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ABSTRACT

A study has been made of reactions between some alkaline earth
metal compounds and sulphur dioxide. The compounds studied included
naturally-occurring forms, limestone and dolomite, and industrial
products, Limbux and quick-lime. Particular attention was paid to
reactions which could have proved useful in fhe desulphurisation of
industrial flue gases.

All the substances used reacted to some extent with sulphur
dioxide, but often slowly. The greatest reactivity was shown by
calcium-based compounds as the carbonate or hydroxide decomposed to
form fresh, highly active calcium oxide. Reaction rates, below 400°C,
were only appreciable for calcium oxide. The reaction products,
depending upon conditions, included sulphites, sulphates, sulphides
and oxides. At lower temperatures, sulphite was formed and the
thermal stabilities of the alkaline earth metal sulphites were
studied in greater detail.

X-ray diffraction examination indicated that the structures of
anhydrous calcium, strontium and barium sulphites were similar and
closely related to the structure of calcium sulphite hemihydrate.
Differences in orthorhombic unit cell dimensions were in agreement
with changes in the catiénic radii.

The thermal stabilities of the alkaline earth metal sulphites
varied with changes in the gaseous atmosphere surrounding the
samples. In non-oxidising atmospheres there was competition between
(a) reactions leading to oxide formation and (b) disproportionation
reactions, leading to the formation of a mixture of sulphate and
sulphide. The relative importance of the disproportionation reaction
increased as the atomic number of the cation increased. A proposed

mechanism suggested how the various phases found in different reactions



could be formed. In oxidising atmospheres there was extensive formation
of sulphate from both sulphite and sulphide.

The use of dry absorbents, based on alkaline earth metal compounds,
for the desulphurisation of flue gases appeared to be an expensive

process.
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CHAPTER ONE

INTRODUCT ION

The work described in this thesis commenced in 1970 when a
number of countries, particularly the U.S.A. and Japan, were introducing
much stricter controls over the emission of sulphur dioxide from
stationary sources, i.e. electricity generating stations and other
industrial plant. At this time few desulphurisation methods were in
operation for plants emitting gases containing less than 1I sulphur
dioxide, and relatively little data had been published on the chemical
reactions wﬁich seemed most likely to be readily applicable to the
problems of flue gas desulphurisation.

0f the many methods of achieving a reduction in sulphur dioxide
emissions, it was decided to study some of the‘reactions and reactants
associated with. the use of alkaline earth metal compounds. This was
a natural continuation of the extensive work already carried out in

1,2

these laboratories by Glasson and the more limi'ted studies carried

out by the present author2’3.
Dry processes of flue gas desulphurisation have the advantage
that it should be possible to treat the flue gas without causing a
large reduction in temperature, as occurs with wet scrubbing methods;
the problems associated with lack of plume buoyancy, which occur when
the gas temperature becomes toc low, would be avoided. Calcium carbonate,
oxide and hydroxide and the similar derivatives of dolomite are
relatively abundant and low-cest materials; thus, their usége was likely
to be favoured.
The investigation was to examine:

(a) The thermal stabilities of the likely products of the desulphurisation

process in order to assess the possibilities of re-cycling the



(b)

(c)

(d).

(e)

1.1

alkaline earth metal compounds and using the captured sulphur as

a source of sulphur compounds. Particular attention was to be
directed to the sulphites which were likely to be major products
at flue gas temperaturesa.

The applicability of utilizing a fluidised bed system. Published
work5 had indicated that the reaction of sulphur dioxide with
particles of -calcium carbonate, etc. occurred on the surface of
the particles and that a surface layer of product was formed which
prevented further reaction between the unreacted core of the
particles and more sulphur dioxide. Fluidised beds, as well as
increasing the particle/gas contact time6, often lead to abrasion7
between the fluidised particles and it was thought that this might
help to remove the reacted surface layer from the particles,

The relative reaction rates of various. alkaline earth metal compounds

with sulphur dioxide. Thqugh.thermodynamic dat3819¢10

for many

of the re;ctions was available, this did not indicate which. reactions
actually took place at a worthwhile rate.

The crystal structure of calcium sulphite hemihydrate, a major
product in scrubbing processes involving calcium compounds. At

this time, none of the structures of the alkaline earth metal
sulphites were known. In fact, there were still references to the
hydfated form of calcium sulphite as a dihydratell.

The general economics of the implementation of a dry flue gas

desulphurisation process.

Historical Review

The use of alkaline earth metal compounds for the removal of

sulphur dioxide from boiler and furnace exhaust gases has. an exXtensive

. 12 . . . . .
history =, but the major impetus to research in this area came in the

late 1960's. During this latter period, there was concern in several



countries about the large quantities of sulphur dioxide being emitted
by stationary fossil fuel burning installations and legislation was
enacted for implementation in the 1970'313’14. It would seem to be
useful to consider the position, as published, of the processes and
types of reactions used in the period up to 1970,

A recent article12 traces the history of the developuent of the
various types of flue gas desulphurisation systems since 1850, and
indicates that nine types of process had major studies carried out on
them in the 1850 - 1950 period. The processes considered were
(1) Water scrubbing; (2) Metal ion solutions; (3) Catalytic oxidation;
(4) Dry adsorption; (5) Wet lime scrubbing; (6) Wet limestone scrubbing;
(7) Double alkali process; (8) Ammonia scrubbing; (9) Processes
based on sulphur dioxide reduction. Of these nine areas, five involved
the use of alkaline earth metal compounds. These were:

(a) Dry adsorption - using lime and first developed in 191515, when

dry lime was injected directly into the bed of the furnace. This
process, using also limestone, dolomite and hydrated compounds, was
implemented on a large scale in the 1960'516.

(b) Wet lime scrubbing - in which lime slurrieg were used to absorb
sulphur dioxide. First patented in 190917 and installed in the

Swansea Power Station in 193518.

(c) Wet limestone scrubbing - in which a slurry of limestone, rather
than lime, was used to absorb the sulphur dioxide. Though used in the
chemical industry to produce sulphite acid cooking liquor, there was
little development work done until the late 1960's.

(d) Double alkali process - first patented in 191819} The sulphur

dioxide was absorbed by a solution of a highly soluble alkali, usually

sodium hydroxide, which was then treated with a lime slurry- to



precipitate sulphur compounds for disposal and allow regenmeration and
recycling of the more expensive soluble alkali.

(e) Reduction of sulphur dioxide - this type of reaction has been

mainly applied to situations where there were relatively high concentrations
of sulphur dioxide, as in smelter géses. The thiogen process20 involved.
the use of calcium sulphide or calcium sulphate, or barium sulphide.

Up to 1970, the removal of sulphur dioxide from the gaseous emissions

of large scale units appears to have been operated only on relatively
concentrated sources of sulphur dioxide, such as smelters, apart from

the three units installed in the United Kingdom in the 1930's, at
Battersea, Swansea and Fulham power stations. However, in the 1960's

an increasing amount of interest was developing and various processes

were being invesqigated,'so that by 1972 a summary of processe516

included 21 being actively worked on, some by several different companies.

1.1.1 Dry Injection Processes

Wié:kertz1 carried out tests on both laboratory scale and
commercial units of dry injection methods to prevent high—- and low—
temperature corrosion in oil- and:coal—fired equipment. Carbonates or
hydroxides of calcium and magnesium, or their dolomitic equivalents,
injected into the burner zone of a furnace (at 1300° - 1400°C) would
all be converted to their respective oxide;. Laboratory tests on the.-
degree of reaction, with sulphur dioxide, of the various oxides at
temperatures from 400° to 1400°C were perfofmed and indicated that the
maximum degree of desulphurisation occurred at about 900°C with a rapid
decrease in efficiency above IQOOOC‘for Mg0.Ca0 and above 1200°C for CaO.
In the laboratory studies, a retention time of 0.5 seconds was required
for almost complete desulphurisation of a gas containing 1 vol % SOZ’
but times of 1 second or more would be needed in operational burners.

Tests were also carried out on commercial furnaces using hydrated dolime,



Ca(OH)Z.Mg(OH)z, which achieved up to 912 sulphur dioxide removal. The
retention times quoted were approximately 7 seconds, which were higher
than other workersa’22 suggest as likely in large furnaces. Further
work23 in Germany showed that the removal of sulphur dioxide from coal-
fired burners was lower than from oil-fired burners and that in both
cases there was some build-up of deposits on boiler surfaces. As well
as slagging problems on heat exchanger surfaces, another problem became
apparent24’25’26. The removal of 1 ton of sulphur dioxide yields over

2 tons of solid product, plus the excess unreacted adsorbent, plus the
normal f£ly ash to give a much increased dust load to be removed by the
dust collection system. Electrostatic precipitators depend upon

sulphur trioxide to provide a large portion of the gas conductivity that
gives this system its high efficiency27. Limestone-type additiveé react
‘preferentially with the sulphur trioxide in the flue gas, even though
its concentration is only 1% or 22 of that of the sulphur dioxide.

As a result the efificiency of the electrostatic precipitators was

reduced by as much as 30%.

1.1.2 Comparison of natural limestone and magnesite absorbents with

their calcined and hydrated products
11,22,28, 29

Various studies were made on calcium and magnesium
carbonate rocks to determine the differences in the sulphur dioxide
absorption characteristics of these materials and of their calcined and
hydrated products. The aim was to identify the physical and chemical
properties responsible for the differences in the rate and quantity of
sulphur dioxide absorption shown by different samples. The results
obtained by Potter28 suggested the following variability:

(a) There was little difference between the reactivity of the raw

stone and pre-calcined samples at 980°C, but there were very large

differences between carbonate rocks from different localities.



(b) The differences in reactivity with sulphur dioxide could be
correlated with the total mercury pore volume, but there was no
significant correlation with the B.E.T. nitrogen specific surface.

The number of pores larger than 0.3 um appeared particularly significant.
(c) The utilisation of calcium oxide in a fixed-bed reactor varied

from 17 up to 907 with an average of 45%.

(d) At 430°C, the absorption capacities were hydrated > calcined >
uncalcined stones. At 705°C, the same felationship was found, but the
capacities had almost doubled. At 980°C, the capacities of the hydrated
and calcined samples had fallen, whilst the uncalcined stones had
increased in capacity to the same level as the calcined samples.

In contrast, Coutant et 3122, using a simulated flue gas
containing 3000 ppm sulphur dioxide and a dispersed phaée reactor at
temperatures between 815°C and 1150°C, found that limestone reactivity
was raw stone > hydroxide > lime, while for dolomite the reactivity
was greater and the order was fully hydrated dolime > raw stone >
monohydrated dolime, and that these relationships held for all temperatures.
This work also indicated that as the residence time of a particle in
the reactor increased, the amount of sulphur dioxide absorbed increased
to a maximum and then decreased. The author's conclusions were that
""the overall reaction between raw stones and SO2 in the reactor follows
a complex path, the nature of which is due in part to the slow heat-up
of stome particles as a result of the thermal requirements for calcining
of the stone. Sulphite formation is the.primary mode of sulphur pick-up
during the early stages of the process, during which time the stone
is still relatively cool. In later stages of the process, as the stone
heats up to temperatures above the thermodynamic limit for sulphite
existgnce (about 1400°F) [760°C], the sulphite can calcine, and sulphur
dioxide is lost from the particles. Concurrent with these steps, the

sulphite can be oxidised and/or disproportionate to form sulphate. The



net result is a maximum in sulphur pick-up during the first second of
exposure in the reactor. The time required for attaimment of this
maximum and the magnitude of the maximum pick-up are likely to depend on
factors which influence the heat—up time and the rate of oxidation or
disproportionation, e.g. particle size, injection temperature, oxygen
concentration, duration of exposure at a given temperature and the
details of the physical state of the lime formed during the calcination
step."

The rates of reaction found by Coutant were much higher than those
found in isothermal studies by Borgwardt30 using pre-calcined limestones
and dolomites. These studies of isothermal kinetics of sulphur dioxide
absorption appear to indicate that the removal of significant quantities
of sulphur dioxide would not occur during the short residence times,

0.5 -~ 4 seconds, available during paséage of the gases through a boiler.
However; in boilers, non-isothermal conditions exist with respect to the
solid particles immediately after injection into the gas stream, thus
favouring Coutant's results. Attempts to improve the effectiveness of
sulphur dioxide removal in boiler tests by calcining the stone under
controlled conditions prior to injection into the furnace have given
results which were not as good as the injection of raw stoneBl.
Likewise, lime recovered after injection tests and then re-injected has
proved to be relatively unreactive compared to fresh 1imestone11.

These results contradict the generally accepted mechanism whereby 502

is absorbed by Ca0 after the loss of COZ’ but are entirely consistent
with the mechanism postulated (by Coutant) where the reaction occurs
during heat-up and calcination. The low reactivity of pre-calcined lime-
stone compared to raw stone would follow as a natural consequence of the
more extreme non—-isothermal conditions existing in the latter case, where
considerably more heat is absorbed during the process of chemical

. . . 1
dissociation of the carbonate3 .



1.1.3 Thermogravimetric Studies

Using thermogravimetric methods, Chan et al11 studied the action of

a 5% SO2 : 952 N2

calcined at 745°C. The results were interpreted as showing (i) rapid

gas mixture on samples of limestone and dolomite pre-

initial chemisorption at room temperature to form a SO2 monolayer;
(ii) an intermediate absorption region between 200° - 400°¢C to give 8
layers of sulphite on the calcined limestone and 4 layers on the calcined
dolomite; (iii) a fast absorption region starting between 500° and 600°
and becoming slower at 750°C. The authors suggested that the disproportion-—
ation of calcium sulphite

4Ca303 —_— 3CaSO4 + CaS
which occurs at about 600°C would break up the surface layers of calcium
sulphite, thus exposing fresh oxide layers for reaction with sulphur
dioxide. Above 750°C the calcium sulphite begins to dissociate

CaSO3 —> Ca0 + SO2

and a number of other reactions become important, namely

650, — 4S0. + S

2 3 2
CaS + 2302 R CaSO4 + 82
803 + Ca0 —» CaSOa

The final utilisation of the limestone was 86% of the stoichiometric amount,
and for the dolomite it was 74%.

1.1.4 Efficiency of sulphur dioxide removal

In most studies carried out up to 1970, the efficiency of sulphur
dioxide removal compared to the quantities of calcareous materials used
was not impressive32, as is illustrated by Fig. 1.1. The relatively simple
process of addition of dry calcareous compounds is in fact quite complex4’32.
If the particles are injected directly into the flame zone, their

temperatures will rise rapidly to a maximum of 1650°C and then fall to

about 150°C within approximately 4 seconds. The average sulphur dioxide



concentration for a 2.7% S-containing fuel will be 2200 ppm, but will
vary widely in the combustion zone, as will the concentrations of
oxygen, carbon dioxide and water. As a result of these variables and,
- thus, the large number of possible competing reactions, the rates of
reaction must be determined experimentally. However, conventional
thermodynamic calculations can be used to predict whether a reaction

is likely to occur and to what extent it would occur if equilibrium was
reached. Extensive data on the reactions of calcium and magnesium
compounds with sulphur compounds have been publisheds, although a number
of imporgant reactions, particularly disproportionation reactions,

are not included. Table 1.1 lists reactions which can occur when dry
desulphurisation methods are used with calcium and magnesium compounds.
Calculation of free energy changes, AG, shows that sulphur dioxide will
react with calcium and magnesium carbonates, oxides and hydroxides in
the temperature range found in furnaces and the associated flue gases.
The equilibrium constant, K, for a reaction is relaged to the change

in free energy as shown in equation 1.133

logloK = -AG®
2,303 RT 1.1
where K = equilibrium constant
AG® = standard Gibbs free energy change
in J. mol_1
T = temperature in degrees Kelvin
R = universal gas constant

For the reaction between calcium oxide and sulphur dioxide the. equilibrium

constant is related also to the partial pressure of sulphur dioxide.



Table 1.1 Possible reactions involving calcium, magnesium and sulphur

compounds under dry flue gas desulphufisation conditions

In each case the symbol M represents an alkaline earth metal.

ZSO2 + 02 -_— ZSO3

20, — 2803

2 2

2 > 4503 + 52

SO0, —— MSO

2

250 + 0

2M0 4+ 2

2

-S0

MO + 3

2M0 + 52

—>» MSO

—> 2MS + O

3
— ZMSOA

4

2

2M0 + S2 + 302

—_— MSOa

—_— 2MSO4

4MSO, + 2502 — 4MSO, + S

3 4 2

2MS0O + 0

3 — 2M50

2 4

4MSO, —> MSO, + MS

3

ZMSO3 + 52

3MS0 4 + MS

—> 2M5203

— 4M0 + 4502

21‘*[5203 —> 2MO0 + 2502 + S2

3 502 — MSO3 + CO2

MCO3 + SO:3 _— MSOa + CO2

ZMCO3 + 2502 + 02 —_— ZMSOA

3 — MO + COZ

M(OH)2 MO 4+ H20

2 ha— MSO3 + H2'0

3 —_— MSOA + HZO

2M(OH)2 + 2502 + 02 _ DISO4 +

MCO +

+ 2C02
MCO
s
M(OH)2 + S0
M(Ol-l)2 + SO

20 20

10



Ca0 + SO —> (CaS0 1,2

(e) 2(g) 3(c)
a
Therefore K = Cas03 1.3
a .a
Ca0 502
where aCaS03 activity of CaSO3 (assumed to be 1 as solid)
as.0 = . activity of Ca0 (assumed to be 1 as solid)
agq = activity of 802 (assumed to be equal to the partial
2
pressure of SOZ’ psoz)
1
therefore K = ——r0 1.4
P
502
therefore for reaction 1.2, log K = -log Pso 1.5

2
Table 1.2 lists the equilibrium constants and equilibrium levels of

sulphur dioxide, at different temperatures, as calculated for reaction
1.2. Table 1.3 shows the effect of the presence of oxygen, based on
reaction 1.6, and equation 1.7, which was derived in a similar manner

to equation 1.5.

0 + S ' — Caso 1.6
€0y * S0yg) * 102 €as04 (¢
= - 4
log K 1og(pso -Po ) 1.7
2 2
where Po. = partial pressure of oxygen
2

As the concentration of sulphur dioxide in flue gas is of the order of
2500 ppm, the upper temperature at which calcium oxide will be effective
in removing sulphur d{oxide will be about 750°C for reaction 1.2 and
between 1200°C and 1300°C, depending upon the concentration of oxygen,
for reaction 1.6. With decreasing temperature, the quantity of sulphur
dioxide in equilibrium with the calcium oxide decreases for both
reactions, so that the efficiency of removal theoretically increases.
However, because the rate of reaction also decreases with. a reduction

in temperature, equilibrium may not be reached, particularly for short

11



Table 1.2 Equilibrium concentration of sulphur dioxide in contact with

calcium oxide for the reaction

Ca0 + -
a (c) 502(8) CaSO3(c)
caar Equilibrium concentration of
Temggrature Equilibrium constant, K sulphur dioxide in p.p.m.
250 3.2 x 101 3x 1077
500 3.9 x 10° 3 x 101
750 3.6 x 107 3 x 10°
1000 1.9 5 x 105 (0.5 atm)
1035 1.0 1 x 106 (1 atm)
=2 7
1250 5.5 x 10 2 x 10

‘Table 1.3 Effect. of oxygen on the equilibrium levels of sulphur dioxide

in contact with calcium oxide, based on the reaction

CaO(c) + 802(8) + goz(g) —_— CaSOa(g)

Temperature Equilibrium | Equilibrium concentration of 502 in p.p.m.
o Constant, K

: 1l vol-Z 0 . 2.5 vol-Z2 O 5vol-Z 0O

2 2 - 2

800 8.2 x 10° 1 x 1073 7 x 107° 5 x 107

1000 1.9 x 10° 5 3 2

1200 7.6 x 10° 1 x 10° " 8 x 10° 6 x 10>
1400 47 2 x 105 1 x 105 9 x 104

12



contact times between the calcium oxide and gas, which are likely in
a practical flue gas desulphurisation system. For these reasons it
has been suggested4 that the working temperature for desulphurisation
using calcium oxide would be about 960°C to 1230°C and if magnesium
oxide was used the working range would be 650°C to 850°C. Table 1.3
shows that the likely changes in oxygen concentration in a furnace
system would have a relatively small effect on the sulphur dioxide
equilibrium concentration, but of course the complete absence of
oXygen makes a big difference.

Calcium carbonate can react with sulphur dioxide in a similar
manner to calcium oxide, equations 1.8 and 1.9:

+ SO —— CaSo0., + 1.8

Caco 2(g) 3¢e) €2

3(c)

CaC03(cy * S0p¢g) * 03¢y —> CasO,(y *+ COpcy 1.9

Tables 1.4 and 1.5 indicate the relative equilibrium concentration of
sulphur dioxide at different temperatures.

On the basis of the four reactions considered, calcium carbonate
appears to be a better absorbent for sulphur dioxide than calcium
oxide at higher temperatures, but the calcium carbonate would dissociate
in the burner zone at these temperatures to form calcium oxide.
Similarly calcium hydroxide would also decompose to form calcium oxide
when injected into a furnace. Nevertheless calcium carbonate would

still be an effective desulphuriser below its decomposition temperature.

The formation of sulphur trioxide, from the sulphur dioxide, would

increase the tendency for the calcium compounds to act as desulphurising

agents because the equilibrium constants for these reactions are much
higher than for the corresponding reactions with sulphur dioxide.
. . 8 . ..
The thermodynamic data for magnesium compounds  indicates that

these compounds would not be so effective as the corresponding calcium
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Table 1.4 Equilibrium concentration of sulphur dioxide in contact with

calcium carbonate, in the presence of 14 vol-% CO,., for the

reaction
CaCOq .y * soé(g) —> CaSOy .y * €0, (a)
Tempgéature Equilibrium constant, K Equilibriu? c?ncegtration of
sulphur dioxide in p.p.m.
250 9.6 x 104 1
500 5.5 % 102 3 x 102
700 52 3 x 10°
800 23 6 x 103
*900 16 ' 9 x 103

Table 1.5 Equilibrium concentration of sulphur dioxide in contact

with calcium carbonate, in the presence of 14 vol-% CO2

and 2.5 vol-%Z 0., for the reaction

CacC + SO + —_
aC03 () 20 * 10 €a804ey * Da(g)
Tempgrature Equilibrium constant, K Equ111br1u? concentration of
C sulphur dioxide in p.p.m.
250 7.7 x 102 1 x 10720
500 2.4 x 1047 4 x 10710
700 7.1 x 101° 1x 107
800 2.1 x 10° | 4 x 1074
%900 9.8 x 10’ ' 9 x 1073

*Calcium carbonate thermodynamically unstable.
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compounds at the same temperature. For example, the equilibrium
concentration of sulphur dioxide, in the presence of 2.5 vol-% 02 at
700°C, for reaction 1.10 is 13 p.p.m. compared to 3 x 10—6 p.p.m. when
calcium oxide is used under the same conditioms.

Mgo(‘c) + Soz(g) + 402(8) _ Mgsoa(c) 1.10

The sulphated magnesium compounds also have lower decomposition
temperatures than the corresponding calcium compounds so the working
temperature range will be lower for the magnesium compounds.

The results illustrated in Fig. 1.1 which are better than normal
were obtained either under labératory conditions or in relatively small-
scale plants. Zielke et 3134 used a fluidised bed combustion process,
in which dolomite was added with the coal, to give much better sulphur
oxide removal properties. They also demonstrated the possibility of
regeneration of the sulphated dolomite using carbon monoxide at 1065°C
CaSO4 + C0O —> Ca0 + 802 + CO2

The concentration of sulphur dioxide in the gases from the regeneration

process was about 67 which enables these to be used to produce sulphur

or other sulphur compounds by standard methods such as the Claus process35

1.1.5 Comparison of '"dry" and "wet" sulphur dioxide removal processes

Consideration of the rather poor efficiencies of the dry
desulphurisation systems makes it clear that to achieve a reasonable
degree of desulphurisation something of the order of twice the
stoichiometric quantity of additive must be used. As a result, the
combined total weight of (a) sulphated product, (b) excess additive
and (c) fly ash will be about twice that of fly ash alone. If a wet
scrubbing process based on calcareous materials was used, the efficiency
of both the removal of sulphur dioxide (80-90%) and the use of additive
(approximately stoichioﬁetric) would be much better36. Because of the

large amount of water trapped in thé sludge, the disposal of 2.5 to 3

times the weight of wet sludge, compared with coal ash alone would
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Figure 1.1 Sulphur dioxide removal efficiencies obtained
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be required37. These disposal problems of throwaway systems seem to
make necessary the development of processes in which the desulphurising
agent is regenerated. The alkaline earth metal compounds are used for
» flue gas desulphurisation because they are relatively cheap and
available in large quantities, It appeared that an investigatiom in
some detail of the thermal stabilities of the products of the
desulphurisation process was required. In particular, the sulphites
were chosen for study because the evidence was that they were the
first-formed compounds in many of the desulphurisation reactions and
their relative lack. of stability at higher temperatures suggested that
regeneration might be possible by thermal methods alone, as well as

by the use of reducing agents..

A search of the literature showed that relatively few papers had
been published concerning the thermal stabilities of the alkaline
earth metal sulphites. Foerster and Kubel38 heated samples of calcium
sulphite hemihydrate and dehydrated magnesiﬁm sulphite trihydrate for,
usually, two hour periods in nitrogen at temperatures between 300°C
and 1100°C. Analysis of the samples showed that calcium sulphite
underwent disproportionation to form calcium sulphate and calcium
sulphide at temperatures above 600°C, but magnesium sulphite decomposed
to form magnesium oxide at this temperature, with no evidence of it
having undergone a similaf disproportionation reaction at a lower

temperature. In 1948 X-ray powder diffraction data for calcium sulphite
40,41,42

hemihydrate39 was published and the various statements that
there was a dihydrate were refuted. Differential thermal analytical
studies, in air, of magnesium sulphite hexahydrate, together with X-ray
diffraction and infra-red examination of the products were carried

out by Okabe and HoriAa, who showed that dehydration was followed by

oxidation, and then dissociation. Strontium and barium sulphites
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heated for one hour periodsAa, in nitrogen, between 400°C and 800°C
both underwent disproportionation reactions with very little
dissociation. However, Pechkovskii and KetovAS, reported rather more
extensive dissociation of barium sulphite when they heated it in

argon.

1.2 The Sulphur Dioxide Problem

~"Sulphur dioxide is now generally considered to be a serious
and damaging air pollutant when associated with smoke and when present
in high concentrations at ground 1eve1."46 The extent to which it
should be regarded as harmful at low concentrations, in the absence
of smoke, or when dispersed at high levels in the atmosphere is more
controversial.

Most of the sulphur dioxide emitted in the United Kingdom
originates from the combustion of fossil fuels, among which bituminous
coal and heavy fuel oil are those mainly responsible. However, more
localised sources of higheg concentration may be provided by the
gases emitted from various smelting operations, though these all now
have desulphurising methods applied to them.

The Clean Air Act, 1956, together with the move to the more
convenient heating qualities of electricity and gas, has brought
about a reduction in the sulphur dioxide emissions from domestic
sources. The annual mean concentration of sulphur dioxide at U.K.
measuring sites dropped from 188 1.|g1n-3 to 144 ugm_3 between 1958 and
197046. Against the relatively small reduction in domestic-emitted
sulphur dioxide must be put the larger increase in emissions from
electricity power stations (approx. 1 x 106 tonnes SO2 in 195246 to
approx., 2.7 x 106 tonnes 502 in 1976/747). These figures would

appear to indicate that the "tall stack' method of dispersal has been,

at least, partially successful.
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On a world-wide scale, present estimates are that about seventy
million tonnes of sulphur per year48 enter the atmosphere from man-
made emissions and this compares with a total input to the atmosphere
from all sources of 200 - 220 million tonnes of sulphur per yearag’so.
As the majority of industrial sources are concentrated in the Northern
Hemisphetg it seems probable that man-made emissions now outweigh
natural emissions in this hemisphere.

The fate of sulphur dioxide in the atmosphere is not krown in
detail, but the general pathways are now beginning to be understood.

The sulphur dioxide may be washed out or rained out. In moderate
rainfall (1 ma h ') all the sulphur would be removed in 50 - 100 km,
whereas in dry conditions the sulphur compounds may be carried several
hundred kilometresas. The sulphur dioxide in the atmosphere undergoes
gradual oxidation, becoming converted mainly to sulphate aerosols,
containing species such as ammonium sulphate, ammonium hydrogen sulphate
and sulphuric acid. The acid components lower the pH of the rain and
thus cause problems in the corrosion of buildingsSI, effects on plant

52,53

and fish life etc. Sulphates are now being considered as a major

factor in the adverse effects of sulphur dioxide on health, particularly

54,55

with respect to bronchitis and other respiratory diseases
The levels of sulphur dioxide, or its products, which are

acceptable have not been clearly determined46’54.

Thus, it is impossible
to relate the costs of desulphurisation processes, which can be

calculated, with the savings, which cannot be calculated at present.

19



CHAPTER TWO

EXPERIMENTAL TECHNIQUES

2.1 Introduction

Prepared specimens of the alkaline earth metal sulphites were
studied using thermal analytical methods. The phase composition and
crystallinity of the products of these studies was examined with
the aid of an X-ray diffractometer. Optical and electron microscopes
were used also in the examination of samples, particularly in
conjunction with hot-stage attachments for both instruments. The
specific surfaces of some of the products were calculated by the B.E.T.-
procedure from physisorption isotherms of nitrogen, at 77K, determined
gravimetrically on a sorption balance. Standard chemical methods were
used to quantitatively analyse samples.

The crystal structure of calcium sulphite hemihydrate was
determined using single crystal x—Fay diffraction methods based on
intensity data collected on a Weissenberg camera with copper Kq
radiation.

The reaqtivity of various materials with sulphur dioxide was
studied using a thermoanalytical balance. Phase compositions were
determined using X-ray diffraction methods and chemical analysis.
Specific surfaces of some reactants and products, together with porosity
values, were calculated from gravimetrically determined nitrogen

sorption isotherms.

2.2 Thermal Analysis

Thermal analysis may be defined as "those techniques in which
some physical parameter of the system is determined as a function of
temperature".56 The principal techniques of thermal analysis are
thermogravimetry (TG) and differential thermal analysis (DTA) and these

were the two techniques used in this study.
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2.2.1 Thermogravimetry (TG)

This is a technique in which the change in mass of a‘sample is
recorded as a function of temperature or time. It provides quantitative
information on processes taking place with a change in weight and
enables the stoichiometry of such a process to be followed directly.

Thermogravimetry may be performed in one of three modes, namely
(a) isothermal, or static, where the sample mass is recorded as a
function of time at a constant temperature; (b) quasi-static, where
the sample is heated to a constant mass at each of a series of
temperatures; (c) dynamic, where the sample is heated at a linear rate.
The resulting mass change versus temperature, or time, curve can
provide information concerning the thermal stability of a compound,
e.g. dehydration, decomposition or reactivity with gaseous reactants
in suitably prepared atmospheres.

Reactions of the type

A(solid) - B(solid) * Q(gas)
would give a dynamic TG mass loss curve of the type shown in Fig. 2.1.
Ti is the "initial temperature', or procedural decomposition temperature,
when the cumulative mass—change reaches a magnitude that the thermo-
balance can detect. It is neither a transition temperature, in the
phase-rule sense, nor a true decomposition temperature below which the
reaction rate suddenly becomes zero. T, is the "final temperature”,
at which the cumulative mass-change first reaches its maximum value,
corresponding to complete reaction. At a linear heating rate Tf must
be greater than Ti and (Tf - Ti) is called the reaction interval. The

values of both Ti and T, are affected by factors such as heating rate,

f

mass of sample, atmospheric composition.
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Figure 2.1 Characteristics of a single-stage reaction

TG curve

Aesoli.d)

T

T.
1

Mass ——

Biso1id)

T

T¢

Temperature —_—

Figure 2.2 Characteristics of an exothermic reaction

DTA curve
g ATl-iax
a
]
43
2
. T
[ 3]
g 9 T. fAaT T
5 g | §
[t %] 5]
- [ A
o] Yy )
° 2 A B c D
[+1]
Y B = ]
= =
o ]
[+
19 Q
o -
g- [« 7
S 8
[l wm

Temperature ———————>

22



Isothermal thermogravimetry has been widely used to-study the
kinetics of thermal decomposition. The basis for the calculation of

kinetic data from isothermal curves is the general equations7 2.1

- o ex® 2.1
dt
where X = sample mass
n = order of reaction
t = time
k, = rate constant

1

The temperature dependence of the specific rate constant, Kk, is

expressed by the Arrhenius equationss, 2.2

k = AeE/RT 2.2
where A = pre-exponential factor

E = activation energy

R = Universal éas constant

T = temperature, in K

The process of collecting the necessary data to determine the kinetics
of a reaction and its activation energy, by isothermal methods, is
very time consuming. Dynamic thermogravimetry has the capability of
providing, in one mass-change curve, an amount of information
equivalent to that provided by a large number of isothermal mass-change
curvessg. However, dynamic TG data are only narrowly definitive and,
in consequence, it is often only possible to determine empirical kinetic
parameters. The reaction mechanism usually cannot be determined and as
a result the meanings of the activation energy, order of reaction and
frequency factor are uncertain. A large number of methods of determining
kinetic parameters nonisothermally have been proposed and a review of

56

these is given by Wendlandt™ , but no one method has outstanding

. . 7
advantages over the others.  Various comparlsons5 60 showed that many
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. of the methods gave very similar results. Several of the methods also
depend ubon knowing the order of reaction before they cam be fully
utilised.

