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The sulfite oxidation reaction was studied by measuring the
rate of oxygen absorption across an unbroken interface into 1 liter
of unsparged, agitated sulfite (16 mM) and catalyst f0.0l to 100 mM)
solution at pH 4-6 and 50°C. Az catalyst concentrations enabling
enhanced absorptien all the incoming oxygen was consumed in a thin
interfacial reaction zone and the bulk solution oxygen concentration
was zero. Fe, Mn, Co, Cu and Cr ions were potent catalysts under
these conditions, Ni was fnactive. At 10 mM these catalysts gave
pseudo-first order (in oxygen) rate constants of 8.6, 43, 4.7, 95 and

11 s_l, respectively. However, values for Cu and Cr are uncertain



because of long transient times. Dry catalyst added in its upper
valence state (ferric, cupric, chromic) produced high initial rates
that fell in one to six hours to steady state while catalyst added in
its-Tower state (ferrous, manganous, cobaltous) showed no high rates
and reached steady-state in Tess than one minute. Ferric and ferrous
eventually resulted in the same rate. The effect of Fe was solubili-
ty-limited at a total Fe concentration of about 0.01 mM at pH 5
resulting in an enhancement factor of 2.4 at al] higher concen=
trations. The iron ions cycle, being reduced during initiation and
re-oxidized in the reaction zone. Fe was a much stronger catalyst
than Mn or Co but its rate was limited by ferric solubility. Thios-
uifate (C.05~1 mM) had a stronger inhibiting effect and efficiency on
Mn than on Fe. EDTA was an effective inhibitor for Fe at equal gr
greater concentrations. A generalized free radical mechanism is pro-
posad to ‘mode1 initiation, termination and inhibition of radicail
chain reactions. Rates for Fe and Co fncrease with pH from 4 to 5
while those for Mn was unchanged. Strong positive Mn-Fe synergisms
were found to cause absorption rates of up to five times those

expectad.
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Section 1

INTRODUCTION

1.1 The Sulfite Oxidation Reaction

The oxide of sulfur's +4 valence state exists in aquebus sol-
ution as sulfite, 8052, or as bisulfite, HSG;, with a pK, of 7.20 at
25°C and infinite dilution (Yui, 1940). Upon oxidation to its +6
form it becomes sulfate, SOJZ, or bisulfate, HSO&, with a pK, of 1.98

(Robinson and Stokes, 1965). This reaction may be written in its

most basic form as
S(4) + 1/2 0, S2EALYSE g(qy (Rxn. 1.1)

.and is given the generic name "sulfite oxidation™ regardliess of the
protonation state of the reactant and the product. The mechanism of
this reaction is so complex that there is currently no generally
accepted comprehensive mechanism despite over half a century of
research into the area. The principal difficulty in elucidating a
mechanism lies in the uniqﬁe sensitivity of the abserved reaction
kinetics to experimental conditions; changes in temperature or sol-

ution composition often result in changes not only in the rate con-



stants but in reaction orders and even in the mathematical form of
the rate expression. Furthermore, sulfite oxidation may be catalyzed
or inhibited by trace impurities in the solution. The reaction s
generally considered to be a free radical chain with perhaps some
non-radical reaction steps and is known to be catalyzed by several
types of dissolved transition metal ions. The actual mechanism under
any given experimental conditions probably consists of a few reaction
steps out of a multitude of known possible steps. The set of impor-
tant steps probably then changes with changing experimental condi-

tions.

1.2 Applications of Sulfite Oxidation

There are two main engineering applications of sulfite oxi-
dation: the determination of mass transfer characteristics 1in
gas-liquid contactors and the generation of CaSO4 waste products (in-
stead of CaSO3) in flue gas desulfurization (FGD) systems. For mass
transfer characterization it is usually necessary that the kinetics
of the oxidaticn reaction be accurately known in order %o enable cor-
relation between the observed rate of oXygen absorption into a sul-
fite/catalyst solution and the mass transfer parameters kox and a,
However, due to the vast complexity and diversity of the reaction the

mechanism 1s not understood well enough to provide the needed kinetic



information from first principles so empirical rate forms must be
used. Mass transfer characterization via sulfite oxidaticn has been
thoroughly reviewed by Linek and Vacek (1981) and further examples
are given by DeWaal and Okeson {1966) and by Westerterp et al.

(1963). Applications to FGD systems are discussed in Sec. 1.2.1.

Sulfite oxidation is of scientjffc %nte%est in the areas of
acid precipitation and in free radical oxidations in general. Sulfur
dioxide from stack gas, mainly from coal=fired boilers, is absorbed
into atmospheric moisture droplets and hydrolyzed to bisulfite. The
subsequent oxidation of this suspended bisylfite to sulfate produces
sulfuric acid resulting in acid precipitétion. The aqueous phase
oxidations of sulfite and of various hydrocarbons seem to follow gen-
erally parallel reaction mechanisms. Thus, research into sulfite
oxidation may serve to elucidate these types of reactions in general

for other compounds.

1.2.1 Applications to Flue Gas Desulfurization

In general, an FGD system consists of a scrubber, which
absorbs sulfur dioxide into'aﬁ agueous solution, and a series of oth-
er unit operations designed to extract the resulting sul=-
fur-containing compounds from the solution either as a disposabie

waste or as a marketable product. The history and synthesis of these



processes have been reviewed by Rochelle (1977). The absorbed SG2 is
quickly hydrolyzed to equilibrium amounts of sulfite and bisulifite
resulting in a drop in pH across the scrubber. Therefore a scurce of
‘atkalinity must be continuously added to maintain steady state. In
1978 there were 119 FGD systems either in operation, under con-
struction or being planned in the U.§. The majority of these are
designed to accept either lime (Cal) or limestone (CaCOB) as a source
of alkalinity and generate either a CaSO3 or'CaSQ4 waste product,
depending on the degree of sulfite oxidation in the system (Borg-

wardt, 1978). If no oxidation occurs the overall scrubbing stoi-

chiometry with limestone addition is:
SOZ(Q) + CaCO3(s) —— CaSO3(s) + COz(g) (Rxn. 1.2)
If oxidation is present the overall stoichiometry becomes:

(Rxn. 1.3)
S0,(g) + CaC0,4(s) + 1/2 0, —> CaS0,(s) + C0,(g)

The oxidation pe?centage is defined as the percent CaSO4 (gypsum) in
the waste product. Oxidation occurs primarily in the scrubber and in
the holding tanks downstream from the scrubber and can approach 100%
if residence time is provided in an air-sparged holding tank contain-

ing suitable dissolved oxidation catalysts (Hudson, 1980; Gieason,



1977). Therefore the process typically occurring during forced oxi-
dation in a holding tank is the absorption of oxygen from air across
a gas-liquid interface and into a sulfite/catalyst solution where the

oxidation reaction occurs.

Complete oxidation in an FGD system is sometimes desirable
because gypsum is a better waste product than calcium sulfite. Gyp-
sum has a higher settling velocity and crystallizes into Iargér,
blockier particles enabling more complete dewatering and denser com-
pacting. Since the resulting solid waste is completely oxidized it
will have no chemical oxygen demand in the Tandfil]l. An additional
benefit of complete oxidation in a sturry écrubbér is reduced scaling

because of the high concentration of gypsum seed.

The rate of oxidation is a complex function of the system
variables and the sulfite oxidation reactian is not understocd well
enough to facilitate the prediction of parameter effects accurately
enough for system design without resorting to empirical rate corre-
Tations. The situation is made more complicated by the fact that
changing one parameter in an FGD system can cause changes in other
variables, each of which may affect the intrinsic oxidation rate.
For example, Towering the pH might raise the concentrations of dis-
solved oxidation cataiysts and total sulfite while decreasing the

ratio of sulfite to bisulfite (Rachelle, 1977). The sum of these



competing effects on the oxidation kinetics would be, at present,

very difficult to predict with any certainty.

1.3 Review of Previous Work an Reaction Mechanisms

Systematic research intc the mechanisms of sulfite oxidation
began in earnest ahout 50 years ago (Backstrqm, 1927; Reinders and
Vies, 1925; Johnstone, 1931). Since that time the growing utility of
the reaction in engineering applications and the interest in free
radical and 1inorganic mechanisms in general have prompted many
diverse studie§ of its aspects. An excellent review of past research
with emphasis on application to mass trahsfer characterizaticn has
been written by Linek and Vacek (1981). Published accounts follow
the classical pattern of studying a problem from a variety of angies
to build up a body of literature from which a comprehensive and uni-
fied mechanism becémes apparent. A typical article consists of the
results of one of several possible types of experiments under certain
conditions followed by a reaction mechanism specifically tailored to
explain the results. While these mechanisms tend to employ reaction
steps from a large common pool of possible steps, there seems to be
Httle overlap in the way they are assembled. Looking at the litera-
ture as a whole, one can conclude that the remarkable complexity and
sensitivity to conditions of the sulfite oxidation reaction has pre-~

cluded the synthesis of a comprahensive mechanism to date.



Compared to this project, most previous work on sulfite oxi-
dation was performed at higher total sulfite concentratfons, Tower
catalyst concentrations and higher poH values. Furthermore, most of
the Titerature results were obtained in homegeneous reactors in which
there is a significant concentration of oxygen in the bulk solution
so the range of reaction rates tend to be lower than those required
for studies employing oxygen absorption into an oxygen-free sol-
ution. Therefore, thera is relatively little literature rate data
under FGD conditions. Hudsonl(1980) performed experiments on calcium
and sodium sulfite solutions at pH 4.6 and 300 mM suifite but the
highest catalyst concentration he used was oniy C.7 mM Mn and Fe in a
nomogeneous reactor. Ohe cannot extrapolate his results to higher
catalyst concentrations and rates ﬁince he reports that the reactien
order for Mn is zero when it was found in this work to be one or
cne~half. Martin et al. (1981) studied Mn-Fe synergism at pH 2-3,
Bengtsson (1974) studied Co catalysis at pH 5 and Weisnicht (1978)
investigated the oxidation of calcium sulfite slurries at pH 4.3 to

5.5.

1.3.1 Experimental Methods

There are three major experimental avenues associated with

sulfite oxidation vresearch: homogeneous reaction, heterogeneous



absorption and rapid mixing. Homogeneous reaction involves a bulk
phase réaction between dissolved S(4) (total sulfite) and 02 in the
presence of a dissolved catalyst (Fuller and Crist, 1941; Coughanaowr
and Krause, 1965; Huss et al., 1982). Due to its low solubility,
oxygen is either allowed to deplete to stop the reaction (batch mode)
or continuously replenished by sparging (CSTR mede). Heterogeneous
absorption involves the uptake of 02 across a §as-?iqu1d interface
into a sulfite/catalyst solution under fast reaction conditions so
that all the incoming oxygen is consumed in a thin reaction zone at
the interface and the bulk phase oxygen concentration is zero (Linek
and Mayrhroferova, 1970; Reith and Beek, 1973). Less often, the
absorption of su]fﬁrl dioxide 1into an oxygen/catalyst solution is
employed (Johnstone and Coughanowr, 1958). A variety of gas-liquid
centactors have been ysed for absorption methods. 1In the preceding
homogeneous or heterogeneous reaction schemes the reaction rate is
measured by standard methods such as recording the time dependency of
Some reactant or product concentration or, for the case of heteroge-
necus abserption, directly measuring the volume of the gas absorbed.
The rapid mixing (or flow thermal) method is carried out by mixing

two streams, one containing the S(4) and one the 0 in a tubular

2)
flow reactor and measuring the temperature rise as a function of dis-
tance (residence time) down the reactor. The reaction rate is then

caiculated from the known heat of reaction (Barron and O'Hern, 1966;

Srivastava et al., 1968; Mishra and Srivastava, 1975). Either stream



may carry the catalyst (Chen and Barron, 1972). Experimental con-
straints make it difficult to uge the same solution in the different
reaction schemes (Bengtsson and Bjerle, 1975). For example, faster
Kinetics are generally required for enhanced axygen abso?ption in
order to deplete all bulk phase oxygen and to confine the reaction
. Zone to a narrow regidn at the gas-1iquid interface (Sec. 3.1). Such
a solution may not be suitable for homogeneous experiments because it
would be difficult to sparge oxygen in fast enough tc establish a
substantial bulk phase concentration and thus obtain homogeneous
reaction conditions. In the studies where the same solution has been
employed in both homogeneous and heterogeneous experiments, the
kinetics for the homogeneods case seem ﬁo be the faster (Johnstone
and Coughanowr, 1958; Chen andIBarron, 1972). IThTs effect is usually
attributed to a decreasg in the rate of the heterogeneous case due to
the residence time of a fluid element at the gas-liguid interfacial
reaction zone being shorter than the induction time of the reaction

(Schultz and Gaden, 1956; Phillips and Johnson, 1959).

Inhibitor and spectroscopy studies may be used in conjunc-
tion with the above reaction schemes to give specific information on
free radical oxidatjon reactions. inhibitors are chemical compounds
that retard free radical reactions by‘reacting with chain-carrying
radicals making them unavaiiable for further reaction (Backstrom,

1927; Alyea and Backstrom, 1929; Lim et al., 1982). Since cnly one
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inhibitor molecule can stop a lengthy reaction chain a large
reduction in the oxidation rate can be brought about by small amounts
of inhibitor. Kinetic information may be garnered from the degree
and time dependency of the depression in the reacticn rate caused by
the addition of a known amount of inhibitor. The most commenly used
inhibitors in sulfite oxidation studies are hydroguinone, ethanol
and EDTA. Liquid-phase spectroscopy during reaction is a Very power-
ful family of methods that can give time~dependent information on the
concentrations and structures of free radical reaction intermediates
(Hayen etval., 1972; Dogliotti and Hayon, 1967; Eriksen, 1974; Zagor-
ski et al., 1971). However, the use of spectroscopy in free radical
research requires a Targe capital expendiéure for equipment and spe-
cialized experimental expertise to conduct the research and inter-

pret the results.

1.3.2 Cbserved Kinetics

A large variety of kinetic rate constants, rate expressicns
and temperature dependencies have been observed for sulfite oxida~
tion. The kinetics of the reacticn are so sensitive to reagent impu-
rities and experimental conditions that it is usually impossible to
reproduce literature data accurately (Linek and Mayrhoferova, 1970).

As a result there are few clear-cut kinetic dependencies from the
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Titerature that can be counted on to hold true in any given exper-

iment but some vague trends can be concluded from a thorsugh review.

Experiments with known free radical scavengers have shown
that the reaction is essentially free radical in nature (Altwicker,
1977) so the observed kinetics can be expected to follow the forms
common to this class of mechanisms; non-integer rate orders, mul-
ti-term expressions, variation of kinetic behavior with conditions
and general complexity of reaction phenomena are frequently
observed. Backstrom (15%27) has shown that the upper limit on the
reaction’s chain length (at trace concentrations of catalyst and 0.6

M total sulfite) is about 50,000.

As with hydrocarbon free radical oxidation, sulfite oxida-
tion is significantly catalyzed by dissolved transition metals with
muitiple valence states such as Mn, Fe, Co, Cu and Cr. The intrinsic
reaction rate is known to be very low in the absence of catalyst
although it has been suspected that réagent impurities, such as iron,
may be acting as a trace catalyst in these cases. Huss et al. (1978)
have shown that the rate approaches zero when trace impurities are
removed by chelation. The upper valence state of a transition metal
seems to be more catalytically active; observed initial rates are
higher when catalyst is added in its upper state. This is manifested

in rapid mixing experiments as higher rates when the catalyst is
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added with the oXygen-containing stream than when it is contained in
the sulfite-containing stream (Chen and Barron, 1972; Altwicker,
1976; Mishra et al., 1976). However, in systems at steady state the

ratio of valence states may reach an eguilibrium.

The effects of pH on sulfite oxidation rates is not generally
agreed upon but Tower pH seems tc lower the rate more coften than
raise it (Reinders and Vles, 1925; Turney, 1965). There are several
ways that pH could affect the overal]l rate. Many of the sulfoxy com=-
pounds-sulfite, sulfate and several radicals—can exist as protonated
species. Some elementary reactions in the proposed overall mech-
anisms are known to be faster or slower depending on the protonation
state (Hayon et al., 1972). It has been claimed that 3052 is more
quickly oxidized than HSOé (Hudson, 1980; Fuller and Crist, 1941) in
attempts to explain pH effects but thére is no clear evidence for any
difference in rates between the two species. Changes in acidity can
affect the complexation of the dissolved transition metal data1ysts
thereby changing their redox potential (Huss et al., 1982; Bailar et
al., 1973) and perhaps changing their catalytic activity. Different
steps in the chain reaction may become rate limiting at different pH
values due to pH-dependent stabilities of reaction intermediates.
For example, the sulfate radical, SOZ, is unstable above pH 8 and
therefore could only be a chain carrier at Tow pH (Hayon et al.,

1372). Finally, if the upper state of the transition metal is the
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catalytically active species then the pH dependency of the catalytic
regeneration step may become important. The oxidation of ferrous to
ferric is highly pH-dependént, Deing between first and second order

in OH . (Tamura et al., 1576; Stumm and Lee, 1361).

