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Catalytic Oxidation of S(IV) on Activated 
Carbon in Aqueous Suspension: 

Kinetics and Mechanism* 

Richard Brodzinsky 

Abstract 

Activated carbon and combustion produced soot particles have been 

studied for their catalytic effect on the oxidation of aqueous 

sulfur(IV) species. These particles are found to be effective 

catalysts for the reaction. Detailed kinetic studies of the reaction 

were performed on three different activated carbons and on a soot 

collected in a highway tunnel. Combustion produced soots were tested 

for their catalytic behavior and found to be similar to the activated 

carbons. 

The reaction rate was found to be linearly dependent on the 

concentration of carbon particles in the solution. The rate was found 

to follow a Langmuir adsorption isotherm for its dependence on oxygen 

and the product of two adsorption isotherms for S(IV). 

The reaction is independent of the pH of the solution when the pH 

is below 7.6. The reaction does not occur when the pH is above 7.6. 

The three aqueous S(IV) species are catalyzed in their oxidation by 

*This dissertation has been published in part as: R. Brodzinsky, 
S. G. Chang, S. S. Markowitz, and T. Novakov, ~ Phys. Chern., (1980) 
84, 3354-3358. 
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the carbon particles in a similar manner. The pH cut-off is suggested 

as being a function of the catalytically active sites on the carbon 

surface. Activation energies for the reactions on the different 

carbons are all about 8.5 kcal/mole. 

A possible four-step reaction mechanism is proposed. It consists 

of the adsorption of a dissolved oxygen molecule onto the carbon 

surface, followed by the adsorption of two S(IV) molecules or ions. 

These are oxidized on the surface to sulfate, which desorbs from the 

surface, regenerating the catalytically active site. 
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I. INTRODUCTION 

A. Air Pollution 

The study of air pollution has only been of major interest to the 

scientific community since the end of World War II. The problem, 

though, has been around much longer. By his use of fire, man has 

always added pollutants into the atmosphere. It is hard to consider 

early man as a major source of pollution, but even before the Spanish 

settlement of California, the peculiar meteorology of the Los Angeles 

basin led the coastal Indians to name the place the "Valley of the 

Smokes. 11 Nature also adds pollutants into the atmosphere. 

As technology increased, so did man 1 s energy requirements. Fossil 

fuels, in the form of coal and, in more recent historical times, oil, 

have come to be the major source of energy. Since the eighteenth 

century, use of these fuels has risen exponentially and the pollution 

has grown from the smokes of wood fires to the major urban problems 

which we are faced with today. 

The earliest perceived problems were those related to the 

incomplete combustion of coal. Soot and ash abounded in the major 

industrial cities of the United States and Great Britain in the early 

twentieth century. Stories are told of the black films which would 

form on window sills and of how clean laundry could not be hung out to 

dry. But this problem was soon abated as newer, more efficient burning 

techniques were introduced, along with the first controls on the 

permissible emissions. By today 1 s standards, these controls were crude 

and unscientific, but they served to reduce the soot problem to a point 

where the importance of soot as a pollutant was ignored until the 1970 1 S. 
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As is so often the case, tragedy was needed to prompt the modern 

studies and control of air pollution. An air pollution episode killed 

twenty people in Donora, Pennsylvania in 1948, and over 4000 were 

killed in a London episode in 1952. The Los Angeles basin, after its 

growth during the war, became an area where visibility impairment is 

the norm. Months can go by without the San Gabriel Mountains being 

visible, and, especially during the 1950's and 60's, respiratory and 

eye irritation problems were at alarmingly high levels. It was there 

that a new word, "smog," was coined, being a combination of smoke and 

fog. 

It was also in the Los Angeles area that the first modern studies 

of air pollution were performed. Haagen-Smit and coworkers at the 

California Institute of Technology in Pasadena were able to show that 

LA smog could be reproduced by the photochemical reactions of gaseous 

hydrocarbons and the oxides of nitrogen. It was these studies of 

"photochemical smog" which set the standards of research and control 

strategies for the following 25 years. 

Air pollutants are divided into two general categories: 

1) Primary- those emitted directly into the atmosphere, and 

2) Secondary - those formed by subsequent reactions of primary 

pollutants. The first category includes soot, carbon dioxide, carbon 

monoxice, sulfur oxides, nitrogen oxides and hydrocarbons. The latter 

includes sulfuric and nitric acids, ozone and oxygenated organic 

compounds. It is the intent of this research to study how two primary 

pollutants, soot and sulfur dioxide, interact to form sulfuric acid. 



3 

B. Atmospheric Sulfur 

Sulfur as a pollutant exists mainly in three forms, reduced as 

hydrogen sulfide (H2S) and oxidized as sulfur dioxide (S02) and 

sulfur trioxide (S0
3
). The two oxidized forms, which are species of 

the oxidation states S(IV) and S(VI), also exist as ionic species; 

bisulfite (HS03), sulfite (SO~-), bisulfate (HS04) and sulfate 

(SO~-). These sulfur containing species have many sources. They can 

come from man•s burning of fossil fuels as well as from the decomposi

tion and combustion of organic materials, sea salts and volcanoes. Man 

has little, if any, control over these natural sources of pollutant 

sulfur, which can contribute as much as 50 percent of the globally-

emitted sulfur each year [1]. It is the remaining 50+percent which is 

of major interest in the development of air pollution control 

strategies. While nature•s contribution is fairly uniformly spread 

around the globe (except in the case of volcanic eruptions), man 

concentrates his pollution around the areas in which he lives, but 

these pollutants can also be transported around the globe by winds. 

The sulfur oxides contribute to the formation of acid rain and 

directly to deleterious health effects. Respiratory and cardiopulmonary 

problems have been shown to be caused by sulfur oxides (in particular 

sulfur dioxide) [2], as well as asthmatic attacks and eye irritations. 

The concentrations needed to cause serious health effects, however, are 

rarely achieved though. 

The formation of acid rain is a source of major interest and 

concern these days. Acid rain is caused by nitric and sulfuric acids 
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which are formed by the oxidation of nitrogen oxides (NOx) and sulfur 

dioxide. The increased acidity of the precipitation (down to pH about 

3 in parts of New England and Europe from the 11 normal 11 pH of about 5.6) 

has had many deleterious effects. Many lakes have become too acidic 

to sustain aquatic life, most fish not being able to live with a pH 

below 4.5 [3]. The acidity also affects the plant life, both by 

attacking the leaves and branches of the vegetation and by leaching 

many of the nutrients in the soil into the runoff. It a 1 so has its 

effects on buildings and statues. Many older structures, especially 

those constructed of sandstone or marble, are literally dissolving. 

Knowledge of a problem 1 s existence is not always the same as 

understanding its cause or how to prevent it. Simplistically, sulfuric 

acid is formed by the oxidation and dissolution of so2' 

But the concentration of sulfate present in the atmosphere is much 

greater than that which can be accounted for by the preceeding 

reaction [1]. Clearly, additional mechanisms for the oxidation of 

502 must play an important role in the atmosphere. 

C. 502 Oxidation Mechanisms 

The proposed mechanisms for the oxidation of so2 in the 

atmosphere can be divided into two general categories; gas phase reac

tions and heterogeneous aqueous mechanisms. The aqueous mechanisms 

have traditionally been divided into catalyzed and uncatalyzed 
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reactions. The uncatalyzed reactions can be the reaction of aquated 

so2 and dissolved 02 in either the presence or absence of 

ammonia [4-8]. The catalyzed reactions have usually been regarded as 

those involving the ionic species of transition metals, in particular 

Fe3+ and Mn 2+ [5-13]. Aqueous ozone can also oxidize the so2 [14]. 

Some of the rate laws of these mechanisms are summarized in Table I-1. 

The rates of most of these reactions are enhanced by the presence of 

ammonia, which helps to keep the pH alkaline. 

The gas phase reactions can be divided into homogeneous reactions, 

photochemical reactions (including free radical mechanisms) and gas-

surface reactions. Many reactions are known in these categories [15], 

but many of the rate constants are still under question. None of these 

reaction mechanisms (or combinations thereof) can account for the 

amounts of sulfate observed on many occasions. It is clear that some 

other mechanism (or mechanisms) is occurring. 

D. Carbonaceous Particles as a Pollutant 

Carbonaceous particles are a major contribution to the total 

atmospheric particulate burden. Carbon can account for 30 to 

50 percent of the total suspended particulate mass. The major source 

of these particles is from the burning of fossil fuels, whether in 

stationary sources such as power plants and factories, or automobiles. 