There are a large number of factors which affect the nature,
precision and accuracy of results obtained by dynamic thermogravimetry.

0f particular importance are the following: (a) Furnace heating rate -

increasing the heating rate increases both Ti and Tf, the relative
amounts depending upon whether the reaction is exothermic or endothermic.

(b) Furnace atmosphere - only rates of reaction involving gaseous

reactants or products will be affected. In flowing inert gas
atmospheres the gaseous products will be removed, so increasing the
rate of reaction, by preventing a build-up in the concentration of the
gaseous decomposition product. In a static atmosphere there would tend
to be a build-up of gaseous decomposition products, but due to
convection currents in the furqace gas atmosphere, the gas concentration
around the sample would be changing continuously, and irregularly,
giving irreproducible results. The presence of a gaseous-reactant or
product in the furnace atmosphere would affect the reaction in a manner
predictable from Le Chatelier's principle. The composition of the
furnace atmosphere will also introduce a buoyancy effect which must be
taken into account when measuring méss changes. This can be achieved
by-comparing the mass-change curve for the system being studied with
that obtained with an inert substance in the place of the solid

reactant. (c) Sample holder - the geometry of the sample holder can

affect'the rate of loss or admission of gaseous products or reactants
and so change the rate of mass change. The material from which the
sample holder is constructed may react with ome of the products or
reactants, or catalyse a change in one of these. (d) Sample mass -

the TG curve can be affected in three ways: (i) the larger the mass
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the greater the deviation of the sample temperature, during exothermic
or endothermic reactions, froﬁ the linear temperature change.

(i1) The larger'the mass the slower will be the rate of diffusion

‘of gaseous products, or reactants, through the void space surrounding
the solid particles. (iii) The larger the mass, the greater will be
the thermal gradient throughout the sample, particularly for

materials of low thermal conductivity. (e) Sample packing — may

affect the partial pressure gradient throughout the mass of the sample.
The more loosely and thinly the sample is packed, the smaller this
effect will be.

2.2.2 Differential Thermal Analysis (DTA)

This is a "technique in which the temperature of a sample,
compared with the temperature of a thermally inert material, is
recorded as a function of the sample, the inert material, or furnace
temperature as the sample is heated or cooled at a uniform rate"se.
The temperature changes result from exothermic or endothermic
enthalpic transitions or reactions, e.g. phase changes, decomposition
reactions, oxidation or reduction reactions. Any temperature
difference between the sample and reference material is monitored by
two thermocouples, one close to the sample and one close to the
reference material, differentially coupled. The output trace (the
DTA curve) is a record of temperature difference between sample and
reference against, usually, the temperature of the reference. A
typical DTA curve showing an exothermic change is illustrated in
Fig. 2.2. AB is the pre-transition baseline and CD is the post-
transition baseline, the latter showing some base-line drift. The
procedural initial deviation temperature is T, and the final deviation
temperature of the curve is Ty, The peak maximum temperature is

ATmax and the peak height is AT, i.e. the maximum temperature
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difference between the sample and reference. In practice AT values
are recorded in pV i.e. the thermocouple output, and a correlation
curve, Fig. 2.3, must be used to convert these to temperature
differences because the thermocouple output is not linear with
temperature.

The number, shape and position of the various endothermic
and exothermic peaks with reference to the temperature may be used
as a means of qualitative identification of the substance under
investigation. The area under the peak is proportional to the heat
change involved and may be used for the quantitative determination

of heats of reaction, after suitable calibration. The heat of

transition (or reaction) can be determined from equation 2.356
AH.m = KA 2.3
where AH = heat of transition (or reaction)
m = mass of sample
K = calibration coefficient
A = curve peak area

However, determination of the calibration coefficient to a precision
of 17 at a 95% confidence level has been calculated to require
30 samples for the calibration61

As with thermogravimetry, differgntial thermal analysis results
are affected by a wide variety of variables. Amongst the more

important are the following: (a) Heating rate increases will

(1) increase the Ti, ATmax (or ATmin) and T_ temperatures

f

(1i) decrease peak resolution (iii) increase sensitivity, in that

small transitions may be detected. (b) Furnace atmosphere. The

peak temperature and shape of the peak for a reaction involving a

gaseous component will be affected by pressure.changes, flow rates,
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Figure 2.3 Plot of uV against temperature for DTA curves
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presence of the gaseous component or some other interacting gas.

(c) Sample holders influence the rate of transfer of heat out of or

into the sample and so affect the shape of the DTA curve. In general,
metal sample holders tend to give smaller peaks at higher temperatures
for endothermic reactions. The relative advantages and disadvantages

56

of block or isolated sample holders have been reviewed by Wendlandt” .

(d) The positioning and size of the thermocouples can make considerable

differences to the DTA curves, as during enthalpic changes the
temperature of the sample is not uniform throughoutsz. The two
thermocouples should be as close as possible to the centre of their
respective samples. The thickness of the thermocouple wire must be
such that the thermal conductance is not too large and the electrical

conductance is not too small. (e) The packing of the sample affects

its thermal conductivity and hence the DTA peak area.

2.2.3 Simultaneous thermogravimetry and differential thermal analysis

To reduce the effects of variations in experimental conditions
when correlating TG and DTA data on the same substance, it is
advantageous to carry out both measurements simultaneously on the same
iostrument. However, as the sample for DTA measurements should be
packed around the thermocouple, this is not always satisfactory for
TG studies of reactions involving gases, where a thin layer is
preferable to reduce diffusion effects. The use of simultaneous TG-DTA
measurements cannot be used always to replace TG and DTA performed

separately.

2.2.4 The Massflow thermobalance
The equipment employed to study the thermal stabilities of the
alkaline earth metal sulphites and the reactivity of a number of

alkaline earth metal compounds with sulphur dioxide was a Stanton-

Redcroft Massflow Thermobalance Model MF-H5 Fig. 2.4.
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Figure 2.4 Diagram of Stanton-Redcroft Massflow balance MF-H5
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The balance chamber was a 10-gauge copper tube with 10 mm thick
doors sealed with “0" rings. A water-cooled silicone "0" ring seals
the mullite reaction sheath to the chamber. There are four gas
entry or exit ports, two to the reaction sheath and two to the main
balance chamber; all are fitted with valwes.

The thermobalance design incorporates two beams, one inside the
chamber and the other outside, the two being coupled by a magnetic
link. Changes in weight occurring on the inner beam are transferred
to the outer beam, detected electronically and indicated by an arm
with a full beam deflection of 20 mg and sensitivity of 0.2 mg.

Automatic electric weight loading increases the range of the
instrument to the equivalent of ten full beam deflections of gain or
loss, without a decrease in sensitivity. This enables weight gains
or losses of up to 200 mg to be followed.

During operation, the balance automatically arrests and releases
itself every five minutes to check that it is not sticking and to
improve the semsitivity with very small weight changes.

When the thermobalance is used with the DTA attachment, the
sample holder consists of an aluminium block 20 mm diameter and 13 mm
in depth with two wells each 6.5 mm diameter and 10 mm in depth to
take the crucibles. The aluminium head is. coupled to the internal
balance by alumina and silica rods jo?ned by an aluminium chuck. Two
Pt/137 Rh.Pt thermocouples are employed to detect the temperature
difference between sample and reference (a-alumina). 0.025 mm
compensated platinum wires pass from the thermocouples down the.inéide
of the alumina and silica rods to the outside of the balance chamber.
Further compensated leads are used to connect the thermocouples' leads

with a DC amplifier and a constant-reference-temperature ice-bath.
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The DC amplifier has seven pre-set ranges from 20 - 1000 pV; the
100 uv setting was used for most measurements. A single channel
Leeds—-Northrup Speedomax-W chart recorder is used with a switching unit,
" enabling the differential output to be recorded for 4 min 55 s and then
the temperature recorded for 5 s.

Two matched (0.8 g) platinum crucibles with dimples were used
to contain the sample and reference material. The crucibles were
placed in the 6.5 mm wells of the alumina head with the thermocouples
sitting in the dimples, so that they were effectively surrounded by
the sample. Alumina crucibles were also employed for reactions in
atmospheres containing sulphur dioxide and air, to prevent the
catalytic oxidation of sulphur dioxide to sulphur trioxide by platinum.

With the four gas entry and exit ports it was possible to keep
a nitrogen, or air, atmosphere in the balance chamber and add the
sulphur dioxide to the reaction chamber. By means of the vacuum pumps,
the system could be flushed out and then known atmospheres introduced.
The gases used were all obtained from pressurised cylinders fitted
with flow regulators. The gas flow was monitored by rotameters and
adjusted as necessary. In additioam, the sulphur dioxide flow rates
were periodically monitored on the outlet side by means of a Leco
sulphur determinator (see section 2.7).

The vacuum equipment consisted of a single-stage rotary and
diffusion pump with Pirani and Penning gauges. The rotary pump
enabled the pressure to be reduced to 10-1 Pa and with the diffusion
pump to about 0.0l Pa.

The platinum-rhodium bifilar wound furnace had a 50 mm bore and
was closed at the top with a 100 mm deep alumina plug filled with

o-alumina powder. The maximum temperature the furnace was rated for
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was 1350°C. The temperature was controlled by a Stanton-Redcroft
Eurotherm temperature controller with a sensing Pt/13Z Rh.Pt
thermocouple trapped between the mullite reaction sheath and the
furnace wall. The controller enabled the heating rate to be
continuously varied from 1° to 20°% min-l with the maximum temperature
pre-selected and subsequently held constant.

Initially, a.set of calibration curves were recorded to determime
the buoyancy corregtions for the thermogravimetric work. This was
done by using the standard reference material in both the sample and
reference crucibles and a heating rate of 5% min-l. This procedure
was repeated with the appropriate gas atmospheres and flow rates. These

correction curves were then applied to the experimental results.

2.3 ‘Surface area, porosity and particle size

2.3.1 Determination of surface area

Surface areas of samples were estimated from the adsorption

63 (BET) approach.

isotherms using the Brunauer, Emmett and Teller
The adsorption isotherms, which show the relationship between the
amount of nit:ogen_adsorbed, at a fixed temperature (77K), and a
known pressure, were constructed for each sample from gravimetric

measurements made on an electrical sorption balance.

As the nitrogen was below its critical temperature the equation

expressing the isotherm was of the type64
x = f(p/po)T, gas, solid 2.4
where X = weight of nitrogen adsorbed
P. © equilibrium pressure
Py = saturated vapour pressure
T =

temperature
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The BET method is an extension of the work of Langmuir65, who regarded
-the surface of a solid as an array of adsorption sites of equal enmergy,
each site being capable of adsorbing one molecule. The BET theory
extended the mechanism to second and higher layers and, in common with
the Langmuir theory, the rates of condensation and evaporation were
assumed to be equal when equilibrium was reached. Making the following
assumptions led to the BET equation. (i) The heat of adsorption in all
layers above the first was equal to the latent heat of condensation.
(ii) The evaporation-condensation constants in all layers above the
first were identical. (iii) When the equilibrium pressure, P, became
equal to the saturated vapour pressure, Po’ the adsorbate vapour
condensed as an ordinary liquid on to the adsorbed film, so that the
number of molecular layers became infinite on the surface.

The BET equation may be expressed as

P _ 1 c-1 P
x(®® -P)°  tx_ T 7P 2.5
o m m o
where xm = g of adsorbate per g of solid, when there

is a complete monolayer of adsorbate on the
surface of the solid.
X = g of adsorbate per g of solid
C = a constant, which may be equated to the
relative life times of molecules in the first
and higher layers, and is related to the net
heat of adsorption.
If equation 2.5 is plotted in the form x/xm against P/Po’ the
physisorption isotherm produced can be classified as belonging to one of
six types, Fig. 2.5 (five are members of the Brunaﬁer, Deming, Deming,
Teller66, [BDDT] classification plus the stepwise isotherm identified
more recent1y67). The isotherms, determined in the present work were

either of Type II or Type IV. The monolayer capacity, X s for both
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Figure 2.5 Types of physisorption isotherms
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these types may be found by plotting —_ against P/P_ and
’ x(Po-P) o
determining the slope and intercept for values of P/P0 below about 0.3.
From the value of the monolayer capacity, x_, it was possible
to find the specific surface, S, of the solid, being defined as
the surface area in square metres of one gram of solid. The

relationship used was

s = *m .N.Am 2.6
M
where M = molecular weight of adsorbate
N . = Avogadros number
Am = area occupied by one molecule of adsorbate in

the completed monolayer. A value of 0.162 nm2

at 77 K was taken for nitrogen67
A discussion of the theoretical significance of the BET method has been
given by Gregg and Sing64’67’68.

2.3.2 The sorption balance

The sorption balance was designed and constructed for the

2 -1 2

g- to 1000 m g-l

determination of surface areas within the range 0.2 m
using samples of 0.25 g. The balance head used was a "CI microforce
balance Mark 2B" with five weight ranges, 0-25 ug to 0-100 mg with
sensitivities of 1 x 10—7 g and 5 x 10_4 g respectively. In practice
there was too much vibration in the building for the lowest weight
range to be operated Qatisfactorily.

The sample was placed in an aluminium foil bucket suspended from
thq balance with a fine pyrex fibre (27 cm long). This enabled the
sample to be at least 15 cm below the level of the liquid nitrogen,
keeping the temperature to within * 0.1 K as previously determined by
Glasson69. A perspex counterweight was suspended from the other arm

of the balance. The balance head was coupled by taps and glass tubing
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to a two-stage rotary pump (enabling the pressure to be reduced to
0.1 Pa), and to a nitrogen reservoir and gauges, the nitrogen pressure
being measured by a mercury manometer.

After the sample had been mounted on the balance, the system was
evacuated and the sample outgassed at 150°C for 20 min (except for
magnesium sulphite hexahydrate samples which were held at room
temperature to reduce the rate of dehydratiom). After cooling to room
temperature, the balance limb containing the sample was immersed in
liquid nitrogen and allowed to reach equilibrium. Nitrogen was admitted
to the system in amounts which gave pressure increases of the order of
5000 Pa (40 mm Hg) and in each case the weight change was recorded when
equilibrium had been reached. Readings were taken up to pressures of
Ix 104 Pa or 9.5 x 104 Pa depending on whether specific surface or
porosity determinations were to be made. Readings were corrected for
buoyancy effects.,

For some of the studies carried out in this thesis, the balance
constructed by Glasson and described in previous work3 was used in
thermal stability and surface area determinations.

2.3.3 Determination of porosity

The hysteresis loop of the Type IV isotherm is associated with
capillary condensation in mesopores (Table 2.1) and this part of the

isotherm was used for porosity measurements.

Table 2.1 IUPAC classification of pores according to their width70
Pore. Type Pore Width
Micropores Less than approx. 2 am
Mesopores Between approx. 2 nm and approx, 50 mm
Macropores Above approx. 50 nm
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Comprehensive reviews of the theory of physical adsorption of

gases by porous solids have been published by Gregg and Sin364’67’68.

If the pores were all cylindrical, the Kelvin equation71, 2.7,

applies

2Vy

oRT ° °°S ¢ 2.7

1n (P/Po) = -

where Po saturated vapour pressure of adsorbate at

temperature'T K of the system

P = vapour pressure in the capillary »

Vv = molar volume of liquid adsorbate

y = surface tension of liquid adsorbate

¢ = angle of contact between liquid and capillary

walls (assumed to be 0)
R = Universal gas constant
r = radius of cylindrical pore

Equation 2.7 is the limiting case of the more general expression, 2.8.

Vv

dv - RT1n (/P )

ds

. cos ¢' 2.8

I

where V volume of capillaries

surface area of capillary walls per g solid

T
n

[i.e. the specific (internal) surface]
The pore will have a layer of adsorbate already present before capillary
condensation occurs, and a layer left after evaporation of the liquid,

therefore the "Kelvin radius", r, must be corrected.

r = 71 + ¢t
P
where r = true pore radius
t = thickness of adsorbed layer

The value of t may be obtained from the t curve of Lippens and

de Boer72 or.by calculation from equation 2.1064
5 1/3

3.5[3 7303 log(_Po/P)]. 2-10

t

37



{
where Po = saturated vapour pressure of nitrogen
P = partial pressure of nitrogen
The method of calculation of pore size distribution followed that
detailed by Gregg and Sing64 (p 162-172).

2.3.4 Estimation of particle size

A. From specific surface measuremeﬂts

The assumption was made that the samples were non-porous solids
though this was not true for the specimens giving Type IV isotherms,
hysteresis being a sign of porosity. The specific surface of a non-
porous solid must be directly related to the particle size and shape.
It would therefore be relatively easy to calculate the mean particle
size if the particles were all of the same known shape. Assuming all

the particles to be spherical then

s 4n(0.5d)2n. 211

(4/3h(0.5d)3pn )
—

d = & 2.12
ps

where d = mean diameter of spherical particles
p = density of solid
s. = specific surface of solid
n = number of particles

Relationship 2.12 also holds for cubic particles when d becomes the
edge length of the cube. Other relationships may be derived for other
ﬁarticles of known shape. In practice, the wide variety of sizes and
shapes found in a sample means that the expression of size on the
basis of a single dimension inevitably leads to results which differ
from the "true" values. However as interest was only directed to
general trends in particle size changes, between similar types of
particles, simplifications were acceptable. The use of specific-

< . 67 . . -
surface coefficients to take account of particle shape variation has
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been_suggested as these can lead to closer agreement between sizes
derived from specific surface measurements and from microscopic
observations. For trend analysis this is of no advantage unless
different factors are introduced for different samples.
B. From X-ray line broadening

The diffraction peak obtained from a powder sample (section 2.6)
always shows line broadening due to instrumental factors73 such as
beam divergence, slit widths, specimen size. In addition, if the
crystallite size is smaller than about 200 nm further broadening may
be produced. Larger crystals, which do not have lattice defects,
contain numerous parallel planes, with constant interatomic distances,
giving a sharp diffraction maximum. With smaller crystallites the
number of atomic planes per crystallite is less and there is incomplete
reinforcement of the waves scattered by successive planes which leads
to line broadening.

Line broadening due to cubic crystallites may be expressed by

equation 2.13

CA

Bt ~ dcost 2.13
where Bt = broadening
C = constant (approximately 1)
A = X-ray wavelength
d = edge length of crystallite
e = Bragg angle

Thus line broadening is negligible if d »> 10-6 m.

The instrumental broadening was determined using a single
calcite crystal. The Jones74 method was employed to calculate the

average crystallite size.
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Copper Ka radiation was used. This was composed of a doublet
with a finite breadth, z, which was calculated from equation 2.14.

Zz = ctanf 2.14

where 0 angle of calcite diffraction peak used

c constant (0.285 for copper Ku radiation)

Using the Jones correction curve, Fig. 2.6, of b/Bo against z/Bo, a
corrected line breadth, b, was obtained (Bo was the measured half-peak
breadth of the calcite peak). A further correction for instrumental
broadening was applied by the curve Bt/B against b/B, Fig. 2.7, where
Bt was the true diffraction breadth, b was the corrected breadth for
calcite and B was the measured half-peak breadth for the specimen.

The mean crystallite size could then be calculated from equation 2.13.
C. From examination using optical and electron microscopes.

Both these methods allowed direct observation of the particles
or aggregates, so that the size and shape characteristics could be
determined. However, this sort of analysis is very time-consuming
and the return of information obtained was not thought worthwhile in
the present study. Therefore, only general observations of size and
shape variations were made. |

In the case of optical microscopy, the small size of many of
the particles made observation difficult.

The method of preparation of the samples for the electron
microscope (section 2.4.3) meant that the larger particles were not
present on the grids, thus biasing the observations towards the

smaller particle sizes.

2.4 Electron Microscopy

2.4.1 The electron microscope

Samples were examined by tramsmission in a Philips EM 300 electron

microscope. This had a vertical tube, with the electron gun at the top
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Figure'2.6 Correction of observed line breadth for fact

it is formed by a K, doublet
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and a fluorescent screen at the bottom to allow viewing of the sample

images. An accelerating voltage of SQ kV was used and the appropriate
magnification factor was selected for the specimen under observation.

The specimens were prepared as detailed in section 2.4.3.

The microscope could be used either in transmission mode, which
allowed the normal transmission image to be studied, or in the
diffraction mode, which produced an electron diffraction image of the
crystallites under observation. Electron diffraction studies were
unsatisfactory with many samples because they were too thick (>30 nm)
to give diffraction patterns. The focussed images were photographed
as necessary, using either 35 mm film or 3 1/3" by 4" plates (or cut
film). The 35 mm camera was quicker to operate (an advantage for
observations made when the hot-stage was being used) than the plate
camera, but the quality of the photomicrographs was not so high as with
the larger plates.

2.4.2 Hot-stage electron microscopy

The electron microscope was mainly used in conjunction with the
Philips PW 6550 heating holder which allowed the sample to be studied
as it was heated inside the electron microscope. In the heating
holder the specimen grid was clamped to a small furnace element. A
thermocouple was welded to the furnace and was used to monitor the
temperature. The temperature control unit contained the current supply
for the heater and the circuitry necessary to measure the voltage
generated by the thermocouple. Nickel specimen grids, with a carbon
film, weré mounted in the holder between platinum conduction rings and
these were held in position by a spring clip. The conduction rings
were used primarily to prevent welding of the grid to the furnace element.

The temperature was raised by increasing the applied voltage with
the current held at a constant value. The maximum temperature

attainable was 1000°C.
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A number of problems were found in the use of this equipment.
(a) The temperature of the specimen was not necessarily the same as
the temperature of the grid., This was particularly the case for
crystals directly under the electron beam which were, therefore,
aﬁsorbing energy from the beam. At high magnifications the beam was
focussed over a very small area and the more electron-opaque materials
absorbed a relatively large amount of energy. As a result, it was not
always possible to use the higher magnifications to study the lower
temperature reactions. (b) During and after temperature changes,
the position of the specimen relative to the beam changed, i.e. there
was specimen drift. This meant that though it was possible to observe
the particles, and any changes occurring, on the fluorescent screen,
it was very difficult to obtain good quality photomicrographs. During
the time it took to operate the camera, the particles would have moved
slightly and no longer be in sharp focus. This was an acute problem
at high magnifications where focussing was a very sensitive operation.
Observations over a wide temperature range required long periods at
each temperature, to wait for the drift to be reduced to acceptable
proportions., In general, the Qmaller the increase in temperature,
the shorter the wait. The photographic recording of changes as they
actually happened posed greét problems.

The information provided by the use of the heating holder could
only be considered as qualitative as far as relating observed changes
to temperature was concerned.

2.4.3 Preparation of specimens

Samples were dispersed in dry acetone, to prevent hydration and
solution effects. The sample was added to a stoppered tube containing
acetone and then dispersed by immersing the tube in an ultra-sonic

bath. A drop of the suspension was transferred, by means of a freshly
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drawn micropipette, to a carbon film which was supported on a nickel
grid. The acetone evaporated rapidly leaving the sample particles
scattered over the carbon film.

For specimens being studied on the hot-stage nickel grids, 3.1 mm
diameter, with 50 micron perforations were used, but for non-heating
observations standard copper grids of the same dimensions were used
(copper grids would fuse at the upper temperature range of the hot-
stage).

This method of preparation meant that the coarser particles
and aggregates were not transferred to the grids. The size distribution
observed with the electron microscope was, therefore, weighted towards

the smaller size range.

2,5 Optical Microscopy

The thermal stabilities of the alkaline. earth metal sulphites
were studied, in air, at temperatures up to 350°C on a Reichert hot-
stage microscope. This was a low power polarising microscope with an
electrically heated hot-stage. A control unit adjusted the applied
voltage so that the temperature could be increased at varying rates.
The temperature was read from specially constructed thermometers which
fitted into the hot-stage and the instrument was calibrated with pure

organic compounds of known melting points.

2.6 X-Ray Diffraction

2.6.1 General theory

Comprehensive surveys of the theory and practice of X-ray

diffraction as applied to single crystals and powder samples have been

given by Stout and Jensen75, and Lipson and Steep1e73.
A

Crystals consist of regular three~dimensional arrays of atoms
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in space. Points which have identical surroundings within a structure
are known as lattice points. A collection of lattice points forms a
crystal lattice. When adjacent lattice points are joined together a
unit cell is obtained; this is the smallest convenient repeating unit
of the structure. In general, the unit cell is a parallelepiped,

but it may have a more regular shape.

The size and shape of a unit cell can be described by the
lengths of its three edges (a,b,c) and the angles between them (a,8,y),
i.e. the angle between a and b is vy, Crystals can be classified
into seven crystal systems, Table 2.2, according to the symmetry of
their unit cells. When the actual atoms or molecules which are
associated with each lattice point are taken into consideration
furtherbsymmetry operations become possiblerto give a total of 230

space groups,

Table 2.2 Crystal systems

Crystal system Condltlo?s 11?1t1ng Characteristic
cell dimensions symmetry.
Cubic a=b=c¢ a=B=y-= 90° | Four three-fold axes
Tetragonal a=b#tc a=B=y-= 90° | One four-fold axis
Orthorhombic afb#c a=8=7v-=90° | Two perpendicular
. two-fold axes or two
perpendicular planes
of symmetry
Trigonal ‘la=b=¢ a=8=yc< 120°
# 90° One three—fold axis
Hexagonal a=btc a=8-=90°,
vy = 120° One six-fold axis
Monoclinic a#b#c a=28=90°,
y # 90° One two-=fold axis
Triclinic a$b¥c afB#y+# 9° |One<fold only
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Various sets of parallel planes may be drawn through the lattice
points. Each set of planes can be completely described by three
integers, h, k and 1, known as the Miller indices, where the intercepts
made by the plane with the unit cell edges are a/h, b/k, and c/1
respectively. The plane, therefore, is described as the (hkl) plane
and would produce the hkl X-ray reflection.

As the dimensions of a crystal lattice are of the same order of
magnitude as the X-ray wavelength employed, the lattice behaves
as a three-dimensional diffraction grating. A diffraction maximum
is formed when the rays scattered from each plane of a set are in

phase. The conditions for this maximum are given by Bragg's equation76

2d sin® = naA 2.15
where A = X-ray wavelength
n = order of reflection
d = interplanar spacing of lattice plane
8 = angle of incidence of the X-ray beam to
the set of lattice planes - "the Bragg
angle"

The intensity and distribution of the diffracted beam with respect to
the Bragg angle, 0, is characteristic of a particular structure. For
single crystals, the diffraction caused by a set of lattice planes
is a single beam. For a powder, which can be considered to be a
mass of randomly orientated crystals, the resulting diffraction will
produce a cone of X-rays, with its apex at the specimen and its axis
in the direction of the incident X-ray beam. Therefore, on a
photographic plate the single crystal produces individual spots and
the powder gives circles (or curved lines), The larger the crystals
in the powder, the more "spotty'" is the line.

Powder diffraction patterns of many crystalline materials are

listed in the ASTM tables77, thus enabling phases to be identified.

46



As shown in section 2.3.4, broadening of the diffraction peaks may be
used to estimate the size of the crystallites in the powder.

2.6.2 Procedure for X-ray powder diffraction

The Hilger and Watts X-ray generator was fitted with a Philips
X-ray tube and copper target. Voltage and current settings of 40 kV
and 20 mA respectively were used. The X-rays generated were filtered
with nickel foil to reduce the KB component, passed through a collimator
and slits before striking the specimen mounted vertically at the
centre of a 50 cm Berthold diffraction table. The diffracted rays
were detected by a gas—filled proportional counter connected to a
discriminator/ratemeter and a Honeywell chart recorder.

The table was aligned and calibrated with a single calcite
crystal.

Specimens were prepared by mixing the powdered material with
acetone and pouring the suspension on to a microécope cover slip.
The acetone evaporated, leaving the sample adhering to the slip.
(Occasionally a drop of the adhesive '"Durofix' was added to the
acetone/powder mixture to make the sample adhere to the slip.)

For phase composition analysis, the table was rotated at one
degree per minute and the chart paper at thirty inches per hour;
this gave a trace of the intensity of the diffracted radiation against
Bragg angle, in degrees, with a spacing of 0.5 in per degree. The
integrating time constant was 3 seconds.

For line broadening measurements the slits were reduced to a
minimum to reduce the effect of instrumental broadening. The table
was rotated at 0.1 degree per minute and the selected peak scanned.

Chart speed was thirty inches per hour and integrating time constant

3 seconds.
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2.6.3 Procedure for single crystal X-ray diffraction

For single crystals, the directions of the emergent beams are
sufficient to determine the unit cell dimensions; the systematic
absences of reflections from certain planes provide information about
the symmetry elements present in the crystal; whilst, a knowledge of
the intensities of the individual diffracted rays is necessary for
the determination of the atomic parameters of the structure. The
directions and intensities of the diffracted beams may be recorded
using photographic film or by the use of a d@ffractometer.

Oscillation photographs were taken by oscillating the crystal,
mounted on a glass fibre, about one of its axial directioﬁs in a
cylindrical camera. The diffraction maxima were arranged in layers
and the spacing, h, between the layers was related to the cell
dimension, q, along the crystal axis under consideration.

q = ni 2.16
sin(tan~I h/r)

where X = X-ray wavelength
r = radius of camera
n = integer (“layer number')

More precise cell dimensions were later obtained from Weissenberg
photographs calibrated with gold wire.

Weissenberg photographs of the individual layers shown on the
oscillation photographs were taken by screening all other layers and
photographing the required one, while the film was moved in conjunction
with the rotation of the crystal. An Enraf-Non;us Weissenberg camera
was used in conjunction with copper Ka radiation. The zero and first
layer Weissenberg photographs taken about two separate axes were used

to determine the space group from the systematic absences.

48



The density of the crystals was measured by the flotation method.
From a knowledge of the cell dimensions, molecular weight and density

it was possible to determine the number of molecules per unit cell.

z = pVN 2,17
M
where z = number of molecules per unit cell
p = density of crystal
V = volume of unit cell
N = Avogadrds Number
M = molecular weight

Intensities were collected with the Weissenberg camera, using a
four-film pack to extend the range of intensities collected at one
time. The more intense reflections had their intensities attenuated
by each successive film until they were reduced to measurable values.
The crystal was mounted about each -axis in turn and intensity data
collected from a number of layers. The intensities were measured by
comparison with the intensities of a calibrated set of spots. The
calibrated spots were produced by exposing different portions of a
film to the X-rays diffracted by a single set of planes for a series
of known exposure times,

The measured values were corrected for a number of effects.

(i) The unpolarised incident X-ray beam is partially polarised on
diffraction by a crystal. This causes a diminuition of the intensity
which increases with the angle of reflection. The phenomemon is
called the polarisation effect. (ii) The Lorentz effect is caused by
the relative time any crystal plane spends within the narrow angular
range over which reflection occurs and the value depends upon the
position of the plane and the intensity colle;ting device used. The
Lorentz and polarisation factors are normally applied together when
the corrections are made., A prep;red computer program for these

corrections was used.. (iii) The spots on the higher layer Weissenberg
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.pho;ographs are extended on one half of the film and compacted on the
other half, The extended spots were measured and the Philips spot
shape correction was applied, A program was written to carry out this
correction, (iv) Absorption and extinction effects were not corrected.

The intensities from different layers were put on a common scale
by recalculating the corrected values so that reflections common to
more than one layer had the same values. These scaled and corrected
values .were used to compute a three-dimensional Patterson map. This
enabled the positions of the calcium atoms to be determined. A series
of Fourier synthesis were computed and from the electron density maps
produced, the positions of the sulphur and oxygen atoms were eventually
determined.

The details for solving the structure of calcium sulphite

. hemihydrate are provided in Chapter Three.

2.7 TFluidised Bed Studies

A fluidised bed system which could operate at temperatures up to
400°C was constructed to study the absorption of sulphur dioxide by
limestone and related commercial materials. A schematic diagram of the
apparatus is given in Fig. 2.8.

The fluidised bed, F, was contained in a glass tube 400 ﬁm long,
35 mm diameter, above alﬁorosity 2 sinteredlglass disc, which acted as
a gas distributor. The reaction tube was surrounded by two 750 watt
electrical tube heaters, A, with adjustable heat outputs, The upper
portion of the reaction tube was insulated with removable glass fibre
tubing. Above the reaction tube there was an expansion chamber, E, to
reduce the carry-over of fines by the gas stream. The temperature of
the fluidised bed was measured by a chromel-alumel thermocouple, T, in
a glass sheath to protect it from the action of the bed contents, The

gases were supplied from pressurised containers fitted with flow=valves
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Figure 2.8 Apparatus used in fluidised-bed studies
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and the flow rates were monitored with rotameters and manometers.
Water vapour was- added to the gases by bubbling the air and nitrogen
supplies through water held at 65°C in a constant—-temperature water
bath, W. Heating tape was used to prevent condensation before the
moist‘gas entered the pre-heater, B, The sulphur dioxide was added
to the gas stream just before the pre-heater, which consisted of a
tube, containing alumina granules, in a tube furnace. The furnace
was switched on and brought to temperature several hours before a
run was made, to allow the heaé—exchanging granules to come to a
steady temperature.

The exit gases from the fluidised bed, after leaving the
expansion chamber, passed through a water cooled condenser, C,
before either being bubbled through 6% hydrogen péroxide solution,
D, or the Leco sulphur determinator (L). The hydrogen peroxide
solution absorbed all the sulphur dioxide, and titration of the
contents of the three gas absorption vessels with standard O.1M NaOH
enabled the quantity of sulphur dioxide absorbed to be determined.

