Biological Interactions
Sulfur Compounds

of

Biological Interactions
Sulfur Compounds

Edited

by STEVE

MITCHELL

Department
of Pharmacology
St Mary’s
Hospital
Medical
Imperial
College
of Science,
London,
UK

and Toxicology
School
Technology
and

Medicine

of

UK
USA

Taylor & Francis Ltd, 1 Gunpowder Square, London EC4 3DE
Taylor & Francis Inc., 1900 Frost Road, Suite 101, Bristol, PA 19007
Copyright 0 Taylor & Francis Ltd 1996
All rights reserved. No part of this publication may be reproduced, stored in a retrieval
system, or transmitted, in any form or by any means, electronic, electrostatic, magnetic
tape, mechanical, photocopying, recording or otherwise, without the prior permission
of the copyright owner.
British

Library

Cataloguing

in Publication

Data

A catalogue record for this book is available from the British Library.
ISBN o-7484-0244-6 (cased)
ISBN O-7484-0245-4 (paperback)
Library

of Congress

Cataloging

in Publication

data are available

Cover design by Youngs Design in Production
Typeset in Times 10/12pt by Keyset Composition, Colchester, Essex
Printed in Great Britain by T. J. Press (Padstow) Ltd, Cornwall

Contents

page vii

List of Contributors

ix

Preface
Chemistry

1

of Sulfur

J. D. Woollins
20

Biology of Sulfur

S. C. Mitchell
Sulfur-Oxygen

Compounds

42

Compounds

77

A. G. Renwick
Sulfur-Carbon

G. B. Steventon
113

Sulfur-Hydrogen

Compounds

L. D. Buckberry

and P. H. Teesdale-Spittle

SulfurSulfur

145

Compounds

R. H. Waring
SulfurSelenium

and Sulfur-Phosphorus

Compounds

174

R. M. Nickson
Charged Sulfur Compounds

180

P. Kestell
Index

223

V

List of Contributors

L. D. BUCKBERRY
Drug Design and Toxicity Group
Department of Chemistry
DeMontfort
University
The Gateway
Leicester LE19BH
UK
P. KESTELL
Cancer Research Laboratory
Auckland Medical School
University of Auckland
Private Bag 92019
Auckland
New Zealand
S. C. MITCHELL
Department of Pharmacology and
Toxicology
St Mary’s Hospital Medical School
Imperial College of Science,
Technology and Medicine
Norfolk Place
London W2 1PG
UK
R. M. NICKSON
Department of Toxicokinetics
AgrEvo UK Limited
Chesterford Park
Saffron Walden
Essex CBlO 1XL
UK

A. G. RENWICK
Clinical Pharmacology Group
University of Southampton
Biomedical Sciences Building
Bassett Crescent East
Southampton SO16 7PX
UK
G. B. STEVENTON
Biomedical Sciences Group
University of the West of England
Frenchay Campus
Coldharbour Lane
Bristol BS16 1QY
UK
P. H. TEESDALE-SPITTLE
Drug Design and Toxicity Group
Department of Chemistry
DeMontfort
University
The Gateway
Leicester LEl 9BH
UK
R. H. WARING
School of Biochemistry
University of Birmingham
PO Box 363
Edgbaston
Birmingham B15 2TT
UK

vii

List of Contributors
J. D. WOOLLINS
Department of Chemistry
Loughborough
University
Loughborough
Leicestershire LEl 1 3TU
UK

. ..