It had been thought that most of these particles were formed by the 

secondary reactions of gaseous hydrocarbons, mainly by photochemical 

pathways. This arose from the heavy dependence on early air pollution 

research on the Los Angeles type smog. 
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Table I-1 
S02 Oxidation Rate Laws of Various Mechanisms 

Mechanism Reaction Rate Law Reference 

H5{k 2 + k1Kw/[H+J}K2k3 
Rate = + 2 + P50 k_2[H ] + k_1[H ] + K2k

3 
2 

Rate+ {k 4[HS03J + k 5 [SO~-J}[o3 ·H 20J 
2 2 2 3+ 

k6k7 Hs Pso [Fe J 
2 Rate "" + 3 [H J 

Mn 2+ Rate = 3.67x10-3 r- 1.17{[HS04J + 

[so~-] F { [Mn 2+J - r } /W2 

2+ 
k8H5P50 [Mn J 

2 

H5 = 1.24 mole/~·atm 1 0 -14 KW = • 0 x 10 

[8] 

[14] 

[11] 

[10] 

K2 = 6.24 x 10-8 mole/~ 
5 

pressure in atm, cone in mole/~ 

k1 = 2.9 x 10 ~/mole·sec 

6 -1 k2 = 3.4 x 10 sec 

-3 -1 k3 = 1.7 x 10 sec 

k5 = 7.4 x 108 ~/mole·sec 

k7 = 1.84 x 10-2 mole/~ 

W = [H2 0(~)] in cctm3 

k_1 = 2.3 x 1o-7 sec-1 

k_2 = 2.0 x 108 ~/mole•sec 

k4 = 1.1 x 105 ~/mole•sec 

k6 = 1.52 x 102 ~/mole·sec 

k8 = 8.12 x 104 ~/mole· sec 
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It has become evident in recent years that primary carbonaceous 

particle emissions are an important contribution to the total [16]r 

This was shown by the development of a technique to measure the light 

absorbing properties of the aerosol. The absorbing portions of the 

aerosol are the black, graphite-like soot particles, which can be 

formed only by the incomplete combustion of fuels. This "graphitic" 

component of the aerosols was found to occur with approximately the 

same relative concentration in many urban sites in the United States, 

under conditions of both low and high photochemical activity. 

The structure of the graphitic particles has been studied. The 

diameter of these particles varies from 50 A or even smaller to several 

thousand A. The results of X-ray diffraction [17] have shown that each 

particle is made up of a large number of crystallites 20 to 30 A in 

diameter. Each crystallite consists of several carbon layers with a 

graphitic structure, having defects, dislocations and discontinuities 

in the layer planes, thus containing high concentrations of unpaired 

electrons which constitute active sites. The carbon atoms located at 

these sites show strong tendencies to react with other molecules 

because of residual valencies. During particle formation, interactions 

of air, water, flue gas, etc., with the carbon particles can occur, 

resulting in the incorporation of oxygen, hydrogen and nitrogen into 

the structure. Nearly every type of organic functional group known has 

been suggested as existing at the surface of these particles. This 

structure is very similar to that of activated amorphous carbon. 
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E. Activated Carbon 

The structures of these carbons make them extremely porous; this 

allows large areas of the surface to be activated. It is these 

activated surface sites which are capable of either phys- or chem

adsorbing certain species from either gases or liquids. Because of 

these adsorbing properties, activated carbon has been used as a 

scrubber for gases and organic molecules in many processes. It is also 

used as a catalyst in industry for the control of gaseous emissions 

from smoke stacks. 

An important use of activated carbon scrubbers is for the removal 

of sulfur dioxide from flue gas. Many industrial-style studies of the 

scrubber system have been performed and optimal parameters for 

efficiency of operation deduced [18]. It was known that these 

scrubbers oxidize the so2 to sulfates, but reaction mechanisms and 

kinetics were never fully studied. 

F. Soot as an so2 Oxidation Catalyst 

With the similarities of carbonaceous soot particles and activated 

carbon, it would seem reasonable that the soot could be a catalyst for 

the oxidation of sulfur dioxide. The possible importance of this 

reaction is evident in much of the collected ambient data. 

During the ACHEX (California Aerosol Characterization Experiment) 

studies, excellent correlations between the particulate concentrations 

of sulfate and carbon were seen [19]. These studies were done on 

diurnal samples, that is, the samples were time resolved during the day 

to either one or two hours. Similar correlations are seen in daily 

sample data, collected in many urban sites in the United States, 
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though the agreements are not as strong [20]. While it is certainly 

possible that these correlations are due to concurrent fluctuations of 

all the pollutants, greater emphasis can be placed on this correlation 

because the gaseous concentrations of so2 do not correlate as well 

with the carbon and sulfate data. 

An indication of the importance of this reaction was found quite 

by accident [21]. An attempt to produce a sulfur(IV) standard for ESCA 

(Electron Spectroscopy for Chemical Analysis), by adsorbing so2 onto 

activated carbon, showed only a S(VI) photoelectron peak in the sample 

spectrum. This behavior was also seen when combustion generated soots 

were exposed to sulfur dioxide. This led to the proposal that soot was 

an effective catalyst for the oxidation of so2 [22]. 

In studies which were performed to determine the efficiency of this 

reaction [23], it was observed that the reaction produced more sulfate 

when humidified air was used, rather than dry air. Figure 1.1 shows 

the experimental setup and the results of those experiments. These 

experiments underscored the importance of the role of water in this 

reaction. Reaction rates were not able to be derived for this process, 

nor any mechanism proposed. 

G. Objective 

From the previous work, it is clear that carbonaceous-soot 

particles, as well as activated carbons, are catalysts for the oxida

tion of sulfur dioxide. The importance of this reaction atmospher

ically depends on the rate of reaction and the role which liquid water 

plays. In the atmosphere, liquid water is important because it may 

condense on soot particles in stack plumes or in fog and clouds. 
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Figure 1.1 Apparatus and results of experiments to study the interac
tion of 502 with soot particles collected on filters. 
[502] -300 ppm. Reprinted by permission of T. Novakov 
and 5. G. Chan9. 



11 

Estimated values for the cJncentration of carbon particles in 

atmospheric droplets range from 10 mg/~ in a fog or cloud to as much 

as 10 g/~ as the liquid evaporates [24]. 

It is the objective of this research to characterize the kinetics 

of the catalytic oxidation of sulfur dioxide on activated carbons in 

aqueous suspension. A kinetic rate law is derived for the reaction and 

a possible mechanism is proposed. The results indicate that this 

reaction could be of major importance in the formation of atmospheric 

sulfate. 

H. Note on Nomenclature 

Hydrated sulfur dioxide (S02·H20) is also known as 11 Sulfurous acid 11 

(H2so3), but this molecule has never been observed. Within this work, 

the term 11 Sulfurous acid 11 will used to signify all of the sulfur(IV) 

containing species in solution (S02• H20, HS03 and SO~-). Meta

bisufite, s2o~-, which is in equilibrium with bisulfite, is treated 

as the latter because of the concentration range used in these studies; 

s 2o~- concentration does not become important until [HS03J > 10-2 M. 

The symbol S(IV) and the formula H2so3 are used in a similar fashion. 

The symbol ex is used to signify the carbonaceous particle surface, 

while the term 11 Carbon" refers to the particles of activated carbon or 

soot, and not the element C. The 11 Concentration" of a carbon-particle 

suspension is defined as the mass of particles p1aced into a given 

volume of solution. 
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II. EXPERIMENTAL 

A. Basic Setup 

The kinetics of the oxidation reaction was studied with systems 

containing various concentrations of S(IV) and suspended carbonaceous 

particles. The basic reaction system consisted of an Erlenmeyer flask, 

in which carbonaceous particles were suspended in deionized water, to 

which was added a known amount of S(IV), usually as bisulfite. The 

mixture was stirred constantly with a Teflon coated magnetic stirring 

bar at approximately 300 rpm. Aliquots of the reaction mixture were 

removed, filtered and analyzed for sulfurous acid and sulfate during 

the course of the reaction. 

The carbonaceous particle concentrations used in the suspensions 

ranged from 20 mg/~ to 5.0 g/t, and the sulfurous acid concentration 

ranged from 7.0 x 10-8 to 1.0 x 10-2 M. Ion chromatography was used 

to monitor sulfurous acid and sulfate concentrations of less than 

10-4 M. For concentrations greater than 10-4 M, the concentration of 

sulfurous acid was monitored by iodometric titrations while the sulfate 

concentration was followed by the barium sulfate turbidimetric method. 

B. Preparation of Carbon Suspensions 

Combustion produced soots were collected by impinging the exhaust 

effluent of a flame into water, using the apparatus shown in Fig. 2.1. 

Soots from the combustion of acetylene, p~opane, natural gas, diesel 

fuel and coal were collected. 

Flame conditions for the acetylene, propane and natural gas were 

controlled only to the point of creating a fuel-rich flame. This type 
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Figure 2.1 Schematic of impinger apparatus used to collect combustion-generated soots. 
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of flame produces more soot, because of the incomplete combustion of 

the fuel. The diesel soot was collected from the exhaust of a large 
I 

diesel generator (a Consolidated Electric Diesel Co. Model 4260). This 

particular generator is rarely used and is not well tuned. While run

ning it spews black smoke. The coal soot was collected from a coal 

burner using finely pulverized bituminous coal. A mechanical vibrator 

feeds the coal dust into a natural gas flame, and the effluent is 

passed through a Plexiglass chimney prior to collection [25]. 