HZOZ + 502 —_ H2804

The concentration of sulphur dioxide in the exhaust gases was
determined by the use of the Leco sulphur determinator,

The Leco sulphur determinator consisted of a cell containing
potassium iodate, excess potassium iodide, hydrochloric acid and
starch as indicator. The iodine released gave the solution a blue
colour and the intensity of this colour was measured by a lamp,
filter, and photocell with a current meter. Sulphur dipxide in the
gases passing through the cell reacted with the iodine and reduced
the intensity of the blue colour.

KIO3 + 5KI + 6HC1 —— BKC1 =+ 3H20 + 312
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502 + 12 + 2H20 —_— stoa + 2HI

Standardised potassium iodate solution waé in the burette and
potassium iodide solution,_dilute hydrochloric acid and starch were
added to the reaction cell. A small aliquot of potassium iodate
solution was added from the burette to give a small constant reading
on thefmeter. This reading was taken as the "zero'" reading. Another
aliquot of potassium iodate solution was added and its volume
recorded. The sulphur dioxide containing gases were bubbled through
the cell ungil the meter returned to the "zero value'. The time
and rate of flow of the gas was noted. The concentration of the
sulphur dioxide in the gas could then be calculated. The
sensitivity of detection of sulphur dioxide could be varied by
changing the concentration of potassium iodate and the size of
aliquot added.

120 g-samples of dry absorbent were added to the reaction
tube to Eérm a bed about 100 mm deep. The tube heaters, A, were
switched on and the bed and its contents allowed to heat up. Short
bursts of dry nitrogen were passed through the bed to give some
degree of mixing during the pre-heating period. When equilibrium
had been reached, the required gas mixture was passed through the
bed, at a rate sufficient to give fluidisation, for measured
periods of time. The pressure build-up in the apparatus was about
6%0 Pa (5 cm Hg). The amount of sulphur dioxide absorbed by the .
fluidised bed was determined from the difference between the quantity
of sulphur dioxide added to the gas stream and the quantity found
in Lhe exit gases. After the reaction, the solid sample was
analysed for sulphur uptake and sieved to determine the increase in

"fines" during fluidisation.
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2.8 Chemical Analysis

Standard methods78’79‘

of chemical analysis were used to
determine the composition of samples. The mixtures of sulphide,
sulphite and sulphate were analysed by the method given by Mocek
and Erdosso. Briefly, thi's was addition of carbon dioxide to a
boiling suspension of the specimen, in water, and absorption of the
released hydrogen sulphide by cadmium acetate solution, followed by
the addition of dilute hydrochloric acid to the suspension and
absorption of any remaining hydrogen sulphide, plus the sulphur
dioxide released, in a mixture of cadmium acetate and potassium
hydroxide solutions. The cadmium sulphide precipitates and the
potassium sulphite solution were each added to iodine solution and
the excess iodine determined by titration with standard sodium
thiosulphate solution. The sulphate was determined gravimetrically

by the addition of barium chloride solution to the acidified

specimen sclution.
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CHAPTER THREE

THE PREPARATION AND DETERMINATION OF SOME CRYSTALLOGRAPHIC PROPERTIES

OF ALKALINE EARTH METAL SULPHITES

The alkaline earth metal sulphites used for the thermal stability
studies detailed in chapter 4 were prepared by the methods indicated
below.

At the commencement of the work presented in this thesis the
crystal structures of the alkaline earth metal sulphites were not
known. The solubilities of strontium and barium sulphites were such
that only very small crystals were produced and these were too small
for single crystal X-ray diffraction methods. Calcium sulphite
hemihydrate crystals were somewhat larger and it was thought that
crystals of a suitablé size might be grown. Magnesium sulphite
hexahydrate produced much larger crystals, but the relative lightness
of the magnesium atom made this structure less attractive for an
initial determination by photographic methods with the equipment
available. 1Initial powder diffraction studies confirmed the results
of Matthews and McIntosh39 that the patterns of hydrated and anhydrous
calcium sulphite were very similar thus indicating little difference
between their structures. The structure of calcium sulphite hemihydrate
might, therefore, provide a good approximation for the structure of
anhydrous calcium sulphite which might, in turn, be used as a model
to cover the structures of the other anhydrous alkaline éarth metal
sulphites, |

The major features of the structure of calcium sulphite hemi-
hydrate had been determined when a full structural analysis, based.on
diffractometer measurements, was published by Schropper81. As the
major features of the two determinations agreed and as the data obtained

by a diffractometer is of higher quality than that determined by
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photographic methods, further refinement of the present author's data,
which would have involved a redetermination of the intensity data,
was not carried out.
. . . 82

The structure of magnesium sulphite hexahydrate was published
during this period as well.

The powder diffraction patterns of strontium and barium sulphite
were indexed and the cell parameters determined.

3.1 Magnesium Sulphite

3.1.1 Preparation of magnesium sulphite hexahydrate

Crystals of magnesium sulphite hexahydrate were prepared by
adding 250 cm3 3M sodium sulphite solution to 250 cm3 4M magnesium
sulphate solution and allowing to stand overnight under an atmosphere
of nitrogen

Na,SO., + MgSO

250, + 6H,0 —— MgS0,.6H,0 + Na,SO

4 2774

The colourless crystalline product was filtered under reduced
pressure, washed with cold de-oxygenated water, and then with acetone.
The crystals were dried and stored in a desiccator over silica gel.

Chemical analysis indicated the product was 99.6% pure, Table 3.1.1.

Table 3.1.1 Composition of prepared magnesium sulphite hexahydrate

Component Percentage Composit%on
Actual Theoretical
Magnesium 11.5 11.45
Sulphite 37.6 37.7
Water 50.6 50.85
Sulphate 0.3 -

The water used in all stages of the above preparation was

de-oxygenated by boiling distilled water vigorously for five minutes
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and bubbling nitrogen through continuously during the latter stages of
boiling and as the water cooled to room temperature. Analar BDH
sodium sulphite heptahydrate and magnesium sulphate heptahydrate were
used for the appropriate solutions. A number of batches of magnesium
sulphite hexahydrate were prepared and the purest batch-used in
subsequent experiments.

3.1.2 Structure of magnesium sulphite hexahydrate

Flack82 found that MgSO3.6H20 crystallised in the space group
R3 with a = 8.830 8, ¢ = 9.075 & (hexagonal axes) and z = 3. The
structure consisted of a slightly distorted CsCl arrangement of

octahedral Mg(HZO)G 2+ and pyramidal SO 2- ions with 0-S-0 angles

3

of 103.9°.
Koehler and Burns83 reported that Mg803.3H20 was orthorhombic
of space group Pby27, containing 4 molecules per unit cell, with
a= 9.36 R; b = 9.45 8; ¢ = 5.51 8. A clear powder diffraction
pattern for anhydrous magnesium sulphite was not obtained due to the
dehydration products being so fine that excessive line broadening
43

occurred. This same. phenomenon was reported by Okabe and Hori ~.

3.2 Calcium Sulphite

3.2.1 Preparation of calcium sulphite hemihydrate

A. TFor thermal stability studies.

The water used in the preparation of the solutions was
de-oxygenated by the method described in 3.1.1. Tﬁe crystals of
calcium sulphite hemihydrate were precipitated by mixing 250 cm3
1M sodium sulphite solution with 250 cm3 1M calcium chloride
solution. The precipitate was filtered off using reduced pressure
and washed with cold de-oxygenated water and ‘then with acetone.

The crystals were dried at 105°C in an oven and kept in a desiccator
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over silica gel. Chemical analysis indicated that the product was

99.2% pure, see Table 3.2.1.

Table 3.2.1 Composition of prepared calcium sulphite hemihydrate

Percentage Composition
Component Actual Theoretical
Calcium 30.9 31.04
Sulphite 61.5 61,99
Water 7.3 6.97
Sulphate 0.45 -

Three samples of calcium sulphite hemihydrate were prepared
by the above method with purities of 98.9%, 99.17% and 99.2%
respectively and the purest sample was used in subsequent experiments.
B. For single crystal X-ray diffraction studies

The method of growing calcium sulphite hemihydrate crystals
was that outlined by Matthews and McIntosh39 in which solutions of
sodium 3u1pbite and calcium chloride were allowed to slowly diffuse
into each other. 0.5 g sodium sulphite was placed in a 50 cm3
filtration tube and 0.5 g calcium chloride placed in a similar tube.
The two side arms were joined by a short length of rubber tubing.
The two tubes were each carefully filled with de-oxygenated water
upto the cross—arms. Further water was added to completely fill both
tubes and rubber stoppers fitted. These displaced the excess water
so that no air was trapped in the tubes. The apparatus was left for
two or three days to enable some crystals to grow. Longer periods
of time produced intergrown masses of crystals. The excess liquid

was poured off. The crystals were washed out on to a filter paper

with acetone and air dried.
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The dry crystals were examined through a polarising microscope.
It was found that the larger crystals were not single crystals but
aggregates., Sevefal batches of crystals had to be grown before one
of a suitable size (0.08 mm x 0.08 mm x 0.04 mm) for single-crystal
X-ray diffraction was obtained.

3.2.2 Calcium sulphite hemihydrate crystal structure determination

A. Data Collection

'A small tabular crystal of calcium sulphite hemihydrate was
mounted on a glass fibre, under a polarising microscope, to give
as close alignment as possible with the extinction direction. The
glass fibre was attached to the goniometer head. Oscillation
photographs were taken about this axis and the crystal lined up so
that its axis was coincident with the axis of rotation of the camera.

A zero-layer Weissenberg photograph was taken and-this was
calibrated by replacing the crystal with gold wire and superimposing
the powder pattern of the gold at the two ends of the film. A first-
layer Weissenberg photograph was also taken. The crystal was then
mounted about another axis and another zero-layer, gold calibrated,
Weissenberg photograph was taken, followed by- a first-layer photograph.

The systematic absences were of the types:

Okl k=2n + 1
ho1l l=2n + 1
hkO h + k=2n + 1
h0O _ h=2n + 1
0kO k=Zn + 1
00l 1=2n =+_1

These indicated that the space group was Pben, though using the alfernative
setting based on increasing length of the a, b and ¢ axis the space

group symbol becomes Pbna.
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The unit cell dimensions were determined to be

a = 6.486 + 0.005 &
b = 9.810 + 0.005 &
c = 10.664 * 0.005 &

hence the unit cell volume was 678,5 R. The unit cell dimensions
reported by Schropper81 were

6.4844 * 0.0005 %

a =
b = 9.8123 % 0.0005 X
c =10.6629 *+ 0.00l &

The density of calcium sulphite hemihydrate was measured by the.
flotation method using a mixture of acetone and tribromomethane.
and was found to be 2.5463 gcm-3. Therefore for the molecular
formula CaéOBO.SHZO, molecular weight = 129.15, the number of
molecules per unit cell = 8, The calculated density was 2.528 cm-3.

Intensities were collected from the crystal rotated about its
c afis using copper Kh radiation and an Enraf Nonius Weissenberg
camera. A four-film pack was used and the layers hkn (n = 0 < 5)
were studied, The crystal was then mounted about its b axis and layers
hnk (n = 0 — 5) studied. Because the crystal was tabular mounting
about the a axis was not convenient, though the zero—layer intensities
were collected.

The intensities were measured by comparison with a calibrated
spot scale with a V2 difference in intensities between spots. Layers
were scaled by hand using reflections common to more than one layer.
B. Structure Determination

The reflections were corrected for Lorentz and polarisation
effects, but not for absorption. The Phillips spot shape correction
was applied to non-zero layer reflections, to compensate for the

extension of the measured spots in these layers. The Durban84 package
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of X-ray programmes for the IBM1130 computer, together with the
addition of a program for the Phillips spot shape correction,
Appendix 1, were used for these calculations and in subsequent steps
of the structure determination.

A three dimensional Patterson map was computed. Space group
Pbna wouid'give rise to heavy atom peaks in the vector positions
given in Table 3.2.2 and the peaks of height greater than 250 which
were found in the asymmetric unit of the Patterson map have been
listed in Table 3.2.3. The co-ordinates of the calcium ion were
determined to be x = 0.01 ; y = 0.13; z = 0.355.

The position of the calcium ion was used in a structure factor
calculation for which the reliability index, R, was 0.46. Using
the phases provided for this atom a three dimensional electron
density map was computed. Peaks in this map suggested the position
of the sulphur atom fairly clearly and possible positions for the
oxygen atoms. Incorporation of these atoms and the compilation of
a series of maps allowed the positions of all the oxygens to be
found eventually and the positions of all the atoms (calcium, sulphur
and oxygen, but not hydrogen) to be adjusted to give a reliability
index value of 0.154. The positions of the atoms found agreed, within
the limits of the data available, with the structure determination
of Schropperal. It was, however, clear that further refinement of
the structure would entail a checking of the measured intensities and
inter-film scale factors. The purpose of the structure determination
was to find the relative positions of the atoms in calcium sulphite
hemihydrate in order to possibly provide some insight into the
mechanism of thermal stability changes. The extra effort required to
improve the data was not thought worthwhile as a structure based on

diffractometer data, which are inherently more precise than photographic
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Table 3.2.2 General equivalent positions in Patterson map for space

group Pbcn
b -2x; 4 -2y; 4
4 - 2x; S ¢

o ; 2y ; 4

2x ; o ; 4 -2z
43 4 - 2y; 2z
I b5 4 - 22

2x ; 2y H 2z

Table 3.2.3 Peaks corresponding to general equivalent positions in

Patterson map.

X y z Peak height
0.24 0.21 0.48 306
0.24 0. 50 0 504
0 0.21 0.5 413
0. 26 0.01 0.49 453
0.5 0.29 0.01 443
0.5 0.5 0.5 886
0.26 0.29 0 276
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datﬁ, had been published.

The positional parameters and inter-atomic distances have been
listed in Table 3.2.4 and Table 3.2.5 respectively. Fig. 3.2.1 -
-3.2.3 illustrated the positions of the atoms as projected on the

ab, be and ac planes respectively. The lists of F d

hk1(obs) 2"

Fhkl(calc) have been given in Appendix 2.

The calcium ions in calcium sulphite hemihydrate were surrounded
by seven oxygen atoms situated ;t the corners of an irregular
polyhedron. Six of these oxygen atoms were also bound to sulphur
atoms. Each sulphur atom was at the apex of a trigonal pyramid with
oxygen atoms occupying the base cormers. The seventh oxygen atom
in the Ca-0 polyhedron was derived from the water molecule and, as
there were only four water molecules per unit céll, this oxygen was
linked to two caleium ions. The hydrogen atoms were too light to
detect by photographic methods, but SchrOpper81 indicated their
probable positions.

The distances between the oxygen atoms, Table 3.2.5, in the
Ca-0 polyhedron differed depending upon whether adjacent oxygen atoms
were attached to the same sulphur atom or not. Adjacent Ca-0
polyhedra had some common edges resulting in the calcium atoms being
aligned along the c axis.

3.2.3 Powder diffraction patterns of hydrated and anhydrous calcium

sulphite

Comparison of the powder diffraction patterns of air-dried and vacuum-
dried samples of precipitated calcium sulphite hemihydrate indicated
that there were small differences in their crystallographic parameters,
Table 3.2.6, which also differed slightly from those determined from
single crystals. The parameters of a sample calcined in vacuo for

two hours at 400°C to produce anhydrous calcium sulphite gave unit
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Calcium-oxygen polyhedron

Ca

0

2 17
Ca2 - 019
Ca2 - 022
Ca2 - 024

(w)

2.58
2.46
2.37

2.46

Sulphite pyramid

S9 = 097
Sg = 018
S 7 019
Mean

1.49

1.50

1.50

1.50

2~ %3
Cay = Q45
Cay, ~ Oup
Mean
0,7 = 8
017 ~ 59
018 ~ 59
Mean
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2.34
2.99
2.45

2.52

Table 3.2.4 Positional parameters for atoms in CaSOa.O.Sﬂzo
Isotropic temperature
Atom X y z factor
Ca 0. 014 0.133 0.356 1
S 0.169 0. 384 0.127 1
01 0.362 0. 404 0.053 2
02 0.204 0.260 0. 206 2
03 0.177 0. 507 0.211 2
Ow 0. 253 0.250 0. 500 2
‘'Table 3.2.5 Inter—atomic distances (R) and angles (°)

106.0

100.6

108.2

104. 9




Figure 3.2.1 Projection of part of CaS0,.0,5H,0 unit celll

onto the ab plane
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Figure 3.2,2 Projection of part of CaSO3.0.SH20 unit cell

onto the bc plane

® calcium (1-8);®Su1phur (9—16);00xygen of sulphite group;

@ Oxygen of water molecule
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" 'Figure '3.2.3 Projection of part of CaSO3.0.5H20 unit cell

onto the ac plane

Symbols as for Figure 3.2,2
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calcium sulphite

Table 3.2.6 Comparison of crystal parameters of hydrated and anhydrous

Sample Orthorhombic Unit cell edge
P parameters length (R)

CaSO3.0.5H20 ) A 0.01425 a 6.46
"Air dried" B 0.00622 b 9.78

€ 0.00523 ¢ 10.66
CaSOa.O.SHZO A 0.0143 a 6.45
"Vacuum dried" B 0.00627 b 9.74

C 0.00526 c 10.63
CaSO3.0.5H20 A 0.01413 a 6.486
Single crystal, present work B 0.00618 b  9.810

C 0.00522 c 10.664
CaSO3.0.5H20 A 0.014144 a ‘6.4844
Single crystal, Schropper81 B 0.006177 b 9,8123

C 0.005230 . ¢..10,6629
CaSO3 A 0.0143 a 6.45

B 0.00630 b 9,72

C 0.00530

c 10.60
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cell dimensions only slightly smaller than those of the hydrated
samples. This small difference in unit cell dimensions between the
anhydrous and hydrated forms of calcium sulphite indicated that the
loss of water probably caused little change in the relative
positions of the calcium and sulphite ions. The calcium would
become octahedrally surrounded by oxygen atoms due to the loss of
the water oxygen, which occupied the seventh co-ordination position
in the hemihydrate, and was itself co-ordinated to two calcium ions,

3.3 Strontium Sulphite

3.3.1 Preparation of strontium sulphite

A. For thermal stability studies

Samples of strontium sulphite were prepared by mixing 250 cm3
M sodium sulphite solution with 250 cm3 M strontium nitrate solution
while nitrogen was bubbled through the solutions. The precipitated
strontium sulphite was filtered under reduced pressure and the
precipitate washed with cold water, followed by acetone. The
samples were dried in an oven at 105°C and stored in a desiccator
over silica gel. The water used in the preparation of solutions,
and for washing, was de-oxygenated as described previously in section
3.1.1

Table 3.3.1 Composition of prepared strontium sulphite

. Percentage Composition
Species
Actual Theoretical
Strontium 52.0 52.26
Sulphite 47.3 47.74
Sulphate 0.21 -
Water 0.56 ° -
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B. Using sulphur dioxide

A sample of strontium sulphite was prepared by passing sulphur
dioxide into 100 cm3 M strontium nitrate solution. The precipitated
strontium sulphite was filtered under reduced pressure, washed,
dried and stored as above.

3.3.2 X=ray studies

The powder diffraction pattern of strontium sulphite was not
recorded in the ASTM tables77. The X-ray powder diffraction traces
obtained from samples prepared as in 3.3.1 A'and B were recorded and
subsequently indexed. It was assumed that the unit cell of strontium
sulphite would be similar to that of anhydrous calcium sulphite,

but slightly larger due to the increased radius of the Sr2+ ion108

{octahedral radius 1.16 X) compared to the Ca2+ ion108 (octahedral
radius 1.00 R). The results obtained from the diffraction traces,
together with the suggested indices and cell parameters have been
listed in Tables 3.3.2 and 3.3.3. Lutz and El Suradi86 published
intensity data and d values for strontium sulphite which contained
many more peaks than those found by the present author. The stroatium
sulphite had been prepared by the action of sulphur dioxide on
strontium hydroxide. Comparison with the d values of strontium
hydroxide, containing a little strontium-carbonate, as prepared and
indexed (Appendix 3) by Glasson, in accordance with earlier work107,
indicated that strontium hydroxide was not the source of these extra
peaks. Closer study showed that the extra peaks had d values close
to those of celestite, the mineral form of strontium sulphate.
Assuming that freshly precipitated strontium sulphate‘had lattice
constants increased by 1 - 3% compared to celestite, gave a set

of d values which could be satisfactorily indexed and which

corresponded to the majority of the extra peaks found by Lutz and
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Table 3.3.2 X-ray powder diffraction data for strontium sulphite
prepared from solutions of strontium nitrate and

sodium sulphite

Orthorhombic parameters: A = 0.0140; B = 0.0060; C = 0.0052
Lattice constants: a= 6.52 X; b = 9.96 R; c =10.70 §
Intensity e® hkl ak
m 11.13 120 3.99
s 13.67 + 0.04 200 3.26 + 0.01
s 17.00 221 2.64
w 18.53 033 2.43
222
041
s 20.35 124 2.22
s 22.78 £ 0.05 320 1.992 * 0.004
W 23.20 321 1.957
m 23.94 224 1. 909
m 27.10 250 1.693
m 28.45 333 1.619
341
w 31.78 413 1.464
W 32.87 42 3 1.421
w 35.80 4 4 2 1.318

5 = strong; m = medium; w = weak
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Table 3.3.3

X-ray powder diffraction data for strontium sulphite

prepared by passing sulphur dioxide into strontium

nitrate solution

Orthorhombic parameters: A = 0.01405; = 0.00605; C = 0.0052
Lattice constants: a = 6.518; = 9.§2 R; c = 10.70 &
Intensity 6° h k a &)

wB 10.63 = 0.07 10 4.18 + 0.03

W 11.60 11 3.84

m 11.80 SrSO4 1 1 3.77

w 12.50 0o 3.56

m 13.00 SrSO4 0 2 3.43

s 13.55 3 3.29

s 14.05 12 3.18

s 15.05 21 2.97

s 16.40 22 2.73

s 16.75 00 2.68
21

w 17.40 01 2.58

m 18.90 SrSOA 2 2 2.38

W 19.85 13 2.27

mB 20.00 + 0.05 23 2.255 * 0.005
14
04

w 20.40 12 2.212

m 20.85 22 2.167

m 21.10 o0 2.142

w 21.65 01 2.090

s 22.15 SrSO4 122 2.045

s 22,60 o 2.007
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ad)

Intensity 8° h k1l
m 23.30 321 1.950
051
w 23.45 143 1.938
w 24.45 322 1.863
w 25.10 04 4 1.818
w 25,25 330 1.808
s 25.85 SrSO4 303 1.769
W 26.20 4 4 1.747
wB 26,50 + 0.05 SrSO4 031 1.728 £ 0.003
wB 26.70 £ 0.05 332 1.716 * 0.003
w 27.15 SrSO4 412/131 1.690
m 27.30 304 1.681
m 28.00 SrSOa 230 1.643
w 28.30 00 1.627
m 28.75 410 1.603
m 28.90 324 1.596
w 29.40 SrSOA 231 1.571
m 29.70 402 1.556
w 31.00 334 1.497
W 31.30 4 2 2 1.484
34373
m 31.45 403 1.478
w 31.75 413 1.466
m 32.15 431 1.449
m 32.70 SrSOA 124 . 1,428
w 32.90 4 23 1.420
w 33.10 SrSO4 314 1.412
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Intensity 8° d(x)
w 33.25 1.407
W 33.60 1.394
m 33.70 1.390
wB 34.10 + 0.05 1.376
w 34.55 1.360
w 34.85 1.350
m * 35.15 1.340
w 35.80 1.318
W 37.00 1.281.
m 37.40 1.270
wB 39.50 + 0.10 1.216
*Reinforced by 040 reflection of SrSOA, d =1.338 §

s = strong; m = medium; w = weak; B = broadened
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Table 3.3.4

recorded by Lutz and El SuradiSG.

X-ray powder diffraction data for strontium sulphite

Orthorhombic parameters: A = 0.01411; B = 0.00602; C = 0.00522
Lattice constants: a = 6.49 R; b = 9.9 R; c =10.68 &
Intensity 8° hkl d (])

46 11.18 120 3.979
71 13.46 030 3.314
78 13.86 SrSOa 102 3.220
10 14.40 103 3.101

201
100 14.69 SrSOA 211 3.041
25 16.80 212 2.668
004 |
89 17.01 221 2.636
28 17.72 SrSOA 021 2.534
15 18.58 033 2.420
222
041
10 20.16 SrSO4 103 2.238
57 20. 44 124 2.208
10 21.32 301 2.121
32% 22.54 (L 05) 2.029
43 22.55 302 2.011
- 43 22.74 SrSOh 410 1.995
30 23.30 321 1.950
25 23.58 SrSOa 411/222 1.928
39 24.01 §rs0, 321 1.895
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Intensity 8° hkl d &)
10 24.55 322 1.856
2 4 2
10 26.15 234 1.750
14 4
10 26.45 323 1.731
204+ 27.10 (116) 1.693
10 28.37 400 1.623
10 28.52 333 1.615
341
10 30.35 421 1.526
10 30. 85 srso, 323 1.504
10 31.35 343 1.482
422
15 31.86 413 1.461
10 32.84 stS0, 52 1 1.422
10 33.37 1.402
10 34.37 Srs0, 42 3 1.366
10 34.66 srs0, 23 3 1.356
10 35.44 1.330
15 35.84 44 2 1.317

*Reinforced by 203 reflection of SrSO

**Reinforced by 420 reflection of SrSO

4

4
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El ‘Suradi, Table 3.3.4. It would therefore appear that their strontium
sulphite sample contained significant amounts of strontium sulphate.
The present author found that the preparation of strontium sulphite
 samples low in sulphate required a lot of care in excluding

atmospheric oxygen. .

3.4 Barium Sulphite

3.4.1 Preparation of barium sulphite

Batches of barium sulphite were prepared by mixing 250 cm3

3 M barium.chloride solution

M sodium sulphite solution with 250 cm
while nitrogen was bubbled through .the solutions. The precipitated
barium sulphite was filtered under reduced pressure and the
precipitate washed with cold water, followed by acetone. The samples
were dried in an oven at 105°C and storea in a desiccator over

silica gel. The water used in the preparation of the solutions, and

for washing, was de-oxygenated as described in section 3.1.1.

Table 3.4.1 Composition of prepared barium sulphite

Percentage Composition
Species
Actual Theoretical
Barium 63.0 63.18
Sulphite 36.5 36.82
Sulphate 0.25 -
Water 0.27 -

3.4.2 X-ray studies

Samples prepared as in section 3.4.1 produced X-ray powder
diffraction traces similar to the un-indexed data recorded in: the

7 , . .
ASTM tables 7. Again, on the assumption that the unit cell of
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barium sulphite would be-slighcly larger than the unit cells of
calcium and strontium sulphites (octahedral radiu5108 Ba2+ = 1.36 R),
possible cell. parameters were proposed which resulted in the indexing
of the peaks as listed in Table 3.4.2 and 3.4.3. Data for barium
sulphite prepared by the action of sulphur dioxide on barium
hydroxide were published by Lutz and El Suradi86 and this has also
been indexed an& the cell parameters determined, Table 3.4.4.

86,77 showed the 004 and 220 reflections

The published data
as being coincident, whereas in the present work the peak at this
position was broadened, indicating a tendency for the two peaks to
be separated. A strong peak at 200 was found, which was not

87,17 and this confirmed the lower value

recorded in other work
determined for the A parameter.

A sample of barium sulphite which had been heated up to 500°C,
in vacuo, as part of the thermal stability studies (chapter 4) gave
an X-ray pattern whose peaks were recorded in Table 3.4.5. The cell
parameters required to index this pattern indicated that the value
of the B parameter must be lower than in the previously discussed
examples. This lower value was confirmed by the 220 and 004
reflections being separated in this sample and the peaks at higher
angles were correspondingly displaced towards lower angles. A
small quantity of barium sulphate was also present in the vacuum
heated sample which indicated that disproportionation may have

commenced, see chapter 4.

3.5 'Comparison of Anhydrous Calcium, Strontium and Barium Sulphites

The lattice constants for calcium sulphite, strontium sulphite
and barium sulphite as determined from the X-ray powder diffraction

data have been listed in Table 3.5.1. The increases in size of the
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Table 3.4.2 X-ray powder diffraction data for barium sulphite

prepared from solutions of barium chloride and sodium

sulphite
Orthorhombic parameters: A = 0.0137; = 0.0058k; C = 0.00492
Lattice constants: a=6.59 R; = 10.12 ﬁ; ¢ =11.00 &
Intensity a° h a &)

s 10.62 1 4,18

s 13.00 0 3.43

5 13.55 2 3.29

wB 15.9 £ 0.1 2 2.81 + 0.02

sB 16.25 i 0.05 2 2,75 £ 0.01
0o

wB 16.7 + 0.1 2 2.68 * 0.02

s 19.40 1 2.32

mB 21.3 £ 0.1 0 2.¥2 £ 0.01

sB 21.72 + 0.05 0 2.08 * 0.005
1

mB 22,78 + 0.005 3 1.99 +* 0.005
o

mB 25.85 = 0.05 o 1.77 £ 0.005
1
3
2

W 26.90 2 1.70

m 27.17 3 1.69
0o

w 29.00 3 1.59
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Intensity 6° hk1 a Q)
w 30.13 315 1.54
wB 31.1 *+ 0.1 403 1.49 + 0.01
055

§ = strong; m =

medium; w = weak; B = broadened
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Table 3.4.3 X-ray powder diffraction data for barium sulphite

recorded in ASTM tables 1 - 060477

Orthorhombic parameters: A = 0.01385; B = 0.00581; C = 0.00492
. Lattice constants: a = 6.55 R; b = 10.12 X; ¢c =11.00 s

Intensity 8° h k1 d &)

63 10.58 102 4.20

100 12.95 130 3.44

75 13.95 031 3.20

63 16.29 004 2.75
220

35 19.41 133 2.32

45 21.76 043 2.08
105

10 22.80 312 1.99
051

10 25.83 053 1.77
106

10 27.17 3.1 4 1.69
060

5 29.00 342 1.59

5 31.17 403 1.49
055

5 33.98 008 1.38
440

5 35.75 361 1.32

5 37.74 521 1.26

5 40.81 504 1.18
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Table 3.4.4 X-ray powder diffraction data for barium sulphite

recorded by Lutz and El Suradit®

]

0.1385; B = 0.00581; C = 0.00491

]

Orthorhombic parameters: A

Lattice constants: a=6.58; b=10.128; c=11.01 %

Intensity 6° hkl a®

57 10.67 102 4.163

35 12.88 013 3.458

28 13.24 030 3.368

100 13.97 103 3.195

28 - 16.28 220 2.751
004

18 . 16.94 014 2.647

35 19.43 ' 133 2.318

18 21.50 2 04 2.104

18 21.72 043 2.084
105

- 28 22.81 312 1.989
051
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Table 3.4.5 X-ray powder diffraction data for barium sulphite

sample heated for 2 h, in vacuo, at 500°C

Orfhorhombic parameters: A = 0.0137; B = 0.00575; C = 0.00492
Lattice constants: a=6598%; b=10.17 & ¢ = 11.00 &
Intensity 6° hkl’ d®)
mB 10.10 * 0.05 Bas0, 4.39 + 0.03
s 10. 60 102 4.19
w 11.40 112 3.90
s 12.95 013 3.44
wB 13.55 + 0.05 200 3.29 * 0.01
s 13.85 031 3.22
103
w 14.4 BasoO, 3.10
w 15.75 202 2.84
s 16.15 220 2.77
s 16.30 004 2.75
W 16.70 221 2.68
s 19.30 133 2.33
w 21.17 034 2.13
wB 21.40 % 0.1 304 2,11 + 0.01
s 21.70 043 2.09
105
s 22.70 312 2.00
051
n 25.70 053 1.78
m 25.95 106 1.76
323
243
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Intensity 8° hkl d(x)
mB 26.9 + 0.1 2 1 1.705 + 0.005
m 27.10 060 1.693
3 4

W 28.0 * 0.1 4 0 1.643 £ 0.005
w 28.7 4 1 1.606

mB 29.0 = 0.1 3 2 1.591 + 0.005
mB 30.05 £ 0.05 3 5 1.540 t 0.002
s = strong; m = medium; w = weak; = broadened
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Table 3.5.1 Lattice constants of anhydrous calcium, strontium and

barium sulphites

Compound a (R) b (R) c (X)

CaSO3 6.45 9.72 10.60
SrSO3 (i) see Table 3.3.2 6.52 9.96 10.70
(ii) see Table 3.3.3 6.51 9.92 10.70

{i11) see Table 3.3.4 6.49 9,94 10.68

BaSO3 (i) see Table 3.4.2 6.59 10.12 11.00
(ii) see Table 3.4.3 6.55 10.12 11.00

(iii) see Table 3.4.4 6.55 10.12 11.01

(iv) see Table 3.4.5 6.59 "10.17 11.00

Table-3.5.2

Comparison of sizes of unit cells and cations

Cati Unit Volume Volume Volume available
c d as}on cell per occupied | for sulphite ion
ompoun radius!  yolume | molecule by cation
3 23 83 83 83 2
CaSO3 1.00 664.5 83.1 4,2 78.9 94,7
SrSO3 1.16 691.3 86.4 6.5 79.9 92.5
BaSO3 1.36 733.6 91.7 10.5 81.2 88.5
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vunit cell with the increase in atomic number of the cation appeared

to be due to the increased size of the cation as the volume of the

unit cell available for occupation by the sulphite ion only

increased slightly, Table 3.5.2 and the proportion actually decreased.