The simplest way to model the observed kimetics is with a

power series:

reaction rate = kr[OZJm[S(4)}n[cata1yst]p (1.1)

The reaction orders for elementary single-step reactions are the
integers 0, 1 or 2.depending on the stoichiometry. However, sulfite
oxidation is not a single elementary step but rather a set of series
and parallel reactions fnvo]ving a number of intermediates. While
the above rate expression is sometimes suitable for empirical data
correlation it can rarely be extrapolated very far since its form
does not, in general, reflect the actual mechanism. Therefore, the
apparent reaction orders m, n and p (which must be allowed to take on
positive or negative jnteger or non-integer values in order to fit
the data) and the rate constant varies widely throughout the litera-
ture. Additional concentraﬁﬁon terms for HY (or OH™) and inhibitors
are sometimes added to Eq. 1.1 raised to their own apparent reaction

orders.
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The most interesting phenomenon associated with sylfite oxi-
dation is catalytic synergism which occurs when two or more catalysts
are simuitanecusly present and the resulting oxidation rate is higher
or lower than would be expected from the individual catalytic actiy~
Tties of the single catalysts (Altwicker and Nass, 1983). Synergism
s described as positive or negative depending of whether the resylt-~
ing rate is greater or smaller than the rate expected from the inde-
pendent parallel reactions. Johnstone (1931) first noticed a
positive synergism between Mn and Fe and a negative effect between Mn
and Cu. Martin et al. (1881) claim that the Mp-Fe synergism comes
about due to the promotion of Fe-catalyzed oxidation by Mn. This
conclusion was reached by comparing the reaction orders with respect

to sulfite for the reaction catalyzed by Mn, Fe and the combination.

1.3.3 Proposed Mechanisms :

No generally accepted comprehensive mechanism for sulfite
oxidation has been proposed to date due to the extreme complexity of
this reaction. The actual mechanism under any circumstances probably
consists of a set of elementary steps out of a large number of possi-
ble steps. However, the kinetics of these numerous possibie steps
and the properties of the reactants and products are largely unknown

since they involve unstable free radicals that cannot be isolated for
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study; they only appear in conjunction with other radicals and

reactions during the actual oxidation process.,

Since the mechanism is chiefly free radical in nature it
would seem best to model it as such. A thorough review of free radi-
cal reactions will not be given here since there are many books on
the subject (Huyser, 1873; Walling, 1957; Edwards, 1962) but a firm
grasp of this area of chemical theory is necessary to understand and
develop sulfite oxidation mechanisms. There are three main types of
reactions 1in free radical chemistry: initiation, propagation and
termination. An initiation reaction results in the generation of a
free radical, perhaps by the oxidation or reduction of a non-radical
ion or molecule. The propagation reactions are the cyclic set of
reactions that generate the product. A typical propagation reaction
involves the transfér of an unpaired electron thus transfering the
free radical character from one species to another and resulting in
no net generation or consumption of free radicals. The termination
step consumes free radicals to stop the propagation cycle usuaily by

. the combination of two radicals to form a non-radical.

By far the most_sﬁccessfu] sulfite oxidation mechanism vet
proposed is the Backstrom mechanism (Backstrom, 1934; Barron and
C'Hern, 1966: Chen and Barron, 1972; Mishra and Srivastava, 1976).

This mechanism seems to work best at sulfite concentrations aboye
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about 0.1 M, basic pH values and less than 1 mM catalyst. While 1im~
ited in performance, the Backstrom mechanism undoubtedly reflects
much of what is actually happening under the conditions of its appli-
cability and serves as a good example of free radical oxidation mech-
anisms. The dots represent the anaired electron and identifies the
species as a free radical. The species are written as unprotonated

since the pKa values of all the intermediates are not known.

Y N T B

Initiation: Me 3 3

Propagation: SOE *———P'SO;
: -2 -7 :
505 + 503 —_— 805 + 303
- 2 -2
5 —pp 2504

SO.“+ so;

(sum) 250;2 + 0

—— 25072

2 4

Termination: 280%———~4» inert products

The rigorous solution for the overall rate is a multi-term exprassion
but with the assumption that the chain length is very long (many pro-
pagation cycles before termination) and if the first propagation

reaction 1is much faster than the other twe the rate expression

reduces to the form of Eq. 1.1:



rate = k [0,1°[50;71% 2 mel11/2

Whenever experiments result in these observed reaction orders it can
be said that the Backstrom mechanism is a possible reaction scheme.
The Backstrom mechanism is similar to reaction mechanisms known to be
operative for some liguid phase free radical oxidations of hydrocar-

bons (Twigg, 1962; Turney, 1965).

One of the Timits to testing this type of candidate mechanism
ies in undérstanding the elementary steps themselves. The charac-
teristics of these electron exchange reactions are intimately Tinked
to the coordination of the reactants and this often restricts the
degree of thecretical treatment that may be applied (Taube, 1970;
Boozer and Hammond, 1954). The effects of anions and cations that
are not consumed in the reaction may be due to the utilization of
these fons as ligands. Some ligands seem to function as redox
reaction catalysts for some elementary steps such as the accelerating
effect of phosphate on ferrous/ferric reactions (Tamura et al., 1976;
Bailar et af., 1973). Other anions, such as ammonium, seem to inhib-

it electron transfer reactions (Mishra and Srivastava, 1975).
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1.4 Scope of this Work

The purpose of this project was to study sulfite oxidation
under flue gas desuifurization (FGD) conditions. These conditions
differ from those usually employed in other studies which tend to be
either mass transfer characterization projects at higher S(4) con-
centrations and pH but Tower catalyst levels or acid precipitation
studies at trace amounts of S(4) and catalyst and lower pH. The
experiments were performed at pH 4 to 6 and 0.01-0.03 M sulfite to
simulate the conditions in typical FGD oxidizing units. The reaction
occurred under heterogeneous conditions where oxygen was absorbed
out of air at 50°C into an agitated, unspérged sulfite/catalyst sol~
ution typically containing 0.1 to 100 mM of Mn, Fe, Co, Cu, Cr or Ni.
Under these conditions the reaction kinetics were so Tast that all of
the incoming oxygen was consumed in a thin reaction zone at thé
gas-liquid interface and the bulk solution oxygen concentration was
maintained near zero. The absorption rate was measured via the
pH-stat method (Chan and Rochelle, 1982) since this technigue allows
solution concentrations to remain constant indefinitely while the

absorption rate comes to steady state.

The scope of this project was to determine what factors are
important in fixing the reaction rate, and therefore the absorption

rate, under FGD conditions and to elucidate some aspects of the



19

reaction mechanism when common FGD catalysts are present. The prin-
cipal solution effects that were considered included catalyst con-
centration, S(4) concentration, pH and agitation rate. Catalytic
synergism was studied by having two catalysts present simultaneously
in the solution. The results of these experiments were correlated to
hypothesized reaction steps with equations describing simultanecus
reaction and mass transfer under these conditions in order to judge

the validity of proposed reaction steps.



Section 2

EXPERIMENTAL

2.1 Introduction

The abscrption of oxygen into sulfite/catalyst solutions to
study sulfite oxidation kinetics has an advantage over closed-system
batch methods because the reaction may proceed at steady state with
constant oxygen concentrations. The oxygen absorption methed May be
used to measure the kinetics heterogeneously or homogeneously. For
the heterogeneous case the kinetics must be very fast relative to the
mass transfer capabi?ities‘of the reactor {via high concentrations of
catalyst and/or suifite) so that all the oxygen is consumed in a thin
“reaction zone" at the gas-liquid interface and no oxygen penetrates
‘to the bulk solution. For the homogeneous case the kinetics are much
slower than the mass transfer capability so the bulk sclution is sat-
urated with oxygen and the reaction proceeds at the same rate at any
point in the solution. The oxidation rate, and hence the rate of
absorption, for the homogeneous case is then a function of the
reaction kinetics only, but for the heterogeneous case the absorption

rate is a function of both kinetic and mass transfer effects.

20
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The sclutions chosen for this study were intended to be simi-
lar to those found in actual FGD operaticns. The systems that employ
oxidation 1in an air-sparged vessel would be designed to have fast
kinetics for the greatest efficiency and would probably operate under
heterogeneous conditions. Therefore the solution composition in
this study was chosen to result in the use of heterogeneous absorp-
tion to measure the reaction rate. In this study, as in most oxidiz-

ing FGD systems, gas phase resistance to 02 absorption is negligible.
2.2 Method

Oxygen was absorbed across an unbroken gas-liguid interface
and into an aéitated solution containing dissolved sulfite and cata-
lyst. A1l incoming oxygen was consumed at the interface so the buik
1iguid oxygen concentration was always near zero. The conditions for
& given experiment were usually variations of one or more defauli

cenditions:
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50°C

pH &

10 mM S(4) (total sulfite)

10 mM catalyst (Mn, Fe, Co, Cu, Cr or Ni)

300 mM S(6) (total sulfate)

0.184 atm 02 above the soTution (water-saturated air at SOOC)

400 rpm agitation (k0x=8.2X10"3 cm/s)

The ionic strength of this solution is about 0.925 M. Other sub~
stances were added for certain experiments, such as thiosulfate for
inhibito~ studies. These default cenditions Qere chosen to approxi-
mate the environment in a typical FGD oxidizer or scrubber but no
attempt was made to conform them to any specific FGDlprocess. Since
nearly alil current and planned FGD systems utilize limestone or lime
as a source of alkalinity they would he expected to have Ca+2 as the
major cation in the solution, but for this study Né+was used as the
spectator catfon bacause NaZSD3 and NaZSO4 are available in much pur-
gr form than the corresponding Ca salts (Hudson, 1980). Reagent
purity fis very important in the study of free-radical oxidations
since one inhibitor mo1ecu1ercan break a reaction chain and prevent
the oxidation of a large number of molecules. Impurity levels as low
as 10 M can significantly affect the rate of sulfite oxidation

under some circumstances (Bengtsson and Bjerle, 1975).
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The O2 absorpticn rate was measured via the pH-stat method.
Since the predominant species at pH 5 are bisulfite (the reactant)
and sulfate (the product) a hydrogen ion is liberated during the oxi-

dation reaction:

HSO3 + 1/2 0, ——>~ so;2 1 (Rxn. 2.1)

The above reaction is written for bisulfite oxidation but if the
actual species being oxidized is sulfite a proton is stil] liberated
due to the sulfite/bisulfite equilibrium. A probe detects the drop
in pH and causes a pH—stat apparatus to dispense a Na2503 solution

into the reactor to maintain the pH setpoint.

=2

SO3

+ H —— HS03 (Rxn. 2.2)

Summing the above two reactions gives the overall sulfite cxidation

stoichiometry.

-2
3

EE— SO—2

S0 4

+ 1/2 02

(Rxn. 2.3)
The concentrations of all species in the solution remain con-
stant except for sulfate. Sulfite is added and oxygen is absorbed at

the same rate as they are consumed. The sulfate concentration is
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relatively high at the start of the experiment (0.3 M) so it will
rise only a couple of percent over a run lasting for several hours.
The pH-stat methed is useful only at pH values that are between the

pKa values of sulfate (1.45) and sulfite (6.57).

2.3 Apparatus

Fig. 2.1 is a block diagram of the experimental apparatus
which is the same used by Chan and Rochelle (1982) for measurement of

1imestone dissolution rates.

The reactor (Fig. 2.2) was a p]eﬁig1ass cylinder 14 cm in
diameter (154 cmz cross-sectional area) and 15 cm deep with four 1.5
cm baffles. A spap-on 1id with access holes provided segregation
from outside air. OCne liter of solution was agitated by a polypropy-
lene propellor with three 1.5 cm square-pitch blades that pulled the

solution down in the middle.

2.4 Procedure

The following procedure is for establishing a steady state
absorption rate under any given conditions. Several different types
of experiments may be performed with minor variations of this proce-

dure. The most common experiment for this work was to vary the con-
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centration of a spacies in the solution, such as catalyst, from a

value below to a value above the default condition.

The reactor, agitator, thermometer and pH probe were first
cleaned with 0.1 M sulfuric acid and rinsed with distilled/deionized
water. One liter of 300 mM NaZSO4 solution was then heated to 50°C on
a hot plate and poured intc the reactor. The thermometer, pH probe,
agitator and reactor 1id was added and the assembly placed in a ther-
mostated water bath. Oxygen in the solution was stripped out by
sparging wfth Nz through a fritted-giass tube while the agitator was

running at 400 rpm. While the sparging was underway the Na,S0

2773
titrant selution was added to the buretté dispenser. After 30 min-
utes of sparging the fritted-glass tube was removed and the Nz
allowed to flow through the gas space in the reactor to maintain an
oxygen—free atmospheare above the solution. Cry Na2303 and caté1yst
(as a sulfate salt) wera added to the so1ﬁt€on through a hole in the
reactor 1id. The pH was adjusted to the desired value with sulfuric
acid and the dispenser nozzle inserted into the top of the reactor.
At this point the pH-stat apparatus was turned on but would dispense
no titrant if the pH had been properiy adjusted to coincide with the
setpoint and the gas above‘the solution remained oxygen-free. When
the strip chart recorder was ready to record the amount of titrant

added the NZ flow was shut off and 1000 cm3/min of air was sent into

the gas space to establish a steady state 02 concentration. After
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several minutes the flowrate was reduced to 306 cm3/min for the dura=
tion of the experiment. This gas flowrate should not cause signif-
icant SO2 stripping over a period of several hours for 10 mM S(4) at

pH values as low as 3.

The absorption rate was calculated from the slope of the

titrant added vs. time record. The conversion equation was:

(2.1)

gmol's 02 _ (ml titrant) [gmois S{4) L mole O2 <' 1 )
cm2 g 5 ml titrant/ \2 moles S(4 154 cm2




Section 3

OXYGEN ABSCRPTION INTO SULFITE/CATALYST SOLUTIONS

3.1 Simultanecus Gas Absorption and Reaction

3.1.1 Physical Models

If the reaction kinetics between the gas being absorbed (02)
and the reactive solute (5(4)) are sufficiently fast then the absorp-
tion may be described as heterogencous. Under these conditions ati
of the oxygen being absorbed is consumed fn a thin reaction zone at
the gas-Tiquid interface and the bulk solution oxygen concentration
is practically zero. The regions where these conditions exist may by
determined by plotting the oxygen absorption flux R in moles Oz/cmzs
versus the catalyst concentration at constant total sulfite Tevel in
a stirred vessel as in Fig. 3.1. As the catalyst concentration is
increased from left to right the oxidation kinetics become faster and
three distinct regions of 02 absorption are found. In region A the
kinetics are too slow to maintain a bulk 1iquid oxygen concentration
of zero and the absorption rate is given by physical absorption into

an 02~containing solution:

29
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on gas absorption flux
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R = kox([azj}' - [Ozjb) (31)

where: k

ox Tiquid-side mass transfer coefficient

for 02, cm/s
{02]1 = 02 concentration at the interface, mo]es/cm3

[OZ]b = O2 cencentration in the bulk solution, mo]es/cm3

In region B the kinetics are fast enough so that the bulk oxygen con-
centration is nearly zero but not fast enough to show any enhancement
above the maximum rate of physical absorption. This highest rate of

physical absorption is given the symbol Ro:
RO = kox[OZJi ‘ (3.2)

In region C the kinetics have become fast encugh so that there is
enhancement of the absorption rate above RO. In this regime there is
no bulk phase oxygen so the system is properly under heterogeneous
conditions and all the incoming oxygen is consumed the in a thin
reaction zone at the interface. The enhancement factor is defined

ds:
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E= R/RO (3.3)

In practice only a very small amount of catalyst is required to
achieve region B so the areas of interest for this study are B and C.
The absorption rate under heterogeneous conditions is a
function of both kinetic and mass transfer effects. Therefore, if it
is desired to extract kinetic information from the absorptien rate it
is necessary to have an accurate mathematical model that allows sepa-
ration of the kinetic and mass transfer parameters. There are two

main models used for this purpose: film theory and surface renewal

theory.

Film theory is the simpler of the two approaches and invelvas
a boundary layer on the liquid side of the interface (Danckwerts,
1970). A stagnant diffusion layer of thickness X4 is assumed over
which, in the absence of simultaneous reactfon, oxygen molecules must
diffuse in order to reach the well-mixed bulk solution. If the bulk
Tiquid O2 concentration 7s zero, the physical absorption rate is giv-

en by:
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1 (3.4)

Therefore, the 02 mass transfer coefficient is Dox/xd' At higher
rates of agitation the thickness of the stagnant layer decreases and
so the mass transfer coefficient increases. With no reaction the 02
concéntration will fall linearly from [02]1 at the interface (x=0) to
[02]b=0 at the edge of the diffusion layer (x=xd). When simultaneous
chemical reaction occurs the 02 concentration profile becomes curved
with a positive second derivative so that the concentration stil]
falls to the bulk Tevel at X=X 4 but the absorption rate, which is
proportional to d[Ozj/dx at x=0, is larger than that for physical
absorption resulting in an enhanced absorption rate. This model is
scmewhat physically unrealistic since it implies a discontinuous
change from transport by pure diffusion to trans?ort by pure con-
vectionﬂat X=X and since a stagnant interfacial layer would not be

expected, however it is mathematically simpie (one adjustable param-

eter, xd) and seems to perform well for engineering calculations.

Surface renewal theory (SRT) is more physically realistic
but also more mathematically complex. The physical assumption behind
this model is that a stagnant fluid element is brought up from the

bulk solution by convection to the interface where it sticks for some
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residence time with one of its facets forming a small section of the
interfacial area. During its residence time at the interface it
absorbs gas with or without reaction as would a stagnant fluid of
infinite depth. At the end of its residence time it is swept back
into the bulk sclution. There are two versions of SRT, those of
Danckwerts (1951) and Higbie (1935). The Higbie model assumes that
the residence time of any fluid element a* the interface is the same
and Danckwerts assumes, perfiaps more realistically, that the resi-
dence time is randomly distributed about some mean. The mathematical
fofmu?ation for SRT is more complex than that for film theory
although it also contains only one adjustable parameter: the resi-

dence time (Higbie)} or the mean residence time (Danckwerts).