vu1

Preface

Sulfur has fascinated people for a long time. Sulfurous smells frequently
accompanied lightning, elevating it to empyrean status; a fiery means by which the
wrath of the gods was manifest on earth. Indeed, the destruction of the twin cities
of Sodom and Gomorrah, thought to be sited just south of the Dead Sea, was
purported to be mediated by brimstone and fire, turning a once-fertile plain into a
barren wilderness. Such brimstone, or ‘burning stone’, may have been exploited by
man in another sulfurous form, hewn from the depths of the earth. Realgar, bright
red arsenic disulfide, which crumbles to yellow orpiment on exposure to light, and
produces intense blue fire when oxidized with nitre, is a strong candidate for an
ingredient of the mysterious ‘Greek Fire’ of Constantinople and the ancient world.
Sulfur-containing
gunpowder is more familiar and has spanned the last thousand
years for fair means or foul. Wherever catastrophic events unfold and volcanoes
belch forth, sulfurous fumes generated from the depths of the earth smother and
poison everything in their wake, the nauseating hydrogen sulfide being comparable
to cyanide in extinguishing oxygen-based life forms.
However, sulfur is not just associated with death and destruction. The purifying
and beneficial properties of sulfur have been known for millennia. The Egyptians
were familiar with a greasy paste containing sulfur applied for its mild antiseptic
properties, and even today salves and ointments containing sulfur are still
employed for topical application to the skin. During the earlier part of this century,
colloidal sulfur injections were popular for the treatment of rheumatoid arthritis;
even though this practice has now ceased, many sufferers today still claim relief
and benefit from sulfurous spa waters. However, it is in combination with other
elements, usually in organic form, that sulfur has had an impact. One-third of
organic pesticides and probably a quarter of pharmaceutical products presently
used contain sulfur. Ten years ago the production of organic pesticides accounted
for two-thirds of the world sulfur consumption, and this is presumably rising. Given
that the very life-forms upon which these compounds are designed to interact also
employ sulfur in a myriad of roles including communication,
defence, energy
transfer and maintenance of their biological fabric, it can be appreciated that sulfur
is an essential and irreplaceable part of all living systems.

ix

Preface

So, sulfur has nurtured man and journeyed with him. From the divine and
fearsome substance of the ancients, across the strange Chinese material which
drained the atmosphere of its ‘life-giving force’, through the mystical primary
component of the alchemist’s universe, to the Group 16 (VIB) element of our
present scientific framework.
And, when this modern post-Renaissance era
changes, so too will the perception of sulfur.
This book is concerned with the biological interactions of sulfur compounds.
Each contributor has taken a specific chemical combination and, with minimum
intervention, has included those areas within their remit which they considered
to be important. The contributors’ individual styles of writing and modes of
expression have been respected. Overlap has been discouraged but where it has
occurred it has been because of approach from different viewpoints, making the
overall text more fluid, and providing a fuller perspective of the entire problem.
I thank the authors for their heroic efforts and hope that this work, with its
chemically-oriented
organization and wealth of referenced material, will impart
information and inspire appreciation concerning the multiple roles of sulfur within
our biosphere.
S. C. Mitchell
London, April 1995
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Introduction

Sulfur has been known since ancient times. The Greeks burnt sulfur to ‘purify the
atmosphere’ and noted its usefulness in medicine. Brimstone was, in part, reported
to be responsible for the destruction of the twin cities of Sodom and Gomorrah.
From the thirteenth century, gunpowder or ‘black powder’ (made from potassium
nitrate, charcoal and sulfur in 751510 weight ratio) gained in importance in
warfare, although it was later replaced by nitroglycerine and cordite. Metal s&ides
are known amongst the earliest pigments (e.g. ultramarine). Sulfur is a minor
constituent of a number of proteins and is an essential element for life; typical
human consumption is -100 mg per day. For many years the extent of the
industrialization and gross national product (GNP) of the industialized countries
could be closely equated with their sulfuric acid production.
The physical properties of atomic sulfur are given in Table 1.1. The range of
oxidation states for sulfur includes S(-2)
S(O), S(II), S(IV) and S(VI) as
summarized in Table 1.2. There is an extensive bibliography of sulfur chemistry
available including entries in Beilstein, Gmelin and Mellor in addition to many
1
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Table 1.1

Properties

Nuclide
32S
33 S

34S
35S
36S

of Sulfur Compounds
of atomic

sulfur

Natural
abundance (%)

Half-life

Nuclear
spin

95.02
0.75
4.21
0
0.02

Stable
Stable
Stable
8.72 days (/3 decay)
Stable

0
312
0
312
0

Note: 33SNMR: magnetogyric ratio = 2.0534 x 10’ rad T-’ s-‘; quadrupole

moment = -0.05

X

1O-28m*; receptivityV3C = 0.0973; reference: sulfate.