The crystal structures of the anhydrous sulphites appeared to

be closely related to each other, being based on an orthorhombic

unit cell, and similar to the structure of calcium sulphite hemihydrate.
These relationships were supported by the assignment of reasonably
small indices to the recorded X-ray powder diffraction peaks based

on the assumed cell parameters.
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Figure 4.1.1 TG curve. zmmOu.mmwo heated in vacuo at 5°C min
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‘Figure 4.1.2 DTA curve. zmmOu.ommo heated in vacuo at 59 awalw
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‘Figure 4.1.3 TG curve, zmmou.m 0 heated in nitrogen
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‘‘Figure "4.1.4 DTA curve. meOu.mmmo heated in nitrogen
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Figure 4.1.5 TG curve. zmmou.mmwo heated in air
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Pigure 4.1.6 DTA curve, ZMmou.mmNo heated in air
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Figure '4.1.7 TG curve. zmmOu.mmmo heated in ZN\moN mixtures

(flow rate 19 min 1) at 5°C min

-1

i s
A S
S
|
. -
o
i - 8
(3] o o _
2 g g q
pog & £ 3
§ ¢ .
.Wa 8 | | _
- Q | _
o o _ _
-4 e
€ | | [
o I . ] _
o o] _ o
o e _ . _ | ..,w
8 & _ |
2 _ ; _ _
5
m ”_M | | _
ER- _ _ I
o | :
> w { ; _
o I _ H
- [oe) .
2 « ! B | .
" tof! R
H _ .._
“ _ _ |
_ | _
) 4
i | | _
f I .
H _ | _
_ A | _ Is
| _ | _ Q
| !
| . |
g _ |
_ — _ — g
| ! [ _
i I ! |
l | | I
L L _ 1 -— -.— A 2 -—
o o o o o o =) o) o
.1 (o] ™ ~T [Ya} (Ne) P~ [ea) [+
. (%) sso1 3y3tay

93

Temperature °C




76

+10

=10
AT

a0y

-30

88°

107 °C

197°C

198°C

463°C

(a) 2.8 volume-7 502 in nitrogen

560°C

(b) 20.9 volume-Z SO2 in nitrogen

561°C

r’—'

Imu'_nn oog 1e (I_u;m 31 23e1 #013)

990 °C

sainix1u Zos/zN ul pajeay OZHQ°Eossn *3AIND VIQ 9‘1‘y,a:n3;5<

Temperature

°c -



Figure 4.1.9 rgsob.ch.u heat
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Figure 4,1.9
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Figure 4.,1.9
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Figure 4.1.9

(g) At 467°C — Lu

(h) At 594°C
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Figure 4.1.10
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Figure 4.1.11 X-ray powder diffraction patterns of MgSO3.6H20

samples calcined for 2h in vacuo
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- Figure 4,1.11
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Figure 4.1.12 Parts of TG curves for MgSO .6H 0 samples
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Figure 4.1.13 Exothermic peaks in DTA curves shown by MgSO3.6H20
1

samples heated in air at 5°C min
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CHAPTER FOUR

THERMAL STABILITY OF ALKALINE EARTH METAL SULPHITES

Magnesium, calcium, strontium and barium sulphites have been
prepared, as detailed in Chapter 3, and the various reac;ions they
undergo on heating (a) im vacuo, (b) in nitrogen, (c) in air, (d) in
sulphur dioxide and nitrogen, have been studied.

The results obtained for each alkaline earth metal
compound will be discussed individually and the types of reaction

will be compared for the sulphites of all four elements.

4.1 Magnesium sulphite

4.1.1 Results

Dynamic thermogravimetry (IG) carried out under various
atmospheric conditions, at a heating rate of 5°C per minute, gave
the weight changes shown in figures 4.1.1,.4.1.3, 4.1.5, 4.1.7 and
the simultaneous differential thermal analysis (DTA) curves are
reproduced in figures 4.1.2, 4.1.4, 4.1.6, 4.1.8.

In all cases, the initial reaction was dehydration and the final
product was magnesium oxide, but sometimes different intermediate
reactions were found.

(a) "In vacuo"

The dehydration commenced at room temperature under a reduced
pressure of 1.3 Pa (10—2 torr) and became very rapid between 42°C
and 160°C, fig. 4.1.1. This stage of the reaction was so violent
that, in the first runs carried out unaer these conditions, the sample
spurted out of the holder.” To overcome this problem, silica wool
was placed in the crucible above the sample to trap the solid
particles but allow rapid escape of thé gaseous products. In atmospheres
of nitrogen and of air, where there was only occasional spurting,
the presence or absence of the silica wool made no apparent difference

to the TG and DTA results obtained and it was assumed that the "in
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vacuo" results were similarly unaffected.

The loss of water produced a single large endothermic peak at
113°C, which terminated at 198°C, fig. 4.1.2. Though the loss of
water appeared to occur in one step, the last remnants (4.4%) were
not completely removed until the temperature reached 230°C.

The final stages of the dehydration and the commencement of
breakdown of the magpesium sulphite overlap, so that there was a
steady weight loss as the temperature rose to 387°C. At this
temperature, 6% of the magnesium sulphite had been converted to
magnésium oxide.

MgS0 ——> Mg0 + SO 4.1

3 2

Above this temperature the decomposition became rapid and
desulphurisation was completed at 531°c. This decomposition
produced an endothermic peak at 506°C on the DTA curve.

The photomicrographs fig. 4.1.9 (a) - (h) illustrate the
effects, caused by the various stages of the reaction, on the
morphology of crystals which were heated, on the hot-stage attachment,
in the electron microscope (pressure 10-2 Pa). Even with a nominal
temperature of 25°C, fig. 4.1.9.(a), dehydration had commenced,
though, as discussed in chapter 2, the actual temperature of the
cry;tals may have been somewhat higher than the registered temperature
due to the heating effect of the electron beam. The increase in
temperature to 100°C, fig. 4.1.9(5) caused the break-up of the
original hexahydrate crystals. In particular, the crystal in the
centre of the field of view became grossly distorted. An interesting
feature of the changes was the "'bubbling effect" which a number of
the crystals showed as a result of dehydration. Other worker387 using
hot-stage optical microscopy have observed similar effects during

the dehydration of other hydrated compounds, but the structures have
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collapsed too rapidly for photographs to be obtained. The optical
hot-stage microscope available for the work described in this thesis
could not be operated with the sample in vacuo. Because of the
small magnification and the large difference in refractive index
between the cfystals and their surroundings, it would have been
unlikely that the phenomena would have been observed. The "bubbled"
surfaces shown on the electron photomicrographs were preserved by
the supporting section of the carbon film on the "blown out" fragments
of magnesium sulphite. The dehydrated magnesium sulphite underwent
some rearrangement of the crystallites as the temperature rose,

Fig. 4.1.9{(¢), to 150°C, and higher magnifications could be used
without causing further changes in structure. When the temperature
reached 310°C, Fig. 4.1.9(d) and (e), desulphurisation had commenced
and the crystallites can be seen to have changed with time as (e)
was taken four minuctes after (d). Fig. 4.1.9(f), taken fourteen
minutes after (e), with the temperature at 32300, showed that the
rearrangement, due to loss of sulphur dicxide, was just about
complete. The final two photomicrographs, (g) and (h) show the
gradual reorganisation of the magnesium oxide crystallites as the
temperature was increased further. Comparison with the low
temperature photomicrographs indicated that the electron trans-—
missivity of the magnesium oxide crystallites, despite their higher
density, was much higher than that of the magnesium sulphite
hexahydrate crystals. This was due to the thinning which had
occurred on the loss of water and sulphur dioxide. On the basis
that the crystals wefe tabular, and that only the thickness was
reduced by the loss of mass (81.02%), the magnesium oxide crystals

would be less than one tenth the thickness of the original magnesium
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sulphite hexahydrate. The photomicrographs indicated that the
reduction in thickness was probably greater than this as the area
covered by the magnesium oxide crystals was about 20% larger than
the area of the original cry;tals.

Samples of the hexahydrate were isothermaily heated for two
hour periods, in vacuo. The variation in specific surface of the
product with temperature, Fig. 4.1.10, showed that the dehydration
process produced a large increase in surface area, followed by
a2 decrease, as the freshly produced anhydrous magnesium sulphite
crystallites became more ordered. The initial decomposition of the
magnesium sulphite formed magnesium oxide with a high specific
surface, as shown by the 353°¢C sample. Samples calcined at
the higher temperatures of 425°C, 535°C and 628°C had specific
surfaces which decreased as the temperature increased. Though
the rapid rise to the isothermal calcination temperature would be
expected to produce very high surface area products, due to
extremely rapid dehydration and desulphurisation causing massive
disruption of the crystal lattices, this effect would be superseded
by the reorganisation of the final product as the crystal lattices
became more ordered and the larger crystallites grew at the expense
of the smaller ones. This latter process, which in the case of
magnesium oxide involved only solid diffusion reactions, occurred
more readily as the temperacure increased88. As a result, those
samples in which the final products were held at the highest
temperatures for the longest periods had the smallest specific
surfaces.

The X-ray diffraction traces of the products of isothermal
heating showed, Fig. 4.1.11, that the initially crystalline

magnesium sulphite hexahydrate formed essentially X-ray amorphous
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dehydrated products and, then, as the magnesium oxide crystallites
became larger and more ordered the peaks due to the 200 and 220
reflections appeared and became sharper. Average crystallite sizes,
Table 4.1.), determined from (a) specific surfaces measurements and
(b) peak broadening of the X-ray traces, both showed the same trend
in increase in crystallite size with increasing temperature.

Table 4.1.1 Crystallite sizes of the products of the isothermal, in

vacuo, calcination of MgSO._.6HO.

3'72

Isothermal Apparent crystallite Equivalent spherical
calcination size, based on X-ray diameters, based
temperature line~-broadening on specific surfaces

° nm nm

Initial sample. - 4900

120 - 40

235 - | 75

353 5 13

425 7 15

535 21 32

628 47 77

Chemical analyses of the isothermally decomposed samples
showed that the 120°C sample was 96.5% dehydraéed. The 235°C sample
was completely dehydrated and 157 of the magnesium sulphite had
been converted to magnésium oxide. The remaining samples were
campletely converted to magnesium oxidé.

(b) In nitrogen

Both the dynamic thermogravimetric curve, Fig. 4.1.3, and the
DTA curve, Fig, 4.1.4, for the calcinations carried out in an

atmosphere of nitrogen, flowing at a rate of 1 lmin-l, showed

108



differences from the corresponding "in vacuo" curves. The increased
pressure due to the atmosphere of nitrogen (approx. 1 x'105 Pa)
increased the temperature, at which dehydration produced a noticeable
weight change, to 54°¢ compared to 20°C at 1.3 Pa. However, the DTA
curve showed that the first endotherm associated with the dehydration
reaction had an initial deviation temperature of 42°¢ indicating that
the initial stages in the dehydration had produced a rearrangement

of the crystal structure before a weight loss was recorded. The
dehydration occurred rapidly as the temperature rose to 114°C,-by
which time the equivalent of three molecules of water had been lost.
The rate of weight loss was reduced for about 5% rise and then
increased again as approximately another two and a half molecules of
water were lost as the temperature rose to 215°C. By 350°C tﬁe final
6.8% of tPe water (equivalent to 0.4 HZO) was removed. This three
step process was also indicated in the DTA curve where there were three
endotherms with peak éemperatures of 105°C, 193%°C and 336°C.

The .weight loss gradually increased as the temperature rose
above.&OOOC, as a result of the decomposition of the magnesium sulphite,
but, unlike the decomposition in vacuo, this desulphurisation stage
came to an end at 576°C before there was complete conversion to
magnesium oxide. A sample which had been heated to 639°C and analysed

after rapid cooling was found to contain 46.1%7 MgSO,, 53.8% Mg0 and

4°
0.27 Mgs.
A number of competing reactions can be considered to take place:
(1) Decomposition of magnesium sulphite to form magnesium oxide
MgS0, —> Mg0 + SO, 4.1

This became the dominant reaction above 440°C, but occurred to a lesser

extent at lower temperatures.
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(2) Formation of magnesium thiosulphate

Mgso, —> Mg0 + 50, 4.1
4MgS0, + 250, ———79 4M8504 + % 4.2
ZMgSO3 + 5, — ZMgSZO3 4.3

This series of reactions occurred to a small extent at temperatures
above 30000, with 1.4% M328203 being found in a sample which had
been heated to 370°C and then cooled rapidly. As the temperature
increased, two factors would tend to reduce the quantities of
magnesium thiosulphate produced, namely the increase in vapour
pressure of any sulphur formed would reduce the chances of it reacting
with magnesium sulphite and the rate of dissociation of the magnesium
thiosulphate would increase,

2Mg$S 20

—> 2Mpg0 # ?.SO2 + 32 4.4

—_— ZMgSO3 + 82 4.5

3
ZMgSzO3
(3) Formation of sulphur

No direct evidence of the formation of sulphur was found iIn

samples heated on the Mass-Flow balance, but other workers38’89 ha

ve
described the formation of sulphur in small quantities. A lg sample
of magnesium sulphite hexahydrate was heated in nitrogen (flow rate
1 lmin-l) at 320°C for one hour, with the exit gases passing over a
cold finger. A total of 1.8% sulphur was found, together with 3.87
Mg5203. The most probable method for the formation of sulphur would
be by ‘reactions 4.1 and 4.2.
(4) Formation of magnesium sulphate

Reactions 4.1 and 4.2 as weli as playing a part in the
production of sulphur and magnesium thiosulphate also yield magnesium
sulphate. Disproportionation of magnesium sulphite would be another
reaction by which magnesium sulphate could be formed

4Mg SO

-—> 3MgSo + MgS 4.6

3 4
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Disproportionation did not appear to be a major reaction pathway
as only traces of magnesium sulphide were found in the 639°C sample
and even this magnesium sulphide could have been formed by reaction
of magnesium oxide and sulphur

2Mg0 + S2 — 2MgS + 02 4.7

Schwitzgebel and Lowell90 have reported that "no MgS is found
in the decomposition products', however, earlier in the same article
they state "In contrast to the findings from most of the other
sulfites few or no sulfides were found in magnesium sulfite
decomposition products." Certainly the small amount of published
work on magnesium sulphite does not specifically mention the formation
of magnesium sulphide.

The TG curve indicated the presence of magnesium sulphate, which

was stable until the temperature reached 819°C when gradual

conversion to magnesium oxide occurred. The decomposition being

completed at 1002°C. The conversion of 22.3% of the original
magnesium sulphite to magnesium sulphate provided this step in the
TG curve, which was not found in vacuo. The higher pressure of

about 1 x 105 Pa (760 torr), compared to 1.3 Pa (10-2 torr) in vacuo,
under which the reactions occurred, in the runs carried out in
nitrogen, reduced the rate of evolution of sulphur dioxide, thus

more time was allowed for the interaction between sulphur dioxide and
the undecomposed magnesium sulphite, required to produce magnesium
sulphate (reaction 4.2). The higher temperature at which the main
decomposition of the magnesium sulphite occurred in nitrogen (437° -
576°¢C compared £2f387° - 531°C, in vacuo) (a) gave more time for

the secondary reactions to occur, and (b) as the secondary reactions

were occurring at higher temperatures their rates of reaction would

be increased, The higher temperature reactions would favour the
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production of magnesium sulphate and sulphur since magnesium
thiosulphate, which had a similar stability range as magnesium
sulphite, would be unstable above 500°C89. The volatility of sulphur,
boiling point 444.6°C, would also be much greater at these higher
temperatures, which would markedly reduce the tendency for the
magnesium thiosulphate reaction (4.3) to occur.

The various peaks in the DTA curve may be explained as follows.
At 385°C an endotherm, due to initial decomposition of magnesium
sulphite, commenced, but this was soon converted into an exotherm,
as magnesium sulphate was formed, to give a peak at 460°C. The
large scale decomposition of the magnesium sulphite then became the
major reaction and the endotherm peaking at 550°¢C was produced. The
final decomposition of the magnesium sulphate was shown by the
broad endotherm peaking at 960° - 970°C.
(¢) In air

The TG, Fig. 4.1.5, and DTA, Fig. 4.1.6, curves were initially
similar to those given in nitrogen. Dehydration occurred in three
steps, with initial loss of three molecules of water between 57°C
and 115°C, followed by the loss of approximately two and a half
molecules of water by 220°C and the Temaining water by 340°C. The
presence of oxygen introduced the possibility of oxidation of the
magnesium sulphite to magnesium sulphate occurring, 4.8, in addition
to the various reactions 4.1 to 4.7 discussed above.

2MgS0, + 0, —> 2MgSO 4.8

2 4

The major reactions occurring in air were the oxidation reaction
4.8 and decomposition reaction 4.1 and the.émall weight changes
which were recorded between 340°C and 600°C indicated that the
overall effects of these two reactions just about cancelled each

other out, In practice it was found that different samples
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produced slightly different results and the TG curve, Fig. 4.1.5,

was a record of the mean of the weight changes observed. 1In Fig. 4.1.12
othér actual traces of a number of TG curves, as recorded, have been
repro&uced to indicate the variation actuaily observed and in Table
4.1.2 the percentage conversion of magnesium sulphite to magnesium
sulphate and magnesium oxide has been presented.

Table 4.1.2 Proportional oxidation and desulphurisation of MgSO3 in

air

Calcination temperature Percentage of MgSO3 converted to
°c (a) MgSoO, (b) MgO
400 25.3 5.4
450 50.5 13.0
500 ) 66.3 19.4
550 73.8 22.6
600 76.1 23.9

The oxidation reaction produced an exotherm in the DTA curve
with usually one or two shoulders, presumably as a result of the
competing endothermic dissociation reaction, though the oxidation
process itself may have been complex with the individual steps in
the process producing a series of exothermic reactions. As with
the TG curves, the details of the DTA curves varied between runs as
illustrated in Fig. 4.1.13, but in every case the maximum exothermic
deflection occurred at 467°C.

Comparison of the TG curves obtained in nitrogen and in air
(Fig. 4.1.3 and 4.1.5) and of the corresponding DTA curves (Fig. 4.1.4
and 4.1.6) showed clearly that, in the 400° - 600°C temperature

range, in nitrogen the decomposition of magnesium sulphite to form
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magnesium oxide was the dominant reaction, which produced a large
weight loss and endothermic deflection, whereas, in air, the loss
in weight was very much less and an exothermic deflection was
produced due to the dominance of the magnesium sulphate forming
reaction.

The magnesium sulphate was more stable in air than in nitrogen
and began to decompose at 883°C (cf. 819°C in Nz). The decomposition
to magnesium oxide was completed with the temperature at 1022°C,
and an endotherm peaking at 986°C was recorded in the D.T.A. curve.

(d) In mixtures of sulphur dioxide and nitrogen

Figs. 4.1.7 and 4.1.8 record the results which were obtained
when magnesium sulphite hexahydrate was thermally decomposed in the
presence of (a) 2.8 vol % SOé in N2 and (b) 20.9 vol % 502 in N2.
The results obtained, pafticularly with the higher concentration of
sulphur dioxide, indicated that magnesidm sulphite was more readily
oxidised by oxygen (air contains é0.95 vol 7 0291) than by
sulphur dioxide.

The presence of 2.8 vol % SO, in N, made litcle apparent
difference to the TG curve, for the dehvdration of the hexahydrate,
comparéd to the use of nitrogen alone. However in the DTA curve
what was a single endotherm, in nitrogen, corresponding to the loss
of three molecules of water appeared as a composite of two
over lapping peaks with maxima at 88°C and 98°C. With a higher
concentration of sulphur dioxide, 20.9 vol Z, the resolution into
two endothermic peaks was even clearer. This double initial
enddtherm, coinciding with the loss of the first three molecules of
water, had been reported by Okabe and Hori43 for DTA runs carried
out in air at heating rates of 3°¢C and 5°¢C per minute. They used

relacively large samples, 0.5 g compared to the 0.1 g samples used

in the present work and this would explain the absence of two peaks
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for the runs in air, and presumably nitrogen., The greater density
of sulphur dioxide, compared to nitrogen and oxygen, meant that the
pressure in the reaction vessel was raised and this would increase
the resolution of the DTA peaksSG. The TG curve gave no indication
of a tw§ stage loss of water in this temperature range. MgSO3.6H20
has a rhombohedral structure with three molecules in the unit cell81
whereas MgSO3.3H20 has an orthorhombic structure with four molecules
in the unit ce1182. The two peaks could be due to the combined
effects of (a) loss of water and (b) rearrangement of the crystal
laccice. That the MgSOB.3H20 lattice was stabilised by the presence
of sulphur dioxide (or the higher pressure associated with its
presence) was shown by the relatively long interval (114°%c - 157%

in 20.9 vol 2 502) before the MgSO3.3H 0 began to decompose rapidly

2
and a further two and a half molecules of water were lost.

The final stages of dehydration were accompaﬁied by the onset
of oxidation, with the higher concentration of sulphur dioxide
producing a greater degree of oxidation,

2MgSO, + SO, —> 2MgSO, + S 4.9
The concentrations of the various products, Table 4.1.3, and the
weight changes observed, Fig. 4.1.7, indicated that the presence
of sulphur dioxide reduced the initial rate of decomposition of
magnesium sulphite, but the degree of oxidation of the remaining
sulphite was not as great as in air. The breakdown, to magnesium
oxide, of both the magnesium sulphite and the small quantity of

magnesium thiosulphate which had been formed, became the dominant

reaction above 502°C.
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Table 4.1.3 Composition of magnesium sulphite samples heated in

o . =1
SO2 and N2 at 5°C min .

Volume Z Temperature We loss 7 - Composition %

$0, in N, °c (MgS0,.6H,0) | MgSO, | MgS,0, | MeSO, | Mgo
2.76 421 50.1 84.5 0.8 14.4 0.3
2.76 615-890 l 68.2 - - | 60.8 39.2
20.9 496 47.8 53.8 2.2 43.7 0.3
20.9 590-960 - 63.3 - - 72.7 27.3

The formation of magnesium thiosulphate depended upon the
reaction sequence 4.1, 4.2, 4.3, The increased concentration of
sulphur dioxide would reduce the rate of reaction 4.1, but the rate
of reaction 4.2 would be increased, and hence the tota} amount of
magnesium thiosulphate formed should be increased compared to the
reactions in nitrogen alone. However, when the magnesium sulphate
and sulphur were formed by the action of the sulphur dioxide in‘the
surrounding gas atmosphere the conversion would take place from the
outside of the particle inwards. The sulphur so produced, unless it
reacted rapidly with magnesium sulphite would be isolated from further
reaction as the SOZ/MgSO3 reaction zone moved inwards leaving the
sulphur surrounded by magnesium sulphate. The sulphur would tend to
migrate outwards, due to its high vapour pressure at these temperatures,
and only come in contact with magnesium sulphate, or more sulphur,
as it did so. In contrast the production of magnesium sulphate and
sulphur by the thermal decomposition of magnesium sulphite would be
more evenly spread through the particle and the sulphur which migrated
towards the exterior could come in contact with magnesium sulphite to

allow reaction 4.3 to occur.
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The stability range of magnesium sulphate was increased to
higher temperatures by the presence of sulphur dioxide. The omset
of decomposition was at 890°C in 2.8 vol ZSO2 and 965°C in 20.9
vol % SO2 comparéd to 819°C in nitrogen and 883°C in air. These
changes were qualitatively as predicted by reaction 4.10 with the
partial pressure of sulphur dioxide having a greater effect than the
partial pressure of oxygen on the equilibrium constant.

2MgsO, —» 2Mg0 + 250, + O, 4.10

The DTA curve, Fig., 4,1.8, showed that the initial exothermic
oxidation reaction almost completely masked the final endothermic
loss of water. The main oxidation produced the exothermic peak
between 420° and 487°C followed by the large endotherm related teo
the formation of magnesium oxide between 500° and 600° C. This
endotherm commenced at 483°C in 2.8 vol %S0, and 511°C in 20.9 vol

2

Zso The final decomposition of the magnesium sulphate was marked

2°
by the endotherms peaking between 980° and éQOOC.
4.1.2 Discussion

The dehydration of magnesium sulphite hexahydrate clearly
involved the production of magnesium sulphite trihydrate as an
intermediate, except "in vacuo" where the reaction was too rapid
to distinguish this step. The crystal structure of the hexahydrate
was rhombohedral with three molecules in the unit cell whereas the
trihydrate was orthorhombic with four molecules in its unit cell.
The water molecules in the hexahydrate were arranged octahedrally
around the magnesium ion with two axial waters having slightly
longer Mg~0 bond lengths than the four square planar moleculessl.
The two-step dehydration process indicated by DTA measurements in
SO2 and in air43 could possibly- be due to the initial loss of two

molecules of water followed by the loss of the third molecule in
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association with the rearrangement of the crystal structure.

The question of the formation of a hemihydrate was not
satisfactorily resolved. Long periods of dehydration at temperatures
below 200°C led to the removal of more than five and a half molecules
of water. Nevertheless the last few percent of water was very
difficult to remove, as the TG curves also indicate. Other worker582
have heated both the hexahydrate and trihydraée for 94 hour periods,

at 160°C, and obtained a product of composition MgSO .0.5H20.

3
After dehydration the subsequent reaction sequence appeared
simple "in vacuo", with rapid decomposition to magnesium oxide, whereas,
in nitrogen, a number of side reactions occurred leading to the
formation of magnesium sulphate together with some magnesium thiosulphate
and magnesium sulphide. In air and sulphur dioxide the formation of
magnesium sulphate was mainly by direct oxidation reactions with the
introduced atmosphere resulting in a greater degree of conversion to
sulphate. The final reaction was the decomposition of the sulphate to
magnesium oxide.
A recent study92 of MgSO3.6H20, using DTA at 10°C min-l and TG
and DIG {(derivative thermogravimetry) at 2°¢ min-l, both in argon,
produced results essentially similar to those obtained in nitrogen,
in the present work; variations were of the type expected from the
different heating rates and equipment. No explanation of the results

was offered, apart from the dehydration occurring in two steps with

MgSO3.3H20 as an intermediate.
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Figure 4.2.1 TG curve, nmmow.o.mmmo heated in vacuo at 5°C min
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Figure 4,2,2 DTA curve. CaS0,.0.5H,0 heated in vacuo at 5°C min~
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Figure 4.2.4 DTA curve, CaS0,4
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Figure 4.2.6 DTA curve. CaS0,.0.5H,0 heated in air (flow rate 18 min
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Figure 4.2.9 Free energy changes for some reactions
involving calcium sulphite™ 3
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T.'g.'r‘ 4.,2.11 Cas LU0l ieated electron ml

!
(a) At 327°C - M ;

]
(b) At 363°C P .
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Figure 4.2,11

]
(d) At 393°C, 10 minutes after (c)  ‘—= —
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"
(f) At 510°C, 15 minutes after (e)
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Figure 4.2,11

(g) At 701°%

°c

(h) At 897
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Figure 4.2,12 Effect of increasing electron-beam intensity
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Figure 4.2.13 Comparison of specific surface changes found

.0.5H20 and CaSOa.2H20 in vacuo

on heating CaSO0
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" 'Figure 4.2,14 -CaSO3.0.5H20 calcined in air for 2h periods
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4.2 Calcium Sulphite

4.2.1 Results

Simultaneous dynamic thermogravimetry and differential thermal
analysis on samples of calcium sulphite hemihydrate (at heating rates
of 5°C min_l) under different atmospheric conditions produced the
results summarised in Figs 4.2.1 to 4.2.8 inclusive. As with magnesium
sulphite hexahydrate, the first reaction in each case was dehydration,
but complete conversion to the oxide was not attained always at the
highest temperatures (1100°Cj reached.

(a) "In vacuo"

The TG cﬁrve, Fig 4.2.1, and the DTA curve, Fig. 4.2.2, show
dehydration between 329°C and 3é3°C, when the pressure was 1.3 Pa,
accompanied by an endotherm with a peak at 369°C. The 0.3% water
extra to that required by thé stoichiometry of CaSO3.{H26 was lost
between 110°C and 250°C. At 560°C ghe calcium sulphite began to
decompose, releasing sulphur dioxide with a consequent weight loss.

Cas0, —— Ca0 + SO 4.11

3 2
4Caso —— 3CaS0, + CaSs 4.12

3 4
However, the disproportionation reaction, 4.12, also occurred, and
consequently the weight loss came to an end at 740°C when 72% of
the calcium sulphite had been converted to calcium oxide. The
remainder of the sample consisted of a mixture of calcium sulphate
and calcium .sulphide both of which had higher decomposition temperatures
than calcium sulphite. The decomposition of calcium sulphite by
reaction 4.11 was an endothermic change which gave the peak at 691°¢
on the DTA curve. This endotherm largely masked the exotherm which
might have been expected from: the disproportionation reaction-':'3

nevertheless, the endotherm may have what might be the tail of an

exothermic peak following it. Another possible decomposition reaction
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would lead to the loss of sulphur,

60&503 —_— 4CaSO4 + 2Ca0 + 52 4,13
This reaction would be thermodynamically more favourable than 4.11,

- see Fig. 4.2.9,and would lead to an overall weight loss of 15.25%
(based on loss of water and sulphur). The actual weight losses
obtained were very much greater than 15.25%, which would indicate
that reaction 4.11 was the major pathway by which decomposition
occurred.

Samples of calcium sulphite hemihydrate were heated for two
hours in vacuo at a number of different temperatures and surface area
measurements were made, by a gravimetric B.E.T. method with nitrogen
as the adsorbate, on the samples calcined at temperatures up to
600°C. The variations in specific surface values obtained are
illustrated in Fig. 4.2.10(a) and the weight losses from these
isothermal reactions have been plotted on Fig. 4.2.1 for comparison
with the dynamic thermogravimetric results and Fig. 4.2.10(b).

‘Heating the samples isothermally for two~hour periods produced
the equivalent degree of dehydration or decomposition at
correspondingly lower temperatures than those required with a heating
rate of 5°C per minute. The differences were of the order of 50° -

100°C as illustrated in Table 4.2.1.
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Table 4.2.1 Temperatures required to produce given weight losses when

heating CaSO3.§H20 in vacuo

Percentage Temperature in °C
weight loss Isothermal heating for 2 hours | Heating at 5% min-1
© | 200 340
1.08 250 357
2.86 300 165
6.89 350 390
7.12 400 500
8.73 450 565
11.63 500 575
34.62 550 700
45.53 600 930

As would be expected, the longer period at an individual temperature
in the isothermal experiments allowed the reactants and products
to more nearly reach their thermodynamically stable equilibrium
states for that temperature. In the dynamie heating experiments,
the finite time required for a phase change meant that, at faster
heating rates, the temperature would have risen appreciably before
the phase change had been completed. When a reaction occurred rapidly
above a particular initiation temperature, the differences in
temperature between-corresponding weight losses in the isotﬂermal
and dynamic experiments were reduced, as the results in Table 4.2.1
and Fig. 4.2.1 illustrated for the dehydration of calcium sulpﬁite
hemihydrate.

The changes in surface area caused by the dehydration, sulphite

decomposition and disproportionation processes reflected the thermal
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stabilities of the compounds. Thus the specific surface of the products,
Fig. 4.2.10(a) reached a maximum at 400°c corresponding to complete
dehydration. The average crystallite sizes (equivalent spherical
diameters) of the products have been calculated from the specific

surfaces and the X-ray densities (which were determined to be 2.55 g cm_3,
2,40 g cm-3, 3.34 g c:tn_3 and 2,85 g cm -3 for CaSO3.1H20, CaSO3,
Ca0 and 3Ca504/CaS respectively). The fractional increase in the
numbers of crystallites was then deduced from the cube of the size
ratio of the-initial reactant and the product.

No. of crystallites per cm3 = 1018um3

(equivalent spherical diameter, um3)

No. of crystallites per cm3 in product

Therefore, fractional increase . . o aa s
' No, of crystallites per cm3 in initial

reactant

(Equivalent spherical diameter initial

reactant, pm)

(Equivalent spherical diameter

product, um)3

The results have been presented in Table 4.2.2 and Fig. 4.2.10(c)
which indicate that each initial crystal of Ca503.5H20 split into
about 150 crystallites of 03803 on complete dehydration at 400°C.,
This corresponded to a reduction in size from 1.7 um.to 0.3 un.

Decomposition of the anhydrous calcium sulphite did not produce
a further increase in specific surface as occurred during the similar
experiments with magnesium sulphite, Fig. 4.1.10. This was because
the decomposition of the calcium sulphite was not so rapid, nor did
it go to completion. Consequently, there was proportionately less
disruption of the crystallites; also the higher temperatures for

these reactions favoured the re-ordering of the new crystallites.
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Table 4.2.2 Crystallite size changes in CaSO3.!H20 isothermally

heated for 2 h in vacuo.

