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Abstract of Dissertation Presented to the Graduate Council
of the University of Florida in Partial Fulfillment of the

Rcquirenients for the Degree of Doctor of Philosophy

THE REACTIONS OF NITROGEN AND SULFUR OXIDES IN AIR

By

Dennis Allen Falgout

December, 1972

Chairman: Dr. Paul Urone
Major Department: Environmental Engineering Sciences

The photochemical, dark, and light-induced dark

reactions of SO2 and NO2 in air were studied. The effects

on the rate of consumption of SO2 caused by various levels

of water vapor, ethylene and acetone concentration and

the amount of irradiation were observed. The reactions

were carried out in 2-liter borosilicate glass flasks. It

was observed that rigorous cleaning of the reaction vessels

is required and a procedure is recommended. The reactants

and some products were analyzed, qualitatively and

quantitatively, by gas chromotography and infrared spectro-

photometry.

It was found that in the dark and in the presence

of NO2 and air that SO2 is consumed at a rate of

5 X 10~2% hr~^. This reaction is too slov; to be an

important mechanism of removal of SO2 from the atmosphere.

The dark reaction rate in the S02-N02-air system is

increased 4 to 5 orders of magnitude in the presence of

V'/ater vapor from 25 to 100 percent relative humidity. At
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25 percent relative humidity an induction period of one

hour was observed before the onset of the rapid reaction.

During this period essentially no SOj was consumed. At

higher relative humidities the induction period v/as much

shorter (3-5 minutes)

.

The rate of photochemical reaction of SO2 in the

presence of NO2 and air was found to be 1.3% hr"^

.

Arguments are presented which lead to the conclusion that

either atomic oxygen is not involved in the oxidation of

SO2 or that the NO also produced by photolysis of NO2 must

be involved in the formation of the ultimate product.

The rate of photo-oxidation of SO2 in the presence

of N02-C2H4-Air was found to be 4.3% hr~^ and independent

of ethylene concentration. The light-induced dark reaction

which followed the cessation of irradiation was found to

consume SO2 at a rate of 5.5% hr~^. During the light-

induced dark reaction no C2H4 was consumed and no evidence

of consumption of any other gaseous species (other than

SO2 and MO2) was found. The concentration of nitro-methane

was observed to increase however suggesting that the solid

reaction products of C2H4-NO2 photolysis are involved in the

consumption of SO2 in the dark.

Photo-oxidation of SO2 in the N02-acetone-air

system was found to be negligible as was the rate of photo-

oxidation of acetone. The light-induced dark consumption

rate of SO^ in this system varied from 0.3 to 9% hr~^ and

appears to be a function of the acetone concentration. An

IX



induction period \;as observed following the termination

of irradiation and preceding the period of relatively fast

consumption of the reactants. The length of this induction

period is apparently shortened by increased exposure to

light and increased acetone concentration. The induction

period for the sarae reactant system but with no exposure

to light was much longer (8-72 hrs) . The reaction rates

and products of the totally dark reaction are quite similar

to those for the light-induced reaction.



CHAPTER I

INTRODUCTION

Fred Hoyle, the British astronomer and atheist

who proposed the theory that hydrogen atoms are continu-

ously being created from pure energy in interstellar

space to explain the expansion of the Universe, v/as once

asked if he thought it strange that this particular

planet contained just the right proportions of air, water

and heat for life to exist. He replied that he thought

we would be somev/here else if conditions here were not

right. We are hare, however, and if we pollute our air

and water we will find that the optimum conditions for

our existence no longer exist and that we have nov;here

to go. Certainly the possibility that the space program

offers the ultimate solution to the pollution of the

earth can be said to exist only in science fiction.

There have been many severe air pollution

episodes—some naturally occurring and some caused by

man's activity—in the past. The to/;n of Pompeii, Italy,

experienced a rather severe particulate fallout problem

in 79 A.D., for example. More recently several often-

cited episodes caused by the actj.vity of man have occurred

1 -
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Meuse Valley, Donora, London and Poza Rica.^ These

disasters have been discussed often and it will suffice

here to say that, with the exception of Poza Rica, high

concentrations of sulfur oxides and particulates were

implicated as contributing to the cause of death and

illness rates in excess of the norm.

Air pollution as a community problem was first

recognized as long ago as the thirteenth century. Smoke

became a problem in heavily populated areas in Europe

about that time because of depletion of supplies of wood

which could be used as fuel and the consequent change to

coal.^ Of co\:rse, sulfur dioxide emissions and atmospheric

concentrations also increased with the increasing use of

coal as fuel, but it was not until about 1600 thar people

realized that it v/as the sulfur in the coal which caused

tlie irritating odor of coal smoke. ^ This is a bit

surprising in view of the fact that man had long been

av/are of the odor of burning sulfur or brimstone and it

never was one of his favorite aromas. In fact, the Greeks

v/ere sure that the atmosphere of Hell was primarily sulfur

dioxide, and Dante refers to the "black water and sulfurous

air" of that place. At any rate this type of pollution,

sulfur dioxide and smoke, got progressively worse as

populations increased from 1200 onward. However, there

wei-e more pressing problems—plagues, crusades—during

this time and little, if anything, was done to alleviate

air pollution.