The collection of combustion soots by impingment is extremely 

difficult. Flame and exhaust conditions constantly change and only 

small quantities may be collected at any given time. This irrepro

ducibility precludes a study of the kinetic reaction using a combustion 

produced soot. Three different commercially available activated 

carbons were therefore used as model systems. These carbons were 

Nuchar C-190 and Nuchar S-N, manufactured by the West Virginia Pulp 

and Paper Co. (Wesvaco), and EM Reagents, Aktivkohle, manufactured by 

E. Merck [26]. 

The Aktivkohle is a 30-50 mesh activated carbon for use in gas 

chromatography. It was ground in an agate ball mill for 15 hours to 

produce a powder with a particle size of ~200 mesh. The two Nuchars 

are decolorizing carbons of 200-400 mesh. The manufacture of C-190 was 

discontinued in 1978. The activated carbons were washed with boiling 

water 3 times, to remove water soluble sulfates and nitrates that were 

adsorbed on the surface, and dried. This washing procedure removed the 

sulfate and nitrate peaks in an ion-chromatogram of the filtrate of a 

suspension of each carbon. Elemental analysis and physical properties 

of the activated carbons are shown in Table II-1. 



Element 

Ca 
s 
Si 
Fe 
K 
Al 
Ti 
Mn 
Cr 
Cu 
Zn 
Sr 
Ni 
Cl 
As· 
Br 
Rb 
Zr 
Pb 
Ga 
Ba 

0 

c 
H 
N 

C-190 

74.7 
0.9 
0.1 

0.221 
0.116 

>0.111 
0.117 
0.091 

>0.055 
0.016 
0.013 
0.002 
0.002 
0.002 
0.002 
0.001 
0.001 
o. 0004 
0.0004 
0.0004 
0.0004 
0.0004 
0.0001 

* 

23.6 

15 

Table II-1 
Elemental Analysis of Carbons 

weight% 

SN 

77.7 
1.56 
0. 23 

0.07 
* 

0.011 
* 

0.0017 
0.0012 
0. 0011 
0.0007 
0.0006 

* 
* 
* 
* 
* 
* 
* 
* 
* 
* 

20.4 

Akti vkoh le 

88.1 
1.60 
1.17 

0.025 
0.39 

* 
0.018 

* 
* 
* 
* 
* 
* 

0.117 
* 

0.002 
0.001 

0.001 
* 
* 

0.007 
* 
* 

8.57 

Tunnel 

14.2 
1.75 
0.30 

1.98 
1.15 

>10.1 
2.83 

* 
>4.05 
0.122 
0.022 
0.014 
0.018 
0.122 
0.086 
0.108 
0.101 

* 
0.007 

* 
* 

5.06 

0.158 

<57.8 

Method 

combustion 

XRF 

(difference) 

*below detection limits 

surface area 

[m2tg] 550 1150 1130 6 

activation 

temp oc 650 650 300 

pH (at 1g/ t) 5.4 7.2 6.2 5.0 

made from coal coal peat (vehicular soot) 
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Automotive soot was collected in the ventilation duct above a 

highway tunnel. The Caldecott Tunnel is a 1.5 mile freeway tunnel on 

California Rt. 24, between Oakland and Orinda, running beneath the 

Berkeley hills. A ventilation tunnel. which runs above the roadway 

tunnel, has its walls coated with automotive soot. This soot was 

scraped from the walls using a plastic scraper into a large plastic 

bucket. Care was taken not to scrape concrete off the wall. The soot 

was then washed with boiling water 3 times and dried. The water wash 

removed the water-soluble organics, as well as the inorganics, which 

had adsorbed onto the soot surface. The composition and physical 

properties of the tunnel soot are shown in Table II-1. 

C. Iodometric Determination of S(IV) 

The determination of the S(IV) concentrations greater than 10-4 M 

was done using iodometric titrations [27]. A known amount of the 

reaction mixture was removed from the reaction flask and filtered using 

a sintered-glass filter. A known excess of standardized triiodide 

(I3) was added to the filtrate, along with a starch indicator. 

The excess triiodide was back-titrated with a standardized thiosulfate 

solution. Appendix A-1 shows data from a typical reaction experiment 

taken with this method. 

Triiodide ion is a mild oxidant and reacts quantitatively with 

easily oxidizable substances, such as H2so3. Triiodide is formed 

by the reaction of molecular iodine and iodide ions, 

---~ 

~---
K = 708 [27] 
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The oxidation-reduction reactions for the determination of S(IV) with 

triiodide are: 

Eo = 0.06197v 

Eo = 0.5335v 

Eo = -0.17v 

The determination of S(IV) could be done by directly titrating with 

the triiodide; the appearance of the blue starch-triiodide complex 

would be the endpoint. It was found that greater precision in endpoint 

detection was gained, however, by observing the disappearance of the 

blue colored complex. Therefore, excess triiodide was added to the 

solution and a back-titration with standard thiosulfate was performed. 

The reaction of triiodide with thiosulfate is: 

The triiodide solution was prepared by saturating deionized water 

over solid iodine, the solution was decanted and potassium iodide 

crystals were added (-1.5 g/100 m~). Typical triiodide solution con

centrations were on the order of 10-3 M. 

Standard thiosulfate was prepared using sodium thiosulfate. A 

0.10 N stock solution was prepared with boiled and cooled deionized 

water and stabilized by the addition of 1 g/~ NaOH. The starch 

indicator was prepared by adding 5 g/~ of starch (and 1.3 g/~ of 
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salicylic acid as a preservative) to boiling deionized water. The 

solution is then cooled and filterep. 

D. Turbidimetric Determination of Sulfate 

The determination of sulfate concentrations greater than 10-4 M 

was done by measuring the turbidity caused by the formation of barium 

sulfate [28]. Barium sulfate is very insoluble, 

B ( ) --~ Ba2+ + SO 2-aso4 s ~-- 4 

The addition of barium ion to a solution containing sulfate causes a 

white precipitate to form. This precipitate remains in a homogeneous 

suspension long enough to allow a spectroscopic determination of the 

turbidity of the solution. The attenuation of light due to this 

turbidity, read as an absorbance, has a linear relationship with the 

concentration of the precipitate formed (Beer's law). This permits the 

determination of the amount of sulfate originally in solution. Sulfite 

ion also forms a precipitate with barium, but can be eliminated as an 

interferent by making the solution acidic (pH-3) prior to the addition 

of the barium ion solution. 

A saturated solution of BaC1 2 was prepared as the source of 

barium ions. An aliquot of the reaction solution, after removal from 

the reaction flask, was filtered and 3.0 m~ of the filtrate was placed 

in a 0.5 inch cuvette. 1.0 m~ of 1 M HCl and 2.0 m~ of the barium 

chloride solution was added, the solution mixed and the turbidity 

determined. Spectroscopic measurements were performed on a 

Bausch & Lomb Spectronic 20 at 500nm. Appendix A-1 shows the data 

taken in this method for a typical experiment. 
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E. Ion Chromatography 

Ion chromatography was used for the determination of sulfurous acid 

and sulfate concentrations of less than 10-4 M. This is a technique 

where ions in solution are separated, using ion exchange columns, and 

are detected by changes in the conductivity of the eluent. 

Ion exchange has been known for more than a hundred years, and many 

applications have been developed for it, such as softening or deioniz-

ing water and separation and purification of radio-nuclides and rare-

earths, for example. With the more recent developments in high pres

sure liquid chromatography and conductivity detectors, systematic 

analysis of solutions containing many ionic species has become 

f eas i b 1 e. 

Analysis was done on a Dionex Model 14 ion chromatography system, 

as diagrammed in Fig. 2.2. The system's columns are a 3 x 50mm con

centrator, 3 x 150mm guard or pre-column, 3 x 500mm separator and a 

6 x 250mm suppressor. The eluent was a 0.002 M NaOH-0.0035 M Na2co3 
solution. The system was run at a flow rate of 138 mt/h and at a 

pressure of 600 psi. 

The ion exchange resin in the first three columns is an anion 
+ - 2+ 2-exchange resin of the form R HC0 3 or R co 3 . The concentrator 

column can be taken out of line of the eluent flow, by the injector 

valve, and a known volume of sample injected in to it. The anions of 

the sample replace the carbonate and bicarbonate ions on the resin. 

When the column is placed back into the eluent flow, the carbonate in 

the eluent will exchange with the sample anions and an ionic separation 

will occur, according to the affinity each anion has for the ion 
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exchange resin. The short precolumn is used to protect the larger 

separator from dirt and contamination. (The pre-column costs about 

$150, the separator $600.) 