Temperature | Density | Equivalent spherical Increase in no,
oC g em™3 diameter, um of crystallites

Initial 2.55 1.68 -

200 2.57 1.46 1.5

250 | 2.55 1.18 2.9

300 2,50 0.857 7.6

350 2.41 0.402 73

400 2.41 0.313 155

450 2.43 0.468 46

500 2.46 0.739 12

550 2.70 1.06 4

600 2.92 3.42 0.12

The latter also occurred at the comparable temperatures in
the calcined magnesium sulphite samples. The formation of calcium
sulphate and in particular the presence of lower-melting calcium
sulphide, m.p. 1223K, would aid the sintering process. Temperatures
above half the melting point, in degrees absolute, favour both surface
and bulk diffusion88 vhich would lead to adhesion of individual
particles to each other and the removal of surface ir:egulariti.esg4

The photomicrographs, Fig. 4.2.11(a) - (h), of crystals of

calcium sulphite hemihydrate heated to various temperatures, on the
hot-stage in the e;ectron microscope, illustrated the changeslin
crystal morphology during decomposition "in vacuo'. 1In Fig. 4.2.11(a)
the first signs of dehydration can be seen. Small light patches have

appeared in some .of the smaller crystals, indicated by arrows. All
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the crystals showed dark patches and signs of formation of small
crystallites, which were due to the effect of the electron beam. If
the electron beam intensity was kept very low, the crystals were
largely unaffected, Fig. 4.2.12(a), but as soon as the magnification,
and hence the beam intensity, was increased the changes in structure
were brought about, Fig. 4.2.12(b). The subsequent changes in the
crystals on the hot-stage indicate that the rearrangement in the electron
beam was not due to complete dehydration of the hemihydrate. At
363°C, Fig. 4,2,11(b), the dehydration had produced very- noticeable,
effects with the thinner portions of the crystals having the appearance,
at first sight, of having holes in them, With the temperature at
393°C, Fig., 4.2.11(c), the maximum disruption of the crystals, due to
dehydration, seems to have been reached with. more light patches

than at 363°C. Fig. 4.2.11(d), which was taken ten minutes after.(c),
illustrated that rearrangement of the new structures had commenced

as the number of light patches had decreased. The commencement of
desulphurisation at 510°C was indicated by Fig. 4.2.11(e) and (f),
with (f) having been taken fifteen minutes after (e). Compariéon with,
the photomicrographs (a) - (d) clearly showed that the thicker
crystals, which had shoyn little chénge on dehydration, were beginning
to "break up", being less electron dense and with grain boundaries
being much more evident. The final two photomicrographs in the
series, (g) at 701°C and (h) at 897°C, showed the greatly reduced
thickness of what were, by then, only calcium sulphite pseudomorphs
due to conversion to calcium oxide. Comparison of (h) with (g)
illqstrated the growth in size of the calcium oxide crystallites, so
that the pseudomorphs were composed of a smaller number of larger

crystallites with more definite grain boundaries as the larger
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crystallites grew at the expense éf the smaller ones. The arrows
illustrate two regions where this grain growth was particularly
clearly shown.

The types of changes in crystal size indicated-by surface area
measurements were shown by the crystals studied under the electron
microscope, i.e. the large changes on formation of anhydrous calcium
sulphite, and the effect of sintering as the temperature increased.
The effect of the electron beam at low temperatures on the structure
of the original crystals appeared to influence the subsequent changes
which occurred. The introduction of defects into the crystal
structure would tend.to aid the loss of water and sulphur dioxide
without causing a splitting apart of the original crystal form. The
dehydration carried out on the hot-stage showed that an increase in
surface area associated with this change was due to an increase in
surface irregularity rather than the formation of isolated new
crystallites, The sintering was clearly i1llustrated in the photo-
micrographs, where the corresponding reductions in specific surface
were shown to be due to (a) growth of the anhydrous calcium sulphite,
which remained undecomposed,.(b) growth of the newly~formed calcium
oxide. crystallites and (c¢) the concurrent reduction in surface
irregularities. The effect of the presence of calcium sulphate and
calcium sulphide could not be distinguished under the electron
microscope. 'To ascertain the degree of sintering of the products, it
would be necessary to determine the surface areas of samples which
had been heated for various periods at each temperature.

A mixture of calcium sulphite hemihydrate and gypsum, with. the
molecular ratio of 3CaSO3.§H20:ICaSOA.2H20, was also heated under
similar conditions for two-hour periods, and specific surfaces were

determined to give the results illustrated in Fig. 4.2.13. Comparison
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with those obtained previously from gypsum alonez, also given in
Fig. 4.2.13, and with calcium sulphite hemihydrate alone, showed that
the essential features of the three sets were similar, viz. increase.
in surface area due to dehydration followed by reduction in surface
area due to sintering. The increase in specific surface due to the
conversion of y-CaS0, to §-CaSQ, (anhydrite) caused a second peak in
the. pure gypsum curve and enhanced the second peak in the cur?e for
the mixture of gypsum and calcium sulphite hemihydrate. However, the
major factor in the increase in specific surface of this mixture
at 400°¢C compared to pure calcium sulphite hemihydrate was the presence
of the small crystallites of calcium sulphate formed by the
dehydration of gypsum.

The final desulphurisation reaction as shown by the TG and

DTA curves took place between 915° -and 990° C to give calcium oxide.

(b). _In nitrogen

The first step in the decomposition of calcium sulphite
hemihydrate when heated at 5% min_1 in nitrogen, flowing at 1 lmin_l,
was caused by dehydration between 345°C and 3960C, Fig. 4.2.3, and
there was a corresponding endothermic peak at 371°C in the DTA curve,
Fig. 4.2.4. The anhydrous calcium sulphite apparently then remained
stable up to 682°C, when a slow weight loss began which became more
rapid as the temperature .rose above 850°Cl The decomposition of
calcium sulphite by either reaction 4.11 or 4.13 would be endothermic,
but the DTA curve showed an exotherm commencing at 600°C and peaking
at 718°C, followed by an endotherm commenéing at 920°C and peaking
at 1033°C. Chemical analysis, Table 4.2.3, and examination of X-ray
diffraction patterns of samples confirmed that disproportionation, an
expthermié feaction, had occurred before the desulphurisation reaction

became dominant. The exotherm was therefore correlated with. the
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disproportionation reaction which occurred at the same time as the

slower breakdown of calcium sulphite to liberate sulphur dioxide. The

high—-temperature endotherm was formed by the conversion of the calcium

sulphate/calcium sulphide mixture to calcium oxide.

Table 4.2.3 Composition of samples of calcium sulphite hemihydrate

heated in N. at 5°C min

2

Temperature | % weight loss Percentage composition of calcined sample
°c less 6.98 Caso, Caso, CaS Ca0
620 0 99.6 0.2 - -
770 0.6 83.2 13.8 2.3 0.6
897 4.4 3.4 78.5 13.8 4.4
1074 42.9 - 23 1.9 74.9

(¢) In air

As in the cases above, the first reaction when calcium sulphite

hemihydrate was heated in air, flow rate 1 1 min-l, at 5°C min—l was

the loss of water, Fig. 4.2.5, accompanied by the absorption of energy,

Fig. 4.2.6. However, this was almost immediately followed by an

increase in weight as the anhydrous calcium sulphite was oxidised

to calcium sulphate

2CasS0, + O

3 2

——» 2CaSo0

4

4,

The oxidation was rapid as the temperature rose to 520°C, when 83.5%

of the original sulphite had been oxidised.

There was then only a

small degree of further oxidation up to 998°C.

The coating of

calcium sulphate formed reduced the rate of reaction with the inner

core of calcium sulphite.
disproportionation, to give a mixture of calcium sulphate and

calcium sulphide, as well as a small degree of dissociation to

This core of calcium sulphite underwent

calcium oxide. The slow increase in weight between 520°C and 998°C
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was due to oxidation of both calcium sulphite and calcium sulphide.

Cas + ,202 _— CaSOa 4,15

The oxidation commenced before the dehydration was completed,
as shown by the maximum weight loss of 6.62% compared to the
theoretical 6.98Z2. A sample of calcium sulphite hemihjdrate was
heated to 390°C before the furnace was removed and the balance
chamber evacuated, to prevent further oxidation; it was found
finally to contain 2.87 calcium sulphate. The oxidation of the.
calcium sulphite correlated with the large exotherm peaking at
467°c.

A number of samples of calcium sulphite hemihydrate. were.
isothermally heated in static air for two-hour periods at a series
of temperatures. The specific surfaces of the products were
determined gravimetrically, Fig. 4.2.14. Above 300°C dehydration
occurred and oxidation had begun at'350°C, Table 4.2.4. Oxidation
became increasingly important, as the calcination tempefatures
increased, until there was 100% oxidation at 500°C.

Table 4.2.4 Composition of samples of calcium sulphite isothermally

heated for two hour periods in air.

Temperature Composition of product %Zage conversion of CaSO3
cc %ZCaso ZCaso to CaSo
. 3 4 4
350 96.2 3.8 3.4
400 76.9 23.1 21
450 19.0 81.0 79
500 0 100 100

The maximum in specific surface, Fig. 4.2.14(a), corresponded
to the dehydration reaction and also the initial formation of

calcium sulphate at the y- to B—CaSO, transition temperature.

4
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However, further oxidation to calcium sulphate, together with a
greater degree of order in the anhydrous calcium sulphite, caused a
reduction in surface area so that the maxima in air occurred at a
lower temperature than "in vacuo", where there was no conversion to
calcium sulphate in this temperature range.

The calcium sulphate began to decompose at 1064°C and there
was a continuous weight loss as the temperature rose to 1096°C.

(d) TIn sulphur dioxide and nitrogen

In order to compare the relative importance of the oxidation
reactions 203803 + 02 — 2C.21SO£l 4.14

and 2CaSO3 + 802 —_ 2CaSOA + S 4.16
samples of calcium sulphite hemihydrate were heated in atmospheres
of nitrogen and sulphur dioxide with the overall flow rate being
1 lmin—l.l The TG results are illustrated in Fig. 4.2.7 and in
Fig. 4.2.8 two of the DTA curves are reproduced. Comparison with
results obtained by heating in air and -in a mixture of air and
nitrogen (shown by broken lines in Fig. 4.2.7) indicated that the
reaction paths were similar for comparable concentrations of oxXygen
and sulphur dioxide respectively. The only differences were that,
in the presence of oxygen, the rate of oxidation was greater, but
slightly smaller amounts of sulphite were converted ultimétely to
sulphate, as shown in Table 4.2.5,

Table 4.2.5 Degree'of oxidation of calcium sulphite in oxygen and

in sulphur dioxide

Gas composition Temperature at Zage conversion of

in volgme o completion of main CaS04 at end of main
° oxidation reaction oxlidation reaction

20.9 0,;79.1 N, 520°C 83.5

20.2 50,379.8 N, 610°C 87.3

4.2 0,;95.8 N, 680°C 77.8

4.5 50,395.5 N, 790°C 83.5
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Complete oxidation was prevented by the coating of calcium
sulphate formed hindering access of the gaseous oxidant to the
internal remnants of unreacted calcium sulphite. The formation of
an unreacted core would appear to have been an unlikely event based
on the original morphology of the calcium sulphite hemihydrate
crystals, which, as the electron micrographs in Fig. 4.2.11 and
4.2.12 show, were tabular. The packing of the samples in the crucibles
was also relatively open as indicated by the low sample weight
loaded, in relation to the volume occupied and the density of the
compound. However, on dehydration the samples in the crucibles
showed a very large reduction in volume, approximately 70Z, with
the sample having shrunk from the external walls and packed
closely about the central dimple. As oxidation proceeded the sample
became much harder, as neighbouring crystals were fused together
and effectively reduced the access of the oxidant in the later stages
of the reaction. The oxidation reaction involving sulphur dioxide
resulted in a gaseous product, sulphur, and the evolution of this
would tend to reduce the coherence of the sulphate coating, thus
allowing rather greater access of the gaseous oxidant to the sample
and hence a greater degree of conversion to calcium sulphate.

The reaction with 20.2 vol-7 sulphur dioxide came to an end
at 620°C and was followed by disproportionation of the unreacted
calcium sulphite, as indicated by the low, broad exotherm peaking
at 710°C, Fig. 4.2.8. 1In the presence of 20.9 vol-% oxygen, the
main oxidation reaction was completed by 520°C but a further slow
steady oxidation continued until the temperature reached 1000°cC.
There was also disproportionation, but the calcium sulphide formed
was partially oxidised to calcium sulphate. The corresponding

reaction with sulphur dioxide did not appear to occur though
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thermodynamically faQOurable at temperatures up to about 900°C95.

CaS + 2502 —_— CaSOh + S2 4.17

The presence of sulphur dioxide in the atmosphere of the
reaction chamber repressed the small amount of decomposition of
calcium sulphite (to calcium oxide) which, in nitrogen alone,
Fig. 4.2.3, occurred above 680°C, and only traces of calcium oxide
were found in samples heated to temperatures below 900°C. The
decomposition of calcium sulphate was also inhibited by the presence
of sulphur dioxide. The stability range of calcium sulphate,
compared to calcium sulphite, was extended at the lower temperature
end as well. At 398°C a sample heated in 20.6 vol-2Z SO2 contained
13.6%Z calcium sulphate, whereas a sample treated similarly in air
contained 2.8% calcium sulphate.
4.2.2 Discussion

A comparison of the results presented in section 4.2.1 with a
number of recently=-published studie586’93’96’97’98 on aspects of
the thermal stability of calcium sulphite indicates close agreement
with the results obtained by Aoki et 3196. They studied the
thermal stability in air and in nitrogen, up to 1500°C, of calcium
sulphite hemihydrate samples, prepared by several different methods.
Usipg micro-TG-DTA and X-ray powder diffraction methods, the rate
of oxidation in air was found to correlate with the size of the
original hemihydrate crystals, with the larger crystals having a
lower rate of oxidation and allowing more disproportionation to
occur. A comparison of the crystal sizes and shapes shown in the
published electron micrographs with the specimens used in the

present study indicated that comparable degrees of oxidation were

obtained for similar samples.
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Lutz and El Suradi86 state that their DTA and TG studies were
performed, in argon, up to 800°C, but the curves shown only continue
up to about 580°C. Therefore, only the dehydration step is
indicated with its associated endotherm.

Ingraham and Marier97 carried out DTA studies on CaSO3 in
streams of nitrogen, oxygen and sulphur dioxide, up to temperatures
of about 850°C. The fact that they started with anhydrous calcium
sulphite rather than the hemihydrate‘appears to be the major reason
for the marked differences in DTA results compared to the curves
reported in this thesis. In oxygen, they obtained an exothermic
peak at 540°C due to the oxidation of calcium sulphite (cf 467° in
Fig. 4.2.6) followed by a second larger exotherm at 700°C due to
disproportionation. It might be expected that there would be more
extensive oxidation in oxygen than in air. However, the dehydration
of CaSO3.O.5H20 produces an increase’ in surface area and number of
crystallites of anhydrous CaSO3 and this activated product begins to
react rapidly, sorthat oxidation is almost complete by 520°C. The
smaller crystallites would notrbe deactivated so rapidly by a surface
coating of sulphate, especially as the deactivation process apparently
requires the aggregation of particles, which is favoured by higher
temperatures. Ingraham and Marier did not state either how their
calcium sulphite was prepared or what its size characteristics were.
Similar differences are shown between their DTA curve in SO2 and
Fig. 4.2.8. Again the activation caused by the dehydration reaction
enhances the oxidation reaction, even though the concentration of
oxidant is lower.

Cubicciotti et 3198 measured the decomposition pressure of

calcium sulphite over the temperature range 723 - 767 K, by the

torsion-effusion method, using mass spectrometric analysis of the
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effusing gases to identify them. In the temperature range used only
reaction 4.11 was found, and the thermodynamically more favourable
reaction, 4.13, did not commence until the temperature reached

about 900 K.

CaSo -— Ca0 + SO ( = 98.5 kJ/mol) 4.11

o]
3 s (86050

6Cas0, —> 4CaS0, + 2Ca0 + S, (ac2

700 = 39.1 kJ/mole) 4.13

3
The higher activation energy for reaction 4.13 was explained by the
need to rupture six S-0 bonds compared to only one S-0 bond in

reaction 4.11.
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Figure 4.3.5 SrSO3 calcined in vacuo for 2h periods
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Figure 4.3.6 SrSO3 heated on electron microscope hot-stage

(a) At 26°C S A
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Figure 4.3.6
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Figure 4.3.6
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Figure 4.3.6

(g) Electron diffraction pattern at 741

(h) Electron diffraction pattern at 945°
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4.3 Strontium Sulphite

4.3.1 Results

Fig. 4.3.1 - 4.3.4 summarise the results obtained by the use
of simultaneous dynamic thermogravimetry and differential thermal
analysis, at heating rates of 59¢ min_l, in various atmospheres.
Strontium sulphite differed from magnesium and calcium sulphite in
not forming an hydrated compound, thus, there could be no
activation of the anhydrous sulphite caused by the break up of the
hydrated structure.
a) 1In vacuo

Desulphurisation commenced at 41500, Fig. 4.3.1(a) and
continued to 550°C with a weight loss of 2.6%, which was equivalent
to 6.8%2 of the strontium sulphite decomposing to form strontium
oxide, (i}, while the remainder disproportionated, (ii).

(1) 5150, ——> Sr0 + SO, (ii) 4SrS0, —— 35r50,+ SrS  4.18

There was very little further weight loss until thé temperature
reached 870°é when slow decomposition occurred, becoming more rapid
above 975°C. Complete decomposition to strontium oxide was not
achieved at the highest temperature reached, 1088°C.

3SrSO4 + SrS —— 4Sr0 + 4302 4.19

The DTA curve, Fig. 4.3.1(b), showed that the initial
decomposition reaction was accompanied by a broad endothermic peak
between 460°C and 540°C. There was a small exothermic peak at
808°C which was not associated with any weight change, followed by
an endothermic drift as the final decomposition reaction became
dominant.

Samples of strontium sulphite heated isothermally for two-hour

periods confirmed the concurrent nature of the desulphurisation and
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disproportionation reactions. The analyses of the products are
given in Table 4.3.1 and the weight losses are shown in Fig. 4.3.1(a).
The specific surfaces of these samples were also determined,
Fig. 4.3.5. The high surface area of the original strontium
sulphite, due to its rapid precipitation from solution, was in
marked contrast to the low surface areas of the more slowly grown
hydrated crystals of magnesium and calcium sulphite. The specific
surface was raﬁiély reduced with increase in temperature, and the
small degree of initial decomposition, to strontium oxide, was not
sufficient to outweigh the sintering effects promoted by the crystal
lattice rearrangements associated with disproportionation. Similarly
at 984°C the freshly formed strontium oxide was quickly reduced in
activity.
The specimens of strontium sulphite examined, using hot-stage
electron m;croscopy, illustrated some of the changes discussed,
Fig. 4.3.6(a) - (h). The crystals heated to 335°C, (b), had under-
gone some changes which were marked by a tendency to occupy a
smaller volume, thus producing larger gaps between aggregates and
a "smoothing'" of some of the edge features. With the temperature at
616°C, (c), the thinning of many crystallites was noticeable as
was the reduction in area of the aggregates. Photomicrograph (d),
taken at 807°C, showed strain lines on the carbon film consequent
on the changes which had taken place causing a further reduction in
the volume of the aggregates. The final two transmission electron
photomicrographs (e) and (f), taken at 945°C and 949°C respectively
with a time interval of 38 minutes, showed extensive "decrepitation"
as well as sintering. The small particles on the carbon film were

close to or at their melting point and in some cases could be seen
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Table 4.3.1 Composition of strontium sulphite samples heated for two hour
periods, at various temperatures, 'in vacuo".
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to move over the surface of the film. In the larger masses used
for the thermogravimetric studies, these smaller particles, if
formed, would be rapidly reincorporated in the larger aggregates
thus reducing the specific surface. Changes in phase composition
were confirmed by changes in the electron diffraction patterns
obtained, Fig. 4.3.6(g) and (h), taken at 741°C and 949°C
respectively, which showed diffraction rings of different
relative diameters for the same microscope settings. The
"spottiness' of the rings indicated that the diffracting
crystallites were relatively large, though in (h) the diffuseness
of some of the rings showed that some of the newly-formed strontium
oxide crystallites were very small.
b) In nitrogen

In the presence of nitrogen, Fig. 4.3.2, the decomposition
of étrontium sulphite to form strontium oxide commenced at a higher
temperature, 507°C, than "in vacuo", 415°C, and also proceeded less
rapidly. The decomposition had virtually ceased by 745°C, but
further reaction began above 1007°C. The DTA curve differed from
that obtained in vacuo, Fig. 4.3.1(b), by having a broad exotherm
between 434°C and 5850, with a small initial peak at 44800,-due
to the disproportionation reaction. The second larger exotherm
commencing at 755°C, and peaking at 79600, must have been due to
some phase change, because the exothermic dispropoftionation
reaction was virtually completed at this temperature and therefore
could not be responsible for such a relatively large peak.
¢) In air

Strontium sulphite was oxidised to strontium sulphate when
heated in air as shown by the increase in weight, Fig. 4.3.3(a),
commenclng at 351°C and continuing to 565°C.

25rS0, + O

3 g T SrSO4 4.20
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The rate of weight increase became very slow until the temperature
reached 895°C when a rather more rapid increase occurred as the
strontium sulphide, formed by disproportionation, was oxidised.

SrS + 202 _ SrSO4 4,21
When the initial oxidation step was complete, 78.5Z of the strontium
sulphite had‘been oxidised with the remaining sulphite
disproportionating to give a mixture of strontium sulphate and
sulphide. Above 1060°C there was a small amount of dissociation of
the sulphate

SrSOa — Sr0 + SO3 4,22

A sample of strontium sulphite heated in air at 5% min-l, to
578°¢C (the system was then evacuated and cooled rapidly to prevent
further oxidation) was found to have increased in weight by 7.51%

and to contain 96.4%7 SrS0, and 3.5% SrS. This corresponded to 78.77

4
of the original strontium sulphite being oxidised and 21.37%
disproportionating.

The DTA curve, Fig. 4.3.3(b), showed a series of rather low
exothermic peaks between 361°C and 735°C, though the peak at 445°C
was somewhat sharper. These corresponded to the oxidation and
disproportionation reactions. The oxidation of the strontium sulphide
produced a small peak at 899°C, and again there was the exotherm,

peaking at 804°C, shown "in vacuo" and in nitrogen.

(d) In sulphur dioxide and nitrogen

Strontium sulphite was oxidised by sulphur dioxide as well as
by oxygen
4SrSO3 + ZSO2

There were, however, a number of differences in the extent of the

— 451’504 + 52 4.23

reactions.
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With the concentrations of sulphur dioxide used, namely
5.1 vol-% and 2.8 vol-7%, the start of the oxidation reaction was at a
higher temperaturé, Fig. 4.3.4(a), than in air, Fig. 4.3.3(a), but
with the 5.1 vol-Z 502 mixture the reaction proceeded more nearly
to completion as the temperature rose to 876°C. As in the equivalent
reactions with calcium sulphite, the formation of sulphur as a
gaseous product prevented the sulphate coating from becoming too
coherent and so allowed the sulphur dioxide to penetrate the inner
layers of the aggregates. The reaction between strontium sulphide was
also favourable so the oxidation went almost to completion.

SrS + ZSO2 —_— SrSO4 + 52 4,24
These reactions produced corresponding low exotherms on the DTA
curve, Fig. 4.3.4(Db).

The rate of oxidation with the 2.8 vol-% S0, mixture was lower
than with 5.1 vol-% SO2 and the reaction élmost ceased at 788°C when
73.8% of the original strontium sulphite had been oxidised. The
slower formation of sulphur had apparently allowed a more coherent
sulphate coating to build up which prevented the weaker sulphur dioxide
mixture from penetrating and reacting with the strontium sulphide formed
by disproportionation.

4.3.2 Discussion

The disproportionation of strontium sulphite has been found to
be more important than the dissociation reaction, as shown by the
small quantities dissociating fin vacuo" and in nitrogen. Oxidation
by oxygen and sulphur dioxide were both éxtensive reactions when the
respective gases were present in sufficient concentrationms.

The results obtained were in.geﬁeral agreement with the isothermal

studies of Cola and Castellari Bisiaa, i.e. disproportionation being
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the major reaction in nitrogen between 450°C and 800°C. The degree

of dissociation found in the present work was somewhat higher, maybe
due to smaller-samples being used. The only other experimental work
which appears to have been recently published on the thermal stability
of strontium sulphite is that of Lutz and El Suradi86, who used an
argon atmosphere in their TG and DTA apparatus. They do not illustrate
their results and only report a broad endotherm at 560°C, which they
equate to the disproportionation reaction. This result does not
correspond to the findings reported in section 4.3.1, where the
disproportionation reaction was shown to be exothermic. They report

a similar result for barium sulphite which again is not in agreement
with either the results reported in section 4.4.1 or those obtained

by other workershs. Decomposition of strontium sulphite, and of
barium sulphite, to form the oxide is an endothermic reaction;
however, Lutz.and El Suradi do not report that any decomposition
occurred. As discussed in Chapter 3, the X-ray powder diffraction
pattern of Lutz and El Suradi's strontium sulphite sample indicated

that it contained an appreciable quantity of strontium sulphate.
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Figure 4.4.5 BaSO, heated on electron microscope hot-stage

3

]
(a) At 25°C .
-
(b) At 348°% . i
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Figure &4.4.5

(c) At 383°%

(d) At 519°C
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Figure 4.4.5
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(e) At 551°%C

[

(£) At 620°C —_
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Figure 4. 4,5
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4.4 Barium Sulphite

4.4.1 Results

Fig. 4.4.1 - 4.4,4 indicate the thermal stability of barium
sulphite as determined by the use of simultaneous dynamic thermo-
gravimetry and differential thermal analysis, at heating rates of
5%¢ min-l, in various atmospheres. Barium sulphite, like strontium
sulphite, did not form an hydrated compound and the thermal stabilities
of the two compounds were similar.

(a) "In vacuo"

Decomposition of barium sulphite to form barium oxide began at
549°C, Fig. 4.4.1(a),

BaSO3 —_— Ba0 + SO2 4.25
This decomposition reaction was not very rapid and became even slower
above 725°C. At that temperature 6.257% had dissociated and by 959°¢C
the amount dissociated had only risen to 7.64%. The DTA curve,

Fig. 4.4.1(b), showed a small endotherm with a peak at 580°C associated
with the onset of this dissociation reaction.

The small degree of desulphurisation was due to the competing
disproportionation reaction which occurred over the same temperature
range and gave an exothermic DTA peak at 730°C.

laBaSO3 — 3Ba804 + BaSs 4.26
Samples of barium sulphite were heated isothermally for two-hour
periods at a number of temperatures, Fig. 4.4.1{a), and they too
only showed a small degree of dissociation, Table 4.4.1.

They also gave indications that some of the barium sulphite was

dissociating by a mechanism that produced free sulphur

BaSO3 — Ba0 + SO2 4.25
433503 + ZSO2 —_ 4BaSO4 + 52 4,27
(4.25 + 4.27) 6BaSO3 4 £+Baso4 + 2Ba0 + S2 4,28
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Table 4.4.1 Composition of samples of BaSO3 isothermally heated for

2 h periods "in vacuo"

Tempgrature Weight Percentage composlition
C loss Z BaSO3 BaSOA BaS Bao S=
586 2.93 74.6 14.7 1.3 9.3 c.1
687 2.93 26.2 54.0 10.8 8.8 0.2
3900 2.98 0 75.2 16.1 8.8 -

*Determined by difference

The samples heated to 586°C, 649°C, 687°C and 749°C, respectively,
consisted of coarse grained, loosely fused pellets with a yellow or
red-brown spotted appearance to the upper layers but with white
interiors and bases. Portions of the coloured coating were scraped off
and extracted with carbon disulphide. Evaporation of the solution on
a microscope slide produced some pale yellow crystals which melted at
116°C on the hot stage of the optical microscope;

The smaller percentage of barium oxide in the product at 900°C,
compared to the lower-temperature samples, was due to the dissociation
occurring mainly by loss of sulphur dioxide, reaction 4.25, rather
than by loss of sulphur, reaction 4.27. The theoretical ratio of
Zsulphate to Zsulphide due to disﬁroportionation is 4.13:1 whereas
the ratios found were 4.68:1 at 900°C; 5.0:1 at 687°C; 11.6:1 at
586°C. The excess sulphate was due to decomposition by reaction 4.28.

The specific surfaces, Table 4.4.2, of these isothermally heated
samples decreased very markedly with increase in temperature.

Crystals of barium sulphite were heated on the hot-stage in
the electron microscope, Fig. 4.4.5(a) - (h). The changes in crystal
form and electron opacity indicated that reactions were occurring
steadily from 348°C, (b), up to 7770C, (h), with the arrowed crystals
showing these changes particularly clearly. The reaction proceeded
somewhat more rapidly at about 600°C (cf (e) and (f)).
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Table 4.4.2 Specific surfaces of samples of barium sulphite isothermally

heated for 2 h periods "in vacuo".

Temperature °c Specific surface ng-1
Original sample 43.2

463 1.1

586 1.0

649 0.7

687 0.5

749 0.1

900 0.3

975 0.1

No further reaction was noted above 777°C. Photomicrograph (h)
showed that decomposition and disproportionation had produced
crystals of similar sizes to the original barium sulphite, (a), but
thinner. The marked increase in the number of crystallites shown by
magnesium and calcium sulphites was not found, indicating less
disruptive lattice changes. The dispérsal of the crystals on the
carbon film prevented them fusing together to give the coarse
aggregates found with the larger samples used in thermogravimetric
studies. |
(b) In nitrogen

The decomposition of barium sulphite, to form barium oxide,
brought no measurablé weight change until 727°C, Fig. 4.4.2(a).
The slow weight loss continued up to 970°c, by which temperature
it had reached 2.18Z, equivalent to the desulphurisation, as

sulphur dioxide, of 7.47 of the original barium sulphite. However,
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samples removed at temperatures below 800°C contained traces of
sulphur indicating that both desulphurisation mechanisms had been
in operation. The DTA curve, Fig. 4.4.2(b) contained an exothermic
peak at 686°C, associated with the disproportionation reaction,
followed by a small endotherm, peaking at 731°C, associated with the
onset of desulphurisation.
(¢) In air

Oxidation of barium sulphite began at 34200, Fig. 4.4.3(a), and
continued to about 530°C when 79% of the original barium sulphite
had reacted.

2BaS0O + 0 ——> 2BaSo0o

3 4 , 4.29

2
The oxidation reaction produced a coherent coating of barium

sulphate which prevented access of the oxygen to the inner zone of

the original barium sulphite crystals. The unoxidised barium sulphite

disproportionated and the barium sulphide, so formed, was also protected

from reaction with oxygen so that virtually no oxidation occurred as

the temperature rose to over 1000°C. The oxidation reaction produced

a large exotherm between 320°C and 53006, peaking at 427°C with a

shouldeF at 457°C, in the DTA curve, Fig. 4.4.3(b). The shoulder

presumably indicated that the oxidation was occurring by more than a

single-step process.

(d) In sulphur dioxide and nitrogen

The oxidation of barium sulphite by sulphur dioxide commenced
at about 365°C, Fig. 4.4.4(a).

4BaS0 + 280 ——> 4BaS0, + S

3 5 4 4.30

2
The reaction proceeded more rapidly in the higher concentration
of sulphur dioxide (5.3 vol-Z) until 53% of the barium sulphite had

o . .
reacted, at 470 C, when the rate of oxidation became very much slower

due to the build-up of sulphate coating. The oxidation finally
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ceased at about 755°C, by which temperature the internal barium sulphite
had largely disproportionated to a mixture of barium sulphate and
sulphide. The great degree of sintering which these mixtures of barium
compounds undergo was sufficient to prevent contact between the
oxidising atmosphere and the barium sulphide.

The 2.4 vol-Z SO, atmosphere initially produced less extensive
oxidation, 23.47% barium sulphite at 457°C, but the oxidation
continued at a reduced rate up to 895°C with 48.0% of the barium
sulphite oxidised; the sulphite coating had by then built up to a
sufficient thickness to prevent further reaction.

Similar DTA curves, Fig. 4.4.4(b), were obtained with an
exotherm corresponding to the oxidation reaction peaking at 473°%C,
in 2.4 vol-% $0,, and 469°C, in 5.3 vol-% 50,.
4.4.2 Discussion

Asvwith strontium sulphite the disproportionation reaction of
barium sulphite was more important than the desulphurisation reactions.
The desulphurisation of barium sulphite took place by two mechanisms,
reactions 4.25 and 4.28, leading to the emission of noticeable
quantities of sulphur as well as sulphur dioxide.

80,99 . . .
’ have carried out extensive studies of the

Mocek and Erdas
kinetics of disproportionation of barium sulphite at temperatures
between 600°C and 70000, in nitrogen. They found that the rate was
slow below 670°C and was increased by the presence of water vapour.
A reaction mechanism proposed by "Nechkovskij" (Pechkovskii} and

100 . . . . ) .
Ketov was mentioned, but not discussed in relation to their results.

The reaction series was:

BaS0, —— BaO + SO, 4.31
213aso3 + so, — ZBaSOt' + 552 ‘ 4.32
2Ba0 + 3/2 s, —> 2Bas + 30, 4.33
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Though Mocek and Erdos stated "It is possible to explain the catalytic
effects of the water vapour by that the water vapour acts as an

' it is not

oxygen carrier and thus supports the disproportionation.’'
clear to which step they are referring the need for an oxygen carrier.
Further discussion of the mechanism will be made in section 4.5.
The results obtained in the present work were similar to those
. . . . . . .44
obtained in the isothermal studies of Cola and Castellani Bisi ,
carried out in nitrogen, and the DTA results, in argon, of
.. 45 . . .
Pechkovskili and Ketov ~. As mentioned in section 4.3.2, the
.8 . . .
endotherm, stated by Lutz and El1 Suradi 6 to be due to disproportionation,
must have been caused by a dissociation reaction. Whether an endotherm

or exotherm is obtained depends upon the relative rates of dissociation

(endothermic) and disproporticnation {(exothermic).
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4.5 General Discussion

The results obtained from studies of the thermal stabilities
of the alkaline earth metal sulphites are summarised in Tables
4.5.1 = 4,5.4,

Considering firstly the reactions "in vacuo" and nitrogen, the
extent by which the sulphites decompose by eitheér loss of sulphur
dioxide, equation 4.34, or by disproportionation, equation 4.35,
varies with the alkaline earth metal.