- 3

By the end of the nineteenth century the industrial

revolution in western Europe and the United States had

brought sufficient technological progress that the para-

meters of combustion were well understood, and control of

smoke from large industrial sources was possible. Although

control of industrial sources was possible, fuel was

cheap, except in Germany, and there was little inclination

on the part of industry to clean up. Even if there had

been impetus to reduce emissions from large sources it is

doubtful if much improvement of air quality would have

resulted because inefficient combustion for the purpose of

home heating was probably responsible for the greatest

part of the smoke em.ission. Attempts to improve the

efficiency of domestic combustion through public education

in Pittsburgh about 1925 demonstrated that the only

practical solution is improving industrial combustion

v;hile simultaneously providing an alternate "clean" fuel

for domestic use.

The problems of sulfur dioxide and particulate or

smoke pollution are by no means solved, however, even

though marked improvement has occurred in both Pittsburgh

and St. Louis. Continued problems are a result of the

sheer magnitude of modern population centers and the

scarcity and premium price. of lov; sulfur fuels. Of course,

many sources other than coal burning produce particulate

emissions. Among these are industrial processes,
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municipal incineration, open burning, and autoraobile

exhausts.

This brings us to yet another even more difficult

air pollution problem, that of photochemical smog. Up to

this point only primary pollutants—that is, those which

are perceived by receptors in the form in which they are

em.itted—have been discussed. The form.ation of secondary

pollutants in the atmosphere by reactions among primary

pollutants and natural constituents of the atmosphere,

usually catalyzed or initiated by sunlight, is a phenom.enon

first reported in Los Angles, California, and commonly

referred to as photochemical smog. During and after World

War II, Los Angles underwent a tremendous industrial

grov;th with concomitant increases in pollution levels.

The pollution problem was (and is) aggravated by a climate

and terrain which produce an unusual number of days during

which there is little or no ventilation.'* The situation

was first diagnosed as sulfur dioxide pollution, but when

a systematic cleanup of sources of sulfur dioxide and

particulates did not bring the desired results the problem,

was reevaluated. The diagnosis is still in progress as

to the particular reactions and chemical species involved.

The general conclusion which has been reached is that

reactive hydrocarbons and oxides of nitrogen in the

presence of sunlight and oxygen react, forming ozone and
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lachymerous hydrocarbon oxidants,^ The sources of

hydrocarbons have been identified as automobile exhaust

and fuel evaporation.^ Nitrogen oxides are emitted from

automobile engines and other forms of combustion. The

problem resolves itself, as it did in the case of coal

combustion, into the necessity for control of a great

number of small, individually owned sources. For this

case it becomes necessary for an individual automobile

owner to spend his ov;n money to control his bit of

pollution without being ab]e to see any immediate

improvement in the quality of the air he breathes. The

situation, at least in Los Angeles, is even more complex

in that the uncontrolled sources can be corrected only

by attrition. The amount of pollution removed by the

replacement of older automobiles is more than made up by

the smaller contributions of an ever increasing number of

new automobiles. The result is that, even with the best

available control, the pollution from this source v/ill get

worse instead of better.^

There have been several excellent reviews of the

photochemistry of atmospheric SO2 - NO2 - H2O - hydro-

carbon reactions published recently.''"^ No attempt v/ill

be made here to present an exhaustive reiteration of the

material presented in those reviews. Rather an attempt

will be made to highlight some of the research v;hich deals



with the participation of SOo in the photochemical

reaction and the possible mechanisms of the removal of

SO2 from the atmosphere.

Aiv - SO'i Reactions

In clean air the rate of photochemical reaction

of SO2 has been shown to be very slow. ^ ? ^ "^f ^ ^ ' ^ ^ Renzetti

and Doyle- ^ proposed that the primary reaction product

must be sulfuric acid. Consumption rates reported have

typically been on the order of 0.1% hr~^ or less. In the

absence of light the consumption of SO2 in clean air has

been shown to be 1-2 orders of magnitude less than that.

The presence of water vapor at relative humidities up to

80 percent does not seem to affect either of these

rates. ^°/^l Sulfur dioxide would, therefore, seem to be

a relatively stable component in clean atmospheric air.