The rate of gas absorption predicted by film theory and SRT
are wusually very close or identical. Often these differences are
Tess than the error introduced Dy uncertainties in parameters such as
diffusivities. Testing the relative validities of these two
appreaches reduces to the problem of testing the dependency of the
mass transfer cocefficient of the gas being absorbed upon its Tiquid
phase diffusivity (Davies et al., 1964). Film theory predicts that
kx should vary as Dx to-the first power but SRT predicts that it
should vary with the square-root of Dx (Danckwerts, 1570). However,
these dependencies are difficult to test since the diffusivities of

dissclved gases all fall into a VEery narrow range around 10’5 cmz/s.



35

The Timited experimental data seems to favor the square-root approach
Tor stirred vessels and packed columns (Kezinsky and King, 1966;
Vivian and King, 1964). On the cther hand, the Timited range of dif-
fusivities can be locked at as one reason that the two approaches

differ so little.

For -the purposes of this study, Danckwerts SRT was chosen
since it is more physically realistic and has some experimental sup-
port. However, since film theory agrees so well under many condi-
tions 1t is used interchangeably when the mathematical complexity
precludes the use of SRT. Chan and Rochelle (1982) have shown that
with equilibrium reactions film theory canrbe made to approximate SRT
by using the square-root of diffusivities in place of diffusivities

to the first power in film theory equations.

3.1.2 Danckwerts Surface Renewal Theory

The central assumptions of Danckwerts SRT are that the proba-
bility of a surface element being replaced during any given time
increment is independent of the length of time it has been at the
interface and during its residence time at the surface it absorbs gas
as 1f it were a stagnant fluid of infinite depth. Implicit in the
above is the assumption that the residence times are short enough so

that the boundary condition which makes a fluid element seem infi-
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nitely deep is valid. That is, no unreacted gas reaches the bottom
of the fluid element. This model was proposed by Danckwerts {n 1951
and summarized in his classic 1970 book Gas-Liquid Reactions. In
this sub-section Danckwerts SRT will be used to derive an expression
for physical absorption and first-order reaction and then be eitended

to m~th order reactions.

The first scemaric to be considered is the physical absorp=-
tion of oxygen into an agitated solution where [02]b=0 and [02]_I is
given by Henry's law. During the length of time that a fluid element
Ts &t the surface it absorbs oxygen from the gas phase as 1f it were a
stagnant fluid of infinite depth. The equétion that governs the oxy~

gen concentration profile in such an element is:

200, ¥, (3.5)
3t ox axz

A

at x = 0 and t > 0O, [92] = [02]_i

0, [0,] =0

at x > 0 and t

as x=»© and t > Q, [02]—+ 0

The solution to Eq. 3.5 is:
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0,1 = [0,1,11 - erf(; t) (3.6)

The absorption rate for an individual surface element, Re]’ is:

172 T
dfo,] D
_ 2=y f “ox
Ra1 = Doy "< ) [0_2]1' _ , (3.7)

dx wt
x=0

If s is the fraction of the interface renewed per seccnd and the
probability of any fluid element being replaced is independent of its
age at the surface then the fraction with a residence time between
time t and dt is se-Stdt. The rate of absorpticn is then given by

summing up the rates for all the possible time increments:

m .
R = Sﬁeése Stye (3.8)

0

Finally, RO is found by substituting in Re] from Eq. 3.7:

R, = (DOXS)I/Z[O (3.9)

215

Therefore kOX:(DOXS)l/Zdnd s is the adjustable parameter, a function

of the agitation intensity. SRT predicts that the mass transfer
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coefficient varies with the square-root of the diffusivity as dis-
cussed in Sec. 3.1.1. For our apparatus at 400 rpm agitation the
measured valued of kox Was 8.2)(10_3 cm/s and the diffusivity of oxy-
gen in water at 50% is 3.72X1O“5 cmz/s, therefore s s 1.81 surface

renewals per second or about 0.55 s per complete renewal.

For the case of simultaneous absorption and first-order
~reaction the procedure for deriving an expression for R is similar

except that a reaction term is added to £q. 3.5:

2
3 [G,] 3 [0,]
3 t - Yox W ) kll:OZ:| (3.10)

This equation can be solved analytically and inserted into Eg. 3.8 to
yield an absorption rate relaticnship:

D k2

R=R I +-2 ] (3.11)
kOX

For the case of simultaneous absorption and m-th order
. reaction the equation describing the oxygen concentration in the sur-

face element can only be solved analytically for m=0 ar 1.
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2
o [0,]; o [0,] (3.12)
b't1 ™ Pox d3x° ‘ fOZ]m

Hixita and Asai (1964) and Brian (1964) have shown that an approxi-

mate solution may be obtained by Tinearizing the reaction term:

m._(_2 -1 .
1<m£02}_j o @lkm[{lz]D [0,] (3.13)

This psuedo-first~order term then allows a solution analogous to Eq.

3.11:

2 m-1 /2

T1:100x m[OZJ (3.14)
2

0X

R=R l1+
0 k

Comparisons with numerical evaluations for the m-th order case show
that Eg. 3.14 differs by less that 6% from the rigerous sclutions for
m equal to integer or non-integer values between 0 and 3 (Hikita and

Asai, 1964).

The reaction rate constant, km, is a functien of the concen-

trations of the reactants (sulfite), catalysts and other species at
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the interface where the reaction occurs. So this constant may be

replaced with a mare generalized expression:

172

1
ETT Dok kLS (4) ] [catj L0, ]m (3.15)

0 2
kox

The estimation of the surface concentrations of various reactants and

products is discussed in Sec. 4.

Eq. 3.15 may be used %o explain the shape of the absofption
rate vs. catalyst concentration curve shown 1in Fig. 3.1. At low
catalyst concentrations the kinetics will be slow enough that the
right-hand term inside Eq. 3.15 is much less than one so R=RO as in
region B. As catalyst is added and the right-hand term rises the
absorption rate beccmes enhanced with the enhancement factor given

by:

1/2
2 n P m-1

R 1 Doy [ 5(4) T5TeatIiTo, I,
S ?

kOX

(3.16)

As the kinetics become fast enough so that the right-hand term is

much Targer than one the expressions may be approximated by:
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+ | .17

R = ElDoxkr b/ [5(4)]?/2[cat]§/2[02]gm 1)/? (3.17)

. T 100k, | FT8(8)1} AL ear)?/ 2o M) /2 o
f(GX

The error introduced by this further assumption is about 11% at E=3,
7% at E=4 and 4% at E=5. From Eq. 3.17 it can be seen that the slone
of the absorption rate curve in region C of Fig. 3.1 is equal to p/2.
Also, in this "high enhancement™ reqgime R becomes independent of ka

and therefore independent of the agitation rate.

The method described above assumes a simple one-step irre-
versible reaction which may be used if the actual mechanism is not
known. If the mechanism is known specialized absorption rate
equatidns can be derived from either film theory or surface renewal
theary for more complicated reaction schemes which may give better
resuits (Brian and Beaverstock, 1965; Kuo and Huang, 1970; Matheron

and Sandall, 1978; Teramoto et al., 1973).



Section 4

DIFFERENCES BETWEEN BULK AND INTERFACE CONDITIONS

4.1 Introduction

Sulfite oxidation kinetics measured 1nkhetercgeneous situ-
ations often are not the same as those measurad under homogeneous
conditions. One possible reason for this is differences in compesi=
tion between the bulk solution and the interfacial region where the
reaction takes place. The interface would be expscted to be rela-
tively depieted of reactants (sulfite and bisulfite) and relatively
rich 1in reaction products {sulfate, bisulfate and hydrogen ions).
The degree of these differeances are a function of the reaction rate,
the bulk solution composition and the agitaticn intensity. Since the
rate is a function of interfacial composition and this cemposition is
dependent on the rate, a dynamic steady state should be reached
between the rate and the surface conditions for any given bulk sol-
ution composition, gas phase composition and agitation rate. Thus it
would be expected that the absorption rate would correlate better
with interfacial conditions than with bulk solution conditions.

There is presently no satisfactory method for directly measuring
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interfacial pH and ionic composition withaut disturbing the reaction

but these guantities can be estimated from transport equations,

=
a

athematical model i¢ presented in this section for use in
estimating the degree of differences between bulk and intarface con-
ditions for systems Trvolving oxygen absdrption into  sul-
fite/catalyst solutions and examples of its application are given.
its model s applicable to any experimental conditions but finds
particular wtility under GO conditions due  to the large

Terences that can exist for those systems.

4.2 Mode? of the Interfacial Region
4.2.1 Physical Mode]

The gas-liguid interface region is modeled with 7ilm theory
as a thin stagnant Tilm from x=0 to X=Xy on the 1iquid side across

which reactants from the bulk solution mus:i diffuss o an interfaciai

Ig

reaction zone of thickness x_ where the oxidation occurs. The

reaction products must then diffuse back to X4 to reach the bulk sol-

The diffusion film becomes thinner at higner agitation rates
resulting in faster mass transfer. This assumpiion that the mole-

iffuse & distance to and from the reaction zone is ful-

1]
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=
g
it
o
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i1ied in the fast reacticn regims where the reaction zone is much

thinner than this stagnant fluid laver (xp<<xd). A combination of

Eqs. 3.4 and 5.10 indicates that E:Xd/xr he interfacial concen-

tration is some average value over the reaction zone for al] species

diffusing to and from the bulk. Th
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value of [GZ]i is taken at x=0
because of its applicability in surface repewal gguations and the

ness of Henry's constants to predict it.
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geneous rate constant anc the interfacial
cal in the limits of slow kinetics (E=I
From the viewpoint of surface renewal theory the chemica composition
of the interface {s the same as that in the bulk solution at the fime
fluj

uid element arrives at the surface but the interfacial composi-

tion for that element changes as oxygen is absorbed, sulfite is con-

at the time the fluid element is pulled back into the depths. Thus,
any staticnary point on the surface undergoes an ocillatery change in
composition. From the viewpoint of film theory the conditions at the

surface are static and egual to some average vaiue of the cycliec con-

diticns predicted by renewal theory.
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nere are five unknowns to be solved for: the interfacial

concertrations of sulfite, bisulfitz, sulfate, bisulfaie and hydro-
gen tons. The five physicel assumptions consist of twe mass bal-
ances, one charge baiance and two equilibrium retationships:

1. the rate of S{4) consumption equals the rate of

£

5{4) transport to the interface

2. the rate of S(8) production equals the rate
of 5{&} transoort away from the interface
3. the flux of positive charges to the interface equals
the flux of negative charges to the interface
4 suifite and bisulfite are in eguilibrium at the interface
5. sulfate and bisulfate are in scuilibrium at the

interface
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The mass transfer coefficient for 02, kox’ may be directly measured
experimentally so it is convenient to be zhle g derive the coeffi-

cient for any species from kox' By the definition of kox in Eq. 4.2:

D (4.3)

However, Kozinsky and King (1966) has shown that the mass transfer
coefficients for mechanically agitated vessels are better correlated
if they vary with the square-root of diffusivity as in surface

renewal theory:

(4.4)

Film theory predicts that the Tiquid~phase mass transfer coefficient
changes with the first power of diffusivity as in Eq. 4.3 while sur-
face renewal theory predicts the ane-half order dependency of Eg.
4.4. Tt is very difficult to test these two assumptions since the
diffusivity for any solute tends to fall into a narrow range. The
limited experimental data has been interpreted to show that the
absorption rate is, in general, better correlated with the square

root approach (Davies et al., 1964; Vivian and King 1964).
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rate of S{4) per square cm of interface

equals the production rate of S(6) and is twice the abscorption rate

of oxygen.

The five physical assumptions from Sec. 4.2.1 may now be cast

into quantitative form:

1. 2R = Nyg, + Nog, (4.5)
2. 2R = ~(Nygs * Npeg) (4.6)
3o Nyge = 2(MNjgp + Nygg) + (Nggy + Ngoe)  (4.7)
4. Ko, = [SOZ27.TH 7. /THSOS 4.8
5. Kep = [SOC27.[HTY. /THs0" 4.9
. SG_[ 4]1[ ].][ 4].{ ()

where the subscripts are: BS4
US4
S4
H+

H

it

it

bisulfite
sulfite (unprotonated)
total sulfite

hydrogen ion
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Substituting in Eq. 4.2 yields a nonlinear set of five equations for

the five unknowns.

The eguations may be rearranged to facilitate a numerical
soluticn by eliminating the sulfite and sulfate unknowns from Egs.
4.5 and 4.6 with the equilibrium relationships and then soiving them
for bisulfite and bisulfate, respectively. There are then three
equations and three unknowns: bisu]fftg, bisulfate and hydrogen ion

concentrations at the interface.

- )
kpsalHSOZ], + kygg[S037], - 2R

[HS0Z]. = |
. Kpsa + KysaKsg (1/THT1;) (4.10)
- -2
isony. - (Bs6tS0ady * KysglS0,7T, + 28 (4.11)
v * 4.11
| “gs6 * Kuseise(L/IH 1)
(W5 = [H'D, + (kggq/ky,)([HSOT], - [HSO31.) -

* {kggg/ky,  (THSO, Ty, - SO, 1)
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The equations were solved by guessing a value for [H+]1 and then cal-
culating values of £HSO§]1 and [HSO&}T from Egs. 4.10 and 4.11
These numbers were then used to obtain a new value of [H+]i with Eq.
4.12 for comparison to the guess. When convergence was achieved,
[5052}1 and [5052]1 were found from the equilibrium relationships.
The interfacial concentrations of these jonic species are 3
function of the bulk conditions and the absorption rate and are inde-

pendent of the catalyst used to achieve a given rate.

4.2.3 Transport and Equilibrium Constants

Two types of constants are needed for the solution of Egs.
4.5 through 4.9: liquid phase mass transfer coefficients for sutfite,
bisulfite, sulfate, bisulfate and hydrogen ions and equilibrium con-

stants for the suifite/bisulfite and sulfate/bisulfate systams.

The mass transfer coefficients were calculated from the mea-
sured value of k_ (8.2X1077 cm/s at 400 rpm) via Eq. 4.4 with the
diffusivity of oxygen in water at 50°¢C equal to 3.72X1U—5cm2/s. Lon-
ic diffusivities at 25°C were. estimated from the following relation-

ship (Reid et al., 1977):
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R TL (4.13)

where: Ry = gas constant, 8.314 J/mole K

T=K

L= l1imiting fonic mobility, A/em?

Z = ionic charge

F = Faraday's constant, 96,500 C/mole

The Dx calculations were done at 25°C since Timiting fonic mobilities
were available only at that temperature (Landolt and Bornstein, 1960)

and corrected to 50°C with the Stokes-Ejnstien relationship:

D v
.S constant
T

(6.18)
where v: = viscosity of water, gm/cm s
The results of these calculations are given in Table 4.1.
Tﬁe equiiibrium constants K34 and KS6 were needed at 50°C and

0.93 M donic strength. The values at 25°C and I=0.93 M were taken

from Smith and Martell (1976) and corrected to 50°C with:



Table 4.1

Liguid phase diffusion and mass transfer

coefficients of the dissoived species

Species | Limiting | 0,X10° | p x10° k X107
E C
(X) Tonic 2500 SOOC hG~C
Mobility 400 rpm
(a/cm) l(em®/s) | (em?/s) (cm/s)
0, - 2.10 3.72 8.7
5052 72 0.94 1.66 5.5
HS0; 50 1.30 2.30 6.5
so;r2 80 1.04 1.84 5.8
Hso; 50 1.30 2.30 6.5
Wt 350 9.11 16.1 17.0

52
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K2 . -OH 11 (4.15)
N — ] -
K1 Rg T2 T1
where: Rg: gas constant

AH = =3.0 kecal/mocle for the S(4) system

-5.6 kcal/mole for the ${6) system

The equilibrium constants were calculated to be:

pKe, = 6.57

S4

pKe. = 1.45

S8

4.3 Resutts and Discussion

Numerical soluticons of Egs. 4.5 through 4.9 as a function of
the absorption rate at pH, 5, [S(4)]b=10 mi, [S(B)]b=300 mM and

kOX=8.2 X 10_3 cm/s (400 rpm) are given in Table 4.2. The abscrption

rate was varied from physical absorption (D.98X1{J—9 moles Dz/cmzs)
to R]im (32.4X10_9), the rate 1imited by S{4) transport from the bulk
) 9

solution. Sinée the physical absorption rate is so close to 10
moles Oz/cmzs numerical values aof RX109 may be read as E with very
~ Tittle error. Significant differences between bulk and interface
conditions are indicated for pH and for the concentrations of sul-
fite, bisulfite, 5(4) and bisulfate. Once the bulk solution composi-

tion is set and R is specified there are no further degrees of



Taple 4

.2

Interface conditions as a function of the

absorption rate at pH

b

and 400 rpm agitation

5, 10 mM S(4)

e | e [0s03%0, | THs0sl, {Is(a)], (50,7, |[Hs0;1, |[(6)1.,
0 |s.c0lo0.26 | 9.74 | 10.00 | 299.9 | 0.085 | 300
1 {as9fo1o0 | 957 9.67 § 300.0 | 0.220 | 300
150443} 0.069 | 9.44 9.5t | 3000 | 0.31 | 300
2 {e30 0050 | 9.30 9.35 | 300.0 | 0.42 | 300
3 Je12 0032 | 9.0 9.04 { 300.0 | 0.64 | 301
s J399fo0023 | 871 | 8734 3000 | 087 | 30
6 |3.80} 0.014 | 8.10 8.1 | 301 1.3 302
s |3.67 1§ 0.009 | 7.48 7.49 | 301 1.8 303
10 §3.57 | 0.007 | 6.87 6.88 | 301 2.3 303
15 §3.39] c.008 | 5.33 5.33 § 301 3.4 304
20 |3.26 } 0.002 | 3.79 3.79 | 302 4.6 307
30 |3.09 §0.001 | 0.70 0.70 | 303 7.0 310
32.4 13.06 } 0.000 | 0.00 0.00 | 303 7.5 311

concentrations are in mM

54
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freedom remaining for the interfacial concentrations so any change in
the interfacial concentration of some species due to a change in R or
a bulk concentration will be reflected as changes in the concen-
traticon of all the other species at the interface. For example, if
the absorption rate is increased, [5(4)]1 will drop by some amount
while ES(6)]i and [H+}1 would rise by an amount of the same order of
magnitude. The specific amounts by which the individual S(4) spe-
cies, suifite and bisulfite, are depleted at the interface and the
division of the $(6) products into sulfate and bisulfate are func-
tions of traﬁsport considerations and local pH. It is apparent then
that the coﬁcentration of the more dilute species would undergo the
largest proportional changes. In Table 4.2 it can be seen that the
surface concentrations of the most dilute components do in fact show
the most percent of change: gt (initially 0.01 mM), SO;2 {(0.26 mM)
and HS0;°(0.085 mM). HSOS (9.7 mM) and S(4) (10 M) show less rela-
tive change at any given value of R while 5074 and S{6) (both about

4

300 mM) show only a few percent of change from RO to R Despite

Tim”
the large differences in proportional change the absolute changes are

Timited to about 1 to 10 mM for each species.