The suppressor column contains a cation exchange resin, of the form 
- + RS03H . As the eluent passes through the suppressor, the sodium 

ions in solution exchange with the hydrogen ions. The effluent of the 

columns is co2·H20 (under pressure) and the sample ions are 

converted to their acid forms. The conductivity of most of the acids 

is greater than that of carbonic acid, which has a very low 

conductivity, and can therefore be detected in the conductivity cell. 

For the low values of specific conductance being measured {0.01 - 50.0 

10-6 ohm-1 cm-1), concentration of a given species is linearly 

proportional to its conductivity. 

Reactions were followed by removing an aliquot of the reaction 

mixture and filtering through a washed Whatman 41 paper filter in a 

Buchner funnel. The filtrate was then injected onto the concentrator 

column through an in-line 12.5mm Millipore filter (pore size 0.22pm) 

which had been washed and sonicated to remove any ionic contaminations. 

Appendix A-2 shows data from a typical experimental run taken with this 

method, along with a sample chromatogram and calibration data. 

It has been reported [29] that sulfite oxidizes to sulfate in the 

chromatographic system and an oxidation inhibitor must be added if 

sulfite and sulfate are to be determined. These inhibitors include 

isopropanol, formaldehyde and thiosulfate. Use of one of these 

inhibitors will change the conductivity and all standards and samples 

would have to be done with equal inhibitor concentrations. Injection 
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of a standard sulfite solution into our system without an inhibitor, 

however, did not produce a sulfate peak. After many months of equip

ment use, for many different types of experiments, sulfite oxidation 

was seen to occur. Cleaning and reconditioning of the columns, by the 

methods recommended in the Dionex instrument manual, avoided the 

oxidation. 

It appears that contamination of the concentrator column and 

pre-column can occur when solutions containing manganese and arsenic 

salts are injected through the anion system. These trace contaminants 

are enough to oxidize the injected sulfite, but are removed by com

pletely reconditioning the columns. This behavior has now been con

firmed by other users of ion chromatographs [30,31]. 

F. Miscellaneous Techniques 

All reactions, except for those in which temperature or dissolved 

oxygen concentration were specifically controlled, were done at room 

temperature (20°C) and open to the air (dissolved 02 = 2.64 x 10-4 M). 

Oxygen-dependence studies were performed in a contained atmosphere 

glove box with various mixtures of N2 and 02• The gaseous oxygen 

concentrations ranged from 5 to 48 percent, with the remainder of the 

gas being pure nitrogen. The dissolved 02 was equilibrated by 

vigorously shaking the water to be used and then bubbling the N2-o2 
mixture through the water. Known amounts of activated carbon and 

sulfurous acid were then added to form the reaction mixture. 

Oxygen-dependence studies were done with the S(IV) concentrations 

between 10-4 and 10-3 M. This allowed the S(IV) concentration to 

be measured by the iodometric technique, which was performed in the 
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glove box. This eliminated any contact of ti,e reaction mixture or 

filtrates with air. The dissolved oxygen concentration was measured 

with a Yellow Springs Instrument Model 57 dissolved oxygen meter. 

Temperature-dependence (activation energy) studies were performed 

by immersion of the reaction flask in a controlled temperature bath. 

The temperatures used ranged from 5 to 50°C. A few experiments were 

performed using activated carbon that had been degassed. The carbon 

was degassed by exposure to vacuum (0.1 Torr) at 75°C for three days. 

One atmosphere of N2 was then introduced for 24 hours. 

The pH of the solution was adjusted by the addition of H2so4 to 

S02·H20 for pH < 2.5, and various combinations of S02·H20, NaHS03, 

Na2so3, NH40H, and NaOH were used to control the pH above 2.5. The pH 

was measured using a Beckman digital pH meter with combination probe. 

Buffer solutions of other inorganic or organic acids were not used, 

because of the possibility of interferences and inhibition of the 

reaction by the buffer species. To study the possible interferences 

and inhibition of the reaction by other pollutants present in atmos

pheric droplets, water was condensed from the Berkeley atmosphere on 

clear and foggy days, and then used to make the reaction mixture. 

Collected rain water was also used. 
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III. RESULTS 

A. Activated Carbons: The Reaction and S(IV) Dependence 

The oxidation of S(IV) to sulfate on activated carbon is 

demonstrated in Fig. 3.1. This figure is a plot of the data of 

Appendix A-1, with Nuchar C-190 as the activated carbon used. The 

results shown are typical of the oxidation of sulfurous acid with all 

of the carbons used. For the concentration range shown ([S(IV)] 

between 10-4 and 10-3 M), the reaction appears to proceed in two 

distinct steps. These are an initial rapid oxidation of the sulfurous 

acid followed by a slower, linear oxidation. The decrease in H2so3 
concentration is matched by a corresponding increase in sulfate con

centration, which shows that oxidation of the S(IV) is indeed 

occurring. 

The effects of varying the 11 concentration 11 of the carbon in 

suspension on the reaction rate are shown in Fig. 3.2. As the 

11 Concentration 11 of the carbon increases, so does the rate of oxidation. 

Also of interest in this figure is the 11 blank 11 reaction, i.e., where 

no carbon catalyst was present. The curve shows that for the S(IV) 

concentration and periods of time involved, no significant oxidation 

occurs in the absence of the carbon catalyst. Also shown in this 

figure, though not as clearly, is that as the carbon concentration 

increases, so does the magnitude of the initial rapid oxidetion. 

The rate of the slower, linear reaction as a function of carbon 

concentration is shown in Fig. 3.3. Here it is seen that for carbon 

concentration of 0 to 4 g/~, the rate of sulfate formation is propor

tional to the concentration of the suspended activated carbon. This 
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figure shows data for Nuchar C-190 when the initial H2so3 concentra

tion is between 0.5 and 1.2 x 10-3 M. Since the oxidation of S(IV) is 

a linear function of time (Figs. 3.1-2) when the S(IV) concentration 

is greater than 10-4 M (i.e., zeroth order dependence of rate on 

S(IV)), no corrections for the S(IV) concentration on the sulfate 

formation rate are needed. 

The magnitude of the initial rapid oxidation is plotted as a 

function of activated carbon concentration in Fig. 3.4. Again, a 

linear proportionality is seen with activated carbon concentrations. 

Studies of only the magnitude of this initial oxidation proved to be 

possible with the analytic techniques used. It was found that whenever 

activated carbon was added to a solution containing a known concentra-

tion of sulfurous acid, no matter how fast the analysis (<0.5 min), the 

initial oxidation had already occurred. 

The rapid oxidation was able to be eliminated by two methods. The 

first was by placing the activated carbon into the water first, and 

after allowing the carbon and water to mix for a few minutes, then 

adding a known amount of sulfurous acid. The second was by degassing 

the carbon in vacuum and then saturating it with nitrogen. If the 

carbon is then quickly transferred into a solution containing S(IV) no 

initial rapid oxidation will occur. Conversely, if the activated 

carbon is allowed to equilihrate with an oxygen-nitrogen mixture where 

the partial pressure of oxygen is greater than that in air, the magni-

tude of the initial rapid oxidation increases. The behavior of the 

reaction rate and the initial oxidation with respect to the carbon 
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concentration was the same for all the activated carbons and soot 

catalysts studied. 

The behavior of the reaction rate as a function of the S(IV) 

concentration is shown in Figs. 3.5-3.7 for the different activated 

carbons used. The data shown in these plots were all taken at room 

temperature (20°C) and in air. The rates are normalized to a 1 g/2 

activated carbon concentration. (The data points are the instantaneous 

rates based on three-point averages from the various experiments. The 

details of the calculations used are discussed in Appendix B.) 

Figure 3.5 shows that, for the Nuchar C-190, the reaction rate is 

independent of the S(IV) concentration when that concentration is 

greater than 10-4 M, and becomes increasingly dependent on the con

centration as it decreases. Similar behavior is seen in Figs. 3.6 and 

3.7 for the Nuchar SN and the Aktivkohle. 

Though the data for each activated carbon are different, each set 

can be fit with the equation: 

(III. I) 

where y = rate = d[S(IV)]/dt + [Cx] and x = S(IV) concentration. 

This equation states that the rate will be second order with respect 

to S(IV) when 1 >>ax+ ax2, independent of S(IV) when ax2 >>ax+ 1 

and having an order between zeroth and second when the terms of the 

quadratic in the denominator are of comparable magnitudes. This 

changing order of the dependence can also be seen as the "slope of the 

curves in the log-log plots of Figs. 3.5-3.7 (i.e., if y = kxn, 
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logy= n•log x + log k). For the Nuchar C-190 in Fig. 3.5, the slope 

of the curve shows that the rate of reaction is second order with 

respect to the S(IV) below 10-7 M, moves through a first order 

reaction around 5 x 10-6 M and becomes zeroth order above 10-4 M. 

An identical type of behavior is seen in Fig. 3.8 from the 

reactions done with tunnel-soot scrapings as the catalyst. In this 

figure, the data points are normalized to the concentration of 

elemental carbon present as opposed to the total amount of activated 

carbons. This is because of the relatively small amount of carbon 

(14 percent) present in the soot. The values of the coefficients of 

equation 111.1 which give the best fit curve for each set of data are 

shown in Table III-1. 