In polluted air the reaction rate of SO2 seems to

be somewhat faster. Katz^** determined that the rate of

removal of SO2 from the air (0.2 - 1.0 ppm SO2) in the

vicinity of a nickel smelting operation was about 1.8%

hr~-. Gartrcll et al.^^ found the rem.oval rate of SO2 in

the plume of a coal burning power plant (-220 ppm SO2) to

be 6% hr~^ ar 7 percent relative humidity and five times

that at 100 percent relative humidity. Removal rates in

excess of 600% hr~^ were reported by Shirai et al.^^ in
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the air near a Tokyo industrial area. In view of the

fact that SO2 reacts faster in polluted atmospheres than

it does in pure moist air, many investigations have been

undertaken in an attempt to ascertain the parameters v;hich

accelerate the reaction. In general, tv70 types of

mechanisms have been studied: (1) homogeneous photo-

chemical reactions in the presence of nitrogen oxides and

(2) heterogeneous reactions in the presence of aerosols

such as metal ions in aqueous aerosols and coal ash

particles.

Primary Photochemical Reactions of SO2

Sulfur dioxide absorbs ultraviolet radiation in

three wavelength regions centered at about 2200, 29 00 and

3700 A. The absorption at 2200 A is 10 times as strong

as that at 2900 A and 100 times that at 3700 A.i^ since

the ozone layer in the upper atmosphere effectively

absorbs solar radiation of wavelengths shorter than

3000 a16, only the absorptions at 2900 and 3700 A are

important in the lower atmosphere. Absorption of a quanta

of light at the lower wavelength results in the excitation

of the SO?, molecule to its singlet state (^SOpJ^ Absorp-

tion of the quanta at 37 A results in excitation to the

triplet state. The primary photochemical reactions of

SO2 may then be illustrated as shown below.

^
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of aerosols. Similar experiments with olefins produced

little or no aerosol products or gaseous products.

The experiments of Suzuki and Horiuchi^^ are of

particular interest. These workers observed that photo-

lysis in the presence of SO2 caused isomerization of cis-

butone~2 to transbutene-2 , and the formation of a white

mist" like aerosol. The isomerization continued in the

dark after the irradiation was stopped.

SO-) - NO Reactions

Sulfur dioxide reacts very slowly with N02^°'^^'^'*

in the dark. Jaffe and Klein-^-^ studied the reaction and

found it to be first order with respect to both reactants.

Irradiation of the mixture appears to enhance the reaction

to a considerable degree. -^
'^ / ^ ^ / 2 6 , 1

1 Gerhard and Johnstone^'*

and Ripperton^ /
, hov/ever, dissent on this point. Katz^^

observed that addition of 0.4 - 0.8 ppm of NO2 to 3.2 ppm

of SO2 doubled the photo-oxidation rate of SO2 alone in

the air. He reported that the rate was dependent on the

NO2 concentration. He also reported that the reaction

continues in the dark after irradiation at approximately

70 percent of the photo-oxidation rate. Shroeder^*^ has

also reported that SO2 and NO2 continue to react in the

dark after the cessation of irradiation and that the rate

of this dark reaction is approximately equal to the rate
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during photolysis. The product cf the photochemical

reaction v;as identified^ '^ as being nitrosyl bisulfate

{NOHSO4) , v/hich is a solid intermediate in the lead

chamber process of sulfuric acid manufacture.

Bufalini^ states that the following reactions

should be considered when SO2 is photolyzed in the presence

of NO^:

NO + SO3

SO2 + NO2

SO2 + +

502 + O3

503 +

504 + NO

SO4 + NO2

SQ4 ^• o

so +

so + O3

so + NO2

Reaction 12 is very slow in the dark^^ with no O2

present and probably is not an important reaction in terms

of SOo consumption. Reaction 14 is also very slow^^'^^

and should be considered unimportant. In addition,

Kaufman3° concludes that 503 does not react with

(Reaction 15) at room temperatures.

->-
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302 - ^'^02 - Hydrocarbon Reactions

The addition of hydrocarbons to the SO2-NO2- air

system (with and without H2O vapor) causes a considerable

increase in the complexity of the reactions and results.

Most of the studies done on this system have concentrated

en aerosol formation with little attention given to the

rates of reaction of the components. The work of Prager

et al.Si is typical of these studies. These workers

compared the aerosol formation (determined by light

scatter) of olefin and paraffin hydrocarbons in the

presence of NO 2 with and without SO2 present. The

paraffins tested (n-butane and 2 methyl-pentane) produced

little or no aerosol in the presence of NO2 and SO2.

Irradiation of mono-olefins (C2 to Cg) with NO2 alone

produced small quantities of aerosol. Addition of SO2

to the system increased the aerosol produced by a factor

of from 10 to 20. The quantity of aerosol produced was

approximately proportional to the number of carbon atoms

in the olefin. In experiments with di-olefins and cyclo-

olefins, they found aerosol formation by irradiation with

NO2 alone, which was equal to the aerosol formation in

the presence of SO2 in the mono-olefin system. Addition

of SO2 to these mixtures did not increase aerosol

formation.
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Goetz and Pueschel-^ performed an extensive series