MSO — MO + SO 4.34

3 2
4MS0 —> 3MSO, + MS 4,35

3 4
The equation for the disproportionation reaction appears to be very
unlikely to be an expression of how the reaction actually occurs.
Equation 4.35 requires four solid-state species to interchange oxygen
atoms and then migrate to form separate crystalline regions of
sulphate and sulphide which are largé enough to give clear X-ray
diffraction powder patterns. If there was little or no migration the ~
diffraction patterns would be either of an amorphous substance or
show line broadening.

The same mechanism for the disproportionation reaction has been
proposed by Pechkovskii and Ketovloo, for barium sulphite (see section
4.4.2) and by Tarradellas and Bonnetain93,'for calcium sulphite. The
latter authors heated a sample of calcium sulphite, in helium, in
a closed container, attached to an X-ray diffractometer, from 3500C to
950°C. The X-ray traces obtained indicated that calciuﬁ oxide was
formed in increasing amounts up to about 650°C and the quantities present
then decreased as the temperature rose further. At the same time
there was a corresponding increase in the amounts of calcium sulphate

and sulphide. As a result, they proposed that the following series of
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Table 4.5.1 Surmary of TG results obtained when Hgso3.6H.20 vas heated at 5°C min~

in various atmospheres

1

Temperature %
Dehydration Sulphate formation Desulphurisation of
Atmosphere .. .

No. of mols H,0 remaining| Primary | Secondary | Non-sulphate Hgso,

6 3 <0.5 0 compounds

"in vacuo" 25 198 | 230 [230)-387

=531
Nitrogen 54 114 215 350 300-576 [350])-437 819-
=576 1002
Air 57 i15 220 (340) (320)- (300)- (340)- 883~
600 (600) (600) 1022
2.8 volX 502 59 114 213 (350) (320)- (300)- (350)- 890-
in N, 615 (615) 615 1038
20.9 volt 50,| 59 | 1l4- 222 | (350) (320)- (300)- (350)- 965-
157 590 (590) 590 (1100)

Temperatures indicated: estimated

initial temperature, but only slight decomposition

Primary sulphate formation due to reactions with intreduced atmosphere

(i) Mgs0, + O,

(ii) ZMgSO3 + S0

—_— ZMgSO4

] ZHgSOA + 5

Secondary sulphate formation due to reactions not directly dependent upon introduced

atmosphere

(i) HgSOa

(ii) 4Mgso,

—  Mp0

—

302

2MgS0
——

3

eSO, + MgS

182

2Mg50, +

[

S




Table 4.5.2 Summary of the TG results obtained when Ca303. 5“20 was heated at 5°C win

in various atmospheres

1

)
Temperature C
Atoosphere Dehydration Sulphate fomation .Dewlplmnsanon of
Initial Pinal Digpropor- Ozidation Sulphite Non-sulphite
tionation compounds
"in vacuo" 329 393 (600)-740 540-740 915-9%0
Nicrogen 345 396 (600)-900 [682)-850 (925)->1075
-(925)
Air 343 395 (600) - {(385)-520 ([682])- 1064->1096
(900) -[998] ({900])
2.8 voH SO, 343 399 (600) - 450-920 ([700])- 940->1055
in N, (900) ([990])
4.5 voR 502 343 (399) (600)- (375)-79%0 {[700])- »1020
in Ny (900) ([800])
20.2 volf SO2 344 (399) (600)- {360)-610 ([700])- >1068
in N, (800) ([8co])

Temperatures indicated ( )} estimated

[ 1 only slight reaction
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Table 4.5.3 Summary of the TG results obtained when SrSO, was heated

o . -1 . .
at 5 C min in various atmospheres

3

Temperature °c
Atmosphere Sulphate formation Desulphurisation of
Dispropor- Oxidation
tionation Sulphite | Non-sulphite
compounds
"in vacuo" (434)-(870) 415-550 [870]-975
-[870] _=>1088
Nitrogen 434-(1007) 507-745 [1007]-
-([1007}) »1050
Air (434)-(578) 351-565- 1060-
[895]-1060 >1082
2.8 vol% SO2 (434)-(600) 392-788
in N2
5.1 vol% SO2 (434)-(578) 390-876 1050-
in N2 >1060

Temperatures indicated

( ) estimated

[ ] only slight reaction
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Table 4.5.4 Summary of the TG results obtained when BaSO3 was heated

at 5% min-1

in various atmospheres

Temperature °c
Atmosphere Sulphate formation Desulphurisation of
Dispropor- Oxidation Other S
tionation Sulphite Compounds
"in vacuo" (500)-959 549-725
-[959]
Nitrogen {500)-970 727-970
Air (500)-(725) 342-530
-[1001]
2.4 vol% 502 (500)-(800) 367-457
in,N2 =895
5.3 vol 502 (500)-(755) 365-470
in N, =[755]

Temperatures indicated

( ) estimated

[ ] only slight reaction
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reactions were occurring:

2CaSO3 —_— 2Ca0 + ZSO2 4,36
6CaSO3 + 3SO2 R 6CaSOa + 3/252 4.37
2Ca0 + 3/2 S2 — 2CaS + So2 4.38

The attractive feature of this mechanism is that it contains gaseous
molecules, sulphur dioxide and sulphur, which could diffuse rapidly
through the solid lattice and so promote the transfer of material.
However, these equations must only represent the overall reactions,
with the actual individual steps involving fewer species.

The first step, 4.36, is identical with the dissociation
reaction, 4.34, and involves the breaking of one S-0 bond to release

the SO, molecule and leave the remaining oxyger co-ordinated to the

2
metal ion. A study of the structure of calcium sulphite hemihydrate
shows that it contains '"channels" perpendicular to the ac plane,

Fig. 4.5.1, which seem suitable for the promotion of the reaction

series proposed. It is assumed that the structure of anhydrous

calcium sulphite is very similar to that of the hemihydrate, as the

loss of water causes very little difference to the cell parameters

as determined from the X-ray powder patterns, and that the other
sulphites also have similar structures (see Chapter 3). The "channels"
are bounded by six Ca2+ ions each cénnected to sulphite groups via
oxygens. The breaking of one $-0 bond would free a SO2 molecule and
allow it to come in contact with other sulphite groups in the "channel".

The arrangement of groups around the 'channels" is such that the

pyramidal SO 2= species have their apical sulphur atoms directed

3
towards the centre of the '"channel” so that oxygen could be bonded
to this sulphur to form the tetrahedral 5042- group, the oxygen being

dominated by the 802 molecule. The resulting SO could react similarly
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‘Figure 4,5.2 Possible reaction steps involved in the thermal

decomposition of alkaline earth metal sulphites
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with another SO 2= group forming sulphur. It is of interest to note

3
that Papazion et a1101

have reported the presence of S0, as well as
§0,, in the effluent gas from the vacuum decomposition of calcium
sulphite. The reacting sulphur could then (a) combine with another
sulphur atom to form a diatomic molecule, which could escape from the
structure; (b) exchange with an oxygen attached to the Ca2+ to form
calcium sulphide; (c) react with exchanged oxygen to form sulphur
dioxide (or monoxide); (d) bond to the sulphur of a 5032! group to form
a tetrahedral thiosulphate, 52032-, group. This series of reaction

steps would appear to be capable of producing a number of related

mechanistic pathways by which the formation of all the phases found in

the studies of the thermal stabilities of the alkaline earth metal

sulphites in inert atmospheres can be explained. The following

equations, and Fig. 4.5.2, summarise the proposed mechanisms:

MOS0, —> MO + SO, 4.39
M0,S + S0, —> MOS0 + S 4.40
or M0,§ + S0, —> M0;50 + SO 4.40A
and MO,S + SO —> MOS0 + S | 4.40B
MO + § ——» MS + O _ 4,41
MO,S + S ——> MOS8 442
MO,5 + O —— 0,50 4. 43
s + 0 —s s0 — so, 4.44

Relating these reactions to the .results obtained from each of the
sulphites studied:

(i) Magnesium sulphite. "In vacuo" reaction 4.39 is dominant, but

in nitrogen the slower loss of sulphur dioxide and the higher temperature

required enables reactions 4.40, 4.42 and 4.45 to proceed and produce

magnesium sulphate, magnesium thiosulphate and sulphur as well as the

189



major products, magnesium oxide and sulphur dioxide. Reaction 4.41 only
occurred to a very small extent presumably because it has a high
activation energy and the temperature did not reach a high enough
value before all the magnesium sulphite had decomposed. Schwitzgebel
and Lowell90 point out that the free energy change for the overall
disproportionation reaction is favourable for the reaction to occur,
but that the rate is negligible below 600°C. The free energy change
for reaction 4.418, at 480°C, is about +186 kJ:nole.1 which is not
very favourable, even making allowance for the fact that on the
molecular scale the species involved are likely to be more reactive.
(ii) Calcium sulphite. The temperature required to initiate reaction
4.39 is higher and as a result the species involved in reactions

4.40 and 4.41 are more activated, resulting in disproportionation

becoming the major reaction in nitrogen.

(iii) Strontium sulphite. The formation of sulphate and sulphide is

even more favoured than with calcium sulphite, so that even "in vacuo"
only about 10% of the sulphur dioxide is removed by reaction 4.39.
(iv) Barium sulphite. The replacement of oxygen by sulphur is not
so favoured, as in the case of strontium, below 800°C and this
results in the evolution of sulphur as well as sulphur dioxide.

In the presence of oxygen or sﬁlphur dioxide, a second group
of reactions, i.e. oxidation reactions, compete with the thermal
decomposition reactions considered above. The extents of the
oxidation reactions in the presence of either oxygen, 4.46, 4.47,
or sulphur dioxide 4.48, 4.49 are very similar for corresponding

concentrations of oxidant.

ZMSO3 + O2 _ 2MSO4 4.46

MS + 202 MSO4 4. 47

4MSO3 + ZSO2 —_— 4MSO4 + 52 4,48

MS + ZSO2 —_ MSOQ + S2 4. 49
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The degree to which oxidation occurs with the various alkaline
earth metal sulphites is controlled by the extent of the decomposition
reaction 4.34. The lower the temperature at which decomposition to
oxide occurs the less sulphite, or sulphide, there is to be oxidised;
therefore, the degree of oxidation is low for magnesium sulphite and
high for strontium and barium sulphite.

Examination of the results of this study with a view to-the
possible utilisation of alkaline earth metal compounds in cyclic processes
of flue gas desulphurisation (in which the oxide is converted to sulphite
and then regenerated by thermal decomposition), indicates that
magnesium sulphiie is the only possibility using temperatures of about
1000°C, or less. However, calcium sulphite would also decompose in
this temperature range ''in vacuo". The disproportionation and
oxidation reactions, which would accompany sulphite formation and
thermal decomposition reactions, proddce sulphates and sulphides with
greater thermal stabilities than the sulphites. The result is that
the thermal decomposition of the sulphite, to form the oxide, is not
an exclusive reaction and thermal decomposition alone, at temperatures
below IOOOOC, cannot be used to regenerate an alkaline earth metal
oxide absorbent. The commercial applicability of these reactions is

discussed in Chapter 6.
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CHAPTER FIVE

REACTIVITY OF SOME ALKALINE EARTH METAL COMPOUNDS WITH SULPHUR DIOXIDE

5.1 Dynamic Thermogravimetric Studies

A number of solid reactants were heated in atmospheres
containing sulphur dioxide in order to determine the changes in
reactivity which occurred. The following solids were used:

(a) Calcium oxide - prepared by calcining BDH calcium carbonate,
in air, at 925°C for three hours.

(b} 1ICI quicklime - a commercially produced quicklime.

(c) Calcium hydroxide, BDH.

(d) Limbux - an hydrated lime produced by ICI for industrial use.

{(e) Calcium carbonate, BDH.

(f) Limestone - a Carboniferous limestone quarried by ICI from their
Tunstead Quarry in Derbyshirei

(g) Magnesite.

(h) Dolomite - quarried by Steetley.

(i) Strontium carbonate, BDH.

(3) Barium carbonate, BDH.

The specific surfaces of the solids are given in Table 5.1.1.

The atmospheres under which the reactions were carried out, in
the Mass-flow balance, were produced by mixing the required gases and
controlling the flow-rates with valves and rotameters. The
atmospheres used were (a) 2 volume-Z sulphur dioxide in nitrogen;

(b) 0.8 volume-Z sulphur dioxide in nitrogen; (c) 0.8 volume-Z sulphur
dioxide, plus 8.2 volume-% oxygen, in nitrogen; (d) nitrogen alone.
Heating rates were 5°¢ min-1 and flow rates 1 lmin_l.

The majority of published TG studies (see for example Borgwardtao;

Coutantloz; Chanll; Marrier103; Jamesloa) have employed isothermatl
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Table 5.1.1 Specific surfaces of samples used in TG studies

Specific surface
Sample 2 -1

m'g
Calcium oxide 5.0
ICI quicklime 0.8
Calcium hydroxide 4.9
Limbux 14.2
Calcium carbonate C.7
Limestone 0.5
Magnesium carbonate . 0.6
Dclomite 0.4
Strontium carbonate 0.8
Barium carbonate 4.7

193



conditions and, usuglly, the materials have been pre-calcined, i.e.
reactions between oxides and sulphur dioxide have been studied. As
interest was directed towards determining the relative rates of
reaction at temperatures lower than those found in the furnace, dynamic
TG methods had the advantages that they would (i) allow a comparison
of the relative rates of reaction at different temperatures to be
conveniently made on the same sample; (ii) give an indication of the
reactions which could occur during the period a cold particle was
raised in temperature up to that of the hot gas into which it was
injected.

It was found that simultaneous DTA and TG measurements did not
provide much more useful information. The sulphur dioxide reaction
rates were in many cases insufficient to give a marked temperature
difference between the sample and reference material. Also, the type
of sample container influenced the reaction rates. The coﬁparatively
narrow and deep crucibles (radius 2.75 mm) necessary for DTA
measurements, resulted in reduced reaction rates compared to those
found with wider, shallower crucibles (radius 5.75 mm) suitable for
TG measurements. This effect is illustrated in Fig. 5.1.1 for the
reaction between 2 volume-% 502 and Limbux. In (a) the actual
measured percentage weight changes, have been plotted, and in (b)
the weight changes have been adjusted to make allowance for the
breakdown of calcium hydroxide to form calcium oxide, plus the
decomposition of the small quantities of calcium carbonate also present.
The wider container allowed the dehydration of the calcium hydroxide
and the reaction with sulphur dioxide to proceed freely at the same
timé, whereas in the narrower DTA container the slower rate of
sulphurisation was not sufficient to compensate for the loss in weight

due to dehydration between 400°C and 500°C. The overall result was
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Figure 5.1.1 Effect of crucible type on reaction of Limbux with

2volume-2502, heating rate 5°C mi.n'-1
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Figure 5.1.2 Reaction of Ca0 with so,
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Figure 5.1.3 Reaction of I.C.I, quick-lime with SO

o

(%)

Weight loss

g
Q

)
., O

2

I.C.I. CaC +
I.C.I. Ca0 +
I.C.I. Ca0 +
I.C.I. Cab +

300 500 700
Temperature °C

2volume--ZSO2 in nitrogen

0.8volume-7.502 in nitrogen

0.8v01ume-ZSO2 + 8volume-%Z0

nitrogen

2

900 1100

in nitrogen

Heated at 5°C min-l. Gas flow rate 1 min-1

197

50

40

30 ~
be

(

20

10

Adjusted weight gain



Figure 5.1.4 Reaction of calcium hydroxide with SO2
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" 'Figure 5.1.5 Reaction of Limbux with SO2
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‘Pigure 5.1.6 Reaction of CaCO_, with SO
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Figure 5.1.7 Reaction of limestone with 502
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Figure 5.1.8 Reaction of magnesium carbonate with SO
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‘Figure 5.1.10 Reaction of strontium carbonate with S0
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Figure 5.1,12 Rates of uptake of SO2 by various alkaline

earth metal compounds
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--Figure-5,1;12
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Table 5.1.2 Maximunm rates of weight increase shown by samples heated in the presence of

sulphur dioxide

Gas mixtures

Solid
: 0.8 volf SO, +
reactant 2 volX 502 + Nz 0.8 vold 502 + Hz 8.2 voll oz . "z
Temp{ Rate®|Temp.|Rate* | Temp.| Rate*|Temp.|Rate* | Temp.| Rate*|Temp.| Rate*
oc oc oc oc oc oc
Calcium in 650 315 594 311 714
oxide =321} 1.1 |-676 |2.1 -325] 0.57 |-689 |1.3 ~330 | 0.4]1 §-747 | 1.4
1.C. 1. 415 710 434 755 412 678

Quieklime | -429| 0.44 |-740 |0.39 =457 | 0.39 |-780 |0.31 =433 |0.41 |-708 |0.32

Caleium 311 457 301 467 301 464
hydroxide =326] 0.59 |-494 |1.3 =331 | 0.41 |~549 |]0.76 =336 | 0.16 |-831 | 0.65
Limbux 311 467 309 453 306 476 |
=331| 0.96 |-504 |1.3 ~-321]1 0.77 |-460 |1.1 =331 |0.63 |~549 1.0
Calcium 672 832 714 804 710 792
carbonate ~755| 0.34 |-852 |0.69 -735] 0.45 |-836 (1.0 =720 |0. 13 |-828 | 1.2
Limestone | 646 m 650 771 651 800

=697} 0.17 |-832 |0.69 -663{ 0.19 |-784 |0.57 -667 | 0.18 |-880 | 0.61 °

Magnesite [ 330 439 745

=-351| 0.02 -480 | 0.02 |-828 | 0.14
Dolomite 321 697 321 765 696 842

=334} 0.08 {-752 [1.3 =346 | 0.04 |-787 {0.45 -764 ]0.17 |-863 | 0.57
Strontium | 705 667 966 747
carbonate | -739| 0.56 ~864 | 0.22 [-999 |0.34 -808 {0.47
Barium 531 659 549
carbonate -567] 0.45 -697 ] 0.32 -629 | 0.32

*Rate expressed as weight increase per 100 mg solid renctant per minute
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Table 5.1.3 Comparison of adjusted weight increases, utilisation factors and decomposition

teoperatures of solid absorbents

Gas mixtures
Solid 2 véiZ 50, + N, 0.8 volZ 50, + N, 0.8 volZ S0, +
8.2 volX 0z + NZ
reaceant
l'ha.x.A Z-B Decanp. Max. A 2_B Decomp. Hn.A 2_5 Decaap.

wt. S0 temp. wt. 504 temp. vt. 50 tenp.

incr. |convers. oC incr. | convers. oC incr. |convers. oc
‘Calcium i
oxide 70.6 49.5 895 55.9 39.2 888 103.7 | 72.7 > 1086
I.C.1.
qQuicklime | 25.7 26.3 923 24.5 23.1 890 31.6 | 29.8 21m1
Caleium
hydroxide | 75.4 69.7 895 58.6 54.2 862 99.5 | 92.1 >1059
Limbux 67.7 62.7 930 69.0 63.9 900 89.8 | 83.1 >1085
Calcium
carbonate | 46.8 58.5 916 37.2 46.5 907 56.0 | 70.0 >1045
Limestone | 41.7 52.1 907 23.4 29.3 868 71.3 | 89.1 > 1059

Cc
Magnesite 0.5 2.1 476 8.6 9.1 891
Dolomite 25.8 29.7 882 17.3 19.9 884 22.8 | 26.3 992
Strontium D D
carbonacte | 19.4 79.4 >1003 18.2 74.6 >1004 24.4 (100 >972
Barium D D D
carbonate | 17.7 96.9 >1014 13.8 75.5 >995 15.1 | 82.6 >999
A - Moximum percentage weight increase, adjusted for loss due to decomposition reactions
where necessary.

B - Percentage conversion to sulphate based on A.
C - Percentage conversion to sulphite.
D = Actually 1002 utilisation in terms of sulphur to metal ratio.
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Table 5.1.4 Activation energy for the reaction between sulphur

dioxide and calcium oxide

Activation energy
-1 Determined by
kJ mole
115 Coutant et 31102
41 - 103 Ishihara'©®
64 Hatfield et a1l®?
33 - 75 Borgwardt R.H.30
128 - James & Hugheslo4
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that there was nearly twice as much reaction in the wider container as
in the narrower container, between sulphur dioxide and limbux, before
the decomposition temperature was reached. The detectable decomposition
temperature was also influenced by the container. With the loss of
decomposition products being hindered in the narrower crucible, the
apparent decomposition temperature was raised from 930°Cc to 938°C.

The wide shallow type of alumina crucible with only a thin layer of
solid reactant was used to minimise the various effects caused by the
reactant gases having to diffuse through a bed of solid particles.

The results of a series of studies in which gas mixture composition,
crucible type and bed depth were matched as closely as possible have
been shown in Fig. 5.1.2 - 5.1.12 and in Tables 5.1.2 and 5.1.3. Because
of the various competing reactions, see Table 1.1 (p.10), which could
be occurring at the same time over a given temperature range (the
actual simultaneous reactions would depend upon the solid reactants
and gas composition) it was decided that attempts to extract precise
quantitative values to describe the reaction kinetics would not yield
much useful information. The range of published values for the
activation energy of the reaction between sulphur dioxide and calcium
oxide, Table 5.1.4, illustrates that even when results were analysed
quantitatively, they were of little general applicability due to
variations in study conditions and between samples.

Fig. 5.1.2 - 5.1.12 indicated the relative effectiveness of the
various compounds in reacting with sulphur dioxide. Fig. 5.1.12
allowed a rapid comparison of the variation in reactian rates with
temperafure, gas composition and solid reactant to be made. Maximum
rates of weight increase and the corresponding temperature ranges, as
presented in Table' 5.1.2, define the conditions for maximum

reactivity rather more closely than does Fig. 5.1.12. This assumed the

209



weight increase was mainly related to sulphur uptake rather than to
oxidation reactions.

5.1.1 Efficiency of solid absorbents

A major difficulty was found to be the presentation of a
simple measure of how effective a particular solid reactant was in
terms of what proportion of its possible sulphur absorbing capacity
had actually béen utilised. The problems may be illustrated by the
reactions, with 0.8 volume-% sulphur dioxide in nitrogen, of ICI
quicklime, Fig. 5.1.3, and barium carbonate, Fig. 5.1.11. The
quicklime increased in weight by 24.5%, after making allowance for the
6.25% Ca(OH)2 and 2.77% CaCO3 also present, and the barium carbonate
showed a 13.8% weight increase. If the maximum quantity of calcium
sulphite had been formed, a weight increase of 105.8% should have been
recorded, which indicated 23.2% utilisation of the lime. Similarly,
the maximum conversion of barium carbonate to barium sulphite would
have given a 10.2% weight increase and, thus, the apparent utilisation
of the barium carbonate was 135.3%Z. If the end products were assumed
to be calcium sulphate and barium sulphate, these would give increases
of 136.27.and 18.3% respeétively and indicate corresponding utilisations
of 18Z and 75.4%. Both the quicklime and barium carbonate samples,
after reaction, were found to contain both sulphate apd sulphide,
which showed that some sulphite had been formed and this had subsequently
disproportionated. In the presence of oxygen or sulphur dioxide,
particularly at higher concentrations, any sulphite or sulphide formed
could be oxidised to sulphate, as discussed in Chapter 4, but these
reactions rarely go to completion due to the formation of protective
layers of sulphate. Therefore, comparing the actual weight increase
with the theoretical increase due to sulphite formation would be

likely to give too high a value for the utilisation factor, due to the
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effects of oxidation, and a comparison with the theoretical increase
due to sulphate formation would give too low a value for the
utilisation factor, if all the sulphite and sulphide had not been
oxidised. In Table 5.1.3 comparison was made with the theoretical
amount of sulphate which could be formed even though this would lead
to apparently low utilisation factors, particularly for the reactions
in 0.8 vol-% sulphur dioxide in nitrogen, where the tendency for
oxidation was least.

The results obtained were consistent with the view that the
initial reaction with sulphur dioxide, at lower temperatures, led
to the formation of sulphite, even in the presence of oxygen. The
reactivity of the solids with the sulphur dioxide/oxygen mixtures

was only slightly greater than that with gas mixtures containing the

' same quantity of sulphur dioxide, but no oxygen. The greater weight

increases shown in the sulphur dioxide/oxygen mixtures were not as
great as would have been expected if only sulphate was béing formed.
The larger total weight increases shown in the oxygen-containing gas
mixtures were often due to the higher initial decomposition
temperatures of the products which enabled the reactions to continue
both to a higher temperature and for a longer period of time. This
latter feature would also indicate that conversion of sulphur dioxide
to sulphur trioxide was not a major factor in the increased uptake
in the presence of oxygen. The proportion of sulphur trioxide in
equilibrium with sulphur dioxide and oxygen decreases with rising
temperature, though, of course, the rate of reaction would increase.

102

This would agree with the findings of Coutant et al -, and Hatfield

et 31105; that the presence of air had little effect on the rates of
sulphur dioxide uptake by calcined limestones and dolomites.

The variations in reactivity shown by the carbonates studied

could be explained in terms of the relative thermal stabilities of the
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unreacted carbonates and the sulphur containing products.

Magnesium carbonate, Fig. 5.1.8, only reacted slightly below
its decomposition temperature and, as magnesium sulphite decomposed
in the same temperature range, there was no possibility of reaction
between the freshly formed magnesium oxide and sulphur dioxide to form
magnesium sulphite. The free energy of formation of magnesium
3u1phite8, from magnesium carbonate and sulphur dioxide, is positive
below 500°C whereas it is negative for reactions with sulphur trioxide
and with sulphur dioxide plus oxygen; however, even with the latter
mixture there was little reaction until the magnesium carbonate
decomposed to magnesium oxide. The freshly produced magnesium oxide
reacted with the 502/02 mixture to form magnesium sulphate, but
only to a limited _extent (less than 107 conversion to sulphate).

Hatfield et a1l®?

found that magnesium oxide, prepared by calcining
magnesium hydroxide, did not react ;ith a 502/02 mixture at 900°C in
the absence of water vapour. In the present work, the magnesium
sulphate formed began to decompose at 891°C and the majority of the
reaction with the sulphur dioxide occurred with the more active
magnesium oxide before it had had time to. sinter. These features
would explain the lack of reaction at 900°C.

Calcium carbonate, Fig. 5.1.6, limestone, Fig. 5.1.7 and
dolomite, Fig. 5.1.9, all behaved similarly. in that the major degree
of reaction with sulphur dioxide occurred as the carbonates were
decomposing to form active calcium oxide. The evolution of carbon
dioxide reduced the rate of reaction in some cases, presumably by
hindering the access of the sulphur dioxide to the decomposed particles.

In the absence of oxygen the reaction products decomposed at about

900°C, but the oxidation to sulphate, in the presence of oxygen,
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increased the stability of the products and thus the degree of utilisation

was increased. Surprisingly, Hatfield et a1105

could not detect a reaction

between sulphur dioxide and limestone on their TG apparatus below the

calcination temperature. This may have been due to lack of-

sensitivity in their apparatus or to the design of the sample holder,

or they may have chosen a particularly unreactive limestone. Though

the general features of the reaction sequence for the samples of

calcium carbonate, limestone and dolomite studied were similar, the

dolomite was much less reactive than the other two samples. As the

highest rates of reaction in the dolomite corresponded with the

calcination of the calcium carbonate rather than the magnesium carbonate

component, it could be presumed that the magnesium carbonate in

dolomite, like free magnesium carbonate, was relatively unreactive.
Strontium carbonate and barium carbonate were thermally more

stable than the other alkaline earth metal carbonates and as a

result the majority of the reaction with sulphur dioxide took place

with the carbonate rather than the oxide. In the case of barium

carbonate, there had been total replacement of carbonate before the

decomposition temperature was reached. 1In 2 volume-% sulphur dioxide

the final product was 98.6% BaSOa and 1.4% BaS whereas in 0.8 volume 7

sulphur dioxide it was 8%.27 BaSO, and 10.87% BaS. The presence of the

4
sulphide indicated that barium sulphite had been present originally.
This sulphite had then disproportionated to form a mixture of sulphate
and sulphide, though some may have been.oxidised directly to sulphate
by either excess sulphur dioxide or oxygen,‘as described in Chapter 4:
Complete oxidation of the sulphide had not taken place due to the
formation of an impervious sulphate coating, which preveﬁted the

reaction between the gaseous oxidant and the unreacted sulphide at the

centre of the sintered particle.

213



The appa;ently greater reactivity, at lower temperatures of the
barium carbonate compared to strontium carbonate may have been due to
differences in specific surface between the two samples. Though the
degree of sulphur dioxide uptake by strontium carbonate (as measured
by the increase in weight) was less than for barium carbonate, the
thickness of the reacted layer coating the strontium carbonate (as
determined from the specific surface of the sample) was much greater
than the coating on the barium carbonate at temperatures up to 500°C,
Table 5.1.5. The thicker coating would reduce the rate of reaction until
this effect was outweighed by the increase in rate with temperature.

The thickness of the sulphite coating, as presented in Table
5.1.5 and Table 5.1.6, was based on the average area occupied by the
metal sulphite. This average area was estimated by taking the mean
of the areas occupied by each side of the portion of the corresponding
crystal unit celi occupied by one metal sulphite group. For example,
the unit cell dimensions of barium sulphite (see Chapter 3) were
10.12 % x 11.01 & x6.55 &, with eight molecules per unit cell.
Therefore each BaSO3 was contained in a sub-cell of dimensions
5.06 & x 5.50 & x 3.27 & giving side areas of 27.83 82, 16.55 82 and
17.99 Xz, with a mean value of 20.79 XZ. This assumed that each side
was equally possible as a base, though a preferred orientation may have
been dictated by the crystal lattice of the barium carbonate. However,
as all samples would have been affected similarly and as only large
general differences were of significance,: this orientation effect was
discounted.

None of the carbonates reacted very rapidly below SOOOC, but the
calcium hydroxide samples, Fig. 5.1.4 and 5.1.5, reached their
maximum activity at, or below, this temperature, Table 5.1.2. The
enhanced reactivity at these relatively low temperatures was related

to the decomposition of calcium hydroxide to form calcium oxide, which
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and strontium carbonate during reaction with sulphur dioxide.

Table 5.1.5 Relative thickness of sulphite coating formed on barium

Number of layers* of sulphite formed in

Sample Temp. 2 vol# SO2 0.8 volZ SO2 0.8 vol% SO2 +

oc + N + N 8.2 volZ O, ¥+ N

2 2 2
St ront ium 400 34 22 20
carbonate 500 91 98 54
. 400 6 2 2
Barium .
carbonate 500 37 26 25

*Assuming average area occupied by SrSO3 group is 20.0 RZ and by

BaSO3 group is 20.8 22.

Table 5.1.6 Relative thickness of sulphite coating formed on calcium

hydroxide and Limbux, at 300°¢C during reaction with

sulphur dioxide.

No. of layers* of sulphite formed on
Gas composition Calcium hydroxide Limbux
2 volZ SO2 + N, 13 5
0.8 vol% SO2 + N, 8 3
0.8 vol% 802 + 8.2 volZ 02 N, 8 8

*Assuming average area occupied by CaSO3 group is 19.5 32.
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was completed by the time the temperature had risen to 500°C. Even
before the decomposition of calcium hydroxide was under way, the rate
of reaction with sulphur dioxide was increasing rapidly, particularly
in the case of Limbux which had the high initial specific surface of
14.2 ng_l, cf. 4.9 ng_l for the BDH calcium hydroxide. However,

the more rapid reaction between sulphur dioxide and Limbux was not in
direct proportion to its greater specific surface and, as Table 5.1.6
illustrated, the relative degree of coverage of the Limbux was lower.
Apart from the rather more rapid initial reaction there was little
difference between these two types of calcium hydroxide. Limbux

was rather more reactive at lower temperatures and had higher utilisation
factors, except for the rather greater reactivity of the calcium
hydroxideu in the presence of oxygen, above 600°C. The reaptivity of
the prepared calcium oxide, Fig. 5.1.2, was similar to that of

Limbux up to 350°C, but the rate of reaction then decreased. Limbux
began to dehydrate extensively above this temperature, thus providing
new active lime to react with the sulphur dioxide and also disrupting
the surface sulphite coating which had formed. This production of fresh
surface and breaking-up of the surface ¢oating was not as effective in
the calcium oxide sample; therefore, the rate of reaction dropped until
the temperature rose above 500°C. Above this temperature, disprop-
ortionation and oxidation reactions became important and the volume
changes caused by these reactions disrupted the surface coafing of
sulphite enough to allow access of the reacting gases and an increase
in reaction rate. As the temperature continued to rise, the formation
of calcium sulphite came to an end as its decomposition temperature

was reached; further weight increases, in the absence of oxygen, were

due to-oxidation of sulphide and any undecomposed sulphite remaining.
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In the absence of oxygen, only about 507 of the calcium oxide had
reacted before-final decomposition of the products commenced at about
900°C. 1In the presence of oxygen, a similar proportion of the

calcium oxide had reacted at 900°C; but because the product was
essentially all sulphate, which was stable at this temperature, the
reaction continued so that 73Z of the calcium oxide had reacted at
1086°C. ICI quicklime, Fig. 5.1.3, witﬁ a specific surface 0.77 ng-l,
cf 4.99 ng—l for calcium oxide, was less reactive, but showed a
similar pattern of reactivity, with a maximum at 450 - 500°C followed
by a reduction in rate and a second maximum at about 700°C. Though the
initial reactivity of the ICI quicklime was low, the quantity of
sulphur dioxide absorbed by 500°C was about the same as that absorbed
by the prepared calcium oxide. This somewhat later higher

reactivity of the ICI quicklime may have been due to the dehydration
of the 6% calcium hydroxide, which was present in the samble,

providing active sites for the reaction with sulphur dioxide.