In the case of FGD conditions, such as those of this study,
the 5(4) concentration is relatively low and the siightly acid sol-
ution results in [HSG§}>>[SO§2] and [HSG;]<<[SO£2]. Thus it can be

expetted that significant S(4) depletion, particularly for suifite,



56

could occur at the interface at modest enhancement factors and that
transport of acidity away from the .interface by bisulfate would be
less important than transport by hydrated protons. The relationships
between R and bulk conditions and the interfacial conditions in
FGD-1like systems are further complicated because one of the species
that would be expected to underge large propertional change, S(4),
functions as both a buffer (sulfite/bisulfite at pH 6.6) and as a
reactant for the system. Therefore pH1 and [8(4)]1 are strong func-

tions of R and bulk conditions for typical FGD solutions.

Eq. 4.5, rewritten below, expresses the amounts of S(4) spe-
cies at the interface as a function of the rate and the bulk concen-

trations:

R:(1/2)kU54([soﬁb-[so;zjj)+(1/2)k854([Hsoéjb-[Hsogji) (4.5)

The S(4)-Timited rate would be R evaluated at interfacial S(4) con-

centrations of zero:
R =0 -9 -9 _ -9 2
Tim = J2XK10 T+ 31.7X10 7 = 32.4%X10 7 moles Oz/cm $

Thus, the great majority of S(4) transport to the interface at pr 5
is by bisulfite. Eg. 4.5 may be approximated in simpler terms by

expressing it in terms of total sulfite:
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R = (1/2)kgy([S(A)]y = [3(H)T) (4.16)

and k

where: kS4 = concentration weighted average of kUSQ BS4

The S(4)-limited rate calculated from Eg. 4.16 1is 32.5X1O"9, almost
exactly the same as the cne from Eq. 4.5 since nearly all the S(4) can
be considered to be bisulfite. Rearranging Eq. 4.16 and using the

definition of R

1im shows that the fractional [5(4)]1 depletion is a
Tinear function of the rate's fraction of R?im:
[S(4)1, Rism

The S{4) and HSO™ columns in Table 4.2 are very nearly linear in R but

the 3052 column is not since it is at a relatively Tow concentration.

Interfacial pH plotted against R in Fig. 4.1 shows similar
behavior for any value of bulk pH. As the absorption rate increases
pHi drops slowly from pr but at some point begins to drop very rap-
idly before Teveling off near a common pHi of about 3. The downward
break occurs at higher values of R for higher bulk pH values and at
pr<6 the initial slow decrease region is so small that it is practi-

cally nonexistent. These near-level regions around pr are main-
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Fiagure 4.1: Depression of interfacial pH

due to sulfite oxidation at 10 mM S{4)
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tained by sulfite/bisulfite buffering at tﬁe interface which cceurs
as long as the interfacial sulfite and bisulfite concentrations are
fairly high and of comparable magnitude. When the buffering effect
is removed due to decrezsss in [5052]1 (caused by interfacial S(4)
depletion and pHi drop) the sudden drop in interfacial pH occurs. At
pr<6 there is never enough sulfite present at the interface to pro-
vide significant buffer capacity so there is no region where pHT is
maintained near pr. For the cases of pr = 7 and 8 this [5052]
depletion is reflected by large increases in the ratio [HSO;]/[SO;ZJ
at the breakpoint indicating the loss of buffer capacity. The
decrease in Riim with increasing pr is dué to the greater contrib-
ution to S(4) transport by sulfite which has a slightly Tower diffu-

sivity than bisulfite due to its higher charge. Near R each line

tim
seems to be converging near a common pHi of about 3. At this point
the rate of H© production at the interface is about the same for any

2R

value of pH 1im ©F about 65X1079 moles H*7cm25. In order to

b
maintain steady state, H+'must be transported away from the interface
at the same rate. If we assume that the only transport mechanism is

the diffusion of protons then:

' -9 + ) + : ’
65X10 7 = kH+([H ]i ~ [H ]b) (4.18)

where: [H+] is in mo]es/cm3
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This equation shows that the Timiting interfacial hydrogen ion con-
centration will be much larger than the bulk concentration and so

will be fairly constant with respect to pr.

Timiting pH.

pr by Eq. 4.18
3 2.34
5 2.45
7 2.45

The sclution of the more rigorous model indicates a limiting pHi of
3.06 for pr 5. This difference of about half a pH unit is due to
acidity transpert by bisu1fate; at low pHi values the interfacial
bisulfate concentration can be large enough compared to its bulk con-

centration to provide significant transport.

As mentioned above, the main reascn for the sensitivity of
pHi and [5(4)]1 to R 1s the Tow concentration of $(4) in the bulk sol-
ution leading to depletion of interfacial S{(4) species at moderate
absorption rates. The depfession of pHi‘at enhanced absorption rates
is greatly diminished as [S(4)}b is increased (Fig. 4.2) since higher
S(4) levels provide more buffering capacity and a higher S{(4)~Timited
rate. Most previous sulfite oxidation work has been applied to mass
transfer characterization or to mechanism studies which are usually
carried out at [S(4)]b values of 0.5 M or higher. Thus, it can be

seen from Fig. 4.2 that differences in bulk and interface conditions
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would not be a problem for studies conducted at such high S{(4) levels

but would be a concern for heterogeneous experiments done under FGD

conditions.

The partial pressure of SO2 over an S{4) so]utfon (Fig. 4.3)
may be a strong function of bulk-to-interface conditions. This could
be especially important in the design of units for simultanecus
scrubbing and oxidation. The following equation was used to deter-

mine pSOZ (Rochelle, 1980):

P '
log —292 ___ 304 - PH. (4.19)

ProglS{4) 1

where: PSOZ and szﬁ are in atm and [3(4)]1 is in M

The peaks in PSOZ are caused by two competing effects: decreasing pHi
and decreasing [5(4)]1. Flue gas from coal~fired boilers averages

500 to 5000 ppm 502; This range is acheived at about (I/Z)R}im at pH
5.

b
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Section 5

KINETICS AND MECHANISMS

5.1 Mathematical Model of Erhancement due to Free Radical Reactions

A quantitative relationship between the observed absorptian
rate and proposed reaction steps must be derived in order to evaluate
the validity of candidate mechanisms. Such a model is necessarily
part of the proposed mechanism itself since it relies on physical
assumptions and can be imagined, in its most basic ferm, to be a
mathematical relationship between the gas absorption rate and the
interfacial concentrations that are calculated by the methods of Sec.
4. Reactant and catalyst concentrations will vary with position in
the reaction zone so the interfacia] concentrations are some jnte-
grated average from x=0 to X=X - This type of model is derived in the
first part of this Eection on the basis of film theory and employing
a generalized free radical reaction mechanism. Experimental data is
then evaluated with the model in order to ascertain characteristics
of the sulfite oxidation mechanism. The model is presented in con-
text with sulfite oxidation but should be applicable to other complex

reactions under heterogeneous conditions.

64
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Since a detailed free radical mechanism is not avéiiable, the
model must employ a generalized sequence consisting of ﬁniﬁiation,
propagation, termination and perhaps inhibition steps. The effects
of catalysts are easfer to mode] than the effects of reactants
because the initiation and termination reactions are much less numer-
ous and interrelated than propagation reactions and therefore are
better understood. Because there are so many pessible propagétion

reactions they are more prone to change with changing conditions.

The dinitiation step s assumed to be a Backstrom-type
reaction. (Backstrom, 1934; Backstrom and 0'Hern, 1966; Chen and Bar-

ron, 1872) as given in Sec. 1.3.3:

el + X ——s Mol 4 g (Rxn. 5.1)

u,L

where: Me a metai ion in its upper,lower state

>
i

some non-radical ion or molecule

=
H

a radical

The initiation rate at constant local [X1 is then:
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_ y
Tinit = KipjelMe’] (5.1)

where: [MeU] = the Tocal MeU concentration

The free radical created in Rxn. 5.1 then participates in a
cyciic set of propagation reactions that involves other radical
intermediates being generated and consumed. The typical propagation
reaction does not change the number of free radicals but passes the
radical character on to another species:

Ry * Xg —= X, + Ré (Rxn. 5.2)
There will be a number of reactions Tike 5.2 operating in a cyclic
series, the radical product of one being the radical reactant of the
next. Therefore, if propagation steps are not competing for the same
radicals, the concentrations of all radicals in the reaction zone
would be proportional to one another and the reactions would be first

order so the generalized expression for the propagation raie would

be:

rprop = kprop{R ] at constant [X] (5.2)
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The product, $(6), is formed from the further reaction of

ncn-radical propagation products such as the reaction of 505

sulfite o form two sulfates. The rate of sulfite oxidation in the

with

reaction zone, Pogs is proporticnal or equal to rprop since some con-
stant integer number of S(4) jons will be oxidized by each complete
propagation cycle (2 for Backstrom's mechanism). The number of times
that the propagation sequence cycles before termination is defined as
the "chain length” and was first measured for sulfite oxidation by
Backstrom (1927). The value of the chain length and the effects of

changing conditions upon it can be used to determine aspects of the

mechanism (Huyser et al., 1973; Twigg, 1962; Walling, 1957).

Termination reactions consume free radicals and therefore

» 3 . - . . * -
stop propagation chains. This reaction can be first order in R if
the radical combines with a non-radical toc become a non-reactive rad-

ical or second order if two radicals combine into a non-radical.

eopm ktl[R'] 1st order termination (5.3)

ktz[R']Z 2nd order termination (5.4)

Termination occurs either chemically, by the above reactions, or by
dispersion, where & radical from a propagation cycle moves away from

the oxygen-rich surface and, therefore, no longer contributes to the
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oxidation process. These radicals are eventually converted to
non-radicals or consumed in the bulk solution but their rate of
departure from the reaction zone is mass transfer controlled and

therefore first order.

If the free radical concentration is at steady state

r 30:

P
init term

[R'] = (k /kti)[MeU] 1st order termination (5.5)

init
/ktz}l/z[MeU]U2 Znd order termination . (5.6)

) (kinit

The propagation rate, proportional to the oxidation rate, is given

via Eqg. 5.2:
r = k kinit [MeU] 1st order termination (5.7)
prop = “prop| =
[k, . ]1/2
=k _mt [Meu]lfz 2nd order termination (5.8)
prop K ,
t

The next task is to relate R to erOp via film theory.
Although surface renewal theory is more physically realistic than
film theory (Sec. 3) it will be shown that the results are identical
for the two approaches above an enhancement factor of about three.

Although surface renewal theory should be used for E<3, the deriva-
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tion of an absorption rate expression via film theory serves to
illustrate the relaticnships between the rapidity of the homogeneous

kinetics, the thickness of the reaction zone and the absorption flux.

The physical model (Fig. 5.1) involves a stagnant reaction
zone of thickness X, (as described in Sec. 3.1.1) in which all the
incoming oxygen is consumed. The oxygen concentraticn profile is
assumed to be straight between x=0 and X, in contrast to the more
realistic profile which would show a positive second derivative. An

oxygen balance gives:

- (5.9)
R =1/2 Tep X,
o 3
where: req Ts in gmols S(4)/cm™ s
The flux of oxygen at the surface is:
T (5.10)
0X 4y 0X X,
x=0

Eliminating X, gives the desired expression:
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1 172
Pox %157 12

6) 1/2
5 sS4

R = (1.49X107°)rgs” gmots O,/cn’s - (5.11)

Inspection of the above equations shows that the thickness of
the reaction zone is inversely proportional to the absorption rate or

inversely proportional to the square-root of r This film theory

S4-°
result is identical to the surface renewal theory~expression at high
enhancement factors but predicts Tower values of R in the "knee
region" between E=1 and E=3 (transition from region B to € in Fig.
3.1)}. Above E=3 the error is less than 10% but, under the conditions
of this study, enhancements often fa]i in the knee région so surface
renewal theory is used tb relate R to FS4’ the homogeneous rate, and
to kl’ the first order (in Oé) rate constant. These slight errors
will be ignored for the purposeﬁ of relating the presumed feaction
steps described at the beginning of this section since the basis of
comparison between the model and the observed absorption rates will

be trends (such as reaction orders and forms of the absorption rate

equations) instead of absolute rates of absorption.

Substitution of rprop from Egs. 5.7 and 5.8 for rsa in Eq.

5.11 gives:
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Figure 5.1: Oxygen profile in the interfacial reaction zone
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b o Nk N2
R = X271 prop init {Meujl/2 1st order termination (5.12)

Z Kyq

1
2 1/4
+/D__[0,]. Ky . :
;(OX 2,)%&(‘”“) eV 1Y% -2nd order termination (5.13)
2 k
t2

Thé applicable expression will depend on the termination mechanism
but 5.13 would be expected to hold at higher rates since the higher
radical concentration wouid preferentially accelerate the second
6rder reaction'over éhe first order step. These equations are modi-

fied for the actions of inhibitors in Sec. 5.3.

Ca£a1ytic activities may be compared by determining rsa and
kl from R via surface renewal theory. 1In the absence of information
on m, the homogeneous reaction order with respect to oxygen, m=1 is
assumed to give pseudo-first order data. Rearrangement of Eq. 3.11

gives;:

2
kox 2

K, =% (E 2
D

-1

- 1) = (1.81)(E° - 1) s (5.14)

1
0X
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This constant and the oxygen concentration in the reaction zone,
assumed to be [02]5/2, fixes the homogeneous rates of oxygen and S(4)

_comsumption:

Pox = kl([02]i/2) ='(1/2)rs4 (5.15)

4

where: [02]1 = 1.2X107" M

rox_and rgq are in M/s

Elimination of kq relates E and Pea’

2 .
k
=2 10,3 (€% - 1) = (2.17x10"

Dox

Y2 -

sq

5.2 Catalysis by Dissolved Metal Ions

5.2.1 Comparison of Catalysts

Table 5.1 shows the relative catalytic abilities of 10 mM of
the six transition metals at thé default conditions of this project
(given in Sec. 2.2). The pseudo~first order rate constants (in 02)
were calculated from data in Figs. 5.2, 5.3 and 5.4 via Eq. 5.14. The
average homogeneous rate of sulfite consumption, gy, Was calculated

from Eq. 5.16. The physical absorption rate at 400 rpm was measured
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at 0.98)(10"9 moles Oz/cmzs so, at this agitaﬁiqn inténsity, the quan-
tity RXlO9 can be assumed to be numerically equal to £ with very 1it-
tle error. It -was found that the rates for Cu and Cr, which were
added in their upper states,-started out very high (Ea45 and 35) and
decreased to a Steady state in'one to three hours. Greenhaligh et al.
(1975) observed simi]ar transients following the addition of cupric
idns.. Mn, Co and Ni, which were added in their lower states, reached
steady state in under 10 minutes and may have risen s1ight1y to the
final wvalues. Iron was added in both states ahd showed similar
behavior, dropping from E#4.2 to steady state, E=2.4, in two hours .
when added as 1 mM ferric chloride and r%sing Tess than 10% in only a
few minutes to'aboutkthe same value when added as ferrous sulfate.
Also, other investigators have found higher rates in rapid mixing
: experihents when Co or Cu is added with the oxygen-carrying steam
instead of being in the sulfite stream (Mishra and Srivastava, 1976;

Altwicker, 1976; Chen and Barron, 1972). Barron and 0'Hern-(1965)
have found that copper in the cupric form was a strong catalyst while
cuprous copper was a mild inhibitor. Furthermore, all sulfite oxida-
t%on catalysts exhibit more that one significant oxidation state.
A1l of this eVidence 1ends credence to the idea that it is the upper
valence state of the ion that is catalytically active, probably via
Rxn. 5.1. Ni, which has only one significant valence state in sol-
ution, was the most inactive catalyst and its slight activity could

have been due to Fe impurities.
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Table 5.1
Comparison of catalytic activitieé during enhanced
oxygen absorption into 10 'mM S(4) and 300 mM S(6)
at pH 5, 50°C and 400 rpm agitation
1

p = first order (in 0,) rate constant, s

k
Fgq = average homogeneous oxidation rate in the reaction

zone, gmols S(4)/1iter sec.

mM catalyst E Ky ou
5 Mn' . | 2.5 9.5 0.0011
10 Mn 5.0 43 0.0050
50  Mn. 5 99 0.0120
1 Fe | 3.1 16 0.0019
0.5 Fe 3.1 16 0.0019
Fe 2.6 10 0.0012
10 Fe 2.4 ‘8.6 0.0010
50 ° Fe 2.4 8.6 0.0010
5 Co .5 2. 0.0003
10 Co 1.9 4.7 0.0005
50 Co 3.2 17 0.0020
10 Ni 1.1
50 N 1.2
10 Cr 2.7 11 0.0013
10 Cu 7.3 94 0.0110
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The homogeneous rates from Table 5.1, rog» Were compared with
homogeneous rates from the literature. Published rate expressions
were evaluated at 5 mM catalyst for‘Mn and Co, 0.1 mM catalyst for Fe,
10 mM total sulfite, 0.12 mM oxygen énd pH 5. This Tower level for
fron was used since the catalytically active species seems to be sol-
ubility limited at this concentration of total iron (Fig. 5.3).
Hoffmann and Jacob (19é2) have published a review of rate expressions
derived from experiments at low pH but the sulfite and catalyst lev-
els were smaller than those in this project. These expressions pre;
dict reaction rates of at least two ﬁrders of magnitude too high for
Mn in four out of the fige comparisons. Table 5.1 gives rey=0.0011
M S(4)/s for 5 mM Mn while Hoffmann and Jacob's relationships preaict
250, 47, 0.50, 0.16 and 0.0013. The expressions for iron agreed much
better with one high (0.25), one .Tow (0.00001) and three of the right
magnitude (0.0082, 0.004, 0.008) compared to 0.0019. All three com-
parisons were high for Co:'2.0, 0.09 and 0.007 ¢ompared to 0.0003.
Bengtssbn (1974) studied Co at pH 5 and his expression, extrapolated
to the higﬁer catalyst concentrations in this study, predicts a rate
about two orders of magnitude too high (0.057). Martin (1983) stu-
died Mn and Fe ca£a1ysis_at pH 0 to 3, 0.1 mM éataTyst and 1 mM sul-
fite. Again, the expression for Mn is at least five orders too high
while the predicted rate for iron is of the same order. Therefore,

the published homogeneous rates seem to be higher than those observed
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for 5 mM Mn and Co but .about equal to thosé‘for 0.1 mM Fe. However,
most of the published expressions were derived from data at catalyst

concentrations closer to 0.1 mM than 5 mM.