of experiments with 502^ NO^ / 1-octene, water vapor/ solid

particles (0.36 micron diameter latex spheres) and

irradiation in a flowing reactor system. In the absence

of SO2 /• photolysis of the hydrocarbon v;ith NO2 produces

the greatest light scattering at lov; relative humidity

(15-30 percent) . When solid particles are added (latex

spheres, or nebulized tap or distilled water) , the effect

of relative humidity is similar to the effect when

particles were not present. The total amount of light

scatter is greatly increased, however, except for the

case of nebulized distilled water. The tap water particles

gave the greatest increase in light scatter and very high

concentrations of latex particles decreased the light

scatter slightly, relative to lesser initial latex

concentrations. The conclusion was that humidity tends to

increase auto-nucleation at low initial particle concen-

tration, but at high initial particle concentration the

reaction takes place primarily on the surface of the

particles. The sequence in which the reactants were

added to the particle laden gas was important. Allowing

the NO2 to contact the particles first resulted in higher

ultimate light scatter than simultaneous addition of all

reactants (NO2 , 1-octene, H2O) . It was also observed

that the addition of NO2 to the particles first resulted
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in less auto-nucleation during the photolysis. The

conclusion is that NO2 tends to activate the surface of

the particles in some v/ay, thereby enhancing the photo-

lysis reactions to the extent that the homogeneous gas

phase reactions which produce the auto-nucleation are

unable to compete.

Even small concentrations of SO2 (SO2 = 1% of NO2

concentration) produced striking changes in the light

scattering. The very low SO2 concentration actually

reduced the aerosol formation during photolysis. The

aerosol inhibition by low concentrations of SO^ is greater

at high humidities than at low humidities. At equimolar

SO2-NO2 ratios, the light scatter is about five tim.es

that in the absence of SO2 at low humidity, but at high

humidity the light scatter in the presence of SO2 is only

half the value with SO2 absent. Goetz and Pueschel

conclude that the inhibitary effect of low SO 2 concentrations

may be due to some interaction between SO 2 and NO 2 v;hich

inhibits the photolysis of the latter.

The presence of reaction centers does not alter

the aerosol inhibition by low SO2 concentrations or the

effect of humidity at high concentrations of SO2 • Contact

of the SO-:^ with the spheres before mixing with other

reactants does have an effect, however. The inhibition

of aerosol formation at low 3O2 concentration is reduced.
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The largest values of light scatter were obtained by this

procedure at higher SO2 concentrations and humidities.

The implication is that SO2 is sorbed on the reaction

centers raore strongly than NO2 and that the sorption

reduces the ability of SO2 to impair other aerosol

producing reactions which occur on the surface.

The effects of reactant mixing order, SO2

concentration, presence of reaction centers, and huiaidity

levels are evidently quite complex. Probably, the full

implication of these results are not yet appreciated, and,

as exhaustive as the testing was, there are yet experiments

which need to be done.

Hetsrcgeneous Reactions

Some indication of possible heterogeneous removal

of SO2 Vv'as presented in the discussion of the work of

Goetz and Pueschel. Urone et al.^^ found very fast

removal rates of SO2 in the presence of aluminum, calcium,

chromium, iron, lead and vanadium oxides without

photolysis. Reaction rates in the presence of sodium

chloride and calcium carbonate particles were very much

slower. ^

Fuller and Crist^^ found that the rate of

oxidation of 803^" ions by O2 in water solution appears

to be first order v;ith respect to the S03^~ concentration.
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•The rate constant for this reaction (5040% hr'M is very

fast but the reaction produces sulfuric acid which lowers

the pH of the solution, thus reducing the amount of SOa^'

available for oxidation. In addition, they found the

reaction to be quite sensitive to positive and negative

catalysts; an indication of a long complex m.echanism.

Cupric ion catalyzes the reaction down to copper concen-

trations of 10-%. Mannitol down to 10"% retards the

reaction rate. Hydrogen ion appears to catalyze the

reaction so that the rate is a bit faster than would be

predicted on the basis of S03^- concentrations calculated

from ionization constants.

Terraglio and Manganelli^'^ confirmed that Henry's

Law when applied in conjunction with ionization calcu-

lations accurately predicts the equilibrium concentration

of SO, in pure water droplets. The ultimate concentration

are appreciable.

Johnstone and Coughanowr3 5 reported that

manganese ion catalyzes the rate of SO, oxidation in fog

droplets to 500 times the photo-oxidation rate in direct

sunlight (or about 50% hr'M . Matteson^^ repeated this

work but was unable to find significant quantities of

sulfuric acid in the liquid phase. Ho proposed that

laost of the SO,, rapidly removed from the gas phase, is

complexed with the manganese ion. Bassett and Parker'^^
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had previously studied the oxidation of sulfite ion in

the presence of manganese ion. Their conclusion was

that O2 / S03^~ and Mn''-+ form a complex sulfite ion v;hich

carries a co-ordinated O2 molecule ( [O2 -^ Mn (SO3 ) 2 ]
^~)

.

This complex undergoes a rapid self oxidation reduction

reaction, the ultimate product being dithionate (8205^").