B. Oxygen and Temperature Studies 

The dependence of the reaction rate on dissolved oxygen concentra

tion for the three activated carbons is shown in Fig. 3.9. As in the 

previous figures, the reaction rate is normalized to unit activated 

carbon concentration. The rates were all taken as the instantaneous 

rates at a sulfurous acid concentration of 5 x 10-4 M. This was done 

to eliminate the effects that the S(IV) concentration has on the rate. 

While the rate is not highly dependent on the S(IV) concentration in 

this region for the Nuchar C-190 and the Aktivkohle, Fig. 3.6 shows 

that for the Nuchar SN, this precaution is necessary. 

The three sets of data in Fig. 3.9 can each be fit to the equation, 

y = k•yx/(1 + yx), where y = rate and x = dissolved oxygen concentra

tion. This equation shows that the reaction rate can vary from a first 

order dependence with respect to oxygen when 1 >> yX to zeroth order 
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Table III-1 
Coefficients of least-squares fit of 
rate versus S(IV) concentration data 

2 
rate = K a[S(IV)] 

1 + e[S(IV)] + a[S(IV)] 2 

C-190 SN Aktivkohle 

1.0 1.0 4.9 

2.4 X 1Q12 4.9 X 108 9.5 X lQll 

1.2 X 107 3. 0 X 106 3.7 X 107 

59 122 33 

Tunnel 

2.0 

6.4 X 106 

9.9 X 102 

40 
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when yx >> 1. The values of y and the correlation coefficients for the 

three activated carbons are shown in Table III-2. The rate of 

diffusion of oxygen into solution does not affect the reaction rate, 

since the concentration of dissolved oxygen was determined to be 

constant during the course of the reaction. 

The dependence of the reaction rate as a function of temperature 

for the three carbons is shown in Fig. 3.10. The data are being 

plotted to the Arrhenius equation, ln k = ln A - E/RT, where k is the 

specific rate constant at some temperature, T is the absolute temper

ature and R is the gas constant. A and E are empirical constants 

obtained from this plot, with E being the activation energy of the 

reaction. The reaction rates plotted have been corrected for dissolved 

oxygen concentration, with the data obtained in Fig. 3.9, as well as 

normalized for carbon and S(IV) concentrations. The oxygen correction 

is necessary as the solubility of oxygen is a function of temperature. 

The values obtained for the activation energy and the Arrhenius 

constant, A, are summarized in Table III.2. 

For more accuracy, a corrected form of the Arrhenius equation, 

ln k = ln A+ (C/R)ln T- E/RT 

where C has units of a molar heat capacity could be used [32]. While 

for many reactions in solution the factor C/R is rather large, treat

ment of the data obtained in these experiments in this manner shows 

only minor changes in the calculated activation energies and Arrhenius 



A(mole/g-sec) 

Ea(kcal/mole) 

y ( Q,/mo le) 

a ( ,Q, 2 I mo 1 e 2 ) 

s ( ,Q,/mo 1 e) 

r2( oxygen) 

r2(Arrhenius) 

2 aA = ±10 percent 
2 crE = ±5.0 percent 
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Table III-2 
Summary of kinetic data for 

S(IV) oxidation on activated carbons 

a[S(IV)] 2 

1+s[S(IV)]+a[S(IV)]2 

C-190 SN 

0.87 0.16 

8.8 8.1 

2.1 X 103 7.4 X 103 

2.4 X 1Q12 4.9 X 108 

1.2x 107 3.0 X 1Q5 

0.98 0.85 

0.96 0.95 

2 2 2 
cr = ao = cr = ±3.0 percent 

a " Y 

Aktivkohle 

2.5 

8.8 

4.4 X 103 

9.5 X 1011 

3.7 X 107 

0.93 

0.99 
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constants. Within the accuracy of these experiments (see Appendix B), 

the use of this correction is not warranted. 

C. Combustion-Soot Studies 

Combustion produced soots show the same catalytic nature as the 

activated carbons. Figure 3.11 shows reaction curves for acetylene and 

natural gas soot suspensions. The reaction proceeds as before, with 

an initial rapid oxidation followed by a slower process. The con

centrations of the soots are shown as weight percent of the solution 

of elemental carbon. Figure 3.12 shows projected reaction curves for 

many of the carbon catalysts studied. The initial rapid oxidation has 

been ignored and a catalyst suspension concentration of 0.5 g/~ 

assumed. This figure shows the relative reactivity of the different 

soots and activated carbons in the region where the reaction rate is 

nominally independent of S(IV) concentration. Figure 3.13 shows the 

relative reactivitiy of the four carbons studied in detail over a wide 

range of S(IV) concentrations. 

D. pH Effects 

The effects of pH on the reaction are demonstrated in Fig. 3.14. 

As can be seen, there is no significant difference between the reaction 

behavior in strong acid (pH = 1.45) to that in neutral solution 

(pH= 7.50). The pH values shown are the initial values of the pH. 

As the reaction proceeded, the solution in all cases became more 

acidic, with a net change normally of -0.5 pH units. The differences 

between the reaction curves for the individual experiments are well 

within the scatter for experiments which are all done with identical 
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conditions. The pH range of these experiments more than covers the 

range normally seen for atmospheric water (rain, fog, etc.). 

One of the most intriguing results of these studies is that no 

catalytic activity is seen above a pH of 7.6. Below pH= 7.6, the 

reaction rate is independent of the pH; but when the pH becomes greater 

than 7.6, no catalytic activity is observed. This behavior is the same 

for all three activated carbons. Figure 3.15 shows the behavior of the 

reaction as the pH is changed rapidly from acid to base by the addition 

of a few drops of concentrated NaOH or H2so4• (Concentrations have 

been normalized to account for any dilution factors.) When the 

activated carbon, in this case Nuchar C-190, is placed into a mildly 

basic solution, no reaction occurs. When the solution is made mildly 

acidic, the reaction begins with the expected rate. Similar behavior 

is seen as the solution is changed back to basic and again to acidic. 

Although Fig. 3.15 shows this effect over a range of 5.5 pH units, a 

factor of 300,000 change in hydrogen-ion concentration, the abrupt drop 

in reaction rate occurs between pH 7.5 and 7.65, a factor of 1.4 change 

in hydrogen-ion concentration. 

Attempts were made to buffer the pH of the solution using organic 

acid buffers. The presence of these buffers inhibited the reaction, 

most likely due to the adsorption of the buffer molecules onto the 

carbon surface. When water which was condensed from the atmosphere 

was used to prepare the reaction mixture, the oxidation proceeded as 

usual, even though the atmospheric water did have organic contaminants 

in it. 
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E. Other Surfaces 

Alumina an~ ferric oxide were tried as catalysts, to test whether 

these high surface area materials could catalyze the reaction by their 

presence. No oxidation was observable due to the presence of these 

high~surface-area species. Leaching the activated carbon in concen

trated sulfuric acid for 24 hours to remove trace metal impurities had 

no effect on the relative reactivity of that carbon. 

To test if the reaction was being catalyzed by a species that could 

be washed off of the carbon surface, the activated carbon was washed 

and filtered. The filtrate was then prepared as the reaction mixture 

by the addition of S(IV) to it. No oxidation was observed in this 

solution. The reaction was also observed to be catalyzed by ground 

••spectroscopically pure" graphite as well as by the elemental carbon 

formed as a result of the addition of concentrated sulfuric acid to 

sugar. 
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IV. DISCUSSION 

A. fVIechanism 

The experimental results yield the following reaction rate law for 

the catalytic oxidation of sulfur(IV) by activated carbon. 

d[S(IV)] y[02] a[S(IV)] 2 
--- = k[C ] __ .;;;;.___ ---------...,.. 

dt X 1 + y[Oz] 1 + s[S(IV)] + a[S(IV)] 
(IV.l) 

The form of this equation is that of a reaction in which the reactant 

is adsorbed onto a surface. 

The concentration of the adsorbed species is governed by the 

Langmuir isotherm [33]. The adsorption of reactant molecules A onto a 

surface S, 

S + A --~ A·S 
~--

K = [A·S]/[A][S] 

will cover a certain fraction, G, of the possible adsorption sites, 

So ; [A·S] + [S]: 

g = [A·S]/So = K[A]/(1 + K[A]) 

If the adsorbed species then reacts to form B; 

A•S ---~ S + B 
~---

the formation rate of B, assuming that the reverse of this reaction is 

negligible, is: 



dB I dt = k [A • S] 

= k[S]e 
= k[S]K[A]/(1 + K[A]) 
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The experimentally derived rate equation (IV-1) is already in this 

form for oxygen, and the S(IV) term can be broken into two factors; 

a[S(IV)] 2 K2[S(IV)] K3[S(IV)] 
----------,::-=-........;;;.---x-...;;_---
1 + e[S(IV)] + a[S(IV)] 1 + K2[S(IV)] 1 + K3[S(IV)] 

The equation takes the form of the adsorption of one oxygen and two 

S(IV) molecules onto an activated carbon surface. 