other chemistry texts (Cotton and Wilkinson 1988, Greenwood and Eamshaw
1984, Haiduc and Sowerby 1987, Nickless 1968, Woollins 1988).
Sulfur is relatively common and occurs naturally as the element in metal sulfides
and in an oxidized state within sulfates such as gypsum. In addition, the sulfur
compounds in natural gas and crude oil are now also becoming increasingly
significant. The production of sulfur mirrors the development of chemistry. In the
1700s sulfur mining was undertaken on a steadily expanding scale. Demand for
sulfur increased dramatically in the nineteenth century with volcanic-derived sulfur
being the major source. The Frasch process ensured a stable supply from the turn
of the century onwards. This method, used extensively in America and Iran,
involves pumping superheated steam (160-170°C) into the sulfur-rich rocks from
where the molten sulfur is forced upwards using compressed air. Once pumped
onto the surface the molten sulfur is allowed to cool to give solid blocks up to
18 m high. Nowadays, worldwide production of sulfur is estimated to be in excess
of 60 million tonnes annually, the three main sources being the recovery from crude
oil and gas, direct mining plus Frasch recovery of the element, and the roasting
of metal sulfides such as pyrites. In addition, there is an increasingly large amount
of sulfur obtained from sulfur dioxide in flue gases.
Qualitative and quantitative methods for the identification of sulfur compounds
are well documented (Roy and Trudinger 1970, Vogel 1953) and sulfur compounds
may easily be studied by vibrational spectroscopy. Both the oxides and oxyanions
have characteristic spectra in the infrared (IR) range, whilst sulfanes and
cycle-sulfur compounds give good Raman spectra. The only potentially useful
nuclear magnetic resonance (NMR) nucleus is 33S which is quadrupolar and low
in abundance (Table 1.1). Despite these difficulties, 33S NMR has been used on
an increasing scale in recent years and some solid-state 33S NMR have even been
reported (Belton et al. 1985, Belton and Woollins 1986, Wasylishen et al. 1984).
Variable linewidths are observed and can be related to the symmetry of the
substituents about the nucleus. Although these lines can be very broad, the
chemical shift range is still useful.
1.2

Elemental

sulfur

Sulfur vapour (generated from c&s, HgS or electrochemically) contains a range
of S, species (n = l-10). At higher temperatures significant amounts of SzS6 are
2
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Table 1.2

Typical

oxidation

Oxidation
number

Coordination
number

-2

2
2
2
2

-1
0
I
II
III
IV

of sulfur

Geometry

6
3
4

Angular
Angular
Ring
Angular
Angular
Pyramidal
Angular
Angular
Pyramidal
J/-Trigonal-bipyramidal
Tetrahedral
Octahedral
Trigonal-planar
Tetrahedral

5
6

Trigonal-bipyramidal
Octahedral

2
3
3
2
3

4
V
VI

states and geometries

Examples
J&S
H2S2

sn
S2C12,RSC1
Me2S, H2S
Me3S+
s20a2so2

W+, OSF2, S03*SF4, RSF3
Me3SO+
S2F10
SO3(d

so,“-, SO3(s),
SO2C12,SZO~~SOF4
RSF,, SF6

formed. Raman studies identified bands due to S&s, whilst ultraviolet/visible
(UV/VIS) spectra have indicated that S2 is an important constituent at high
temperatures and low pressures.
Liquid sulfur is a very complex equilibrium system. For example, at its melting
point it is a clear yellow colour but at its boiling point it is deep red and opaque.
It undergoes viscosity changes as the temperature is raised, going through maxima
at 159 and 185°C. There are no free radicals present at low temperatures but
significant quantities at higher temperatures. At its melting point sulfur consists
of mostly cycle-Ss rings; as the temperature is raised various chain-length sulfur
species are formed (catena-Ss through radical chains up to lo6 or more sulfur
atoms).
There is a wide range of sulfur allotropes (Donohue 1974, Meyer 1965, Steudel
1982), and apart from the many different crystalline forms of Ss several other sulfur
rings have been reported. Historical names and properties of some of the common
allotropes are given in Table 1.3.
Cycle-Ss crystallizes in orthorhombic (a) and two monoclinic (j?, 7) forms. The
a-form is stable up to 96°C; liquid sulfur above this temperature is usually cooled
to give p-sulfur. However, if liquid sulfur is quenched the familiar plastic sulfur,
believed to consist of S, chains, is obtained. The crown structure of cyclooctasulfur, Ss, is only one member of an homologous series of S, (n = 6-26) rings
(Figure 1.1, Table 1.4). Additionally, cyclic sulfur oxides such as S60 and S702,
and mixed sulfur-selenium
systems (with applications such as anti-dandruff
shampoos, fireworks and polymerization inhibitors) are known.
All of the species consist (Figure 1.1) of puckered rings with variable bond angles
and distances (Table 1.4). High-symmetry rings such as Ss or S6 have normal S-S
3
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Table 1.3