There appear to be a number of pathways by which

SO2 may be irapidly removed from the atmosphere in the

absence of light. It appears that these mechanisms have

not been as thoroughly investigated as photochemical

mechanisms. The rates of these processes are so much

higher than the photochemical rates which have been

reported that their importance must be investigated.



CHAPTER II

EXPERIMENTAL REAGENTS, EQUIPMENT AND PROCEDURES

Eeagentc

The sulfur dioxide, nitrogen dioxide and ethylene

used in these experiments were obtained in lecture bottles

from the Matheson Company, Inc. The acetone used was Baker

Analyzed reagent grade further purified by passage through

a column of Woelm activity grade 1 neutral aluminum oxide

(obtained from Alupharm Chemicals, New Orleans).

Reagent grade helium obtained from Airco Inc. was

further purified by passage through a 30 in x ih, in column

containing 15 in of activated carbon (Pittsburgh Activated

Carbon Co. - BLP4X10) and 15 in of molecular sieve

(Matheson Coleman Bell, 5A) . The helium was then passed

through a quartz column (30 cm x 1,2 cm O.D.) containing

silver gauze, copper oxide, platinum wool, copper oxide,

copper and silver gauze in that order. This column was

heated to 6 50°C and should reduce the concentrations of

oxygen and hydrocarbons in the helium to 5 ppm or less.

Any carbon dioxide and water vapor formed were removed by

a second activated carbon molecular sieve column. Finally,

the helium was filtered by a Millipore filter (pore size =

0.45 micron). Oxygen and hydrogen used in the flame

17 -
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ionization detector were purified by identical activated

carbon molecular sieve columns and filtered. All copper

tubing and brass fittings used to conduct the gas streams

were heated to dull redness and purged with clean nitrogen

prior to use.

Initially, nitrogen dioxide was withdrawn directly

from the lecture bottle through a silicone rubber septum.

A yellow-brown liquid began accumulating in the chamber

behind the septum after several withdrawals. This liquid

did not evaporate readily upon standing at 24°C in an

open container. Since nitrogen dioxide boils at 21°C^^,

it was considered possible that this liquid was water or

nitric acid. The device depicted schematically in Fig. 1

v/as assembled for purification of the nitrogen dioxide.

A low pov/er heating tape was wound about the lecture

bottle and the head adjusted so that a small steady stream

of gas escaped the first trap which was held at -10°C by

a salt-ice bath. The liquid which did condense in the

trap was dark blue-green. Table 1 gives som.e physical

properties of some nitrogen oxides and leads to the

conclusion that the cylinder gas must be contaminated with

either nitric oxide (NO), dinitrogen trioxide (N2O3) or

nitrogen trioxide (NO3). The latter two gases are not

stable at room temperatu.re and NO is the most likely

source of the blue color.



- 19 -

D
p

a)

u
H

=3
5-1

0)

•H
ft

H

O -rH

u

+1

u
H

U

>
CD

O
•H
JJ

u
•H
4-1

•H

ft

<U

13
•H
X
O
•H

<u

b^
o
u
+>
•H

o

tn
nJ

-H
T!

U
•H
+J

n3

Q)
^'

O
W

<L)

H
Cm



20

TABLE 1

Physical Properties of Some Nitrogen Oxides
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twice more on the successively smaller liquid volumes.

The final product v;as a golden-yellov; liquid at ice

temperature, which became red-bxown at room temperature.

Figures 2, 3 and 4 show the infrared spectra of

the clean cell; cylinder gas and the purified gas. The

concentration of gas in the cell was not the same in the

tv;o runs so the peaks are not of the same intensity. The

improvement in the purified gas is apparent however.

Particularly noticeable are the reduction in the size of

the broad peak between 3700 and 3000 cm~i, and also of

the peaks at 3100, 2950 and 2420 cm"!, and the virtual

elimination of the peak at 1470 cm~l.

Appai''atns

A Beckman GC-5 gas chromatograph having dual flame

ionization detectors was used for determination of acetone,

ethylene and butene concentrations. A Carle Model 1000

micro thermal-conductivity system was used for determining

sulfur dioxide and nitrous oxide concentrations. The

thermal conductivity detector was wrapped with 0.12 5 m

O.D. copper tubing through which a continuous flow of tap

water (200 ml/min) was passed. This insured that the

detector remained at a constant temperature (23°C), in

spite of the vagaries of the building air conditioning

system, and insured that the detector operated at a high
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constant degree of sensitivity. The output signals from

these tv7o detectors were recorded on a Varian Series G-2000

dua]. pen recorder having a 1 rav full scale deflection and

1.0 second full scale response time.

A vacuum system consisting of a reciprocating

vacuum pump (Welch-Duoseal) , three liquid nitrogen cold

traps, a series of gas adsorption tubes and a McLeod

gauge v;as constructed adjacent to the chromatograph . This

system served to evacuate the 1.0 cc gas injection loop

which was filled from gas mixtures contained in 2-liter

borosiiicate flasks. The injections were made with a

Varian 6-port linear gas sampling valve.