Symbolically, the net reaction for the oxidation of S(IV) is 

2S(IV) + 02 ~=~ 2S(VI) 

The reduction of sulfate is not a thermodynamically favored reaction, 

and in these experiments does not occur. For this reason, the 

formation of sulfate will henceforth always be written as an 

irreversible reaction. 

The following reactions are possible at the carbon surface. 

k1 

Cx + o2(aq) ~~ Cx·02 
k_1 

( 1) 



k2 

Cx + S(IV) ~=~ C; S(IV) 

k_2 

k3 

Cx·o2 + S(IV) --~ C ·0 •S(IV) 
~- X 2 
k_3 

k4 
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C • 0 ·S(IV) + S(IV) --~ C • 0 • s2(IV) 
X 2 ~-- X 2 

k_4 

k5 

c • s (I v) + s (I v) --~ c • s 2 (I v) 
X ~-- X 

k_s 

k6 

Cx·S2(IV) + o2(aq) ~~ Cx·02·S2(IV) 

k_6 

k7 

Cx·S(IV) + 02(aq) ~-~ Cx·02·S(IV) 

k_7 

( 2) 

(3) 

( 4) 

( 5) 

( 6) 

(7) 

( 8) 

Steps 1 through 7 are assumed to be adsorptions on the surface, with 

the ox~dation step occurring in reaction 8. Since the reaction occurs 

in water, the formation and desorption of the bisulfate or sulfate can 

be considered in one step. 
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The rate of production of the sulfate species is; 

Since steps 1 and 2 are both initiation steps, it is simpler to derive 

a rate expression using each individually. 

Assuming oxygen to be the first species adsorbed, the following 

four step reaction is arrived at. 

Cx·02·S(IV) + S(IV) ;-~ Cx·02·S2(IV) 

Cx· o2• s2(IV) --~ Cx + 2S(VI) 

The term, [Cx·o2·S2(IV)], can be solved for, by the Langmuir 

adsorption equation, as follows: 

( 1) 

( 3) 

( 4) 

(8) 

The same substitution to steps 3 and 1 can be applied, and the 

following is arrived at for the rate expression from these four steps: 
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(IV.2) 

where K1 = k1;k_1, K3 = k3/k_3 and K4 = k4/k_4• 

Similar expressions can be arrived at for the following step 

sequences. 

and 

ex + S(IV) ~=~ ex·S(IV) (2) 

ex·S(IV) + S(IV) ~-~ ex·S2(IV) (5) 

e • S 2 (IV ) + 0 -~ e 0 • S 2 ( IV) ( 6 ) 
X 2 ~-- X 2 

ex·02·S2(IV) --~ex+ 2S(VI) (8) 

d[S(VI)] ( K2[S(IV)] )f K5[S(IV)] \ 
dt = 2ks[ex] 1 + K2LS(IV)] \1 + K5[S(IV)Jjx 

( 
K6[02] ) 

1 + K
6
[o

2
] (IV.3) 

ex+ S(IV) ~=~ ex·S(IV) 

ex" S(IV) + 02 ~~ ex. o2• S(IV) 

ex·02•S(IV) + S(IV) ~ ~ ex.o2.s
2(IV) 

ex·02·S2(IV) --~ ex + 2S(VI) 

(2) 

(7) 

( 4) 

( 8) 
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X 

(IV.4) 

Combination of the rate equations (IV.2- IV.4) gives an 

expression for the rate if all eight steps are possible. 

This identical equation is arrived at if the derivation is performed 

using all eight steps simultaneously. While equations (IV.2 - IV.4) 

all have the identical form as the experimental rate equation (IV.l), 

the combined rate equation (IV.5) cannot be reduced to the simple from 

of (IV.l), unless K2 = K3, K4 = K5 and K1 = K6 = K7. Because equality 

of all the adsorption equilibrium constants is improbable, it is more 

probable that only one of these three four-step pathways is the 

dominant mechanism that is followed. 

The experimental results seem to indicate that the adsorption of 

oxygen onto the activated carbon surface is the first step in the 

reaction. The experimentally observed activation energies are similar 
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to those seen for the chemisorption of oxygen onto activated carbJns 

in the gas-phase [34]. Also, the behavior of the rapid initial oxida

tion indicates that it is the reaction of S(IV) with the Cx·02 
complex which was formed prior to placing the carbon into the solution. 

When this preformed complex is removed by degassing the carbon prior 

to placing it in solution or equilibrating the carbon with the oxygen 

in solution prior to the addition of S(IV), the reaction proceeds 

according to the experimental rate expression without a rapid initial 

oxidation. 

The behavior of the reaction when the pH is greater than 7.6 also 

indicates that oxygen adsorption is the initial step. Figure 3.15 

shows that when the reaction is stopped (pH> 7.6), the S(IV) concen

tration is constant. No adsorption of S(IV) onto the carbon surface 

is apparent. 

Assuming then that the first step in the reaction is the adsorption 

of dissolved oxygen, the following four steps (renumbered from above) 

will be the reaction mechanism: 

k1 

c 0 ( ) --~ c ·0 X + 2 aq ~-- X 2 
k_l 

k2 

Cx·o2 + S(IV) --~ C •O ·S(IV) 
~- X 2 
k_2 

k3 

Cx·02·S(IV) + S(IV) :-~ Cx·o2.s
2(IV) 

k_3 

( 1) 

(2) 

( 3) 
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(4) 

with 

d[S(IV)] ( K1[o2] ) ( K2[S(IV)]) ( K3[S{IV)]) 
dt = 2k4[Cx] 1 + K1[o2] 1 + K2[S(IV)] 1 + K

3
[S(IV)] 

(IV.6) 

where K1 = k1/k_1, K2 = k2/k_2 and K3 = k3/k_3• Multiplication of the 

S(IV) terms yields the experimentally-obtained expression (IV.l), 

where K2K3 = a, K2 + K3 = B and K1 = y. 

B. Effects of pH 

The behavior of the reaction with respect to the pH of the solution 

seems to indicate that all three S(IV) species, so2·H2o, HS03, 

and SO~-, react in a similar manner; hence the treatment of all 

species as one in the derivation of the rate law and mechanism. 

Figure 4.1 shows the mole fraction of each of these species present as 

a function of pH. The range of conditions used in these studies covers 

pH values where each of the three S(IV) species can predominate. The 

rate of reaction is not affected by the differing mole fractions, and 

correction of the data for the concentration of just one of the species 

does not lead to any consistent rate law, if the reacting species is 

assumed to be so2·H2o or SO~-; further, the fit to the rate 

law derived above is poor, especially at the low concentration part of 

the curve, if bisulfite is assumed to be the reacting species. 

It has been proposed [35] that the reacting species was just 

bisulfite. In that work, which was done by calorimetry, only NaHS0
3 
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was used as a source for S(IV). No attempts were made to vary or 

control pH in those experiments. Because this work was done in a pH 

region where the mole fraction of bisulfite is greater than 0.95, the 

conclusion, while understandable, could not reasonably be made. 

The abrupt disappearance of catalytic activity above pH 7.6 is not 

fully understood. The oxidation rates between pH 7 and 7.5 show that 

sulfite ion reacts equally as well as bisulfite. Also, the mole 

fraction of bisulfite just above pH 7.6 is not that small and oxidation 

should still be occurring, even if sulfite did not react. 

The data plotted in Fig. 3.15 do give some insight into this 

peculiar behavior. Apparently, the carbon-oxygen complex is modified 

in alkaline solution, in such a manner that it cannot react or desorb. 

This idea is supported by experiments, where, after the solution is 

made acidic for the first time, an initial rapid oxidation is observed. 

This rapid oxidation would not be observed if the Cx·02 complex had 

equilibrated with the dissolved oxygen (as is demonstrated at the 

second change from alkaline to acidic). 

This effect was studied using each of the activated carbons. All 

three carbons exhibited the identical behavior with respect to this pH 

"cut off." The carbons themselves, however, are all different in 

affecting the pH of a solution when they are placed in that solution. 

Table II-1 shows the pH of degassed and deionized (pH= 7.00) water 

when each of the activated carbons is placed into the water at a 

concentration of 1 g/t. The activated carbons also act as weak but 

continuous buffers in the pH range 1 to 10. 
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From these results, it can be assumed that a specific type of site 

on the activated carbon surface is the catalytically active site. This 

allows for the identical behavior of the different carbons with the pH 

"cut off 11 as well as the different coefficients for the experimental 

rate law. The catalytic activity of a given surface will be dependent 

on the method of activation and the other "history 11 of that carbon. 

For a specific activated carbon (or soot), the concentration of active 

sites present will be proportional to the effective (or interfacial) 

surface area. This proportionality differs, though, from carbon to 

carbon. 

