + HON(S0,)- + H +  + HSO,- (10) 

2 HON(S0,)- + H 2 0 -  
HONH(S0,)- + HNO + HSO,- (1 1)  

2 HNO - N,O + H 2 0  (8) 

The rate of co-ordination of the iron with the oxide depends 
on the nature and the concentration of the anion, on the pH of 
the solution and on the reducing strength of the oxide. The 
stronger the complexing ability of the anions, the slower the 
oxide co-ordinates, since the concentration of the reactive iron 
monohydroxo species is reduced under such conditions. This is 
a consequence of the formation of less-reactive complexes of 
iron with the anions. The higher the anion concentration the 
more of these complexes (1 : 1 ,  I : 2, etc.) are formed. In addition, 
an increase in pH has a similar effect due to the formation of 
less-reactive iron hydroxo species (uiz. dimers and polymers). 
The velocity of the reduction reaction depends on the reducing 
ability of the oxide: HONH(S0,)- is a stronger reducing agent 
than HON(S0,)22-. 

The possibility of a synergistic effect between manganese(I1) 
and iron(n1) was also investigated. It is known 40-42 that there is 
a strong synergistic effect of these ions in the autoxidation 
reaction of sulfur(1v). The reduction of manganese(II1) by 
HONH(S0,)- was investigated in the presence and absence of 
iron(m) in azide media, but no synergistic effect was observed. 
This indicates that in this case the produced iron species 
[iron(rIr) azide] is too inert to participate in a synergistic 
reaction sequence. 

Conclusion 
The results reported demonstrate that the sulfur-nitrogen 
oxides studied are able to reduce iron(n1) ions and complexes 
within a wide pH range. Therefore the concentration of the 
catalytic species available for the autoxidation of sulfur(1v) 
oxides is diminished, which leads to an inhibition of the 
autoxidation process. In comparison with manganese(m), the 
effect of iron(m) is significantly smaller (factor 1 03-l 0") due to 

the fact that manganese(rI1) is a stronger oxidizing agent than 
iron(Ir1). 

Acknowledgements 
The authors gratefully acknowledge financial support from the 
Bundesministerium fur Forschung und Technologie and VEBA 
Kraftwerke Ruhr AG. 

References 
1 H. Gutberlet, B. Patsch, R. van Eldik and F. F. Prinsloo, Power 

Plant Chemistry 1993, Technische Vereingung der Grosskraftwerks- 
betreiber Feedwater Conference, Essen, 1993. 

2 B. Patsch, Diplomarbeit, Fachhochschule Gelsenkirchen, 1993. 
3 S. G. Chang, D. Littlejohn and N .  H. Lin, ACS Symp. Ser., 1982, 

4 D. Littlejohn and S. G. Chang, Environ. Sci. Technol., 1984, 18, 

5 D. Littlejohn and S. G. Chang, Anal. Chem., 1986,58, 158. 
6 D. Littlejohn, K. J. Hu and S. G. Chang, tnorg. Chem., 1986, 25, 

7 T. K. Ellison and C. A. Eckert, J.  Phys. Chem., 1984,88,2335. 
8 L. R. Martin, D. E. Damschen and H. S. Judeikis, Atmos. Environ., 

9 E. Sada, H. Kumazawa and H. Hikosaka, tnd. Eng. Chem., Fundam., 

0 M. GeiBler and R. van Eldik, Anal. Chem., 1992,64, 3004. 
1 N. Coichev and R.  van Eldik, New. J .  Chem., 1994,18, 123. 
2 C. Brandt and R. van Eldik, Chem. Rev., 1995,95, 119. 
3 H. Gutberlet, A. Dieckmann and B. Schallert, VGB Krafrwserkstech- 

4 H. Gutberlet, S. Finkler, B. Patsch, R.  van Eldik and F. Prinsloo, 

5 F. F. Prinsloo, J. J. Pienaar, R. van Eldik and H. Gutberlet, J. Chem. 

6 G.  K. Rollefson and C. F. J. Oldershaw, J. Am. Chem. Soc., 1932,54, 

7 H. Sisler and L. F. Audrieth, J. Am. Chem. Soc., 1938,60, 1947. 
8 S. Nyholm and L. Ranitt, Znorg. Synth., 1957, 5, 11 7. 
9 R. Nast, K. Nyul and E. Grziwok, Z .  Anorg. Allg. Chem., 1952,267, 

188, 127. 

305. 

3131. 

1981, 15, 191. 

1984, 23,60; 1986, 25, 386; 1987, 26,2016. 

nik, 1991,71, 522. 

VGB Kraflswerkstechnik, in the press. 

Soc., Dalton Trans., 1994, 2373. 

977. 

304. 
20 J. Kraft and R. van Eldik, tnorg. Chem., 1987, 28, 2297. 
21 C. M. Flynn, jun., Chem. Rev., 1984,84, 31. 
22 R. M. Milburn, J.  Am. Chem. Soc., 1957,79, 537. 
23 M. Grant and R. B. Jordan, Inorg. Chem., 1981,20, 55. 
24 T. W. Swaddle and A. E. Merbach, Inorg. Chem., 1981,20,4212. 
25 B. Bansch, P. Martinez, D. Uribe, J. Zuluaga and R. van Eldik, 

26 J,  Kraft, Ph.D. Thesis, University of Frankfurt, 1987. 
27 F. Seel, Fortschr. Chenz. Forsch., 1963,4, 301. 
28 V. Zang and R. van Eldik, J.  Chem. Soc., Dalton Trans., 1993, 

29 J. P. Candlin and R. G.  Wilkins, J. Am. Chem. Soc., 1965, 87, 

30 F. Seel and R. Winkler, 2. Naturforsch., Teil A ,  1963, 18, 155. 
31 G.  J. Doyle and N. Davidson, J. Am. Chem. Soc., 1949,71,3491. 
32 M. N. Ackermann and R. E. Powell, Inorg. Chem., 1967,6, 1718. 
33 D. Littlejohn and S. G. Chang, Energy Fuels, 1991, 5,  249. 
34 S. H. Maron and A. R. Berens, J.  Am. Chem. Soc., 1950,72,3571. 

Inorg. Chem., 1991,30,4555. 

111 .  

1490. 

2140 J.  Chem. SOC., Dalton Trans., 1996, Pages 2235-2142 

http://dx.doi.org/10.1039/DT9960002135


35 C. Hrandt, Poster presented at the Eurotrac-Symposium, Garmisch- 

36 R. M .  Smith and A. E. Martell, Critical Stahilitjl Cunstunts, Plenum, 

37 G. G. Jayson. B. J. Parsons and A. J. Swallow, J.  Chenz. Soc., 

38 K. M. Smith and A .  E. Martell, CriticalStabilit~~ Constcints, Plenum, 

39 E. Avsar, Acta Chem. Scand., Ser. A ,  1980,34,405. 
40 I .  Grgic, V. Hudnik, M. Bizjak and J. Levec, Atmos. Envirun., 1992, 

41 J .  Berglund, S. Fronaeus and L. I .  Elding, tnorg. C'heni.. 1993, 32, 

42 C. Brandt, Ph.D. Thesis, University of Witten/Herdecke, 1994. 

Partenkirchen, 1 1-15th April, 1994. 

New York, 1989, vol. 6, second suppl. 

Faraday Trms. I, 1973, 1079. 

New York. 1977. vol. 3 .  

26A, 571. 

4527. 

Received 1 1 th December 1995. P q m  5/08077K 

J. Chem. SOC., Dalton Trans., 1996, Pages 2135-2141 2141 

http://dx.doi.org/10.1039/DT9960002135