During the initial stages of this investigation a

10 ft X 0.125 in O.D. column of Porapak Q-S (Waters

Associated, Inc.) was used at an oven temperature of 120°C.

This was replaced by a 14 ft x 0.125 in O.D. column of

Porapak Q-S at an oven temperature of 170 °C. The latter

condition gave superior resolution and shorter retention

times. The carrier gas flow rate was 20 cc/min.

Gas mixtures were irradiated for controlled

periods of time in a Srinivason-Rayonet-Grif fin photo-

chemical chamber (The Southern N.E. Ultra-violet Co.,

Middletown, Conn.). The spectral range of the ultra-

o

violet bulbs used was from 3150 to 4000 A with the

intensity peak at 3500 A. The photon flux in the chamber
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was previously determined to be 1.99 y- 10^^ photons

sec~l cm~^-^^ which is approximately equal to the

irradiation received by the lower atmosphere in this

wavelength region. The energy output of the lamps is 9 200

microwatts and is comparable to the 9090 microwatts

available at ground level from noonday sunlight.

Procedures

The air used for making reaction mixtures was

prepared by passing water-pumped compressed atmospheric

air (Airco, Inc.) through a gas washing bottle containing

reagent grade sulfuric acid then through a series of traps

containing (sequentially) (1) activated carbon (2)

reagent grade sodium hydroxide (3) 13X molecular sieve

and (4) calcium sulfate. The cleaned air entered one arm

of a glass tee. A second arm of the tee was fitted with

a ground glass socket joint which was compatible with

the ball joints affixed to each flask. The third arm of

the tee was left open to the atmosphere. Proper adjustment

of the air flow rate and the stopcock on the flask made

it possible to maintain a stream of air in the open arm of

the tee. In this way the flask could be filled to

atmospheric pressure without contamination by atmospheric

air and without pressurizing the gas-cleaning train. In

actual practice the flaslcs were overfilled (3-5 cm Hg over-

pressure) by stoppering the vent arm momentarily after
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atmospheric pressure was attained in the flask. The

rationale for this procedure was that it would be better

to have a small amount of the reaction mixture leak out

in case the stopcock were inadvertently opened than to

have the flask contaminated by room air. In the former

case it might be possible to account for the reduced

pressure and continue the experiment but in the latter

case the experiment would be ruined.

The flasks Vs'ere cleaned by the following

procedure before use. First the flask was evacuated

slightly by aspiration and then rinsed with distilled

water. The distilled water v/as removed by aspiration and

replaced by a strong solution of sodium hydroxide in

methanol. This solution was removed and the flask wall

rinsed again with distilled water. The rinse water was

replaced by 1 N hydrochloric acid. The acid v/as removed

and the flask was rinsed three to five times v/ith distilled

water. Then the stopcock was removed and the flask was

dried overnight at 120°C. Next the dry flask was placed

in a vacuum oven at 160 °C and heated and evacuated. After

the flask was evacuated, the vacuum oven was allowed to

refill to almost atmospheric pressure. The incoming air

was drawn through two traps, one containing Drierite

(calcium sulfate) and the second containing 13X molecular

sieve. This procedure was repeated a total of four times.
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On the final iteration, the oven door was allov/ed to pop

open and the stopcock was placed in the flask immediately,

before the flask was removed from the oven.

The procedure for filling the flasks varied

somewhat depending on what the final composition was to be.

For the experiments with SO2 and NO2 only, the flask was

evacuated (while still hot) with a VJelsh Ducseal vacuum

pump and allowed to cool while being evacuated. After

the flask was removed from the pum.p a rubber septum was

fitted over the ball joint. The flasks were placed in

heavy black felt bags at this point. Twenty cubic

centim.eters of sulfur dioxide was drawn into a syringe

and injected through the septum into the flask. The

vacuum in the flask was allowed to pull the contents of

the syringe inside slowly and the stopcock was closed

again immediately when the syringe was empty. Next, 12

cubic centimeters of NO2 was added by the same procedure.

Immediately upon completion of the NO2 injection, the

septum was removed from the ball joint and the flask

connected to the clean air source and filled with air.

Where dilutions of nitrogen dioxide are to be made,

the fact that NO2 exists in equilibrium with its dimer

N2O4 must be considered. If the gas existed entirely in

the N20^ form at one atmosphere pressure and were

completely dissociated at 0.01 atmosphere, one could
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simply add 10 ml of gas to a 2-- liter flask to obtain 1

percent KOo . The equilibrium constant for the dissociation

of NpOi^,

N204 t 2N02

is a function of pressure however. Schroeder^'^ performed

a least squares fit on the data of Verhoek and Daniels^

^

and found the regression equation,

K
25°C ^ 0.1429 - 0.0256 (P^,^ + P., „ )

p NO2 N2O4

The presence of inert gases does not affect the degree of

dissociation.'*'^ Thus at one atmosphere of pressure the

equilibrium constant for the pure NO2 X N20it system is

0.1173 and the gas mixture is 29 percent NO2 and 71 percent

N20(^. If one assumes that upon dilution of 12 ml of this

mixture to 10"^ atmospheres, dissociation will be complete,

the predicted NO2 concentration will be 1.027 percent by

volume. In fact, the mixture is only 94 percent dissoci-

ated at that pressure so that the initial NO2 concentration

obtained by adding 12 ml of cylinder gas to a 2.0 liter

flask is 0,96 percent.