A possible physi-chemical explanation of the reaction is that the 

active carbon-oxygen complex is a Lewis acid. This would account for 

the adsorption and reaction of the S(IV) ions, which are Lewis bases. 

The structure of the sulfite ion is known to be pyramidal in the 

crystalline form [36]. A possible electron-dot structure of the ion 

in solution could be that of structure (1), with the oxygens at the 

base of the pyramid. The bisulfite ion is known 

H 
I 

s s 

~ ·o· :o: ·o .. a o o e e • 
GJe co 

d~ ·o· :o: ·o· o o ee o e 
eo o e 

C8 C8 
(1) (2) ( 3) 
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to have two structures- (2) and (3), which are in equilibrium with 

each other. Both of these, again, have the oxygens at the base of the 

pyramid. The bisulfite ion with the hydrogen on an oxygen and the 

sulfite ion both have lone electron pairs on the sulfur which can act 

as a Lewis base. These could then combine with the carbon-oxygen Lewis 

acid to form the reaction complex. 

The apparent reaction of hydrated so2 on the activated carbon 

would seem to contradict the preceeding explanation. so2 is normally 

considered a Lewis acid and reacts as such in most cases. There is a 

lone electron pair on the sulfur however, and when the molecule is 

hydrated, it could be sufficiently electronegative to act as a Lewis 

base. It is also possible that the hydrated so2 is not a reactant. 

A change of the total S(IV) concentration to just that of bisulfite for 

the experiments done at pH below 2 does not change the fit of the rate 

versus concentration curve very much. Experiments that would show 

clearly whether or not the hydrated sulfur dioxide reacts were not 

possible to perform with the analytic methods available. The concen

tration of so2 and the acidity of solution that these experiments 

would require also removes them from any significance to the 

atmospheric pollution studies. 

The preceeding explanation could account for the pH ••cut-off" 

effect if the carbon-oxygen-complex Lewis acid i~ assumed to have a 

pKa of 7.6. A gradual decrease in reaction rate, however, should be 

seen as pH increases if this were the case. The change in magnitude 

of the catalyzed-to-uncatalyzed reaction rates is -100 fold. At a 

factor of 1.4 change in hydrogen-ion concentration, the hydrogen-ion 
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dependence of the reaction would need to be approximately thirteenth 

order. A dependence of ~his magnitude would be observed at the lower 

pH values as well, if it were the sulfurous acid oxidation reaction 

that had the dependence. 'One possibility is that a competing reaction, 

highly dependent on hydrogen-ion concentration, uses the carbon-oxygen 

complex. This reaction would have a rate which becomes significant 

with respect to the S(IV) oxidation rate above pH 7.6, and is 

negligible below pH 7.6. 

This possible competing reaction is most likely an equilibrium (or 

a series of equilibria) type reaction where the carbon-oxygen complex 

reacts to form a catalytically inactive complex. As hydrogen-ion con

centration is increased, so that the pH becomes less than 7.6 the 

equilibria shift back towards the active carbon-oxygen complex. This 

explanation also accounts for the observed behavior that, when 

activated carbon is placed in suspension, the oxygen adsorbed on the 

surface does not equilibrate with the solution. 

Though the pH (below 7.6) of the solution does not affect the 

reaction rate, it does play an important role when this mechanism is 

extrapolated to atmospheric conditions. The kinetic studies were all 

done starting with S(IV) species in solution. For this reaction to 

occur in a polluted environment, it is necessary to get the so2 into 

a droplet-solution. It is the solubility of S02 that is a function 

of pH, due to the diprotic nature of S02·H20. At equilibrium, the 

total S(IV) concentration is given by the equation 
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where c50 = Henry•s Law constant for so2, 1.30 M/atm at 25°C [37], 
2 

Pso = pressure of so2 in atmospheres, and K1 and K2 are the 
2 

first and second acid dissociation constants for sulfurous acid; 

-2 -8 [ J K1 = 1.7 X 10 , K2 = 5.5 X 10 38 . The pH of a droplet 

will not be a fixed, buffered quantity, but is a function of all the 

species in solution, including the sulfur dioxide, carbon dioxide and 

subsequently formed sulfate. 

c. Confirmation of Results 

Since the initial publication of the early results of these 

experiments [39,40], the catalytic oxidation of S(IV) on activated 

carbons in the presence of water has been seen to occur by other 

researchers [35,41]. These works support the importance of liquid 

water in enhancing the oxidation rate. Neither work, though, does any 

systematic kinetic studies; they fall more into the realm of 

qualitative, rather than quantitative studies. 

Fog chamber studies done at Lawrence Berkeley Laboratory•s 

Atmospheric Aerosol Research Group [42] serve to confirm strongly this 

reaction. Sulfate formation rates in fog droplets, created by 

nebulization of an activated carbon slurry, were measured. These 

rates, when normalized to the carbon concentration present, show a 

similar behavior with respect to so2 concentration, as does the rate 

in solution versus total S(IV) concentration in solution. The fog 

chamber studies are a major step towards understanding the applications 

of this reaction in 11 real world 11 terms. 
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V. SUMMARY AND CONCLUSIONS 

The goal of this work was to acquire a better understanding of the 

role that combustion-produced-soot particles play in the oxidation of 

sulfur dioxide to sulfate in a polluted environment. For this goal to 

be achieved, it has been necessary to study first the catalytic nature 

of activated carbon in solutions containing sulfur(IV) species. These 

studies were performed by mixing solutions of S(IV) with various 

activated carbons and soots, and following the decrease in S(IV) 

concentration and concurrent increase in sulfate concentration. 

This research has shown that activated carbons in aqueous 

suspension are effective catalysts for the oxidation of the S(IV) 

species. The behavior of the reaction. can be summarized as follows: 

1. The reaction rate is independent of pH (pH< 7.6), and there

fore S02·H20, HS03 and SO~- are indistinguishable (within 

the limits of this research) in terms of oxidation on the carbon 

surfaces. 

2. The reaction is first order with respect to the concentration 

of carbon particles. 

3. The reaction rate has a complex dependence on the concentration 

of S(IV), ranging between a second and zeroth order reaction as the 

S(IV) concentration increases (langmuir adsorption). 

4. The reaction rate has a complex dependence on the concentration 

of dissolved o2, ranging between a first and zeroth order reaction 

as the o2 concentration increases (langmuir adsorption). 

5. The activation energy of the reaction is -8.5 kcal/mole, with 

each different carbon having slightly differing values. 
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A possible four step reaction mechanism, consistent with all 

experimentally observed results, has been proposed. The mechanism 

consists of the step-wise adsorption of the reactants, oxygen and 

sulfur(IV), onto the carbon surface with a subsequent oxidation to 

sulfate, which desorbs from the surface, regenerating the catalytically 

active site. 

As with most scientific research, new questions have arisen from 

these results. The study of the properties of the catalytically active 

site is one that this author feels is of significant importance. An 

understanding of these sites (how they are formed, how to measure them, 

and what their behavior with pH is) will help extend this research into 

the field of air pollution knowledge and control. 

With the growing shift in the United States back to the use of coal 

as a major energy source, a potential exists for a dramatic increase 

in sulfur emissions and, consequently, in the formation of acid rain. 

This research will aid in the understanding of the formation of acid 

rain because the chemical reaction studied in this thesis can be a 

major contributor to the formation of atmospheric sulfates. It is this 

author's hope that, from this work and future research, the problems 

of air pollution will be completely understood and that proper control 

strategies, which preserve and protect our environment, will be 

introduced. 
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APPENDIX A-1 

Sample titration and turbidity data 

1 1 1 [ -] -4 [ s 2-J -3 0.3 6 Sg Nuchar C- 90 I3 = 5.10 x 10 M 203 = 1.00 x 10 M 

initial volume = 200.0 m [S(IV)]
0 

= 8.85 x 10-4 M 

time V so 1 n vc vs o2- abs [S(IV)] [ 
3 2 3 

10-4 M 10-4 M min m_Q, m_Q, m_Q, (A) 

0 0.005 8.85 0.0 
1.0 10.0 15.0 2.50 0.060 6.40 1.49 
5.0 10.0 15.0 3.10 6.10 
7.0 0.080 2.07 

10.0 10.0 15.0 4.20 5.55 
15.0 10.0 10.0 0.70 0.139 4.75 3. 77 
20.0 10.0 10.0 1.40 4.40 
25 .o 10.0 10.0 2.40 0.180 3.90 4.95 
30.0 10.0 10.0 4.00 3.10 
33.0 0.20 5.53 
35.5 10.0 10.0 4.70 2.75 
40.0 10.0 10.0 4.80 2.70 
42.0 0.231 6.42 
45.0 10.0 10.0 6.50 1.85 
48.0 0.262 7.32 
50.0 10.0 5.0 2.20 1.45 

relative standard deviation of concentrations: ±2. 0 percent. 