Although ferric seems to be more directly active in initiat-
iﬁb free radical chains, ferrous ions may participate in'the pro-
duction of radicals by decomposing hydroperoxides into radicals
(Walling, 1957; Huyser, 1973; Twigg, 1962). Branching reactions such
as the following are common in the solution phase free radical oxida-
tion of hydrocarbons:

L U

Me" + X0OH —— Me! + X0+ oW~ (Rxn. 5.3)

‘The result. of branching reactions is a higher frée-radica] concen-
tration which serves to decrease the yield of Hydroperoxides in the
reaction products, increase the reaction rate and shorten the propa-
gation chain length by consuming éhain carriers (Turney, 1965). In
the case of sulfite oxidaﬁion the most probable participaﬁts in Rxn.

5.3 would be the decomposition of HSO5 to 302. Also, the ferrous
ions will effect the solution equilibrium and the average valence

number.

The effect of Mn, Co and Ni catalyst concentrations on the

absorption rate is shown in Fig. 5.2. All three curves converge at

’
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R0 below 1 mM. The curve for Mn changes slope from 0.54 to 0.27 at 10
mM indicating a thange in homogeneous order from about unity to about
one-half. Coughanowerrand Krause (1965) have observed similar behav~
for with this catalyst. The generalized reaction model presented
above predicts one-half and one-quarter slopes for the cases of first
aﬁd second arder te%mination, respective]y} so the observed change in
slope may be due to the shift to a second order termination reaction
as the free radical concentration becomes high enough to favor this
step. Co seems to exhibit a slope of one-half above 30 mM and Ni nev-

er shows enough enhancement to determine its order.

An éstimate of the free radical concentration in the reaction
_zone may be made from kinetic data. Hayon-(1972) gives the second
order rate constant for the combination of O2 and the sulfite radical
(the first propagation reaction 1in the Backétrom mechanism, Sec.

9

1.3.3) as 10° (M s)“l. If a typical homogeneous rate of 107

moles S(4)/1 s is assumed and the oxygen concentration is taken to be

10™* M then the sulfite radical concentration is about 10_8 M.

5.2.2 Catalysis by Iron

Similar experiments with Fe gave a quite different kind of
result; the curves showed significant slope only at concentrations

below 0.1 mM (Fig. 5.3) and exhibited zero order above that level
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(Fig. 5.4). 0.1 mM Fe gave as much enhancehent as 3 mM Mn at pH 5 seo
it is at least 30 times more potent as a cata1y5£ judged on the basis
of causing enhanced oxygen absorption. However, under homogeneous
reaction conditions, the relative catalytic power would be 3EF=900
due to the square root dependency of the absorption rate uﬁon the
homogeneous velocity. These results are explained if the catalyt-
ically active species is a ferric fon--probably complexed-- and if
its concentration is solubility-limited at or be]ow.the breakpoints
in Fig. 5.3. Justification for thelfirst assumption comes from the
experiments described above. involving addition of. Fe in its two
valence states and literature support for chain initiation by upper
states. If some ferric species is the only catalytically active
agent then the apparent zero order behavior would be due to splubi1i-
ty limitations on sparingly soluble ferric ions. The breakpoints
move up with lower pH due to the increased solubility tVimit. The
solubility of ferric or ferrous iron if difficult to determine
because of the many hydrolysis and precipitation reactions that can
occur, some of which are éTow in going to completion (Tamura et al.,
1976; Gayer and Woontner, 1956; Siddall and Vasburgh, 1951; Leussing
and Kolthoff, 1953). Ferric iron can exist as hydrated and complexed
Fé+3, Fe(OH)é or FeOOH as well as several other forms. These speéies
can exist as free ions or neutral molecules, floc or solid precipi-
tates. The relative catalytic activities of these species are not

known although it has been claimed that some hydrolyzed ferric forms
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are better reactants for the initiation steb_becauée they can have a
higher redox potential, particularly those formed at high pH.. (Brim-
blecombe and Spedding, 1974). The solutions containing Fe and sul-
fite were observed to turn an opaque red-brown at 1 mM Fe and were at
Teast red-tinted at 0.1 mM indicating the presence of some sort of
suspended ferric floc. After each experiment with iron the inside of
the reactionlvesse1 as well as the impeller, pH probe and thermometer
were coated With brown precipitate which seemed to-increase in quan-
ﬁity with both pH and time. The solubility of ferric oxides and
hydroxides are well below the breakpoints of Fig. 5.3 while the solu-
bility of ferrous speﬁées would be much higher. At pH 5 the solubil-
rity of FeOOH fs about 107° M, typical of mostrferric ions, while the
breakpoint occurs at 10-5 M total iron. When the total Fe concen-

tration is less than 10_5

M the concentration of the catalytically
‘active species is below its squbi?ity 1imit and in equilibrium with
other Fe species. As the total Fe concentrﬁtion rises the concen-
tration of the active species also rises until it hits its 1imit at a

total Fe concentration of iD‘S M.

Some ferric species have higher redox poten£1a1§ than
hydrated ferric ions and, therefore, may be better initiation agents
(Gayer énd Woontner, 1956; Brimblecombe and Spedding, 1974; Huss et
al., 1982). The redox potential for the sulfite/sulfite radical cou-

ple is estimated at 0.89 V (Hoffmann and Jacob, 1982) so the fer-
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ric/ferrous couple at 0.77 V would not be aé effective an initiator
as FeOOH (0.908 V). Both of these iron couples are below 1.23 V so
the ferric forms would be thermodynamically favored in the preasence

of dissolved oxygen.

The {iron-catalyzed rate was higher at higher pH, possibly
because the catalyst regeneration reaction, ferrous to ferric, is
faster at more basic conditions. Ferrous oxidation is a short chain
reaction possibly employing some radicals such as hydroxyl and is
first order in pH from 2 to 5 and second order above 6 (Tamura et al.,
1976; Stumm ahd Lee, 1961) Therefore, under these conditions, the
catalyst regeneration reaction should be beﬁween one and th:orders

-of magnitude faster per unit of pH rise.

Fig;.5.5 shows the results of varying the total sulfite con-
centration in the presence of Fe catalyst. The observed phenomena
may be the result of either kinetic effects caused by the changing
interfacial concentrationlor pH effects caused by changing bulk $(4)
concentrations. The question is resolved by using the interfacial
model to determine pHi at several points along the curves. These
calculations indicate that there are no profound variétions of inter-
facial pH along either curve and therefore the shapes of these curves
are due to kinetic effects. The interfacial pH does not vary'much in

this kind of S(4) scan because of competing actions: as the bulk Jev-
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el of total sulfite is raised the interfacial region is more strongly
buffered but the absorption rate is also generally higher. There-
fore, interfacial pH variation tends to be-less of a concern in S(4)

scans than in catalyst scans.

The reaction order with respect to S{4) (Fig. 5.5) at an iron
concentration of 0.008 and pr 5 showed a one-half order dependence
but at 5 mM Fe the order changed abruptly from zero to about 1.5 at 17
mM S(4). In addition to this orderichange there was a change from
one-half to zero and 1.5 at some Fe concentration between these two
cases. Changes of reaction order such as these are typical of com-
plex reactions Qith many intermediates and indicates a change in
importance of certain elementary steps as the solution concentration
is altered. Although the ferric concentration in the solution would
be expected to be the same for the two total Fe concentrations it
seems that the total amount of'iron in the solution or the concen-
tration of some other component that is proportional to total iron
does have some effect upon the mechanfsnL This may be due to
increased branching éaused by ferrous ions (Rxn. 5.3) or by effects
upon the catalytic regeneration reaction. Fig. 5.6 shows an approxi-
mate zero order dependency on S(4) at 30 mM Mn catalyst. The solid
line is with respect to bulk $(4) concentration and the dashed line
is for interfacial S(4) levels as calculated by Eq. 4.17 which

diverge significantly from the bulk concentrations only when R
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approaches Rysp-  Interfacial pH values are listed above the data

points.

An FGD oxidation system operating under the conditions -of
this project would be expected to show enhancement factors that are
indebendent of pH. At a constant S(4) concentration of 30 mM the
enhancement factor for an Fe-saturated system drops from 4.5 at pH
5.5 (at the breakpoints of Fig. 5.3) to 2.5 at pH 4.5. However, the
$(4) concentration for a saturatedVCaSO3 solution would rise by a
factor of 10 as a result of a one unit pH drop. Fig. 5.5 indicated a
0.26 order dependency of E on [S(4)] for an Fe-catalyzed system at

the breakpoint at pH 5. Therefore, the net change in enhancement is:

E(pH 4.5)/E(pH 5.5) = (2.5/4.5)10°:2% = 1.01

5.3 Inhibition by Free Radical Scavengers: Thiosulfate

The effects of various types of inhibitors can give informa-
tion on the mechanisms of complex chemical reactions. There are bas-
ically two types of inhibitors, those that are Eonsumed so that they
have temporary effects such as free radical scavengers and those that
are not consumed and have a permanent effect such as comp]exihg

agents. This section is concerned with the former which may include
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organ%c compounds with hydroxyl groups such:as mannitol (Fu]lér and
Crist, 1941), hydroquinone (Altwicker, 1977) and ethanol (Braga and
Connick, 1982). Méchanistic information from inhibitor studies can
be garnered from. the amount of retardation produced, the rate of
recovery and the degree of recovery. For example, ethanol 1s a good
test for the presence of sulfate radicals during the reaction since
it reaéts about}IO,UOO times faster with sulfate radiéa]s than with
SO; or 80; radicals (Hayon et al., 1972). Although the chemistry‘of
thiosulfate is not well understood it is believed to act in the same
way as organic inhibitors: it reacts with a frée radical and takes
on the odd electron becoming a radical itself. .However, it is mdch
less reactive than the radi;a]lit scavenged and the propagation chain

is terminated. Thiosulfate radicals have been detected spectroscop-

jcally (Dogliotti and Hayon, 1968).

Fig. 5.7 shows the effects of thiosulfate addition to a sys-—
tem catalyzed by 30 mM Mn. The rate dropped immediately to a Tower
value and then rose 1inea?1y with time back to its original level.
The 0.150 mM addition dropped the kinetics into the physical absorp-
tion region so the absorption rate remained at E=1 for a time before
the kinetics recovered enough to move ba;k into the -enhancement
region. The recovery rate Qés found to be generally independent of

thiosulfate or Mn concentration and averaged out at 0.0176 enhance-
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Figure 5.8: Decrease of enhancement due to the addition of

thiosulfate at 30 mM Mn, 10 mM S{4) and pH &
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ment units per minute with a standard deviation of 0.0031 over 10

measurements,

Fig. 5.8 shows the effect of thiosulfate concentration on the
absorption rate with 30 mM Mn catalyst. The line is made straight if
the ordinate is expresséd as l/E2 leading to the empirical corre-

lation:

6.17
E = 1/2

(1 + 46.8[82032, mM])

(5.17)

Since ihe absorption rate is'proportionaI to the SQuare—root of what
.the homogeneous kinetics wouId be at interface squt1on cond1t1ons it
may be conc]uded that the reaction kinetics vary 1nverse1y with the
thiosulfate concentrat1on This type of behavior is often observed

with inhibition by alcohols (Backstrom, 1927; Walling, 1957).

Eq. 5.17 may be derived from the film theory equations given

at the beginning of this section by assuming first order termination
a

and by adding an inhibition step:
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R+ I ——inert (Rxn. 5.4)

Pinh = *ian[R 3011 (5.18)

A free radical balance gives:

rinjt = Tterm * "inh (5.19)
1/2
D__[0 ].1/2 kpropkinit _
ox-"2-19 - [MeU]l/Z (5.20)
E=\ ¢ K1 X 10° .

(1 +(kg /Ky ) I1D) 2

The numerator is the uninhibited rate (Eq. 5.12) and the factor 46.8
mi =1 is kinh/ktl' First order termination would be expected during

inhibited oxidation due to the lowered radical concentration.

An experiment was conducted to determine if the thiosulfate
was being consumed in the bulk solution or in the reaction zona. A
system catalyzed by 30 mM Mn‘was allowed to reach steady state at
E=5.2 and then 0.050 mM thiosulfate was added. The rate immediately

dropped to 1.5 and proceeded to rise normally at 0.0188 E
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units/minute. After rising for 90 minutes to‘E=3.15 the reactor was
b]anketed with nitrogen causing the reaction to‘s£op. After 60 min-
utes of delay, air was once again passed into the reactor and the
reaction resumed. The absorption rate pickéd up where it had left
off prior to the interruption and rose back up to steady state with a
slope of 0.0182. The conclusion is that the thiesulfate causes inhi-
bition, as expected, in the reaction zone where the free radicals are
concentrated and is it;elf not degraded, in this time frame, in the
absence of reaction. This does not contradict the earlier claim that
radicals can'exist in the bulk solution since there was no incoming

oxygen during the interuption to produce them.

Information on the kinetics of thiosulfate degradation can
be deduced from the findings ﬁhat E is approximate]y‘ proportional
to 1/[520—32]1/2 and that, during recovery, dE/d£ is equal to a con-
stant. Eliminating E from these two expressions shows that the rate
of thiosulfate degradation in moles per.liter per second is praopor-
tional to the thiosu1faté concentration to the three-halves power,

This fractional reaction order suggests that thiosulfate is degraded

in a multi-step chain reaction of its own into an inert species.

Some indication of the chain length may be derived from the
inhibition efficiency for a given system. The inhibition efficiency

is defined as the moles of S(4) that was prevented from being oxi-
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dized by the additién of an inhibitor divided by thé moles of inhibi-
tor added. The -number of moTés of S(4) that was‘prevented from being
oxidized is proportional to the area of the triangular-shaped inden-
tation of the rate produced by the addition of thiosulfate (Fig.
5.7). Fig. 5.9 shows that the inhibftion efficiency is not a func-
tion of the amount of thiosulfate édded and for the case of 30 mM Mn
the efficiency was about 39 moles $(4) not oxidized per mole of
thiosulfate added. This number can be identified with the chain
length since an inhibitor that terminates a longer Ehain would neces-

sarily have a higher efficiency.

Fig. 5.10 shows that the inhibiﬁion efficiency, and hence thq
chain 1éngth, drops with {increasing mangahese catalyst concen~
tration..An increase in catalyst concentration can shorten the chain
1ength in two ways: fhe Tncreage in initiation reactions causes a
higher concentration of free radicals and thus accelerates the termi-
nation reactions which are usually second order in radical concen—
tration, or the increase of branching reactions can have the same net

effect upon the radical concentration (Huyser et al., 1973; Twigg,

1962; Walling, 1957).

Experiments with iron catalysts show that these systems are
much less susceptable to thiosulfate inhibition than are manga-—

nese-catalyzed systems but still recovered linearly as in Fig. 5.7.
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The iron-catalyzed system required between one and two orders of mag-
nitude more thiosulfate to achieve the same percéntage of absorption
rate decrease. 0.1 mM thiosulfate added to é system catalyzed by 30
mM Mn caused a drop in E from 5.5.to 1.6 (70% réduction) while the
same amount of thiosulfate added to a 30 mM Fg sysﬁem caused a
decrease of oniy 17% from 2.3 to 1.9. The addition of 0.01 mM thios-
ulfate into a 6 mM Mn system retarded the enhahéement factor by about
37% from 3.64 to 2.32 while a 65% reduction for a 3 mM Fe system (2.40
to 1.55) required 0.30 mM. Lim et a}. {1982) found similar behavior
under quite diffefent experimental conditions. Also, the recovery
rate was about twice as slow for Fe at about 0.0074 E units/minute
and the inﬁibition efficiency was much lower at about 3. The shorter
chain length and faster thiosulfate degradation with Fe indicates

that there are more free radicals generated durihg Fe catalysis.