Gas mixtures containing ethylene (C2H^), SO2 and

NO2 were prepared by the same procedure as those containing

SO;, and NO2 only. Ethylene was added (via syringe) after
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the SO2 but before the NO2 and as before the flasks were

placed in their light-tight felt bags before any gas was

added.

The procedure for making known concentrations of

acetone was quite different. Although acetone is a liquid

at normal pressure and temperature it does have an

appreciable vapor pressure. Approximately 30 ml of the

purified acetone V7ere placed in a 500 ml round bottom

flask which was attached by a ball and socket joint to

one of the 2000 ml flasks (Fig. 5). The other end of

the 2000 ml flask was attached to a vacuum pump and an

absolute pressure gauge by means of a glass tee. Stopcocks

numJ^er 1,2,3,4 and 5 were opened and the system was

evacuated. Then stopcock number 1 was closed and the

system allowed to equilibrate to room temperature (23°C)

.

Stopcock number 1 was then reopened and the entire

procedure repeated. When the pressure attained at

temperature equilibration was equal to the vapor pressure

of acetone (200 mm Hg at 23°C) , it was assumed that all

air had been purged from, the system.

All stopcocks were now closed and the 2000 ml

flask was then attached to the vacuum system and evacuated

to fj.C cm of mercury pressure, then removed and refilled

with clean dry air to atmospheric pressure. The flask,

which at this point contained 2.0 x lo'^ ppm (v/v) of
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acetone in air, v;as used as the starting point for a

series of experiments. A second clean flash (already in

its bag) v/as connected to the starting flask and everything

up to the stopcock on the flask containing acetone

evacuated. The vacuum was now removed and the two stop-

cocks between the two flasks were opened to allow the

2.0 X 10 *+ ppm acetone mixture to expand into the empty

flask. Both flasks were then refilled with air, one was

used for an experiment at 1.0 percent acetone concentration

and the second was saved for splitting into two flasks,

each containing 5.0 x 10 ^ ppm acetone.

The accuracy of this procedure was checked by

making the described serial dilution on one such flask

from 17,100 ppm to 267 ppm. (Inattention at a strategic

point in the procedure led to overevacuation of the flask

so that the starting point was not quite 20,000 ppm.) The

data from this experiment (Table 2) allow some satisfying

conclusions. First of all the gas chromatographic peak

area for replicate samples at any given attenuator

setting is reproducible. VJhen the peak area values are

adjusted to a common attenuation value, it is seen that

the electrometer is quite linear. Thirdly, when all the

adjusted peak areas for any given concentration are

averaged and these values are plotted against calculated

concentration, the resulting regression line has a
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correlation coefficient of 0.9998. This means that the

dilution technique is very reproducible, a fact that is

verified by coinparison of the responses obtained from the

two flasks at 8550 ppm. The regression line for this data

(Area = -1348 + 16.82 ppm DMK) does not pass through the

origin; the point at which zero response is predicted

corresponds to 80 ppm acetone. However, if we shift the

line so that it does pass through the origin and calculate

the value of concentration which should correspond with an

area of 286,000 ppn, we find that the original concentration

was 16,430 ppm, which is within 4 percent of the estimated

value of 17,100 ppm.

Two different procedures were employed for

preparation of various concentrations of water vapor. The

100 percent relative humidity solution was prepared in a

manner similar to that employed for making acetone

dilutions, except that the final evacuation step was

deleted. The 25, 50 and 75 percent relative humidities

ere obtained by injecting measured quantities of distilled

liquid water into the hot, clean flask. Immediately upon

injection of the water vapor the stopcock was closed and

the flask was then rotated and heated by a hot air heat

gun. After the water was entirely evaporated the flask

was allowed to cool and then placed in its light-tight

baa. The contraction upon cooling of the gases inside

w
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the flask provided a sufficiently reduced pressure so

that SO2 and NO2 could be injected as previously described.

The pressure in the flask was then increased to 3 to 5 cm

above atmospheric pressure as described earlier.

Figure 6 is a plot of the peak height of propane

versus the injection number. For this experiment a 2-liter

flask was filled with air containing 25 ppm propane.

Repeated injections were made from this flask and the

height of the peaks determined. A least squares fit of

injection number versus the logarithm, of peak height has a

slope of 0.00147 (r = 0.94) from which it is calculated

that each injection removes 2.94 ml from the flask. Or:

H
rj^ = (0.9985)^

where

Hq - original peak height

H = nth peak height
n ^ ^

n = injection number

The original estimate of the injection volumes based upon

estimations of the combined volume of tubing, valves,

stopcocks, etc., was 2.5 to 4 ml. The actual amount

removed varies somev;hat because the volume between the

stopcock and the ball joinL differs from flask to flask.