5.1.2 'Industrial applicability

A ggneral comparison of the results obtained for the various
solid absorbents indicated that only calcium oxide or calcium
hydroxide could be reasonably considered as desulphurising agents
for use below 500°C. The same compounds would still have considerable
activity just below 400°C - a temperature at which flue gases leave
the economiser in eleétricity power plantsa7. However, in this
temperature range, the reactivity of the commercially produced
quicklime was not so great as that of the commercially produced calcium
hydroxide. Therefore, on criteria of reactivity, the use of Limbux
would be favoured.

The general trend with all samples was that the rate of

reaction was dependent upon the concentration of sulphur dioxide,
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but the extent to which this influenced the rate varied between samples.
Isothermal studies have shown that the uptake of sulphur dioxide by
calcium oxide was first order with respect to the concentration of
sulphur dioxide at 915°C28 and at 870°C30, but under non-isothermal
conditions considerable scatter in the results was found22° The
presence of oxygen increased the oxidation reaction at higher
temperatures, as indicated by the rate curve for the oxygen-containing
gas mixtures becoming markedly above that for the equivalent oxygen-—
free gas mixture. This gréater conversion to sulphate also increased
the stability of the solid product, so that measurable weight losses
did not occur until a higher temperature had been reached.

For higher temperature desulphurisation reactions (above 700°C),
the calcium carbonate-based reactants would appear to be the most
satisfactory, though strontium carbpnate was also most reactive at
about 800°C. The high activity of the calcium carbonates was due to
the decomposition of the carbonate to produce very active calcium
oxide which could react rapidly with sulphur dioxide.

In general, the utilisation factors for the various absorbents
were not high; with the notable exceptions (i) of strontium and
barium carbonate, where there was effectively 100% utilisation based
on metal to sulphur as opposed to metal to sulphate ratios, and
(ii) in the presence of oxygen where the greater stability of the
sulphate product allowed reactions to proceed to a higher temperature
and for longer periods. One of the drawbacks of dry flue gas
desulphurisation methods has been the relatively low degree of utilisation
of the solid absorbent, as outlined in Chapter 1, related to the
relatively low gas/solid contact times and the variations in rates of
reaction with temperature. These features have been clearly

illustrated in the present studies.
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5.2 Porosity Changes in Calcined Limbux

The greater reactivity of the calcium hydroxide samples at
temperatures lower than those required for the other solid absorbents
was related to the simultaneous formation of calcium oxide. Solid/gas
reactions, of necessi;y, are influenced by the ability of the gas
molecule to come in contact with reactive sites in the solid, and, as
a layer of reaction product builds up on the surface of the solid,
these reactive sites become more isolated from the gas unless
channels of easy access are kept open. These chamnels are often
provided by the pore structure of the solid. It was therefore decided
to carry out an initial study of the porosity developed in freshly
calcined Limbux and the changes which occurred in this structure on
reaction with sulphur dioxide.

Samples of Limbux were heated in vacuo, at a heating rate of
8%¢c min—l, up to 510°C and held at this temperature. The total time
between tﬁe commencement of heating and the end of the calcination
period was two hours. Because of spurting problems it was not possible
to use the TG balance to monitor the weight changes during this part
of the process or subsequent treatments. Nitrogen was slowly admitted
over a period of 10 minutes an& the temperature of the sample was

adjusted to the required value. The sulphur dioxide and/or nitrogen

gas mixture was passed over the specimen for a fixed time. Then, the

sample was cooled rapidly, in a nitrogen atmosphere, by removing the
furnace. A weighed portion was transferred to the sorption .balance and
the nitrogen isotherms were determined gravimetrically. The sorption
isotherms all had similar characteristics to that illustrated in

Fig. 5.2.1.

The specific surfaces of the samples were calculated by the
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Figure 5.2.2 Pore size distribution in calcined Limbux

3.25(
3.0 .
[ ° At 500°C in N2 for Swmin
s At 500°C in N, + S0,
for 5min
2.5 r
Z.OI-
- ”
]
O <
™
8
v
S 1.5
X
a
-
S
[
=
y.
1.0 T
F-3
>
b
0.5 |
0 2 L i L " A A L ! 'y 1 A 'y
0 20 40 60 80 100 120

o
Pore radius (A)

221



Figure 5.2.3 Pore size distribution in calcined Limbux
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‘Figure 3.2.4  Ppore size distribution in calcined Limbux
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Table 5.2.1 Surface properties of samples of calcium oxide after

heating in different atmospheres

Heating conditions ‘s Cumulative
Specific
CaSO3 pore
surface
Gas . volume
L. Temp. Time Z 2 -1
composition o . mg 3 -1
C minutes - cm g
volume -7
100 N, 500 5 o 62.2 0.096
0.5 50, + 99.5 N, | 500 5 2.8 32.9 0.048
100 W, 500 60 0 564.7 0.074
0.5 502 + 99.5 N2 500 60 21,2 9.4 0. 009
100 N2 300 5 0 64.5 0. 104
0.5 SO2 + 99.5 N, 300 5 1.2 39.5 0.053
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Table 5.2.2 Distribution of pore volumes in samples of calcium oxide

after heating in different atmospheres.

Heating conditions Cumulative -Percentage Mzﬁizum
i
Gas Temp. | Time pore volume of total radius
.. p . 3 -1 pore volume
composition Cc | minutes cm g
N, 0.083 87
500 5
N, + SO2 0.036 75
N, 0.063 85
500 60 60. 8
N2 + SO2 . 0. 007 83
N, 0.082 80
300 5
N2 + 302 0.039 70
N2 0.065 68
500 5
Nz + SO2 0.023 49
N, _ 0.044 59
500 60 38.7
N2 + 802 0.005 60
N, 0.066 64
300 5 ’
N2 +'SO2 0.027 51
N2 0.026 27
500 5
N2 + 502 0.011 22
N2 0.018 25
500 60 24.6
N2 + SO2 0.003 30
N2 0.029 28
300 5
NZ + SO2 0.014 27
(continued)
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Table 5.2.2

Heatlng conditions Cumulative Percentage Maximum
pore
. pore volume of total X
Gas Temp. Time radius
. . o . 3 -1 pore volume
composltion c minutes cm g
N2 0.010 10
500 5
N2 + SO2 0. 004 9
N2 0. 006 9
500 60 19.45
N2 + SO2 0.001 14
N2 0.011 11
300 5
N, + SO2 0. 005 10

Gas compositions:

N, contains 1007 N

2

2

2
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usual BET method63 and the porosity characteristics determined by the
method outlined in Gregg and Sing (p.162 - 172)64.

Pairs of samples were heated for similar durations at the same .
temperatures, with or without sulphur dioxide mixed with the nitrogen
passing over them. They had the pore size distribution curves shown
in Fig. 5.2.2 - 5.2.4. The cumulative volume cur&es for all the
samples have been plotted in Fig. 5.2.5 and the specific surface,
cumulative pore volumes and proportions of calcium sulphite have
been listed in Table 5.2.1.

In each case, the reaction with sulphur dioxide caused a reduction
in specific surface and cumulative pore volume. The pore volume
distribution curves showed a marked reduction in the relative numbers of
smaller pores; in Table 5.2.2, the rélative proportions of pores in
different size ranges have been presented. There were relatively more
intermediate size pores (20 - 60 & radius) in non-sulphited samples
compared to the slightly sulphited samples. The more heavily sulphited
sample had a small total pore volume cf. Table 5.2.1, which reflected the
removal of most of the larger pores as well as the small pores.

The formation of calcium sulphite from calcium oxide would cause
an increase in volume of 38.8Z% on a weight for weight basis and 197% 6n
a molar volune basis. Therefore, the formation of sulphite in the pores
would produce a marked reduction in volume. The narrowest pores would
soon be blocked and the intermediate pores reduced in radius.

This would result in the type of changes in the distribution of
pore volume actually found, i.e. an overall decrease in the number
of intermediate pores. With a small amount of calcium sulphite
formation, the relative effect on the large pores would be small,
because the proportional reduction in radius would not be so great,

Higher degrees of .conversion would affect the large pores. The

228



reaction of sulphur dioxide with calcium oxide would be likely to
proceed more rapidly at the pore entrances, rather than inside the pore,
as the sulphur dioxide would have easier access to the region closest

to the pore entrance. This would result in a build-up of calcium
sulphite with the narrower pore entrances becoming blocked, leading

Lo more apparent reduction in pore volume, even though the whole pore
was not filled.

The new pore volume, after the formation of a given quantity of
calcium sulphite, can be calculated from the relative densities and
the results for the samples studied haQe been given in Table 5.2.3.
The actual measured pore volume was much smaller tham the calculated
pore volume, which would indicate that pore blocking must have taken
place. The number of layers of calcium sulphite can be estimated
from the specific surface of the non-sulphited sample, by the method
outlined in section 5.1 assuming the average area occupied by each
03503 group was 19.5 RZ. The apparent coverage, Table 5.2.4, for two
of the samples was low yet the reduction in specific surface was very
marked. Again, thi; would indicate a blocking of the pores rather
than éomplete filling and a comparison of pore wall areas with
total specific surfaces, Table 5.2.4, showed the same excessive
reduction.

Though the changes in surface properties have been explained in
terms of the blocking of pore entrances, the reduction in specific
surfaces and pore volumes could also be influenced by increased
sintering effects due to the presence of the calcium sulphite. The
differences in specific surfaces and pore volumes shown by the samples
heated in nitrogen alone were of the type expected from sintering.
The larger changes, in the presence of sulphur dioxide, seemed more

probably to have preferential pore blocking as their major cause
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Table 5.2.3 Comparison of actual and calculated pore volumes for

calcium oxide heated in various atmospheres

Measured volumes
Temp. /Time Calculated
MN MS volume MS /MN CS/MN
(OC) (min) cm3g_1 cm?'g-1 cs c:m3g-1
500/ 5 - 0. 096 0.048 0.093 0.50 0. 97
500/60 0.074 0. 009 0.050 0.12 0. 67
300/ 5 0. 104 0.053 0. 095 0.51 0.91

MN = measured cumulative volume for sample heated in ﬁz

MS = measured cumulative volume for sample heated in 99.5 vol® N2
+ 0.5 volki SO2

CS = calculated cumulative volume for sample heated in 99.5 vol%

N, + 0.5 vol% SO

2 2
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TIeT

Gas treatment conditions Specific Pore wall Pore wall area No. of
Temp. Time Composition surface area Specific surface CaSO3 iayers
o . 2 -1 2 -1
c min. mg meg -
500 5 N2 62.2 58.6 0. 94
500 5 N2 + SO2 32.9 25.2 0.77 0.4
500 60 N2 54.7 42,0 0.77
500 60 N, + 50, 6.4 5.3 0.67 3.8
300 5 N, 64.5 61.9 0. 96
300 5 N, + SO2 39.5 28.7 0.73 0.2

siafe1 231ydins jo iaqunu pue seale [[em aiod ut sa8ueyy #°Z°G.21IqEL



. . . . . o o
rather than sintering, particularly as five minutes at 300 C or 500 C
was a short time for extensive sintering to take place.

5.3 Fluidised Bed Studies

5.3.1 1Introduction

A small number of experiments to investigate the feasibility of
using a fluidised bed of absorbent to remove sulphur dioxide from a
simulated flue gas were carried out.

The use of fluidised bed combustion units and the potential for
combining desulphurisation with the combustion has been a subject of
active study34’109’110’111. The method has given higher sulphur
dioxide removal rates than the injection of the sorbent into a furnace.
Stoichiometric quantities of lime, limestone, or dolomite have been
reported34 to remove 70 - BOZ of the sulphur dioxide. However, the
system requires the complete replacement'of the conventional furnace
and boiler assemblies and could on1§ be incorporated into new purpose-
built plants.

One of the reported102 problems with dry flue gas desulphurisation
methods has been the poor utilisation of the sorbent due to the
formation of a coating of sulphate which prevents further reaction
between the sorbent particle and sulphur dioxide. A characteristic
of fluidised-bed systems is that there is_attrition of the particles112
and often this is something to be avoided, i.e. materials must be
chosen on the basis of their resistance to attrition. If the sulphate
coating was preventing‘further reaction of the calcareous absorbent
with sulphur dioxide, the attrition process might be useful in breaking
up or removing the coating and increasing the degree of reaction.
Fluidised beds should also have more controllable temperatures, which

might allow desulphurising reactions to occur under optimum conditions.
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5.3.2 Results and discussion

Commercially available limestone from the I.C.I quarry at Tunstead,
Derbyshire, was sieved to give samples with relatively narrow particle-

size ranges, as indicated in Table 5.3.1.

Table 5.3.1 Particle-size distribution of limestone samples

Particle-size range Percentage of original
um limestone .
> 1000 21
850-1000 8
600-850 14
105-600 34
< 105 23

It was necessary to have relatively narrow particle-size ranges
to ensure that, when the gas flow was sufficient to fluidise the
larger particles, there was not too great a loss of unreacted fines.
It was found that the fraction greater :than 1 mm in size could not be
readily fluidised with the gas flows available. The "less than
105 pm" fraction did not fluidise easily because of "channeling",
i.e. the gas bubbles in the bed coalesced to allow the gas to stream
through these open channels. This effect was eﬁhanced by the tendency
of the fine particles to form spherical aggregates, often 1 mm or more
in diameter. It was thought that moisture sorbed on the surface of the
fine particles may have been causing them to bind together, but the
same phenomena occurred with samples heated to 300°C before fluidisation
was attempted. The 105 - 600 ym size fraction was used in subsequent
runs in the presence of sulphur dioxide as it was likely to contain
the most reactive, smallest particles, of the size ranges which were

readily fluidisable.
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Runs were carried out at various temperatures between 210°C and
300°C with some gas mixtures containing water vapour and others without.
The results, Table 5.3.2, were not very encouraging with only small
degreés of sulphur dioxide uptake. Problems were encountered in keeping
the temperature of the fluidised bed reasonably constant over a period
of time. The monitoring of the variations in sulphur dioxide
concentration in the exhaust gases was not very satisfactory. The
gas analyser could only accept a proportion of the total gas flow and
because of the necessity to regenerate the reagent, only intermittent
gas flows could.be passed through it.’ The'consequent switching and
proportioning of the gas streams made it difficult to measure the
gas volumes actually passing through the analyser.

Since the initial results indicated that the method was not
very promising and, because the facilities were not available to
construct a more complex system (which would operate at higher temperatures
and with more control of the variables), the planned work on this
aspect of desulphurisation processes was abandoned.

Other work113

which had been performed on similar systems
suggested that particle sizes of less than 100 pm were required to
achieve desulphurisation. 1In general, the smaller the particle size
the larger the fluidised bed has to be as gas velocities have to be
reduced to prevent excessive elutritionllé. The resulting calculations
showed that for a,200 MW plant either ome 54 m diameter fluidised bed
or twenty 12 m diameter fluidised beds would be required (the largest
operating fluidised bed was 17 m diameter). Installations of this

order of size attached to furnaces or flue gas systems did not seem a

practicable possibility.
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Table 5.3.2 Absorption of sulphur dioxide, from simulated flue gas,

by limestone in a fluidised bed

Presence of Temperature Time of reaction Percentage 302
water vapour °c minutes absorbed
Present 210 55° 17.0
Present 230 27 5.4
Absent 230 60 3.6
Present 235 30 10.6
Present 245 85 8.2
Present 250 33 | 7.5
'Present 260 50 8.7
Present 290 85 10.3
Absent 295 27 5.9

Gas composition either (1) 83.27% N2; 9.1%2 02; 7.47 HZO; 0.30% S0

or (ii) 89.7% N,; 10% O

2

0.30Z SO

2} 2

(All volume-%)
Temperature readings varied by I 10%

Size range of limestone was 105 - 600 pm
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CHAPTER SIX

THE USE OF ALKALINE EARTH METAL CCMPOUNDS FOR INDUSTRIAL FLUE GAS

DESULPHURISATION PROCESSES

6.1 Recent Trends in Flue Gas Desulphurisation

In the past seven years there has been a very rapid increase in
the number and size of flue gas desulphurisation systems installed
throughout the world. The expansion has been particularly marked
in the U.S.A. and Japan, but more European countries are now
investigating methods of reducing sulphur dioxide emissions. 1In
Britain there appears to be little public pressure to change the
present policy of using tall-stacks and implementing the 1956 Clean
Air Act in urban areas. The problems in Britain are somewhat less
than in many industrial countries due to the combined effects of the
relatively low sulphur content of the coal, usually less than 2%
sulphur and often 1.5 - 1.6%Z sulphur (cf many American coals with over
4% sulphur) and the windy climate, which reduces the possibility of
build-up of high concentrations of sulphur dioxide at ground levellls.

A review36 of flue gas desulphurisation methods published in 1969
stated that several methods were being tested in Japan and the largest
unit had an equivalent capacity of 2 MW. (It is convenient to
describe the capacity of flue gas systems in terms of the output from
an electrical power station which would give the same volume of gas,
i.e. 1 MW is equivalent to approximately 3000 normal cubic metres

116, 18 plants had flue gas desulphurisation

fiue gas per hour.) By 1971
systems installed and a 1976 review117 listed over three hundred
installed systems with a total equivalent capacity of approximately
20,000 MW. About half this capacity was in electricity power stations

and the remainder in industrial boilers or chemical works; 103 of the

units used alkaline earth metal compounds and accounted for over 70%
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of the output capacity. It has been forecast118 that in the U.S.A.
spending outside the electricity supply industry on flue gas
desulphurisation methods will be $3 x 109 between 1976 and 1986 and
that by 1980, 30,000 - 40,000 MW of electricity generation capacity
will be using flue gas desulphurisation techniques and about 807 of
these will be based on calcium or magnesium compounds.

6.2 "Dry" Flue Gas Desulphurisation Systems

The results in Chapter 5 showed that all the alkaline earth metal
compounds were capable of reacting with sulphur dioxide, but none
of them reacted very rapidly at any temperature below 1000°C. Rapid
reaction rates are important because the residence times of gases, and
suspended solids,'in industrial boiler systems are reported to be
about three seconds. Improvements in rates of reaction could be achieved
by (a) milling and/or (b) use of fluidised beds. As the surface areas
of the samples used were as high, or probably higher,'thaﬁ those likely
to be available in large-scale applications, improvement by increasing
reactive surfaces by milling was unlikely to be made. Even though
separated particles surrounded by the gas phase would react more
readily than the static bed used in the TG experiments, it seems
unlikely that the degree of reaction could-be increased beyond that
which has been found already in industrial conditions, unless the
temperature of reaction could be controlled at that value where the
rate was a maximum. For the calcium~based absorbents, this was the
Eemperature at which the hydroxide or carbonate decomposed to form
calcium oxide of high reactivity. The temperature of reaction could
be controlled by the use of a fluidised bed introduced into the
correct part of the system. This also would increase effectively the
gas/solid contact time, but, as discussed in Chapter 5, the use of a

fluidised bed did not seem to be a practicable solution.
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The low utilisation factors for dry flue gas desulphurisation
methods have prevented their development beyond test-plants such as
the one set up by the Tennessee Valley Authority and the Environmental
Protection Agency in 1972 because "The main process question for
power plants is whether to introduce the limestome into the boiler

or into the scrubber".119

The apparent advantage of using a low-

cost absorbent which could be introduced into the furnace system with
minimum of plant alteration was more than offset by the increased

dust handling problems due to the inefficiency of the sulphur dioxide
absorption process. The absorption of sulphur trioxide as well as
sulphur dioxide meant that the surface conductivity of the dust was
reduced120 and therefore the electrostatic precipitators were not so
efficient. Even if only stoichiometric quantities of limestone were
injected, the precipitators had to be increased in size by factors of
2 to 3.5. Increasing the temperature at which the precipitators
operated from 115°¢C to 315°C could reduce the size to that used before
the sulphur trioxide was removed. The weight of fly ash, sulphated and
unreacted sorbent to be disposed of would be about twice as great as
the weight of fly ash alone. The actual ratio would depend on the
_proportion of absorbent injected, the degree of sulphation and the
degree of subsequent hydration. As well as having to provide increased
dust removal equipment, the inefficiency of the dry absorption process
would entail increased transport facilities into the site. Using the
example of a 2000 MW CEGB power station burning 1.9%Z sulphur ceal, it
has been estimated121 that 98 tons/hour of limestone would be

required when the station was operating at full load. This would give
a requirement of about 1650 tons/day of limestone for an average
loading of 70Z, which would entail a fairly substantial increase in

space for storage and delivery. As the coal requirement would be

about 14,000 tons/day, it is surprising that this 12% increase was
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thought to produce so many problems of access to British sites ("The

increase in rail traffic to the site would require additional sidings,
the siting of which proved extremely difficult in all cases and
technically impossible in several.")121

6.3 '"Wet" Flue Gas Desulphurisation Systems

"Wet" scrubbing methods based on lime and/or limestone slurries
have become the dominant processes in use in both the U.S.A. and
Japan, despite early doubts about these processes. The wet processes
have much higher desulphurisation efficiencies and absorbent utilisations
than the dry processes, due to faster and more complete absorption
reactions in solution, and these have proved the critical factors in
their acceptance. The Americans have disposed of the sulphated
product as a wet sludge mixed with the fly ash whereas many of the
Japanese processes are designed to produce gypsum, CaSOA.ZHZO, as a
saleable product.

The throwaway process requires less operational control, pre-
scrubber clean-up and equipment than other desulphurisation processes,
but produces very large quantities of waste. The area of land for
the storage of the waste produced over 20 years by a 1000 MW station

2 | if a depth of ten feer

has been estimatedl22 to be 1.3 - 1.7 mile
of sludge is used. The dewatering of the sludge to levels below

50% has proven very difficult due to the thin plate-like crystals of
calcium sulphite hemihy&rate. Treatment of the sludge with 37 of

lime causes it to set, as the water is taken up in crystal structures,
due to (i) the reaction of calcium oxide with the soluble sulphate

ions to form gypsum; (ii) the formation of insoluble sulphoaluminates,
e.g. ettringite, A1203.30a304.31H20, or sulphoferrites, by the reactions

between calcium oxidé, sulphate and fly ash; (iii) the formation of
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calcium silicates, e.g. tobermorite, by the reaction of calcium oxide
with silica in the fly ash. As well as providing a more satisfactory
solid land-fill, the hardening of the sludge reduces the effects of

water pollution due to escape of soluble ions from the storage ponds.

The production of a saleable product such as gypsum overcomes
the extra waste-disposal problem but increases the plant complexity
and operating costs. In Japan, an increase of about 30% on capital
costs has been found117. The size of the credit for sale of the
product depends upon the market size and, again in Japan, the gypsum
market has reached the limit of what can be sold without over-supplying
the demand and causing a collapse in the price. The reclaiming of the
sulphur and conversion into a useable product requires the producing
company to enter the field of the chemical industry and develop
specialised marketing knowledge, if gaximum return on its investment
is to be attained. The production of a saleable product still
involves the supply of large quantities of sulphur dioxide absorbent,
unless a process is developed in which the sulphur can be separated
from the absorbent and this is then recycled.

The properties required for an absorbent suitable for recycling
include: (i) ability to react rapidly with sulphur dioxide in the
temperature range 150 - 1750°C, but preferably between 150°C (flue gas
temperature) and 400°¢C (upper temperature at which gas leaves
economiser). The latter conditions would allow the sorption system to
be incorporated-with the minimum upset to the heat extraction system.
If the sulphur trioxide was also removed the lower temperature could
be reduced to 120°C as this would give sufficient buoyancy to the plume,
and the lack of sulphur trioxide would remove acid deposition pfoblems.
(ii) The regeneration of the absorbent would take place at a

(o] -
temperature below about 800 C, to keep costs of regenerator construction
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materials and energy input low. (iii) If the absorption of sulphur
dioxide occurred below 400°C, the ideal regeneration might be by thermal
decomposition above 400°C or by the use of a cheap reducing agent.
Examination of the thermal stabilities of the alkali earth metal
sulphites, as described in Chapter 3, indicates that magnesium sulphite
decomposes to magnesium oxide below 800°C in non-oxidising conditions,
though some sulphate is formed also by disproportionation. However,
as the results in Chapter 4 indicate, the reactivity of dry magnesium
compounds for sulphur dioxide is not high and the reaction which
does take place, in the presence of air, involves mainly sulphate
formation. Magnesium oxide slurries have been used commercia11y123’lzﬁ
and they produce a mixture of magnesium sulphite hexahydrate and
trihydrate together with some magresium sulphate. These are thermally
decomposed at 650°C in the presence of carbon which reduces the
magnesium sulphate. The properties of calcium sulphite are such that
it could be considered for a regenerative process. In the absence of
air, calcium sulphite partially decomposes to calcium oxide above 700°C,
but most of the decomposition occurs above 900°C because some 6f the
sulphite disproportionates to a more thermally stable mixture of sulphate
and sulphide. The sulphate/sulphide mixture decomposes at a lower
temperature than either calcium sulphate or calcium sulphide alone.
The use of calcium hydroxide as a sulphur dioxide absorbent at about
400°C would give mainly a sulphite product, whereas the use of
calcium compounds at higher temperatures would lead to sulphate formation
due to oxidation of the initially formed sulphite. The presence of
sulphate would require the use of a reducing agent in the regeneration

130

process, but it has been suggested that partial reduction of sulphate to

sulphide, to produce the 3 to 1 sulphate to sulphide ratio of a
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disproportionated calcium sulphite, would be sufficient. The sulphate/
sulphide mixture could then be thermally decomposed at about 950°C to
yield calcium oxide. Wet scrubbing leads to extensive calcium sulphite
hemihydrate formation, but the technical problem which is encountered
is the separation of the fine crystals from the liquid. If the
hemihydrate could be separated, the regeneration by mixed thermal and
reducing decomposition might be practicable. Unlike magnesium sulphite
hexahydrate, the relative amount of water to be driven off is not
great, thus, even though the calcining temperature would be higher,

the total energy output would not necessarily be higher. The

thermal stabilities of strontium and barium sulphites do not appear
favourable for decomposition reactions and their use would also

entail health and cost problems.

The advantages of a desulphurising method incorporating the
regeneration of the absorbent are that the material transport and
disposal problems are very much reduced. The quantities of sulphur
products available from large scale flue gas desulphurisation are
such that they will have a major effect in the market price for whatever
sulphur compound is being sold. It would appear, therefore, that in
general the aim should be to produce elemental-sulphur, which can be
used as a source of sulphur compounds, or can be conveniently stored,
if it is not economical to sell it. In Britain, about 75,000 tons
sulphur per year per 2000 MW capacity are emitted47. For a 907
desulphurisation process, this would mean producing annually about
67,500 tons sulphur, or 210,000 tons 98% sulphuric acid, or at least
700,000 tons wet sludge. The storage requirements for the sulphur are
only about one-tenth those for wet sludge. The weight of a dry

throwaway absorbent will be similar to the product from the wet process

242



because the lower efficiency of the dry process will requi;e more
absorbent to be used. The disadvantages of the recoverable absorbent
processes are that technically they are much more complex, capital
costs are higher, running costs are likely to be higher, particularly
due to their increased energy demand. However, the throwaway processes
have "hidden" energy costs in that the sorbent must be mined or
manufactured and transported to the site, and the sludge must be
transported away from the site and, possibly, subsequently treated.

A comparison of the advantages and disadvantages of the various

desulphurisation processes discussed is given in Table 6,1.

6.4 Economics of Flue Gas Desulphurisation Systems

Comparison of the aétual costs of flue gas desulphurisation
processes with the estimated costs shows that the initial estimates
were over—optimistic as the following examples illustrate. The 70 MW
Paddy's Run Plant, of Louisville Gas and Electric, was estimated125 in

1972 to cost $22/kw for a lime scrubber system. This estimate was

later increased to $28.6/kw and when installation was completed, in

1973, the actual cost was $57/kw126. Similarly, the 176 MW Commonwealth
Edison Will County No. 1 unit was estimated in 1972 to cost $49/kw126;
125

this was later updated to $72/kw " ~, and the final cost when completed,

in late 1972, was $95/kw plus $13/kw for the sludge treatment system

giving an overall cost of $108/kw126’127

. The running costs of the
plants were also higher than estimated. Using Will County No. 1, again,
as an example, the running cost estimate was 0.27 cent/kWh (at the time
of the $72/kw capital estimate), whereas, after two years of Operatién,
the estimated cost for a 60% load factor was 0.73 cent/kWh. In fact,
the unit was only working intermittently during these first two years

and the actual operating cost was 1.02 cent/kWh. Almost 30% of the

operating costs were taken up by sludge disposal.
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Table 6.1 Compariscn of "dry"

FLUE GAS DESULPHURISATION

"DRY" METHODS

Advantages
Cheap

Disadvantages

"Slow" reaction

General

Advantagas

High desulphur-

and "wet" flue gas desulphurisation cethods

"WET"' METEDS
General

Disadvantages

Extensive extra

Convenient

Minimin furnace

plant alteration

leading to

(i) low absorbent

higher transport costs

utilisation therefore

(ii) low desulphur-

isation efficicncy

(iii) increased dust

removal problems

(iv) larger electro-

static precipitacors

Dust disposal problems

isation efficiency

Higher abgorbent

utilisation
Reduced dust

problen

Ccosts

plant leading to

higher capital

RECYCLING OF ABSORBENT

PRODUCT RECOVERY

""THROW AWAY' PROCESSES

Advantages Disadvantages Advantages Disadvantages Advantages Disadvantages
Reduced More complex Little waste More complex Can be used Large waste
transport plant disposal plant on small disposal
costs Higher oper- until market Higher oper- plants problems
Less disposal ating and saturated ating and Operator

problems

running costs

Credit from

sales
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A survey'!® published in 1977 of the actual installed costs of
45 flue gas desulphurisation systems in the U.S.A. shows a range
from $24.4/kw, for a limestone slurry scrubbing system which only
treats half of the emitted flue gas, to $129/kw for a scrubbing-system
based on sodium sulphite. The average cost was $79/kw. These costs
did not always include further particulate control systems which could
add $20 million to the cost, i.e. $20/kw for a 1000 MW plant. This

127 for electrostatic

latter figure corresponds with other estimates
precipitators of $15 - 25/kw.

The differences between early estimated costs, which were made
before the problems of installation of full-scale plants were realised,
and the actual installed costs reflect the size.of the problems

encountered. A number of author5126’127’128

have commented on the

actual difficulties in commissioning plants in the U.S.A. and it has

been reported128 that at the end of 1975 only about 25% of the plants

were operating satisfactorily. However, when the Japanese experience

is examined, it is found that the majority of the plants installed,

even though often technically more complex than those in the U.S.A.,

had fewer commissioning problems and most were operating satisfactori1y117.
As the same types of process, mainly based on wet lime/limestone scrubbing,
were being used in both countries the differences are surprising,

because the same chemical and technical principles must apply. The
difference in the social and legal climate in the two countries is

such that a company, in Jaéan, which does not comply with the sulphur
dioxide limits can be closed down almost immediately, whereas, in the
U.S.A., the Environmental Protection Agency has to show that its

limits are achievable and the legal enforcement of the regulations may

take several years, during which time the company can continue to operate.
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Because of the wide variation in capital costs, which depend upon
both the process chosen and the site involved, average values for
these costs are of little help in predicting what the costs at a
particular site will be. 1In general, the cost of flue gas desulphurisation
appears to add 20 - 30% to the cost of generating electricity whether

a throw-away or saleable process is used117’126. It has been argued1

29
that continuous reduction in sulphur dioxide emission levels is
unnecessarily expensive as the ground levéls only occasionally reach
high values. The extent of sulphur dioxide removal facilities which
needed to be added to a plant could be much reduced, if only partial
removal was required as dictated by meteorological conditions. The
U.S.A. costings quoted previously indicate the massivé savings possible
when only a portion of the flue gas is desulphurised - cost was only
about a third of the average and a fifth of the most expensive system,
The change to intermittent control would require the installation of
a real-time sulphur dioxide and meteorological monitoring system, to
provide the information for when desulphurisation shéuld take place,
and this would increase both the capital and running costs of the
intermittent flue gas desulphurisation process.

As the prevention of sulphur dioxide entering the atmosphere
means that sulphur compounds must be transferred to either the land
or wvater systems, all that may have been achieved is to convert cne
form of pollution into another form. The atmosphere has the
advantage as a dispersal medium that it is usually capable of dispersing
the sulphur dioxide widely thus keeping the levels low. The
introduction of an intermittent desulphurisation system would continue
to make use of the atmospheric dilution effect and reduce the

concentrated land or water disposal problems.
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CHAPTER SEVEN

CONCLUSIONS

The investigations carried out have been presented in some
detail in previous chapters of this thesis and the conclusions reached
are brought together in the following pages.

The structures of calcium, strontium and barium sulphites appear
to be similar, being orthorhombic and closely related to the structure
of calcium sulphite hemihydrate. The changes in unit cell dimensions
on passing from calcium sulphite to strontium sulphite to barium
sulphite are of the order to be expected, based on the changes in
octahedral ionic radii of the elements concerned.