5.4 Inhibition by Complexing Agents: EDTA ;

EDTA belongs to a class of inhibitors that are not consumed
by the reaction and impart more or less permahent retardation. Some
anionic ligands can inhibit by shifting the redox potential of the
ferric/ferrous couple to values too low for the initiation reaction
(Huss et al. 1982; Bailar and Emeleus, 1973). The ammonium ion is a
1igaﬁd that has a low capacity for facilitating electron transfer

between substrates (Mishra and Srivastava, 1976; Taube, 1970) and
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probably blocks some ffee radical reactions; EDTA fs a particularly
strong chelating agent that produces stable compltexes with virtually
every metal jon except alkali metals. Its inhibition action is due
to steric hinderances produced by wrapping around the metal ion and-
enclosing it within all six of its ligand sites. The stability con-
stants for EDTA and Fe are large relative to that for other metal

14 for ferrous and 109 for ferric‘(Schwarzenbach, 1957).

ions; 2.1XiO
Thus, virtually all the EDTA in-solution will be tied up to any

available iron.

Fig. 5.11 shows that the progressive addition of EDTA to a
system catalyzed by 0.01 mM Fe causes a slight drop in absorption
rate up to the point where the EDTA ‘and Fe concentrations are about
equal. At this crossing point the rate drops suddenly intb the phys-
ical absorption range where it remains at least unti] the EDTA con-
centration is ten times that of Fe. Thus it seems that even trace
amounts of Fe can have considerable catalytic activity since the rate
does not fall off strongly until the concentrations are within 2X10~6
M of each other at pH 6. The solution remained transparant through-
out the experiment although there must be some very diltute solids
present since 0.01 mM Fe is to the right of the pH 6 breakpeint in
Fig. 5.3. The same experiment was conducted at 1 mM Fe with the same

results except that the rate fell to about zero when (EDTA]/[Fe] was
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equal to 10. VUnder these higher concentrations the solution was

barely opague with finley-divided red-brown solids.

The time-dependent absorption rate following the addition-of

EDTA provides some information on the role and rapidity of the dis-
solution of these Fe-containing solids. 0.1 and 0.2 mM aliquots of
EDTA were added to the solution in the presence of 1 mM Fe to produce
the diagram similar to Fig. 5.11. When the total amount of EDTA was
less than the total Fe cdncentration the addition of the EDTA caused
the rate to droﬁ immediately to zerb and reﬁain there for about 15
minutes before climbing back up té steady s£ﬁté in about 5 minutes.
At the same time the red-brown color of the solution, thqught to be
cau;ed by anriron (mostly ferri;) precipitate, cleared slightly dur-
ing this time. Once the EDTA concentration passed the Fe concen-
tration the rate did not recover from the immediate inhibition. This
effect was not observed for the ﬁ.Ol mM Fe case; the absorption rate
rapidly reached steady state following the addition of EDTA either
near the uninhibited rate (for less than 0.01 mM EDTA) or at the phy-
sical abéorption regiQn (for more than 0.01 mM EDTA). The 0.01 mM Fe
solution was clear at all times. In the presence of a visible solid
precipitate during the 1 mM Fe experiments the added 0.1 mM EDTA
apparently exceeded the concentration of dissolved catalytically

active ferric species and complexed them to send the rate to zero.

As iron species dissolved from the floc they were immediately com-
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plexed by the remaining EDTA until all the free EDTA was consumed and
the disselving iron remained free and Vtherefore catalytically
active. The ferric must have been replaced by disso]ving,ferric sol-
ids and not by the liquid phase oxidation of ferrous since the amount
of precipitate was observed to decrease. This type of behavior was
not observéd in the casé of 0.01 mM Fe probably becausg the addéd
EDTA was much smaller in comparison to the ferric concentration than
in the 1 mM Fe experiments. EDTA aliguots for the latter was 100
times larger but, since the ferric concentration is solubility limit-
ed, it is the same for both cases. And, although the total iron con-
centration for the second case is 100 tihes larger, it may have a
greater fraction of its total iron tied up as solids due to the

intersection of the solubility limits of more species.

When the EDTA concentration was ten times the Fe level the
rate dropped into the physical absorption range for the 0.01 mM Fe
run but went to zero for the 1 mM run. The observed rate was probab]y'
caused by other transitidn metal ions in the solution that are not
complexed as strongly as ferric. These ions might escape complexa-

tion at the Tow EDTA Tevels but not at the higher concentrations.

The addition of 0.002 mM increments of EDTA to the system
catalyzed by 0.01 mM Fe seemed to have littie effect upon the rate up

to the time that the total EDTA and Fe concentrations were compara-
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ble. This indicates that the fraction of cataTyt1¢a11y active iron
out of the total amount added is actually very sﬁa11. The rate curve
in Fig. 5.10 begins to drop'off suddenly when the EDTA concentration
is within about 0.002 mM of the total Fe concentration indicating
that the actual concentration of catalytically active specjes is at
Teast this small. The remainder of the iron is tied up as ferrous or
Tnactive solids. This magnitude of ferric solubility is more in line
with the ]iteraiure va]ues-stated earlier and the upper Timit of the

pH 6 breakpoint (Fig. 5.3) of 0.002 mM Fe.

‘5.5 The Catalyst Cycle for Iron

Fig. 5.12 shows the possible reaction steps for Fe catalyst
in the sulfite oxidation reaction. The liquid and solid phase fer-
rous oxidation steps must take place inrthe reaction zone since this
is the only place that dissolved oxygen is available. The branching

~ step can serve to increase ﬁhe reaction rate if it occurs in the
reaction zone or will be fnvo1ved in solution equilibria in the bulk
region. Likewise, the reverse of the initiation reaction can be
viewed as a 'chain restart" reaction if it occurs .in the reaction
zone if the new ferric fon goes on to create a radical before leaving

the zone or else this step plays a role in bulk phase equilibria.
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This approach to modelling can be,cafried one step further if
it is assumed that the ferric jon is Just another radical and that
Rxn. 5.1 is just another pfopagation reaction. Then the actual ini-
tiation reaction would be the oxidation of ferrous to ferric. 1In
fact, the ferric ion is a free radical Since it has an unpaired elec-

tron although its radical character is weak.
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Figure 5.12: The catalytic cycle for Fe
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Section 6

DETERMINATION OF MASS TRANSFER CHARACTERISTICS

6.1 Introduction

The measurement of mass transfer characteristics in
gas-liquid contactors is of such great practical importance that
numerous studies on the determination of kx’ the liquid phase mass
transfer coefficient of species X, and A, the interfacial contact
area, are available in the literature. However, it is-usually not
possible to predict these parameters accurately from published cor-
relations due to the large number of system effects that makes the:
generalization of contacting schemes difficult (Metha and Sharma,
1971). Therefore,.most published studies present practical methods
for directly measuring these -quantities in full-scale equfpment
rather that attempting to present equations for their calculation.
In general it is relatively easy to measure k A but more d%fficu]t to
separate the two parameters (Reith and Beek, 1973). The product kxA
is nearly always measured via a chemical method whereby some gas is
aBsorbed into a solution under physical absorption'conditions to give ’
a total physical absorption rate, ARO, in moles/s. Then if [X]1 is

known from Henry's law and [X]b=0:
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(6.1)

The seﬁaration into kX and A may be accomplished by measuring A with
a chemical method where the reaction kinetics are so fast that the
absorption flux R is independent of kox as in Eq. 3.17 or, in some
circumstances, by estimating A wifh an optical method such as photog-
raphy'pr light scéttering (UH] énd Grey, 1967; Nagata, 1975). Some
chemfca? systems. that have géined acceptance for mass transfer char-
acterization include the absorption of carbon dioxide or nitrogen
oxides 1into alkaline solutions (Sherwood et al., 1978) and the
absorption of oxygen into sulfite/catalyst 'so]utions (Linek and
Vacek, 1981; DeWaal and Okeson, 1966; Westerterp and Van Dierendonck,
1963). |

Suifite oxidation is attractive as a chemical method since
the so]utjons are non-toxic, non-corrosive, inexpensive and since
air can often be used as the gas phase. Furthermore, the Tow solu-
bility of oxygen in aqueous solutions can prevent the problem of gas
phase depletion and gas film resistance that sometimes occurs in car=-
bon dioxide systems (Wesselingh and Van't Hoog, 1870). However, sul-

fite oxidation has a disadvantage in that the kinetics are not well
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understood and literature values of kinetic constants are nearly
always hard to feproduce and cannot be extrapo]aﬁed with confidence.
Furthermore, kinetic information from hompgeneous reactors usually
does not apply to the heterogeneous conditions that are present in
contacting equipment, probably due to initiation times associated
with the free radical chain reactions (Bengtsson and Bjerle, 1975;
' Cheh and Barron, 1972; Johnstone  and Coughanower, 1958). There is
also ﬁome evidence that the kinetics can be affected by éhanges in
the agitation rate (Schultz and Gaden, 1956; Phillips and Johnéon,

1959).

Most of the previous work on methods of estimating mass
transfer characteristics via su]fiﬁe oxidation has been performed at
total suifite concentrations between one and two orders of magnitude
higher than_those in this study. These lower $(4) concentrations
were necessitated by the desire éo approximate conditions in flue gas
desulfurization units. Correspondingly higher catalyst concen-

trations are used here to achieve comparable absorpfion rates.
6.2 Theory

The Tiquid phase mass transfer coefficient in stirred tanks
and bubble columns is a weak function of the agitation intensity; the

rise in kxA with agitation speed s almost entirely due to increases



109

in the contact area (Westerterp and Van Dieréndonck,'1963; Sideman et
al., 1966). 1In sparged contactors the interfacial area is usually
expressed as area per reactor vo1ﬁme but since the stirred tank in
this study.was unsparged the cbntact area 1is expressed in cmz. At
high agitation rates, however, this system approximated a spargedl

tank closely due to the entrainment of'air bubbles.

The mass transfer characteristics of our reactor were deter-

mined by first rearranging Eq. 3.15 as follows:

(AR) = ALO, 1, (G, + 2100,k [5(4) eat Lo, " H2  (5.2)

In the experiments of Secs. 3, 4, 5 and 7 the quantity R could be mea-
sured directly since the agitation rate was low enough so that the
interface was smooth and unbroken and A cou]d_be assumed to be the
cross-sectional area of the reactor (154 cmz). However, in this sec-
tion the agitation will bé varied into regions of surface rippling
and bubble entrainment so that this area assumpﬁion cannot be made
and the total absorption rate, AR in moles/s, is the only quantity
that can be measured. Now the assumption is made that none of the
parameters in the right-hand side of the parentheses in Eq. 6.2 are a
function of the agitation rate. This will certainly be true for Dox’

the catalyst concentration and the oxygen concentration and also for
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the total sulfite concentration provided that R<<R15m. So, for con-
stant temperature and bulk solution concentrations, the right- hand
term can be considered to be a constant, ci, and Eq. 6.2 becomes:

(AR) = A[0,1.(k2 + cB)1/2 | (6.3)

where: . = the lumped kinetic constant, cm/s

The first step in deﬁermining kox and A is to measure their
product. This is done by using a solution that contains a low enough
Tevel of catalyst so that the system is under physical absorption yet

enough to maintain the bulk solution concentration of oxygen at zero

‘(region B in Fig. 3.1). Under these conditions k%x>>ci and koxA is
found from an equation analogous to 6.1:
AR |
P 0,] |
21

The lumped kinetic constant C. is determined from AR at an agitation
rate low enough so that A may be assumed to be equal to the reactor's
cross-sectional area. This allows kox to be calculated at the Tow
agitation rate and then Eq. 6.3 can be used to obtain c,. which is
assumed to be independent of agitation. The produét koxA may be

separated by measuring the total absorption rate with enough catalyst
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present so that there is signiffcanﬁ enhantement. " Egs. 6.3 and 6.4

are rearranged to:

K o——r (6.5)
0X (E2 . 1)1/2

where: E = AR/ARo at any agitation rate

The above method facilitates the estimation of Kok 3nd A as a
function of the agitation iantensity from the total absorption rate
vs. agitation rate at Jow and high catalyst concentrations and with-

out the necessity of detailed prier knowlege of the kinetics.

6.3 Results and Discussion

Thé total absorption raée as a function of agitator speed was
measured for 0.1 (curve A, Fig. 6.1), 10 (curve B) and 100 mM Mn
(curve C) at 10 mM 5(4),‘for the synergistic couple 100 mM Mn plus 1
mH Fe at 50 mM S(4) (curve D) and for 0.01 (curve B, Fig. 6.2) and 1
mM Fe (curve C) at 30 mM S(4). The 0.1 mM Mn curve from Fig. 6.1
appears again as curve A in Fig. 6.2. 0.1 mM Mn was earlier found to
be in the physical absorption regime at 400 rpm (Fig. 5.2) so this

lower curve was used to determine kOXA via Eq. 6.4 with the interfa-

cial oxygen concentration equal to the saturation value for 0.184 atm
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0, at 50°C in a 0.3 M sulfate so1ut1‘or1;_1.1'.9)(10_7 moles/cm> (Linek
and Vacek, 1981). The resulting curve of koxA Qs. agitation speed
may be read off of the right-hand ordinate of Fig. 6.1 and is valid
on]y in regions where the bulk phase concentration of oxygen is zero.
kox may be calculated at Tow agitation rates where the area may be
assumed to be 154 cmz. At 400 rpm koxA was 1.26 cma/s 50 kox is
8.2)(10_3 cm/s. Now, this value may be used in Eq. 6.3 to calculate c,
at 400 rpm for the physical absorption case and the five catalyst
systems that showed enhancement (Table 6.1). Finally, the product
koxA may be separated by using these values of c. in Eg. 6.5 (Fiqg.
6.3). The same values of kOx and A as a function of agitation inten-
sity were obtained with each of the five catalyst systems from 300 to

800 rpm,

Although kOx and A wére not measuréd by a different method
~some clear inferences about the-va1idity of the values from the sul-
fite oxidation method can be made. Although the measurement of koxA
is probably accurate except possibly at the highest agitation inten-
sities, the product almost certainly was not correctly separated by
this method; the values for A do not seem to rise fast enough with
increased agitatot speed and kox seems to rise tdo fast. The uns-
parged stirred tank used in this study began to entrain air bubbles
at about 600 rpm, probably causing the rise in koxA above this point,

and appeared to be thoroughly sparged with bubblies by 800 rpm. The
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Table 6.1

Catalytic activities used to determine

mass transfer characteristics of a

one Titer stirred tank vessel

, b 2,.2
sotution ARXlOr - E C, Cr/kox
composition 400 rpm 400 rpm (cm/s) 400 rpm
(gmols 02/5)

0.1 mM Mn

0.16 1.0 <<k <1
10 mM S(4) oX
10 mM Mn ‘ o 5

0.55 3.7 2.9%X107 13
10 mM S(4) :
100 mM Mn ol

1.2 8.0 6.5X10 63
10 mM S(4) '
100 mM Mn
1M Fe 4.7 31 |esx107% | 930
50 mM S(4)
0.01 mM Fe 5

1.0 6.6 5.3X10 43
30 mM S(4)
1 mM Fe

1.4 9.3 |7.6x10-2 85

30 mM S(4)
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measured contact area rose by only 65%,ovér this transition region
where the hydrodynamics in the reactor were obsefved to change from a
gently rippled surface to a violent froth. If tﬁe average diameter
of an entrained bubble is 0.3 cm then 180 bubbles would be required
to produce the change in ﬁontact area of 50 cm2 indicated in Fig. 6.3
between 400 and 800 rpm. But the volume of these 180 bubbles would be
2.54 cm3'1ndicat1ng a gas holdup of only 0.25%, an impossibly Tow
value for the level of agitation observed at 800 rpm. Metha and
Sharma (1971) give typical values of A/V for sparged agitated vessels

as 4 to 7 cm'l.

Our reactor was unsparged but at.high agitation rates
should approach these numbers. If 4 em ! is assumed then A=4000 cm®
and kox=11'3X10—3 em/s, a much more reasonable value since Koy 18
much less sensitive to changes in‘the.agitation rate than is A. For
sparged stirred vesseis in.general A has been observed to rise line-
arly above a critical agitation rate while kx tends to rise with a

much weaker power, on the order of 0.1 to 0.3 (Metha anﬁ Sharma,

1971; Westerterp and Van Dierendonck, 1963).

Depletion of S(4) reactant at the interface has- been sug-
gested asra cause of this type of error (Sec. 4) but sufficient
amounts of sulfite were used to_prevent the absorption rate from
beﬁoming larger than 0.2 of the 1imiting rate. Besides, the reaction
under these conditions seems to be about zero order in S(4) for Mn

catalyst (Fig. 5.6). If the assumption that [02]b=0 during the meas-



118

urement of koxA is incorrect the error‘produged woujd cause the cal-
culated values of kox to be too small, not too large. Also,
calculations show that typica] bubbles do not have sufficient resi-
dence tihe in the solution to be depleted of their oxygen; a 0.2 cm
bubble with a kox of D.OZU-cm/s would require 60 s for 50% depletion

at its initial (maximum) rate of oxygen flux.

This type of error in kox and A can occur if the kinetics of
the reaction become slower at higher agitation rates, resulting in a
drop 1in Cp At any given agitator speed the measured enhancemant

factor sets the ratio of cr/koxzr

(6.6)

An enhancement factor that is decreasing towards unity is indicated
on Figs. 6.1 and 6.2 when the highly catalyzed curves move towards
the weakly catalyzed physfca1 absorption 1ine, the botﬁom one. As E
approaches one the ratio of Cr/kox falls towards zero. In this methj
od of determining mass transfer characteristics, €, was assumed to be
constant at all agitator speeds so that the decrease of the ratio was
considered to be due to large increases in kox' The apparent area,
found by division from koxA’ is then found to rise very Tittle.