Historically

of Sulfur Compounds
important

names

of allotropes

of sulfur

Old and present names

Accepted name

Features

Rhombohedral sulfur
Aten sulfur
Engel sulfur
a-sulfur
psulfur
Rhombic sulfur
cu-sulfur
Orthorhombic sulfur
Muthmann’s sulfur I
Monoclinic sulfur
Prismatic sulfur
p-sulfur
Muthmann’s sulfur II
y-sulfur
Nacreous sulfur
Mother of pearl sulfur
Muthmann’s sulfur III
Gernez’s sulfur
Fibrous sulfur
$-sulfur
Plastic sulfur
Elastic sulfur
rsulfur
q-sulfur
Insoluble sulfur
Das sulfur

Rhombohedral (p) sulfur

Crystalline cycle-$
Space group R3

Orthorhombic ((L) sulfur

Crystalline cycle-Ss
Space group Fddd

Monoclinic (B) sulfur

Crystalline cycle-Ss
Space group P211c

Monoclinic (v) sulfur

Crystalline cycle-Ss
Space group P2in

Fibrous sulfur

Crystalline catena-S,
Space group, not known
Probably cycle-Ss and
catena-Sx

Table 1.4

s6
ry-s7
=37
a-Sg
B-S3
+8
SlO
s12
S18

S 20

4

Molecular

Mixture

Insoluble (w) sulfur,
if crystallized

properties

of sulfur

Probably catena8
X-ray pattern

allotropes

Colour

Space
group

SS bond
(pm)

Bond angles
(“)

Torsional
m#es 0

Melting
point (“C)

Orange-red
Yellow
Yellow
Yellow
Yellow
Light yellow
Pale green
Pale yellow
Lemon yellow
Pale yellow

R-3
P21lc
P2Illl
Fddd
P21lc
P2lc
c2ic
Pnnm
p212121
Pbcn

206.8
199.8-217.5
199.5-218.2
204.6-205.2
204.7-205.7
202.3-206.0
203.3-207.8
204.8-205.7
204.4-206.7
202.3-210.4

102.6
101.9-107.4
101.5-107.5
107.3-109.0
105.8-108.3
106.8-108.5
103.3-110.2
105.4-107.4
103.8-108.3
104.6-107.7

73.8
0.4-108.8
0.3-108.0
98.5
%.4-101.3
97.9-100.1
75.4-123.7
86.049.4
79.5-89.0
66.3-89.9

d>50
d 39
d 39
112.8
119.6
106.8
d>O
148
128 m,d
124 m,d
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l;;gy lg:
218.1
s7

S60

s6

(and mixed S/Se rings)

For S8 S-S = 204pm

;I:’s20
b-1
S

I S-S
1
S-f
s71+

Figure

1.1

The structures

of some

S,, S,2+ and S,O

rings

220
s70
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MSx
\
[N&l2Sx
HjS/NH1

x=4-6

IFI~/;‘r,

W

/“hh~;
w

S

\

S. S’

Figure

1.2

Reactions

Pt

,PPh
‘PPh3

-

\I;.

HzS

Hz
P& (X = 3, 7, 10)

Cl2

of SB

bond distances (-2.05 A) and torsional angles (-85“) but lower symmetry species
can be quite distorted. The most interesting example in this regard is S, which
would be expected to have C2 symmetry like cycloheptane but actually has Cs
symmetry with four of the sulfur atoms in a plane and consequently one torsional
angle of close to 0”. The S-S distances for the four coplanar sulfur atoms are
unusually short and this may imply some r-bonding contributions.
Cyclosulfur rings are yellow or pale orange, low melting solids of variable
stability. For example, S9 decomposes above 0°C whilst S6 and S, are only
moderately stable at room temperature. Their thermal stability decreases in the
order Si2, h3, s20 (years)>S6,
S, (minutes). Their
s% SlO, Srr, Sis (days)>>
interconversion
reactions (S,+ S,, m #n) have been studied in some detail.
Thermal, in addition to photochemical, reactions are possible and a number of
mechanisms have been proposed. The various sulfur rings may be analysed by
high-pressure liquid chromatography (HPLC) using a simple reserve-phase column
and methanol as the eluent, the larger rings giving longer retention times. In
addition, each ring has a very characteristic Raman spectrum which allows
detection within a mixture.
Sulfur is a relatively reactive element, with the majority of reactions proceeding
with cleavage of one or more S-S bonds (Figure 1.2) usually as a result of
nucleophilic attack. Sulfur forms compounds by direct reaction with virtually every
element (the exceptions being the noble gases, nitrogen, iodine, iridium, platinum
and gold). It burns in air with a blue flame, in fluorine to give SF, and in chlorine
to form S2C12. Triplet sulfur (which is responsible for its blue flame) can be formed
by the photochemical activation of CS2 or COS. Sulfur is not especially reactive
with water (which does not wet it) but does dissolve in liquid ammonia to give
complex mixtures of anions. Cycle-S, is known to be more susceptible to
nucleophilic attack than is cyclo-Ss and this feature may be utilized in organic
synthesis. Oxidation reactions of sulfur rings have already been mentioned and
the formation of cyclocations is discussed below.
6
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In 1804 it was reported that sulfur reacts in oleum to give intense blue, red or
yellow solutions depending upon the time of reaction and the acid concentration.
Tellurium (carmine red) and selenium (green and yellow) also give rise to deeply
coloured solutions in concentrated sulfuric acid. The identity of the species
responsible for these colours was in doubt until quite recently. Apart from difficult
synthetic chemistry, the various cations have thus far presented substantial
problems theoretically, and the empirical treatments developed to explain their
structure have been discussed in a review of this area (Gillespie 1979). The Ss”+
cation appears related to cuneane with three bonds broken and the structure of
s + has recently been rationalized. The oxidizing power of Sn2+ cations has been
dfmonstrated (Rosan 1985) and reaction of Ss’+ with hydrocarbons proceeds with
insertion of sulfur into a C-H bond. Methane gives methanthiol,
toluene is
converted into a series of isomeric dimethylbiphenyls,
and reaction with carbon
monoxide gives COS.