The thermal stabilities of the alkaline earth metal sulphites
were shown to vary with changes in the gaseous atmospheres surrounding
the samples. The dehydration of the hydrated magnesium and calcium
sulphites enhanced the reactivity of the resulting anhydrous sulphites.
In non-oxidising atmospheres there was competition between (a)
reactions leading to oxide formation and (b) disproportionation
reactions, leading to the formation of a mixture of sulphate and
sulphide. However, there were also a number of other side reactions
occurring in some cases, e.g. formation of magnesium thiosulphate.

The relative importance of the disproportionation reaction became
greater as the atomic number of the cation increased. The temperature
range over which disproportionation took place was similar for all the
alkaline earth metal sulphites, but the thermal stability with respect
to decomposition to oxide increased with atomic number; therefore;

the relative position of the two reaction temperature ranges changed
from (a) decomposition to oxide being below the disproportionation

temperature range for magnesium sulphite to (b) the decomposition to
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oxide range being largely above the disproportionation range for
barium sulphite. A mechanism, based on the arrangement of the species
in the crystal lattices of the original sulphites, was proposed which
suggested how the possible phases, found in the different reactionms,
could be formed.

In the presence of atmospheres containing oxidising agents
(oxygen or sulphur dioxide) additional reactions were found.. The
sulphite could be oxidised to sulphate as could the sulphide formed
by disproportionation. One result was to raise the temperature for
the final decomposition to oxide, because of the greater thermal
stability of the sulphate compared to either the sulphite or the
sulphate and sulphide mixture formed by disproporticnation.

The reactivity with sulphur dioxide was studied for a number
of alkaline earth metal compounds, including naturally-occurring forms
such as limestone and dolomite as well as large—-scale manufactured
industrial products such as Limbux and quicklime. All the substances
used reacted to some extent with sulphur dioxide, but magnesium
carbonate had a particularly low reactivity-due to the low thermal
stability of magnesium sulphite. None of the rates of reaction were
high when consideration of the short residence times likely to be
found in boiler systems is taken into account. The greatest
reactivity amongst the calcium-based compounds was shown when the
carbonate, or hydroxiﬂe, decomposed to form fresh, highly active
calcium oxide. Reaction rates below 400°C were only appreciable
with calecium hydroxide, and to a lesser extent calcium oxide. The
presence of oxygen increased the degree of utilisation of the
absorbent but did not appreciably affect the rate of sulphur dioxide
uptake. This increase in utilisation arose from the oxidation of

sulphite to produce the more thermally stable sulphate, which,

248



because it decomposed at a higher temperature, allowed more time for-~
reaction to occur. Gas sorption measurements, made on freshly prepared
calcium oxide samples, which had been reacted with sulphur dioxide,
indicated that a surface layer of calcium sulphite was formed, which
blocked the entrances to the narrower pores giving a rapid decrease

in specific surface as the reaction proceeded.

The use of fluidised beds to.desulphurise flue gases did not
seem to be a practicable proposition using alkaline earth metal
compounds of greater than 100 micron particle size due to the poor
reactivity of these compounds at low temperatures,

The development of a re—usable absorbent method for flue gas
desulphurisation depends upon a reactive absorbent forming a product
which is thermally unstable at not too high a temperature (approximately
1000°C) either alone or in the presence of some relatively cheap
chemical reactant. For dry desulphurisation methods only calcium
compounds could possibly fit these requirements and a reductant such
as hydrogen or carbon monoxide would be required for regeneration to
the oxide, because.any calcium sulphite formed at lower temperatures
would be converted largely to calcium sulphate and sulphide at higher
temperatures. If wet methods based on slurries of absorbent were
used, magnesium compounds would appear to have better regeneration
characteristics than calcium compounds as a greater proportion of the
sulphite could be thermally decomposed without the use of a reducing
agent.

The economics of the various desulphurisation processes are
dominated by the balance between capital cost of the equipment installed
and the cost of absorbent and disposal of the products of

desulphurisation. Likely credits for resale of any product appear
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minimal, if large-scale desulphurisation is introduced, because of

the limited market capacity for a saleable product. Simple throwaway
processes have the lowest capital costs, but disposal costs may

" become high as may costs of buying large quantities of absorbent.
Re-usable absorbent processes and saleable by-product processes

have higher capital costs and running costs may be high, depending upon
the process complexity. It appears that all full-scale dasulphurisation
processes are relatively costly, and all processes based on alkaline
earth metal compounds are likely to lead to disposal of product

problems of one type or another.
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APPEHNDIX THREE

X=RAY POUDELY ODTIFFRACTIVIN HOATA FOR STROITIUM HYDROXIDE
AS DETERHMIMNED BRY p,R., GLASSOH

I 8(%) hsf. ((l)l-l)2 d(X) hslicg d(g)
S 9.90 2 09 b &9
M2, 37 702 5,60 111 3.55
s 1.,80 21 1 5.48 021 5,48
4 13,10 T 21 5,4v
M13.45 271 2 3,32
A 14,60 221 3.10
5 15,80 2,83 203 ) 2,33
S 15,Y5 02 2,31
S 15,55 329 2. .45 02 2 2.44
2 1) 2.45
S 10,40 2 31 2,29 211 2,27
S 20,40 312 2,21
W 2,65 940203 2,.nv
1 4 2,09
W20, 00 2, 0o 221 2,16
i 22,43 T2 5 2,04
M 23,10 1,979 1.4 9 1,97
W 25,90 2 4 1,934
i 24,00 225 1,496 21 2 1,395
21320 1,900
M253,9) 313 1,827 113 1.82%
SB 25,40 1,311 223 1.815
2 § 1 1.312
Ho 25,55 1.4 0 1,301
Woo25,40 I A 1,794
1 373 1,793
Woo25,99 3 1,762
1 04 1.702
W27, 06 2 N 4 1.665
g 29,175 d 24 1,657
B 24,90 1,616 1 89 1.4615
311 1.61
Moo2S, 90 4 3 1.596
W4 29,355 1 4 7 1.575%
W 26,09 506 2 1,50%
W2y ,45% 4 4 ) 1.547
Wwoo3a,u0 in 4 1,542
M 50,50 2% 4 1.52)
W 40,09 L 4 1 1,514
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THERMOGRAVIMETRIC STUDIES OF ALKALINE
EARTH METAL SULPHITES
By D.R, Glasson and P, 0'Neill
John Graymore Chemistry Laboratories,
Plymouth Polytechnic, Plymouth PL4 8AA,

England.

Formation, thermal stability and oxidation of magnesium, calcium,
strontium and bavium sulphites have been investigated and compared with
other metal sulphites,

.The alkaline earth metal sulphites are produced either by
precipitation from solution (by double decomposition of the metal salt
with sodium sulphite) or by recaction of the metal oxide, hydroxide or
carbonate with sulphur dioxide, as in the industrial removal of. sulphur
dioxide from flue gases. The hydrated forms are dehydrated completely
in air or in vacuo at temperatures below 400°C. At higher temperatures,
atmospheric oxidation to sulphate becomes appreciable; stability to
oxidation becomes greater with increasing atomic weight of the metal.

In vacuo above 500°C, there is some disproportionstion to sulphate and
sulphide, e.g., 4CaSO3 = 3CaSOb 4 CaS, and some decomposition to oxide
occurs with stability again increasing with the atomic weight of the
metal. Thus, SrSO, only decomposes to oxide appreciably at temperatures
above 980°C in vacuo and 1100°C in nitrogen, while BaSO, is stable up

to 1000°C in this respect, but i% disproportionates. TRis behaviour

of decomposition and/or disproportionation is simitar to that of the
heavy metal sulphites such as those of zinc and iead.

‘Typical thermograms are shown in Fig., 1 and 2, Thus, the TG
curve in Fig. 1 for CaS0,,iH,0 indicates that dehyvdration occurs
in vacuo mainly between 200 and AOOOC, while most of the CaSO
decomposes to lime between 550° and 7500C, being accompanied by some’
disproportionation. There is greater stsbility in nitrogen atmospheres,
most of the decomposition of the CaSO. taking place at temperatures
between 880° and 1070°C. Similarly, éhe DTA curves in Fig. 2 show
endothermic peaks corresponding to these dehydrations and lossss of SO..
In air, dehydration is followed immediately by oxidation which gives
an exothegmic peak at 460°C. Decomposition of the sulphate begins at
about 930°C,

The thermal stability of the CaS0.,lH.0 is reflected in the
_ changes in surface area, caused by the 8ehyaration, decomposition
and disproportionation processes. In Fig. 3, specific surfaces, S, of the



Percentage of original weight of calcium sulphite

100
90
80
70

60

In vacuo

50

100

90 |
8o |

70 }

In nitrogen

f 1 1 | 1

110

100

90 |

80 I

\/ N

In air
1 | 1 1 {

70

Fig.

200 400 600 800 1000
Temperature, °c

1. . Weight changes on heating CaSOB§H20 at 6°C min-l.



369

In vacuo 691

L L i i 1

v

375
In nitrogen 1033
L i L [ i
467
375
In air
1 L . L A A
200 400 600 800 1000

Temperature °c

Fig. 2;- DTA curves for CaSOB.éHQO

(heating rate 6°C min-l)



12 1+
10
8 -

— 4

'DO

71 §
§ 0

b (&)
=] 8 L~

[75]

Q

w6 I

o

(&)

Q

A

2

1 L 1 i
100 200 300 400 500 600°C

Temperature .
Fig. 3. Surface area changes on heating CaSO3,}H20.

products are shown for separate samples calcined for 2 h. isothermally
at a series of temperatures in vacuo (a) and in air (b). The maxima in
at 400 C in the curves for the calcinations in vacuo corresponds to the
complete dehydration of the samples from batches A and B, Batch A
contains only CaSO,,4H,0, but B contains a molecular ratio of

3Caso ,QHZO : 1Ca$ A’Zﬁ 0 and thus gives an additional peak at 250°C,
for tge dehydration of %he sulphate. The maximum for batch B is
increased considerably at 400°C compared with batch A by the crystal
trans formation y + 8-CaSO, (anhydrite), known to increase S from our
previous research at temperatures about 350—&00°C. Hence, the
dehydration of CaSO3,§H O (batch A) in air gives a maximum at 3500C,
with § being increased Somewhat by the onset of oxidation of the CaSO
to CaSO, at the y » B-CaS0O, transition temperature. Direct oxidation
to anhyérite is more extensive at the higher temperatures, when there
is less of surface caused by sintering. There is also extensive sintering
in vacuo at the higher temperatures (600°C) when much of the CaSO
decomposes to lime; the sintering is accelerated probably by the small
amounts of lower-melting CaS formed in the disproportionation of some
of the sulphite,
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HOT-STAGE MICRQSCOPY OF ALKALINE
EARTH METAL SULPHITES
By P. 0'Neill
John.Craymore Chemistry Laboratories,
Plymouth Polytechnic, Plymouth PL4 8AA,

England

Further investigations have been made of the thermal stability of
magnesium, calcium, strontium and barium sulphites using hot-stage
microscopy to identify the temperatures for the decomposition and
disproportionation reactions, and to observe the formation of the
products, especially nucleation and the changes in crystal morphotogy
and size.

Thermograms previously presented for CaS$Oj3,}H,0 (1) indicated that
dehydration in vacuo occurred wainly between 200" and AOOOC, while

most of the CaSO3 decomposed to lime between 5500-750°C,being
accompanied by some disproportionation. This is further iilustrated by
comparing the weight losses for separate samples calcined for 2h
isothermally at a series of temperatures, cf. Fig. 1{(a) and (c).

The thermal stability is reflected also in the changes in surface area
caused by the dehydration, sulphite decomposition and disproportionation
processes. Thus, the specific surface, S,of the produces (Fig. 1(b)
reaches a maximum at AOOOC, corresponding to complete dehydration. .

The average crystallite sizes (equivalent spherical dismeters) of the
products have been calculated from S and the X-ray densities (determined
as 2.55, 2.40 and 3.34 for CaS03,}H,0, CaSO3 and Cal respectively), and
the fractional increases in the numbers of crystallites have bean
deduced (cube of the size ratioc of the initial reactant and the product)
(2); these are compared in Fig. 1(d), where each initial crystal of
Ca$03,3H20 splits into about 1150 crystallites of CaSO3 on complete
dehydraction in vacuo at 400°C. This corresponds to a reduction in size
from about 1.7 pm to 0.3 ym. Decomposition and disproportionation of the
CaSOj3, viz. (i) CaSO3 = Ca0 + SO, and (ii) 4CaSO3 = 3CaSO, + CaS, is
accompanied by sintering, probably caused by small amounts of the
lower-melting Ca$ acting-as a mineraliser. Therefore, the produce at
600°C (mainly lime) has an average crystallite size of as much as

3.4 ym. These changes are confirmed by electron-microscopy, using a
Philips EM300 microscope with hot-stage attachment with a temperature
range of up to 1000°¢C

Similar studies have been made of the thermal behaviour 'of magnesium,
strontium and barium sulphites.
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Abstract

The reactivity of calcareous materials used as absorbents for
desulphurising industrial flue gases depends mainly on their alkaliniiy
and surface activity. Dynamic thermogravimetric studies indicate that
only quicklime or hydrated lime can be considered reasonably as
‘industrial desulphurising agents for use below SOOOC, such as required
in electricity power plants where the flue gases leave the economisers
at just below 400°cC. For higher-temperature desulphurisation, above

o . .
700 C, calciumcarbonate based reactants appear to be the most satisfactory.

In practice, reaction temperatures need to be such that the maximum

rate of sulphur dioxide absorption by both hydrated and carbonated limes
occurs as they decompose to quicklimes. This minimises blockage of
pores in the absorbents caused by sintering and reaction with sulphur -

dioxide to form calcium sulphite.

Gas sorption studies provide quantitative information regarding -
variations in surface area and porosity of the absorbents during

desulphurisation processes.



Introduction

The reactivity of sulphur dioxide absorbents, such as lime and related
materials, depends mainly on their alkalinity and surface activity.
Commercially-available milled limestone and dolomite are generally above

-1
m1cron crystallite size (i. e., specific surface below 2m’g ) K
"+ and can be rcdured to 0.1 im size (ca. 20 m?g 1) enly by

specialised mllllng (1). More expensive precipitated calcium carbonate
is available down to 0.1 uym size as is commercial hydrated lime (Limbux)

at more reasonable cost.

The porosity of lime obtained on decomposition of limestone (900-1000°C)
has been investigated by Anderson and Vernon (2). Since very little

. cﬁange occurs in external dimension, the lime produced is highly porous
and has an apparent density of 1.5-1.6 gcm_a compared with 3.3 gcm-3 when
it is completely fused and 2.7 gcm-3 for the original limestone. A lime
like this with low density has a comparatively high specific surface, a
sponge-like structure (as shown by scannlng—electron mlcrographs comparing

limes of den51t1es 1.7 and 2.4 gcm )

The eptake of sulphur dioxide by lime gencrally produces CaS03 at lower
temperatures (below 300°C) and CaS0, at higher temperatures (300—1000°C).
The voidage in lime of apparent density 1.52 is about 557 of the total
volume. The X-ray densities of CaSO; and CaSO, are 2.41 (present work)

and 2.96 (A.S.T.M. value), so that voidage is only sufficient to accommodate
SO, uptakes of 61% and 697 of theoretical respectively, without external
expansion being required; thus considerable loss of porosity is expected

in practice. The uptake of SO, by hydrated lime gives volume increases

of 507 and 39Z in forming CéSOg-and CaS0O, respectively. For limestone,

corresponding increases of 35% and 257 are-given.

In milled limestone, the closest possible packing of particles (assumed
approx. spherical) within the aggregates would still only leave a total
voidage just sufficient to accommodate complete conversion to CaSOQ. The
particles of milled CaCO; have comparatively little porosity, but after
intensive milling porosity can be developed by uptake of water vapour (3).
 Precipitated calcium carbonates (S = 1 te 20 ng_l)'vary in features from
highly-crystalline with open surfaces to almost exclusively microporous

structures (3-6).

In the present work, variations in surface area and porosity of calcareous

absorbents during desulphurisation of gases have been compared.



Experimental

Materials

~ For abgorben;s, initially hydrated lime, "Limbux", specific surface,

§:= 14.2 ng_l, was obtained'from I.C.I. and carbonated lime, precipitated
calciﬁm carbonate, "Calofort U", S = 18.9'm2g_1, was obtained from Sturges.
As a standard for X-ray identification purposes and volume or density
determinations, calcium sulphite hemihydrate was ﬁrepared by precipitation>
from solutions of M-CaCl, and H—N52303,. The crystais of CaSOj3,}{H>0 had
laftice constants of a = 6.45 A,‘h_? 9.78 A, c =-10.66 A, giving an X-ray
density, Dx = 2.55 (powder data) in good-agreement with single crystal data
a=6.49 A, b =9.81 A, c=10.66 A. The hemihydrate was dehydrated in
vacuo at 400°C for 2 h giving CaSO; with a = b6.454, b = g.q24,

c ={0.6@A, D= 2.41 (powder data). . _ B :

" For dynamic thermogravimetric studies, the following absorbents were
.used (Table I). ' '

Table 1

Absorbents used in dynamic thermogravimetric studies

- N - ) -1
Absorbent Source - Specific Surface, S, m’g
Ca0d Calcined CaCO;, B.D.H. 5.0 e
. _ - .9250 C, 3 h in air.

Ca0 Quicklime, I.C.I. 0.8 i
ca(OH)Z . B.D'H. . . 4.9
Ca(0H) © 1.C.I. "Limbux" 14.2
CaCO; B.D.H. 0.7

CaC03; . Carboniferous lime- 0.5
- ' : stone, I.C.I.
Tunsted Quarry

‘MgCO03 ' Natural magnesite 0.6
Ca?Oa, _ ’ Dolpﬁite, Steetley 0.4
MgCO3 .

Src0; - B.D.H. _ 0.8
" BaCO;’ ' . B.D.H. 4.7



Proceaure )

5g-samples of hydrated lime ("Limbux", specific surface S = 14,2 ng_l)

and carbonated lime ('Caloforc U", S = 18.9 ng—l) were reacted with
sulphur dioxide for 2 h in combustion tubes at a series of fixed
temperatures from 200-1100 C. The gas was passed through at constant
streaming rates (5 lh ) and was moistened beforehand by passing it through
: wategg}SOz on wet charges industrially. Blank experiments were performed

‘u31ng nitrogen in place of sulphur d10x1de.

The specific surfaces of the cooled samples were determined gravimetrically

- by the B.E.T. methad (7) from nitrogen sorption isotherms at -183°C recorded
on an electrical sorption balance (8), (9). The average crysta111te 51zes‘
(equivalent spherical diameters) were deduced from the specific surfaces and
X-ray densities. The initial samples and the products were X-rayed for
phase identification and analysed thermally and volumetrically for water

content, alkalinity and sulphur compounds.

In the dynamic thermogravimetric studies, DTG, using a mass-flow balance,

the atmospheres were (a) 2 vol-Z SO, in N;, (b) 0.8 vol-%S0, in N,,

(c) 0.8 vol-7 SO, + 8.2 vol-% 0, in N2 and (d) Nz alone, with heating rates

of 5°C min ' and flow rates of 1 lmin . These methods give (i) a comparison,
of the relative reaction rates at different temperatures on the same sample

and (11) 1nd1cac10n of the reactions during the period in which a cold particle
was raised in temperature to that of the hot gas into which it was injected,

as in an industrial dry flue gas desulphurisation. Simultaneous DTA and TG
‘measurements did not prov1de much more useful 1nformation, since the sulphur
dioxide reaction rates were often insufficient to give a marked temperature dif-
ference between the sample and reference material. The relative effectiveness
of the above absorbents in reacting with sulphur dioxide could be rapidly seen
by comparing the variation in reaction rates with temperature and gas composition
for each solid reactant., This indicated that only calcium oxide or calcium
hydroxide could be reasonably considered as industrial desulphurising agents

for use below SOOOC.

The greater reactivity of the calcium hydroxide samples at temperatures lower
than those required for the other absorbents was related to the simultaneous
formation of activated calcium oxide, especially at temperatures above about

400°C, cf. also Fig. 2 and earlier research (9). Accordingly, further



samples of the same batch of Limbux were decomposed to quicklime by calcining
in vacuo at 500°C (heating rate 8¢ min-l, before holding at this teuwperature
for a total time of 2 h). Then tﬁe products were heated in streams of
nitrogen, with or without sulphur dioxide, at fixed temperatures for different
lengths of time. After cooling in nitroger, surface areas and changes in
porosity characteristics caused by sintering and reaction with sulphur dioxide
" were determined from nitrogen sorption iscotherms at -196°C recorded gravi-

metrically.

Results )

Variations in specific surface when sampies of Calofort U and Limbux react
with wef sulphur dioxide at different temperatures are presented in Fig. 1-
and 2 where they are compared with the calcinations in wet nitrogen.

. Decompositions of Ca(OH), and CaCO; were practically complete within 2 h

.in wet nitrogen at tempteratures above 500° and 700?0 respectively. ' The
specific surfaces of the quicklimes produced from the hydroxide were generally
similar to those obtained in air, but the limes from the CaC0j3; had much lower
specific surfaces than those produced by calcination of either precipitated
calcium carbonate or calcium oxalate in air (10). Although the CaCO; does
not thermally decompose below SOOOC, nevertheless it reacts with the 802,

giving products of composition shown in Table II.

Table II
Reactivity of CaCO3; (Calofort U) with SO2

_ Temperature ' Products
200°% ' 91.0% CaCOj;, 9.0% CaSO3,}H20
300° " 86.4% CaC03,13.6% CaSO3, §H20
400° ' 81.22 CaC0,,18.8% CaSO,
500° 47.5% CaC03,52.5% CaSO3*

% tending to disproportionate to CaSO4 and CaS

Fig. 3—7 show a typical sorption isotherm and changes in pore volume
distribution and cumulative pore volume for samples of Limbux, Ca(OH)2,

calcined at 500°C in vacuo and then treated with SOz at 300° and 500°C:

Discussion

‘Desulphurisation of wet flue gases

The reaction between CaCO; and SO, (Fig. 1 and Table II) at lower temperatures,



up to about SOOOC, is CaCO3 + SO, = CaSQ0; + COz,i.e.,af type Solid A +

Gas I = Solid B + Gas 1I, The products tend to split away from the remaining
CaC0,, so that high surface areas are maintained. However, at higher

" temperatures where CaCO3 can decompose to Ca0, there is considerable loss of
surface, probably caused by ‘extensive sintering of the producté with ultimate
“loss of porosity. ‘Reaction of .80, with the hydfated lime caused loss of -
surfaces at all temperatures (Fig. 2) with considerable agglomeration ("caking")
of'ihe samples zbove SOOOC when much of the CaSO3 disproportionated to CaSO0,
and CaS. 1f accessible, the latter could regenerate-Ca0 by hydroly51s (with
the moisture present), so that ultimately all of the(Ca0 should convert to CaSOu
In practice, reaction temperaturee are such that the maximum rate of SO
absorption by both carbonated and hydrated limes occurs as Fﬁey decompose to

. quicklimes,

Desulphurisation of dry flue gases

Changes in porosity (11) during uptake of S50: are illustrated in more detail _
in Fig. 3=7., Fig. 3 is a typical nitrogen sorption isotherm, showing
hysteresis at relative pressﬁres above about 0.5. Fig. 4—17 show the
changes in pore volume dlstrlbutlon and cumulative pore volume for samples

of Limbux, Ca(OH):, calcined at 500 C 1n vacuo and then treated with sulphur
dioxide at 300°C or 500°C. As is clearly seen, the conversion to CaS03 -
caused a marked decrease in the smaller pores. The propbrtion of surface
area due to pores also decreases as the amount of S0 uptake increases, a
feature wh1ch would follow from the preferential filling of the smaller pores,

‘¢f. Table III, for samples reacted with S0 at 500°cC.



Table III.

Changes in surface areas of samples of calcium oxide after heating in

various atmospheres.

Sample Heating conditions
Compo- - Specific] Pore Wall | Pore area| No. of
sition | Gas Temperature | Time surface area Specific sulphite
composition | °C, minutes 2 -1 2 —1 surface layers
. og ng
Ca0 Na 62.2 58.6 0.94
500 5
Cal0+ - . ) ] ’
2.87 N,+S0, 32.9 25.2 0.77 0.4
CaSO; . '
‘Ca0 N2 54.7 42.0 0.77
500 60
Ca0+ - : . .
21.2%Z N, +S0, 9.4 5.3 0.67 3.8
CaS0; '
Ca0 N2 . 64.5 61.9 0.96 )
300 5 -
CaO+ ) 2
1.47 N,+S0g_ 39.5 28.7 0.73 0.2
CasS0; ‘

Gas compositions:-

N2

~

contains only nitrogen.

N2¥802 contains 99.5 vol. Z N2+ 0.5 vol. % S0,




This is confirmod by calculating the percentage change in volume on conversion
to CaS0; and comparing this with the actual decrease in porosity. It is

*found thaf the measured porosity is less than the calculated porosity for the
samples,:fable IV, which indiéates that ,pores are being blocked. The number
of layers'of CaS0; was estimated frdﬁ the specific surface of the non-sulphited
sample, assuming that. the average area occupied by each CaSO& group was 19.5 A%,
"This gave aﬁparent covcraées of 0.2, 0.4 and 3.8 sulphite layers for the 3 éample
. in Table III and Fig. 4—7. The low coverages of 0.2 and 0.4 in Table III
are accompanied, however, by marked reductions in specific surface indicating
blocking of the pores rather than complete filliﬁg; a comparison of pore wall
area‘with total specific surface also shows excessive reduction. At these

‘ temperatures, reduction in ss:zific surface and pore volumes due to sintering
are comparatively small, as exemplified by "blank" experiments in which the
quicklime is heated in nitrogen alone for similar lengths of time, cf. Ca0
‘samples-in Table III., This pore blocking is analogous to that found earlier
in the recarbonation of calcined limestone, where not more than 80Z of the

carbon dioxide initially evolved can be replaced in the quicklime (12).
Table IV
AN

Comparison of ectual and theoretical pore volumes
for samples after reaction with SO0

Sample * Measured Pore volume . ' : -
Calculated pore volume '
2. 8% Caa o owe ] .
21-2% CaSOa " 0-176

" 1.4% CaS0s . " 0.561 -
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. Stereoscan micrographs of internal surfaces of lime



Variations in surface area of f-hbsorbé_gts during

desulphurisation or gases

- Fig. 1. CaC0s ("Calofort.U")
25p~ '

20" ). -—

’

‘@ | 1 L

[ Fia. 2. ca(on), |
| o5l ("Limbux") F\SQ\

/TR

0. 200- 400 - 600
R Calcination Tempeyature

~ 800°C.



60

wn
(=]

Weight nitrogen sorbed (;110-33112 g 1ca0)
W
o -

[
o

10

S
k)

T, L

002 - O.ll

Sorption .

Desorption

P/P

0.6

0.8

1.0



Fig. 4. _Pore size distribution in calcined Limbux
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Fig, 5, Pore size distribution in calcined Limbux
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Pig. 6. _Pore size distribution in calcined Limbux
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APPENDIX FIVE




Private communication

PORCSTTY OF J)TCKLILES AVD HYDRATED LINES
Bv L.C. Anderson and D.R. Glasson

(]

(1) 2uicklimes

On decomposition, limestone loses more than 40% of its weight )
as carbon dioxide. Since very little change occurs in external dimension,
the lime produced is highly porous and has an apparent density of 1.5-—

1'6 gam ° compared with 3:3 gem ° when it is completely fused and 297

gem ® for the original limestonel A lime with this low density has a

high specific surface, a sponge-like structure and reacts almost explosively
with water, Continued heating of the lime af'ter formation leads to
sintering and aggregation of the crystals comprising the lime lump.

In consequence the luamp shrinks, becoming progressively denser or hard-
burned, less porous and less reactive to water. This effect is illustrated
by cormaring the scanning-electron-microscope pictures of the surfaces

of two samples of lime, one vwith a density of 1-7 gcm ° and the other

2.4 gem ® (Fig. 1(2) and (b)). Tne amount of sintering of lime which

occurs is a function of both time and temperature of heating after
formation, with the latter parameter predominating, Some sintering of

the outer lime layer may occur even vinile a limestone lump is decomposing,
since the surface of the lump may be at a high temperature and consequently
there is an apparent density gradient within a freshly-decomposed luwnp

of lime from the outside imvrards. A schematic illustiration of the

changes in apparent density during the decomposition of a limestone lump
and during subseguent heating of the lime is shewm in Fig. 8. The rgte

of sintering of lime is devendent also on the presence of impurities such
as iron, alumina and silica, which promote liquid formation at the surfaces

of the calcium oxide crystals during the lime-burning process.2

Because its intcimnal surfaces are large in relation to its
external surface, reactive low-density commercial lime may have a
spezific surface as high as 2 m°g ', compared with 05 mg ' for inactive
lime of higher denszity. However, the porosity of these limes is almost
entirely due to macropores, i.e, above 100 A,, since oxygen adsorption
isotherms show little or no hysteresis over relative pressure ranges
corresponding to mesc- oOr micro-porosity®, i.e. aboant 10—1C0 A and
below about 10 A pore radius respectivély, cf. Fig. 3 for quicklime

1

of sp. surface, S = 2.0 n¥y b equivalent to an average crystallite
P y =2 & q g

size of about 1 pm,
More reactive limes specially prepared at lower temperatures
(£rom Ca(OH)2)* are much less sintered and have sp. surfaces of up

to about 100 m’g !, as shown in Table 1,
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3and 4. Adsorption

at -183°C on Ca0 calcined at 900°c/500° ana 700°C
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Fig. 5. Adsorpticon cf Oz at —18500 cn Cal calcined at 40000 in vacuo
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Table 1,

+

Surface arcas of auicklimes and hvdrated limes

- : : , o
(from nitrogen and oxygen adsorption isotherms at -183°C)

Calcination o Sp. surface of Ca0 ({ni’:g-l) Sp. surface of Za(CH)» (ng-l)

temlca)erature (7C) SN2 S08 SN-., 302

3507 in vacuo 1014 -

400° s 85-5 87+ 3

450° s 71-1 727

450° in air 28-0 —

500° 7’ 18.6 18-8 25. 3 242

550° 15.8 16+0 20- 5 21-2 -

600° 13.7 14-3 . 18-4 18-8

700° s 1t-4 11-8 1509 16-1

800° s 5.8 6.3 90 8.8

000° s> 1-9 2.0 6.6 -
¥ 900° ,, 1-3 1.5 5.3 505

Calcination times 3 nh, except at 350° in vacuo where 15 h was reguired
for almost complete decomposition of Ca(CH)z to CaD.

Fig. 6.
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These more reactive limes give oxygen adsorption isotherms showin
progressively greater hysteresis with lower celcination temperature and
larger surface area, cf. Iig., 4 and 5. Since the hysteresis loops
practically close at the relative pressures 6f about 0+35--0+4, there is
development of meso-porosity (pores 10--100 A radius), but very little

micro-porosity (pores below 10 A radius).

(2) Hvdrated limes

The rate of reaction of lime with water depends among other
factors on the area of calcium oxide surface available to water molecules.
In the case of a highly-porcus, lov-density lime, not only the external
surface area of the lump but alse the internal surfaces are readily
accessible to water molecules. The rate of reaciion is then a function
of the total specific surface of the linme. Figure § illusirates the
displacenent and lime reactiviby to water measured by our test. This
involves the sglaking of 255 g of limes with 700 en® of water at 20°C

‘and reporting the temperature rise after 2 min. The rate of reection

o

of a given lime with water is often accepéed as u measure of the abillity
of the lime to fonn an early basic slag in the vasic oxygen steelmaking
process. ‘e are currently supplying lime for this use to a reactivity

specification in terms of the I.C.I.festv requiring a minimum temperature

rise in 2 min of 40°C at the time of despatch from the I.C.I. works.!

When hydrated vith liquid water, the most active iimes (8 = ca.
100 g™ ) decrease considerably in surface area, e.g., 93 to 40 m’g ',
in 1/4 h during hydration, before losing more surface on ageing.s In
contrast, those limes of lower activity (S below about 10 m®g ') increase
their surface areas on "wet" hydration, e.g., 59 to 26°4 m’g ' in % h
during hydration. Limes of intermediate activity show comparatively
little change in surface arca on "wet"” hydration. Thus, the iime calcined
at 600°C (Table 1) with S = 13:7 m®g ' forms Ca(OH)z with § = 14°4 m°g "

after being in contact with liquid water at rocm temperature for 18 h .

Similar behaviour is showm on "dry" hydration vith water vapoﬁrf’s
Thus, highly-active lime, S = 93 m®g ' decreases in surface area to about
40, 335 and 28 mig during hydration with water vapour at relative pressures
of 0-25, 0+50 and 0°95. Less active limes, with S below about 20 meg b,
show increases in surface on hydration witnh water vapour near s.vV.p.
(relative pressure, 0+95), cf, Table 1, The least active of the hydrated
products (8 about 5 m®°g ') show no appreciable meso- or micro-porosity,
but the more active Ca(OH)z samples (S above about 10 m°g ') show some

porosity; oxygen adsorption isotherms indicate mainly meso-porosity,



Fig. 7. Adsorotion of Q. at -183°C on Ca(OH)zfrom
Ca0 calcined at 500° and 700°C.
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Fio, 8 , Adsorption of Os at _-19500, on Ca(0H)z from
Ca0 calcined at 90C"C.
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cf. Fig. 7 and 8. By comparison, similar type ol porosity is shown oy
commercial hydrated lime, Limbux, (Fig. 9)] vhere S = 14.2 and 14.4 mg ™}
from isotherms of nitrogen and of oxygen respectiively. The most active
of? the hydrated products ($ about 40 m?g ') still has practically no

micro-porosity.
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