Sulfate calibration 

J.!g/m_Q, absorbance (A) 
Sulfate A = 500nm 

0.0 0.0 
20.0 0.060 
40.0 0.178 
60.0 0.243 
80.0 0.311 

100. 0.342 

J.!g/m_Q, SO = 2.77 x 102 A - 2.34 r2 = 0.974 
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APPENDIX A-2 

Sample IC data 

11.76mg Aktivkohle initial volume = 900.8m~ 

(900.0 m~ H20 + 0.8mt 1000~g/m~ SO~-) 

time v .. sulfite sulfate [S(IV)] [so2-J lnJ peak ht full sc peak ht full sc 4 
min m~ em ~mho em ~mho 10-6M 10-6M 

1.5 1.0 12.9 1.0 1.6 1.0 8.33 1.98 
22.0 1.0 11.7 1.0 2.9 1.0 7.67 2.25 
41.0 1.0 10.5 1.0 5.3 1.0 7.02 2.75 
61.0 2.0 18.0 1.0 13.2 1.0 5.55 2.20 
82.0 2.0 15.3 1.0 17.1 1.0 4.81 2.61 

102.5 2.0 12.9 1.0 2.1 10.0 4.16 3.02 
123.0 2.0 11.1 1.0 2.5 10.0 3.67 3.44 
146.0 2.5 10.4 1.0 3.3 10.0 2.79 3.42 
166.0 2.5 8.7 1.0 3.7 10.0 2.42 3.76 
187.0 2.5 6.6 1.0 4.1 10.0 1.96 4.09 
209.0 2.0 13.2 0.3 11.7 3.0 1. 74 4.50 
230.0 2.0 9.2 0.3 12.0 3.0 1.41 4.59 
251.5 4.0 13.8 0.3 off seale 0.892 
273.0 4.0 8.9 0.3 II 0.692 
296.0 5.0 6.9 0.3 II 0.489 
322.0 5.0 4.0 0.3 II 0.394 

relative standard deviation of concentrations: ±2.0 percent 

Calibrations 

sulfite pk ht full sc sulfate pk ht full sc 
~g em ~mho ~g em ~mho 

0.50 3.0 3.0 0.30 3.0 3.0 
0. 75 15.0 1.0 0.45 12.0 1.0 
1.00 20.5 1.0 0.60 2.25 10.0 

~g(SO~-) = 0.1055 + 1.104~mho 
2 r = 0.999 

~g(SO~-) = 0.1578 + 0.5118~mho 
2 r = 0.907 

full sc = full scale on chart recorder 
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APPENDIX B. Error Analysis and Calculational Methods 

Error analysis of results from these experiments falls into two 

categories, experimental uncertainties due to the analytical techniques 

used and the statistical uncertainties that arise from the many 

calculations that were performed on the experimental data. 

The experimental uncertainties or tolerances are summarized in the 

following tables. 

Table B-1 
Titration and Turbidity Tolerances 

[s o2-J 2 5 

[I]J 

time 

volume of soln 

volume of s o2-
2 5 

absorbance 

so~- stds 

or r; 

Table B-2 

0.1%t 

0.5%t 

0.25 min * 

0.1 m.Q, ** 

0.05 m.Q, ** 

0.002 abs units* 

0.1 l-19/m.Q,t 

Ion Chromatography Tolerances 

time 

inject volume 

peak height 

standards 

t calculated standard deviation 
* estimated standard deviation 
** instrumental standard deviation 

0.5 min * 

0.1 m.Q, * 

0.1 em * 
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The values of pH were measured to ±0.05 pH units, temperature to ±0.5°C 

and oxygen concentration to within 5 percent. The mass of the catalyst 

used was measured to ±0.1 mg and the initial volume of reaction mixture 

to 0.5 m~. 

The method of root-mean-square can be used to calculate the 

uncertainties in the values for the concentrations of S(IV) and sulfate 

for each experimental point. These calculations yield values for the 

standard deviations from 1.5 percent to as much as 5.0 percent, with 

the majority of values around 2.0 percent. 

Calculation of the S(IV) concentration from the titration data was 

done by the formula 

[S(IV)] = 
V1M1 - (VTMT/2) 

vs 

where v5, v1 and VT are, respectively, the volumes of reaction 

solution, triiodide and thiosulfate titrant used in the titration and 

M1 and MT are the molar concentrations of the triiodide and 

thiosulfate. Sulfate concentrations from the turbidimetric method are 

calculated by the Beer's Law equation, the coefficients calculated by 

a least-squares fit of the data obtained with standard solutions. 

Concentration values for the ion chromatography experiments are 

obtained from least-squares fits of standard solutions. Full scale 

measurements on the chart recorder are 25.4 em. A total amount of 

ionic species is determined and then divided by the volume injected to 

determine concentration. 
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The least-squares calculations for the linear and polynomial fits 

were done using the FORTRAN language subroutines, LINFIT and POLFIT, 

as developed and described by Bevington [43]. The calculations were 

performed on a DEC LSI-11 microcomputer, with the RT-11, version 38 

operating system. A FORTRAN master program was written to calculate 

S(IV) and sulfate concentrations from the ion chromatography experi-

ments' raw data, and then to calculate from the time-concentration data 

of either the titration or IC experiments, three point average rates 

of reaction to be used in the polynomial least-squares fits. 

Linear least-squares were calculated by solving [44] the 

simultaneous equations: 

2 2 2 L,y.fo. = a'Zl/cr 1 + bL,x .fa. 
1 1 1 1 

" I 2 " I 2 + b"x2.; ... 2. wX·Y· cr. = awx. cr. w v 
111 11 11 

the solutions of which are: 

2 2 2 2 2 a= (L:x.lo?'f:.y.fa.- L:X-Ia-L;x.y.la-)IA 
1111 11111 

2 2 2 2 b = (I: 1 I cr .I: X • Y . I a . - l X . I a . L: Y . I a . ) I A 
1111 111 l 

2 2 2 2 2 
A= L,1la.l,x.la.- (L,x.la-) 

1 l 1 1 1 

Polynomial least-squares are calculated by solving the simultaneous 

equations [45] which are just the extrapolation of the linear 

equations. These equations are somewhat different than normally seen, 

as the fits are weighted by the standard deviations (a~) of the 

dependent variables (Y;). Standard deviations of the coefficients a 

and b can be solved for as well. They are: 
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2 2 2 a = 1/tJ. "ix./a. a 1 1 
and 

where a is as before. The computer subroutines LINFIT and POLFIT 

compute the values of the coefficients as well as their standard 

de vi at ions. 

Using these equations, the reaction rate versus S(IV) concentration 

data were calculated by taking every three data points from an experi-

mental run. If, for example, a run had seven data points, five 

reaction rates versus concentration points would be calculated, from 

points 1-2-3, 2-3-4, etc. The rates were calculated using the linear 

least-squares, with x = time, y = [S(IV)] and a = 0.02y. The rate is 

then the slope of the calculated line, or as written above, the coef-

ficient b. The average concentration is calculated from the three 

points and it, along with the calculated rate and its standard 

deviation, ab' is used as one of the points for the polynomial fit. 

The equation which fits the rate versus S(IV) concentration data: 

withy= rate and x = [S(IV)], can be converted to a second order 

polynomial by inverting the equation: 

v = a + bu + cu2 
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with v = 1/y, u : 1/x, a = 1/k, b = 3/ka and c = 1/ka. A similar 

inversion technique was used for fitting the rate versus oxygen 

concentration data to the equation: 

In this case, the inverted equation is a linear function. 

One source of error that could not be handled statistically was the 

non-homogeneity of the catalytic site concentration on the activated 

carbons used. Reproducible rate results were generally obtained from 

similar experiments; the lack of homogeneity in the carbons used, how

ever, led to results that varied by 10-50 percent. Experiments in 

which relatively large amounts of carbon were used showed much less 

variations than did those in which smaller quantities were present. 

These variations are artifacts of the manufacture of the activated 

carbons. The Aktivkohle caused the least variation in the rates and 

the Nuchar C-190 the most. 



APPENDIX C. 

Abstract from: 

Kinetics and Mechanism fo~ the Catalytic Oxidation of 

Sulfur Dioxide on Carbon 1 in Aqueous Suspensions* 

R. Brodzinsky, S. G. Chang, S. S. Markowitz, and T. Novakov 

Combustion-produced soot (carbonaceous) particles have been found 

to be efficient catalysts for so2 oxidation, especially in the 

presence of liquid water. A kinetic study of the catalytic oxidation 

of so2 on carbon particles suspended in solution has been carried 

out. The reaction was found to be first order with respect to the 

concentration of carbon particles, 0.69th order with respect to dis

solved oxygen, between zero and second order with respect to S(IV) 

concentrations, and independent of the pH. Temperature studies were 

carried out, and an activation energy for this reaction was determined. 

A four-step mechanism is proposed for this carbon-catalyzed oxidation 

reduction. 

* J. Phys. Chern. 1980, 84, 3354-3358. 
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