1.3

Sulfur

oxides

The sulfur oxides (Figure 1.3) include the simplest compounds (SO, S02, SOs)
through to the very sulfur-rich species such as SsO, although the dioxide and
trioxide are undoubtedly of most commercial importance.
Sulfur monoxide, obtained by the reaction of sulfur dioxide and sulfur, has been
observed in the gas phase but is very short lived (Schenk and Steudel 1965). The
polymer, S202, has a slightly longer lifetime (seconds) and disulfur monoxide (S,O;
an orange solid), one of the decomposition products of sulfur monoxide, may also
be prepared by burning sulfur under conditions of low oxygen pressure. Sulfur
monoxide, disulfur monoxide and disulfur dioxide may be stabilized as ligands in
metal complexes. Sulfur monoxide can coordinate in a number of modes including
simple a-donation (bent), bridging two or three metal centres (via sulfur or edge
on). From X-ray crystal structural studies (Herberhold and Schmidkonz 1986,
Herberhold et al. 1985) it appears that the coordinated S20 ligand behaves as a
T-acid as it has a substantially lengthened S-S compared to the free S20. The
first example of an S20 ligand was reported 20 years ago (Schmidt and Ritter 1975)
and later extended to the corresponding S202 complex. A dinuclear complex of
$0 has also been prepared.
Sulfur dioxide is usually obtained commercially by the combustion of sulfur,
typically by spraying fine droplets into a combustion chamber along with dry air.
Both single- and two-stage combustion processes are used. Single-stage processes
use an excess of oxygen/air whereas two-stage systems use -90% of the required
air in the first phase and additional oxygen in the second combustion. The
two-stage system produces sulfur dioxide with virtually no contaminating nitrogen
oxides. Sulfur dioxide is also prepared commercially from metal sulfide ores by
roasting in fluidized bed furnaces at 650-1100°C.
Sulfur dioxide is a poisonous, colourless gas which condenses (-10°C) to give
a colourless liquid and ultimately ( --76 “C) white crystals. It has a bent structure
(S-O bond length 143.2 pm, O-S-O -119.5” in the gas phase) and is only slightly
associated in the liquid and forms an orthorhombic solid.
Sulfur dioxide is converted to sulfur trioxide and ultimately to sulfuric acid using
the double-contact process which is based upon the equilibrium between sulfur
7