Therefore, 1t seems that the assumption of constant kinetics with
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changing agitation rates may not va1id;‘thé reaction slows down at
higher rates. Schultz and Gaden (1956) measuréd the apparent mass
transfer coefficient of oxygen in aerated vesse}s filled with sul-
fite/catalyst solutions under similar conditions and found that it
dropped as the agitation rate increased. Since this apparent coeffi-
cient is given by (k§x+ci)l/2 from Eq. 6.3 the actual coefficient,
kox’ may have been rising slowly as expected but C,. may have ‘been

falling more rapidly.

If the reason for this behavior is due te lowered reaction
rates, then this retardation is probably caused by the fluid elements
being at the interface for a time that is shorter than the induction
time for the free radical reaction. The same reason is often given
for differences fn reaction kinetics between homogeneous and heter-
ogeneous reactors containing the same solutions (Bengtsson and
Bjerle, 1975; Chen and Barron, 1972). This approach is a surface
renewal viewpoint and seems the most physically reasonable explana-
tion of the phemomena aTﬁhoﬁgh it does not easily e;b1ain the fact
that the same values of kOX and A are obtained with five different
catalyst systems and three S(4) concentrations. It is possible that
all five cata1yzedrsystems were respondfng to éhe decreased oxygen
: egposure times by shifting from one common mechanism to another.
Phillips and Johnson (1959) observed that the reaction order with

respect to oxygen dropped from 1.5 to 1.0 at high agitation rates
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indicating a change 1in reaction mechanism and changes in oxygen
reaction order with POX have been reported in the Titerature (Linek

ﬁnd Vacek, 1981).

The apparatus used here is not ideal for this type of study
because the nature of the surface hydrodynamics changes as the agi-
tation increases. Different areas may have different values of kox
‘so the measured value is an integrated average over the entire sur-
féce. A more consistent contactor such as a wetted~wa11 column or a

liquid jet may be preferable.

The conclusion from this section is that the mass transfer
characteristics of our reactor were not accurately measured by oXygen
absorption 1into sulfite/catalyst solutions under FGD conditions.
The reason may be due t§ decreaséd reaction rates at high agitation
inﬁensities. If so, then tﬁis effect is probably caused by induction
time undercutting but further quantitative treatment of the problem
necessitates some knowledge of the detailed reaction steps to support
the assumption that this phenomena is due to the buildup of a stead-
y-state concentration of some reaction intermediate. The best way to
accomplish this Qou]d be by time-resolved spectroscopy to measure the

concentrations of various radicals as the reaction rate accelerates.



Section 7

CATALYTIC SYNERGISM

7.1 Introduction

The phenomena of catalytic synergism in sulfite oxidation is-
partfcuiar]y interesting due to the profound and unmistakable
effects that multiple catalysts can have on the total oxidation rate.
wa or more metal fon catalysts can exhibit a catalytic activity that
is much Qreater or lesser than what would be expected from the sum of
their individual activities. This action was first noticed by John-
stone (1931) but has received only a small amount of attention since
then compared to the amount of work that has been done on catalysis
by single species (Altwicker and Néss, 1983; Martin et al., 1981;
qurie and Georgii, 1976; Mar£in, 1983). There is no generally
accepted mechanism and very few proposed reaction steps have beén put
forth in the literature, primarily as a result of the Timited amoﬁnt
of research that has been done on the subject. Catalytic synergism
has not received the attention it deserves and remains a promising

and wide-open-area for research.

121
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7.2 The Synergism Coefficient

In order to quantify the degree of interaction between two
dissolved cata1ysts the synergism-coefficient is defined as the ratio
of the observed absorption rate with two catalysts present simultane-
ously (A and B) to the absorption rate that‘would be expécted from

surface renewal theory if the two catalysts did not interact:

Rops N CAY

A1l other conditions being constant, the absorption rate,

v

RA’ for concentration'CA of catalyst A is given by:

_ p1/2 o
RA = Ro(l + WACA) (7.2)

where; W, = a function of conditions other than

catalyst concentration -

=
It

reaction order of the catalyst

The reaction rate with catalysts A and B present but not interacting,

RAB’ is not simply RA+RB but is:
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_ p py1/2 :
Rpg = Ro(1 + W,Ch + chB) | (7.3)

This may be rearranged to a form that is a function of what the sepa-

rate rates for the two tatalysts would be:

22 212 7.4
as = (Ry + Rg - RO} (7.4

Therefore the synergism coefficient is given by:

S - obs . : (7.5)

The above equation may be expressed in terms of enhancement factors.

The procedure. for determining S from Eq. 7.5 requires the
measurement of the absorption rate with A and B only, the rate with A
and B present together in the same concentrations.as in the measure-
ment of the individual rates and the physical absorption rate. The

interpretation of S involves both sign and magnitude:

$>1, positive synergism
35=1, no interaction

$<1, negative synergism
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Similar synergism coefficients can be derived for homogeneous

reactions as well.

7.3 Results and Discussion

Scanning the Mn concentration from 0.1 to 100 mM, as in the
previous experiments, but this time in the presence of 10 mM of some
other catalyst results is synergistic effects with some of the second
species. For reference, . the dotted line in Fig. 7.1 is the absorp-
tion rate with Mn alone, the séme curve as in Fig. 3.2. The rates
indicated on the left side of the diagram, correéponding to 10 mM of
the second catalyst and 0.1 mM Mn, wii] be shown Tater to be a region
of no synergism, probably owing to the.re1ative1y small amount of Mn
present, and these are the rates that would be expected from 10 mM of
the second species alone. As the concentrations become more compara-
ble some obvious synergistic ef%ects occur. The rate with 10 mM Fe
is the most interesting, dipping below the Mn-alone rate from 5 to 10
mM Mn and then turning shérp]y upward above 10 mM. The flattening of
this curve is due to the mass transfer limitation imposed by the sol-
ution phase transport of S(4) to the reactive interface. This RHm
was calculated in Sec. 4 to be about £=33. As usual, RXlO9 is almost
exactly numerically equal to E. There is no way to tell from this

data how much higher the curve would have gone without the mass

transfer limitation since no kinetic information is available in the
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high or Tow 1imited regions. On the other hand, Cu and Mn show strong
negative synergism; at 100 mM Mn and 10 mM Cu the rate.is almost down
to the physical absorption region. The Cr-Mn system seems to exhibit

some negative interaction as well.

While the strong Fe-Mn and Cu-Mn synergisms are readily
apparent from a diagram Tike Fig. f.l it is difficult to make eQen
gualitative judgement§ on the interaction between Mn and Ni or Co.
Application of the synergiém coefficjentrseems to provide effective
quantitative correlation for the degree of interaction (Fig. 7.2).
The expected negative-then-positive Behavior of the Fe-Mn couple is
present as well as the expected trends for Mn and Cr or Cu. Co and Ni
show some weak positive interaction with Mn, perhaps surprisingly so
in the case of Ni which has almost no catalytic activity of its own.
This observed synergism may actually be between Mn and Fe impurities
in the NTSO4. At 10 mM Ni dnd 1 mM Mn the observed absorption rate is
about twice that which would be expected in the two catalysts did not

interact.

The Fe-Mn couple was chosen for more detailed study due to
its profound positive synergism. Figs. 7.3 and 7.4 are analogous to
Fig. 7.1, they are Mn scans at several different constant values of

Fe concentration between 0.1 and 100 mM. Fig. 7.3 is at pH_ 5 and

b
Fig. 7.4 is at pr 4. Although éome of the flattening of rates at
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high Mn concentrations is due to the mass transfer Timitation at E=33
the flattening of several of the other curves at enhancement factors

of 10 to 20 must be due to kinetic reasons.

Figs. 7.5 and 7.6 are plots of the synergism coefficient for
the previous two figuresf In Fig. 7.5 the 5 and 10 mM Fe curves are
transport limited and in Fig. 7.6 the 10 mM curve is Timited but the
other curves indicate that the synergism coefficient tends to show a
maximum at certain concentrations of Fe and Mn. -A1so, S seems to
'Vfa1] off sharply with increasing Fe concentration after the maximum,
even dipping below the $=1 line. It was previously reported that the
rate for Fe alone was significantly decreased by a drop in pH from 5
to 4 and that the rate for Mn alone was unaffected by the same ﬁhange.'
It appears that neither the'rates nor S is profoundly affected by the
drop from 5 to 4 except for thevéppearance of positive S peaks at <1

mM Mn concentrations and >20 mM Fe.

This exp1orato?y Study did not provide enough information to
make- any ‘definitive étatements about the mechanism of synergism.
There seems to be two possible mechanistic schemes: chain crossing
and electrochemical oxidation of one catalyst by the other. Chain
~crossing involves the sharing of one or more free radicals that are
common to the mechanisms of both catalysts. For instance, the

reaction rate by one catalyst might be limited by the supply of a
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certain radical that is produced by a certéin propégation reaction.
The other catalyst, Qhen acting alone, might not be limited by this
radical but by another species and may make the former in large quan-
tities. When the two are acting simu]taneoﬁsTy the radicals produced
by the second catalyst could greatly enhance the rate from the first
catalyst. Thus, one metal ion would actually act as the catalyst and
the other as a promoter. The idea of electrochemical oxidation of
one catalyst by the other is related to the theory that it is the
upper state of the jon that is catalytically active. One catalyst
might have a rate Timited by how fast it can be regenerated into its
upper state but another catalyst might be 1imited by something else,
say hy alcertain propagation reaction, and be very easily oxidized to
its upper state. Then it might be possible far the second catalyst
to oxidize the first to its upper state at the expense of losing a
valence state itself and becoming inactive as an initiator but with
the gain of an increased overall reaction rate. Once again, one spe-
cies acts as the catalyst and one as the promoter and the electro-
chemical scheme can evenAbe considered a case of chain crossing if
one considers the catalyst in its upper (active) state as a radicat.
The absorption -behavior of the Fe~Mn pair shows some charac-
teristics that would be expected from one catalyst oxidizing the oth-

er. The Mnté/+3 couple (1.51 V) has a higher redox potentiﬁ] than
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does the Fat2/*3 couple (0.77 V) so, when fhey are both present in

solution, the following equilibrium would be shifted to the right:

+3——> _ 43

M T e Fe Y+ Mn+2

Fe+2 (Rxn. 7.1)
Therefore, it may be possible that Mn+3 1s a weaker initiation cata-
lyst than Fe®3 (it was shown in Sec. 6.2 that Mn is a weaker catalyst
than Fe) but that the kineticslfor R¢n. 7.1 is very fasf to the right
so that the relatively inactive manganic ions can oxidize the ferrous
to the more potent ferric ions. Figs. 7.3.and 7.4 show that for >30
mM Fe the effeét of Mn {s removed and the net rate is equal to tﬁat of
the Fe alone, resulting in a negative synergism. At these high Fe
Eoncenirations practically all of the Mn may be forced into its inac-

tfve lower state.



Section 8

RECOMMENDATIONS

It seems that the best way to elucidate the sulfite Qxidation
mechanism is through spectroscopic methods because of their abitity
to give an accurate free radical census. The measurement of free
radical species distribution and concentrations can be given suffi-
cient temporal resolution to enable the calculation of radical
reaction rate constants, which is the kind of jnformation needed to
determine the types and rates of the propagation reactions. The Tack
of this type of information currently Timits the theoretica] treat-

ment of the mechanism.

Results from ﬁhis study and from the literature suggest the
presence of induction times for £his reaction that are long enoﬁgh to
adverse]j affect heterogeneous rates. This phenomena should be fur-
ther inyestigated since it is of importance to the design of flue gas
desulfurization equipment and in the deterhination of mass transfer
characteristics. Experiments could be performed with time-dependent
spectroscopy to determine what radical species are slow to reach
steady state or the rate of oxygen absorption into sulfite/catalyst

solutions could be measured for short exposure times. A cell could
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be constructed for the latter purpose by é1osin§ fhe gas space and
leaving open only one small diameter glass or teflon tube. A single
scap bubble wall could theh be used to close this tube near the top
and would drop with a velocity proportional to the total absorption
rate. Such a bubble in a 0.1 cm tube with R=10"° gmo]s'Oz/ans and

A=154 cm2 would move at 0.43 cm/s.

Catalysis by dissolved metal ions'shou1d bé studied from the
viewpoint of the electrochemical environment in the solution since it
appears that specific valence states of these ions are the catalyt-
fcally active species. Electrochemical reactors could be used for
this purpose by introducing into the solution, instead of a dissolved
catalyst, carbon or platinum electrodes. For example, if the elec-
trochemical oxidation of the sulfite ion to form a sulfite radical is
an effective ihitiation'reaction then the oxidation rate in an oxy~
gen/sulfite solution should rise markedly at 0.89 V on the anode.
Synergism is a wideuopeh area for investigation; Tittle work has been
done on it to date and ifs effects upon the reaction rate are pro-

found enough to warrant more attention than it is getting.

Further study of the effects of agitation intensity on heter-
ogeneous reaction and gas absorption rate is closely connected to the

study of induction times. An unsparged stirred tank reactor is not
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ideal for this purpose. A better system would be one in which the
contact area can remain known at al] agitation rates such as a wétﬁ

ted-wall column or a bubble column.

Differences of conditions between the interface and bulk
solution should be studied to determine the 1mportance of transport
effects on the reaction conditions and rates in heterogeneous reac-
tors. It was shown in Sec. 4 that these differences may be substan-
tia1- under FGD conditions. Since_the partial pressure of sulfur
dioxide over thé solution was predicted to be profoundly affected by
the interfacial pH depression it may be possib]é tb construct a reac-
tor cell upsteam from an sulfur dioxide an§1yzer to get an indirect

. measure of surface pH.
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SUMMARY

Introduction

The Tiquid-phase §u1fite oxidation reaction 1involves the
addition of an oxygen atom supplied by dissolved oxygen to an S(4)
species, sulfite or bisulfite, to préduce $(6), sulfate or bisulfate.
The pH fixes the distribution among protonated and unprotonated spe-
cies but the reactants and products are usually referred to as simply
"sulfite" and "sulfate®. This reaction is a very complex free radi-
cal sequence involving a number of highly reactive intermediate spe-
cies, - It is catalyzed by micro-molar or higher amounts of dissolved

transition metal ions having more than one valence state and is very

~ sensitive to impurities in general (Linek and Mayrhoferova, 1970).

Recent studies indicate that thg reaction does not proceed at all in
the absence of a catalyst (Huss et al., 1978). The observed kinetics
are also sensitive to experimental conditions so that there is no
common agreement on raté equation fotms, rate constants or even
reaction orders. This widely varying behavior indicates that differ-
ent elementary reactions become important at different conditions
and control the rate, cpntributing to the comp]exity-of the problem.
An excellent review of the subject has been written by Linek and

Vacek (1981).

138



139

The two main engineering uses of sulfite oxidation are the
determination of mass transfer chéracteristics in gas-liquid con-
tacting equipment (DeWéa] and Okeson, 1966; Westerterp et al., 1963;
Metha and Sharma, 1971), and the oxidation of calcium sulfite waste
products in flue gas desulfurizatidn {Rochelle, 1977; Borgwafdt,
1378; Hudson, 1980; Gleason, 1977). Scientific interests focus on
the reaction's role’ iﬁ acid precipitation and in free radical
reactibns in general (Chen and Barron, 1972; Hajon ét al., 1972;
Hoffmann and Jacob; 1982; Martin, 1983). Also, the sulfite oxidation
reaction has many features in common_with the solution phase free
radical oxidation of hydrocarbons so there are some opportunities for

information crossover (Twigg, 1962; Turney, 1965).

. The purpose of this pﬁoject was to study sulfite oxidation
under flue gas desulfurization (FGD) conditions. These conditiohs _
differ from those usually employed in other studies which tend to be
either mass transfer characterization projects at higher S(4) con-
' centratioﬁs and pH but ]ower catalyst 1eve15 or acid precipitation
studies at trace amounts of $(4) and catalyst and lower pH. The
experiments were performed at pH 4 to 6 and 0.01-0.03 M sulfite to
simulate the conditions in typical FGD oxidizing units. The reaction

© occurred under heterogeneous conditions where oxygen was absorbed
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out of air at 50°C into an agitated, unsparged sulfite/catalyst sol-
ution typically containfnglo.l to 100 mM of Mn, Fe, to, Cu, Cr or Ni.
Under these conditions the reaction kinetics were so fast that all of
the 1incoming oxygen was consuméd in a éhin reaction zone at the
gas—-liquid interface and the bulk §o1ut10n oxygen concentration was
maintained near zero. The absorption rate was measured via the
pH-stat method (Chan ,and Rochelle, 1982) since this technique allows
solution concentrations to remain constant indefinitely while the

absorption rate comes to steady state.