Biological

Interactions

of S&fur Compounds

0
II
0

A

0

0
~-o-s-o-~
f

d

P
A

8 -+ x

P-SO3

w

-s-s-s-s-s-s-s!I
&Ph m>2

k,,
Figure

1.3

The range of sulfur

oxides

3<m<4
and the different

forms

of SO3

dioxide and trioxide. Vanadium catalysts such as VO(S0,) supported on kieselguhr
are used to push the equilibrium to the right-hand (SO,) side. Since equilibrium
shifts in favour of the starting materials with increasing temperature, as low a
temperature as possible is employed together with the continuous removal of sulfur
trioxide by absorption into water to give sulfuric acid.
The oxidation of the dioxide to the trioxide is the most important commercial
reaction but there is quite an extensive chemistry of sulfur dioxide (Figure 1.4).
In water SO2 dissolves to form sulfurous acid which, according to Raman
spectroscopy, contains large amounts of solvated sulfur dioxide in addition to
HSOs-, HsO+ and S205 *+ ions. With ammonia and amines quite complex
reactions (which are not fully understood) occur, and with tertiary amines SO2
behaves as a Lewis acid to give simple adducts. A vast range of complexes of sulfur
dioxide have now been prepared and examples of SO2 coordination modes are
given in Figure 1.5 (Mngos 1978, Ryan et al. 1981).
8
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cus+ 2cuo
(PPW2PtW.4
+

SOCl* + co*

COcll
t-------

so2

SO3

FZ or Cl>
___3
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H2S04

so*xz

y l.l:\c
SONH + [NH412S2O5

S+H,O

+

so2 * 6H*O
+

Figure

1.4

Reactions

of sulfur

HS03-

S2052-

dioxide

The environmental
effects of airborne sulfur dioxide are a matter of public
interest and debate (Ember 1981, Meyer 1977, Nriagu 1979). Some sulfur dioxide
is released into the atmosphere from natural sources such as volcanoes but the
majority (-200 million tonnes per year) is from either industrial processes or
domestic use such as coal and oil burning. Two main methods for the abstraction
of sulfur dioxide from flue gases can be employed: either the reduction of the
dioxide to sulfur using the Claus process or alternatively neutralization using ‘milk
of lime’ to give either calcium sulfite or, with complete oxidation, calcium sulfate
(gypsum).
The commercial significance of sulfur trioxide in the preparation of sulfuric acid
has already been mentioned and this is the most important aspect of its industrial
chemistry. However large amounts of pure trioxide are also prepared for use in
the manufacture of many compounds such as chlorosulfonic and fluorosulfonic
acids (used for polishing lead crystal), thionyl chloride, and to act as a general
sulfonating agent.
Cyclic sulfur oxides S,O (n = 6, 8, 9, 10) are normally prepared by oxidation
of their parent sulfur rings using perfluoroacetic acid in an inert solvent such as
carbon disulfide or methylene chloride, although in some cases the dioxide (e.g.
S207) may also be obtained. These compounds are orange or dark yellow and
decompose at or around room temperature to give sulfur and sulfur dioxide. A
higher number of polymeric oxides are known and in general these are structurally
related to @SO3 by random substitution of the OXO bridges by peroxo bridges.
Monomeric SO, has been studied by matrix isolation and is believed to have a
OzSOO, peroxo structure.

1.4

Sulfur

oxoacids

The oxoacids of sulfur are summarized in Figure 1.6. Industrially, sulfuric acid
remains an extremely important material with a world production of -150 million
tonnes per year. Sulfuric acid has many applications, the largest amount being used
9
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of SO, ligands

in the manufacture of phosphorus- and nitrogen-based fertilizers. Sulfuric acid is
also used in the manufacture of inorganic sulfates, hydrogen fluoride, boric
anhydride and a range of organic compounds, and in the petrochemical industry
for the refining of raw paraffin.
Aqueous sulfuric acid is a strong acid and forms salts with most metals by direct
reaction and also by a variety of other routes such as neutralixation of a metal
oxide or hydroxide or decomposition of metal carbonates. In organic synthesis it
is used with nitric acid for the nitration of aromatics via the N02+ cation.
Apart from gypsum (CaSO,) and Epsom salts (MgS04.7H20),
many other metal
sulfates are known and often exist in nature. The sulfate ion is tetrahedral and
has a large coordination chemistry, forming monodentate (O-coordinated)
and
bidentate (O,O’-chelating
or O,O’-bridging)
complexes (Figure 1.5).
Sulfurous acid exists in trace amounts in aqueous solutions of sulfur dioxide but
has never been isolated. Nonetheless, metal sulfites are well known and stable.
Sodium sulfite (obtained by reacting sulfur dioxide with sodium hydoxide) is used
as a reducing agent in photography, for the preservation of foods, and in the textile
and paper industries. The sulfite ion is pyramidal and displays a number of
coordination modes. Interestingly, apart from monodentate coordination through
sulfur and bidentate coordination through two oxygen atoms, binuclear compounds
with S=O coordination
have recently been described (Ginn et al. 1993).
Protonation of sulfite to give HSOs- appears to occur at the sulfur, rather than
10