The scope of this project was to determine what factors are
important in fixing the reaction rate, and therefore the absorption
rate, under FGD conditions and to elucidate some aspects of the
reaction mechanism When common. FGD catalysts are present. The prin-
cipal so]ution effects that were considered included catalyst con-
centration, S5(4) concentration; pH and agitation rate. Catalytic
synergism was studied by having two catalysts present simultaneously
in the solution. The results of these experiments were correlated to
hypothesized reaction steps with equations describing simultaneous
reaction and mass transfer under these conditions in order to judge

the validity of proposed reaction steps.
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Theory

Both surface renewal theory and fi}m theory were used to mod-
el the processes occurring in the system according to the suitability
of each to specific applications (Hikita and Asai, 1964; Danckwerts?
1970; Brian, 1964). Reaction rate constants and reaction orders were
correlated with a Danckwerts surface renewa] équation that is gener-

alized to include any values of reaction orders:

1/2
25k [S(4)17[cat1’[0,1™!
R = g |1, Ml 0xr i i-2-1 (5-1)
T o ’ Y ' .
_ 0X
where: R = the absorption flux, gmols Oz/cm2 s
RO = the physical absorption flux = kox[oz]i’

1x10™ % at 400 rpm agitation
k = the homogeneous reaction rate constant
m, n, p = homogeneous reaction rate orders
k = the unenhanced liquid-phase mass transfer

coefficient, 8.2%1073 cn/s at 400 rpm

The right-hand term in the brackets dominates the unity at enhance-
ment factors above about three. One basis for comparing catalysts
was the first order rate constant with respect to oxygen,

k1=kr[3(4)]?[cat]? in Eq. S-1. Rearranging this equation gives:
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-1 (5-2)

E = the enhancement factor, R/R0

Another basis of comparison was established so the absorption rate
data from these experiments could be converted to a homogeneous
reaction rate for comparison to literature values. The quantity s
is defined as the average homogeneous rate of S(4) consumption in the
interfacial reaction zone in gmols $(4)/1 s and is equal to twice the
rate of oxygen consumption,rox. T ox is equal to kl times the concen-
tration of oxygen in the reaction zone, [02]1/2:

4

rog = ékl([ozji/z)(az - 1) = (2.71x107 ) (E%-1) M s(ayys (53)

Two coupled film theory models were written for the interfs-
ctal region, one describing the reaction zone at the interface and

one describing transport between the bulk solution and the reaction

Zone,

Since the detailed mechanism of sulfite oxidation is not

known, a generalized free radical mechanism was derived and used in
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conjunction with equations relating the-oxygén ab;orbtion flux (R) to
the velocity of the homogeneous reactions (rs4) to model the effects
of changing catalyst and inhibitor concentrations upon rs4 and there-
fore upon the observed absorption rate. This generalized mechanism
- employs some hypothesized initiation and termination reactions,
which are understood to some extent, and Uses a generalized form for
the’propagation reactions, which are very.numerous-and almost never
known with any certainty in sulfite oxidation. This model suggests
that the observed change in reaction,ofder with respect to Mn cata-
tyst from one to one~half at 10 mM could be due to a change'from first
to second érder termination kinetics as the free radical population
in the reaction zone increases. The inclusion of an inhibition step
in the model resulted in a rate expression identical to the observed

relationship for inhibition by thiosulfate, Eq. 5-4.

A film theory model was solved on a computer in order to
estimate the differences between bulk and fnterface‘(reaction zone)
conditions during enhancéd oxygen absorption. It was found that
under FGD conditions significant Towering of pH and S(4) concen-
tration in the reaction zone could occur. The cause of this
increased sensitivity at FGD conditions is the low levels of S(4)
which acts as both a reactant and, at the pH values of interest in
this project, a buffer. Reaction at the interface can cause a sig-

nificant decrease in the interfacial sulfite concentration which



144

depletes its buffering ability and a110ws.thé interface to achieve pH
values that are up to two units lower than the bulk pH of 5. At 10 mM
the S(4) mass transfer limited enhancement factor would be about 33.
The partial pressure of sulfur dioxide above the solution is pre-
dicted to increase because of this lower pH at the-surface. ApH S
and 10 mM sulfite solution would have a sulfur dioxide partia1'pres-
sure of 20 ppm but at an enhancement factor or 15 it could rise almost
up to levels that would be expected in flue gas from some coal-fired

boilers (500 ppm).

Results and Discussion

The measured oxygen absorption rates for single catalysts,
Fig. S$-1, were correlated with the equations S$-2 and S-3 to obtain
the kinetic information in Table S~1. The slopes of the Tines in
Fig. S-1 equal one-half the catalyst reaction order so Mn shifts from
first to 1/2 order at 10 mM, possibly due to a change in termination
reactions at the higher 'reaction rates, while Co seems tending
towards first order and Ni shows too 1ittle enhancement to determine
a slope. Under the same condftions Fe catalyst showed apparent zero
order kinetics at E=2.4 at pH § making it the most potent‘cata1yst
below 1 mM. The homogeneous oxidation rates in the reaction zone

were on the order of 1 mM S(4)/1 s.
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Table §-1
Comparison of catalytic activitieﬁrduring enhanced
oxygen absorption into 10 mM S{4) and 300 mM.S(6)
at pH 5, 50°C and 400 rpm agitation

k, = first order (in 0,) rate constant, 51

Feg = average homogeneous oxidation rate in the reaction
zone, gmols S{4)/Titer sec.

mM catalyst E k1 s

5 Mn 2.5 9.5 0.0011
10 Mn 5.0 43 0.0050
50  Mn 7.5 99 0.0120
0.1 Fe 3.1 16 0.0019
0.5 Fe 3.1 16 0.0019
5 Fe | 2.6 10 0.0012
10 Fe 2.4 .6 0.0010
50 Fe 2.4 6 0.0010
5 Co 1.5 2 0.0003
10 Co 1.9 ) 0.0005
50 Co 3.2 17 0.0020
10 Ni 1.1

50 N7 1.2

10 Cr 2.7 11 0.0013
10 Cu 7.3 94 0.0110

146



147

Comparisons were made betweén.ts4'yo1ues in Table $-1 and
homogeneous reaction rates from published rate éxpressions extrapo-
lated to the conditions of this project (Hoffmann and Jacob, 1982;
Bengtsson, 1974, Martin 1983). The expressions were evaluated at 5
mM Mn or Co and 0.1 mM Fe (the lower Tlevel for iron was used since
experiments indicate that the catalyst is solubility-limited above
this point) and were found to give rate values higher than those
reported here for Mn and Co but seeméd to be of the rﬁght order of
magnitude for Fe. Most of these expressions came from experiments
performed at pH values comparable to ﬁhose in this project but they
were mostly at Tower squite.and catalyst concentration in order to
obtain rates low enough to use homogeneous reactors. The agreement
for Fe catalyst may be because the published rate expressions were

exprapolated less for this case,

The distribution of céﬁa?yst valence states is at steady
state since thé catalyst ion which was reduced during initiation
recxidized by dissolved okygen in the reaction zone or by othor oxi-
dizing species in solution. Experiments involving the addition of
the catalysts to the solution in different valence states and litera-
ture data support the idea that it is the upper valence state of the
metal fon that is the catalytic agent, acting by removing an electron
from a S$(4) ion to create a free radical chain reaction in the

reaction zone.
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The apparent zero-order kinetics of Fe catalyst were due to
Vsoiubi1ity limitations on a cata1ytica11y active ferric species.
Hydrated Fe does not have a sufficient oxidizing potential (0.77 V)
to remove an electron from sulfite (0.89 V) but FeOOH might (0.908 V)
(Hoffmann and Jacob, 1982; Brimblecombe and Spedding, 1974). Fe
scans at 0.001 to 0.1 mM (Fig. $-2) showed.a change of reaction order
from one to zero at some pH-dependent Fe concentration. These Ereak"
points were due to the cataTyfica]]y'actiVe species reaching a soltu-~
bility Timit at 0.01 mM total Fe at pH 5. The solubility of FeOOH s
much Tlower, about 10_9 mM and, if it is in féct tﬁe active species,
its concentrationr reachés this point at 0.01 mM total Fe. These
breakpoiﬁts shifted to higher concentrations at lower pH due to the
increased solubility of the ferric species (Stumm and Morgan, 1981;
Gayer and WOOntner, 1956). The reaction rate with Fe catalyst was
higher at higher pH because the catalyst regeneration reaction, fef*
rous oxidation to ferric, is base catalyzed (Tamura et al., 1976;
Stumm and Lee, 1961). Red-brown Fe precipitates were visible at
total Fe concentrations above 0.5 mM at pH 5. The amount of these
solids were observed to increase with time and pH and were found to

be catalytically inactive.

FGD systems operating under the conditions of this project

with Fe catalysis would be expected to show enhancement factors that
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are independent of pH. A decrease in pH fetards‘the Fe-catalyzed
oxidation reaction (Fig. S-2) but the jncrease in total dissolved
S(4) concentration, togethér with the observed half-order dependency

on $(4), results in equal offsetting effects.

Thiosulfate was found to inhibit the Mn and Fe catalyzed rate
by acting as a free radical scavenger (Altwicker, 1977; Alyea and
Backstrom, 1929; Backstrom, 1934). It was degraded.only in the pres-
ence of sulfite oxidation in the time frame of a few hours and was
consumed at a rate propertional to the remaining thiosulfate concen-
tration raised to the three-halves power. Thiosulfate additions of
0.05 to 0.15'mM to Mn systems completely recovered to the uninhibited
rate in 1 to 3 hours. There was no significant induction time fol-
lowing the addition of thiosulfate and the absorption rate recovered
from the lowered value in a 1in§ar fashion. The absorption rate was
inversely proportional to the square-root of the thiosulfate concen-
tration (Fig. 5-3) and fhis rate form was also successfully modelled
by the generalized radica1.mechanism. At 30 mM Mn, 10 mM S(4) and pH
5:

6.17 ) (S-4)

= —
(1 + 46.8[5,03°, mm])*/2

Thiosulfate required between one and two orders of magnitude
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more concentration to have the same percentége pf retardation on Fe
catalyzed systems than on those with Mn. Also, each thiosulfate ion
prevented the oxidation of about 40 sulfite fons with Mn but pre-
vented only about three with Fe. Thereforé, the radicals that react
with thiosulfate must bé generated more rapidly by Fe catalyst than

by Mn.

EDTA  (ethylenediamine-tetraacetic écid) "retarded the
reaction by chelating metal ions thereby sterically hindering their
catalytic action (Lim et al., 1982: Schwarzenbach, 1957). The
Fe-EDTA complex seemed to be totally inactive; With 5 mM Fe giving
~obvious formation of a precipitate, an equivalent amount of EDTA was
required. Therefore, EDTA would not be an effective inhibitok in

systems with an excess of iron salt solids.

The  rate of oxygen absorption into sulfite/catalyst sol-
utions under FGD conditions was measured as a function of the agi-
tation rate (Fig. S$-4) iﬁ order to estimate the liquid-phase mass
transfer coefficient and the interfacial contact area via a method
that has tEe advantage of not requiring detailed prior knowledge of
the reaction kinetics. The bottom curve is the physical absorptibn
line since 0.1 mM Mn is sufficient to deplete the bulk-phase oxygen
but not enough to cause enhancement (Fig. S-1}. The upper absorption

rate curves were made with enough catalyst to cause enhancement at
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low agitation rates but E falls to unityrwhén a catalyst's 1ine con-
verges with the physical absorption line. The calculated values of
kOX and A were found to be much too large and small, respectively, at
high agitation intensities perhaps due to a slowing down of fhe Tocal
reaction rate. This effect has been observed by other investigators
and is hypothesized to occur because the average length of time that
fluid elements spend at the surface is shorter than the inductibn
time of the free radical reaétion in the elements so the average rate

is Tess than that which would be observed at steady state.

The phenomena of caté]ytic synergism was studied by measur-
ing the rate with two catalysts present in the solution simultaneous-
1y (Martin, 1983; Barrie and Georgii, 1976; Altwicker and Nass,
1983). Strong positive interactions were found for the Mn-Fe couple
and strong negative interactions for the Mn-Cu pair. Some combina-
tions of Mn and Fe were strong eﬁough to cause the rate to reach the
S(4) mass transfér 1imit at E=33 so no kinetic information could be
garnered about faster rates. A dimensionless "synergism coeffi-
cient" was defined as the ratio of the absorption rate observed wiih
both catalysts present té the absorption rate which would be expected
from surface renewal theory if the catalysts did not interact. The
separate rates cannot be added in a linear fashion as homogeneous
rates would be because of the effects of mass transfer considerations

so a more involved approach is necessary. This synergism coefficient
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was found to go as high as 5 for Mn-Fe and as‘]ow as 0.1 for Mn-Cu.

Conclusions

(1) Fe, Mn, Co, Cr and Cu are potent catalysts under FGD conditions
but their relative activities depend on the specific conditions.
Significant enhancement factors could be possible in actual scrub-
bers at Mn and Fe concentrations'typica]1y observed. Fe alone could
give enhancements of 2 to 5 depending on pH and S(4) concentration
whi]e‘Fe-Mn synergisms could resuTt in enhancements as high as 10 to
30. FGD units operating under these conditions with Fe catalysis

would exhibit enhancement factors that are independent of pH.

(2) The upper state of multivalent transition metal ions initiates
the free radical reaction chain_by removing an e1ectron from a sul-
fite or bisulfite fon. The catalytic mechanisms of.Fe and Mn are
quite different. Fe generates free rad{ca1s at a faster rate.
Therefore it comes as no-surprise that organic acid degradation is

less severe in the presence of Mn.

(3) Some catalytically active ferric jon fis solubility=1limited
resulting in apparent zero order kinetics above 0.0l mM tota] Fe at

PH 5. Precipitated Fe solids are inactive.
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(4) 0.05 to 0.15 mM thiosulfate effectively inhibits the reaction
catalyzed by Mn but has less effect on Fe systems. Oxidation in FGD
systems can be effectively inhibited by_thiosulfate, although it

degrades rapidly, especially with Fe catalysis.

(5) 'EDTA inhibits Fe catalysis at equal or higher concentrations by
chelating the ferrous and ferric ions Thto an inacﬁive complex. EDTA
would not by an effective catalyst in FGD systems since the enough
EDTA would have to be added to complex all of the dissolved and pre-

Cipitated iron.

(6) Significant reductions in pH and [S(4)] can occur in the inter-
facial reaction zone under FGD conditions due to the combination of

high absorption fluxes and Tow bulk $(4) levels.

(7) Oxygen absorption from éir into sulfite/catalyst solutions
under FGD conditions as a method of mass transfer characterization
can lead to overestimation of the Tiquid-phase coefficient and under-
estimation of contact area perhaps due to reduced reaction rates at
higher agitation intensities. The enhancement factors that were mea-
sured in this project may not be directly applicable to a real scrub-
ber because of ;hanges in kox and variation of the heterogeneous

reaction kinetics with agitation.



NOTATION

The numbers in parenthesis refer to equations containing the term.

Symbols

A = interfacial contact area, cn?(G.l)

& = gas-liquid contact area per unit volume, c:m_1
. = Tumped kinetic constant; em/s (6.3)

Dx = diffusivity of species X,‘cmz/s

E = absorption rate enhancement over physical
absorption = R/RO (3.3)
KS4 = equilibrium constant for sulfite/bisulfite,

gmo1s/cm3 (4.8)

==
1§

1 first-order reaction rate constant in oxygen, s'l (3.10)

~
It

m-th order reaction rate constant in oxygen (3.12)
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kr = generalized reaction rate constant (3.15)
kx = liquid phase mass transfer coefficient for
species X, cm/s (4.2)
Me = some metal, superscripts U and L refer to upper and

lower valences
‘Nx= flux of species X to the interface, moles X/cmzs (4.1)
R = oxygen absorption rate, gmols Oz/cmzs (3.15)

RA = absorption rate with catalyst A (7.2)

RAB = absorption rate for catalysts A and B with no synergistic

interactions (7.3)

Re]

!

absorption rate for an individual surface element (3.7)
R]im = $(4) mass transfer limited absorption rate (4.5)

R0 = physical absorption rate = kox[ezji (3.2)

R = observed absorption rate for mixed catalysts A and B

obs
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with possible synergistic interactions (7.1)
Fiph = rate that free radicals are consumed by inhibitors,

gmols radicals/cms (5.15)

fnit = rate that free radicais are produced by the inftiation
reaction, gmols r;dica]s/cm3s (5.1).

rprop = average free radical ﬁropagatfon rate in the reaction
zohe, gmoles radica]s/cm3s (5.2)

rgyq = average homegeneous sulfite oxidation rate in the reaction

zone, gmoles S(4)/cm3s (5.9)
rterm = rate that free radicals are consumed by terminatioh

reactions, gmols radica1s/cm3s (5;3, 5.4)

[72]
|

= synergism coefficient (7.1)

w
I

fraction of the surface renewed per second, s-l (3.8)
[S(4)] = total sulfite concentration,
sulfite + bisulfite, gmo]s/cm3

[S(6)] = total sulfate concentration, -
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sulfate + bisulfate, gmo]s/cn§
WA = a function of conditions other that the concentration of

catalyst A, (7.2)

X = some species in solution

x = distance into the Tiquid from the ‘interface, ecm (3.5)
Xq = thickness of the interfacial stagnant layer, cm'(3.4j
X, = thickness of the interfacial reaction zone, cm (5.9)



Subscripts

Subscripts are used to refer a symbol to a specific

species or position

b = in the bulk solution (3.1)‘

BS4

Il

bisulfite (4.5)

BS6 = bisulfate (4.6)

el = refers to a fluid element (3.7)

i = at the gas-liquid interface (3.1)

inh = refers to an inhibition reaction (5.15)

init

prop
$4 = total sulfite

_56 = total sulfate

[

term = refers to the termination reaction (5.3)

refers to the initiation reaction (5.1)

refers to the propagation reaction (5.2)
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Us4

H

sulfite (4.5)

I

USe = sulfate (4.6)

X = refers to species X

Superscripts

L = Tower valence state

m = reaction order with

n = reaction order with

p = reaction order with

U = upper valence state

of a metal
respect to
respect to
respect £6

of a metal

jon (5.1)

oxygen (3.12)

total sulfite (3.15)

catalyst (3.15)

ion (5.1)
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