In any case, the total reduction in response due to gas
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removal was only about 3 percent after 20 injections and

was considered insignificant.

Over a period of several days, variations in tap

water temperature, line voltage and room temperature could

combine to alter the response from a constant SO2 concen-

tration. Therefore a reference flask of SO2 in helium

was prepared and an injection from this flask preceded

each injection from the experimental flask in experiments

which spanned more than one day. The experimental data

were then corrected by the follov;ing calculation:

H X 100 RefHi
n •••

CNH = .. X

^ n

where

CNH = corrected normalized peak height

H = peak height of SO2

RefH = peak height of Ke-S02 flask

Note that this procedure also corrects for the pressure

changes due to removal of gas from the flask for injection,

The peak heights were normalized to 100 percent so that

all logarithms v/ould fall between 2.0 and 0. This was not

really necessary but it is less confusing to the author

to deal with small positive numbers.



CHAPTER III

RESULTS AND DISCUSSION

S0 2-t^0 2-A'i'^ Mixtures

Two flasks containing 1.0 percent SO2 and purified

KO2 were prepared for continuous photochemical irradiation.

One flask contained approximately one percent NO2 (12 ml

injected) while the other contained approximately 15 per-

cent m.ore NO2 (14 ml injected) . The flasks were irradiated

continuously (38°C) for 135.5 and 82.0 hrs, respectively.

They v;ere removed from the irradiation chamber periodically

for analysis of the SO2 concentration and immediately

replaced. Figure 7 is a plot of the logarithm of the

corrected normalized peak height versus time for these two

experim.ents. The lines of best fit for these data (least

squares) have slopes of 0.0127 (1.27% hr~M for the case

for which the NO2 concentration was 1.0 percent, and

0.0130 (1.30% hr-^ in the second case. The agreement

between these values is excellent, but it is not known if

the slightly higher value was due to the slightly higher

NO2 concentration or to experimental error.

Previous v/ork^ ° with the same concentrations of

SO2 and NO2 indicated a psuedo-f irst-order reaction rate

constant of 21% hr" ^ . In view of results obtained in

- 37 -
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experiments to be discussed below, this author must

conclude that small concentrations of contaminants in the

cylinder NO2 (especially water) have a greater effect on

the reaction rate than might be expected.

Katz^^, working with an SO2 concentration of 3.2 ppm

and NO2 concentrations of 0.87 and 0.4 4 ppm, found the

photo-oxidation of SO2 to be first order. His discussion

implies the existence of an equilibriuni between SO2 and

NO2 , but the matter is not pursued. His irradiations v;ere

done at 36°C and 70 percent of noonday intensity. The

average of the two first-order reaction rate constants

reported is 3.8% hr~^ . Considering the differences in the

concentrations of reactants used (2-4 orders of magnitude)

the agreement is good.

Jaffe and Klein^^ carried out photolysis reactions

on SO2-NO2 mixtures at 3660A°. The NO2 pressure used by

these workers was approximately 0.01 atmospheres, but they

varied the SO2 pressure from 0.01 to about 0.9 atm. Their

reactions were carried out in the absence of air. They

reported that about 11 percent of the NO2 was consumed in

5 min of irradiation (2 x 10^^ quanta per second) independ-

ent of the SO2 concentration. This rate is much higher

that that reported here or by other \7orkers. It may be

that the SO2 excited triplet, is important in the mechanism

and that quenching of this molecule by atmospheric O2 and

N2 significantly slows the SO2-NO2 reaction (see Sidebottom

et al. ^7) .
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Infrared spectra of the gas phase remaining in

the reaction vessel upon conclusion of the irradiation

(82 and 135.5 hrs, respectively) revealed no gas phase

reaction products. A rough estimate of the quantity of

NO2 consumed during this reaction, made by measuring the

absorbance peak at 1628 cm~i before and after the irradi-

ation, showed that 96 percent of the NO2 had disappeared

from the gas phase. Since 98 percent of the SO2 had also

disappeared, the conclusion is that the gases reacted at

a 1:1 mole ratio.

After approximately 5 min of irradiation, a white

haze appeared in both flasks, and ultimately a heavy

accumulation of white solid collected at the bottom. These

observations indicate that the reaction occurs in the gas

phase, and that the product settles as the particles grow

larger. The haze persisted for several hours after the

termination of the experiment. After the haze had settled

the flask was evacuated to remove the reactants and refilled

with clean, dry air. Then 2-3 ml of water was admitted to

the flask and run around the flask walls so as to make

contact with the solid product. The white solid definitely

was effervescent, releasing NOj to the gas phase. After

all of the product has been dissolved, leaving a viscous,

colorless liquid, the flask was again evacuated and

refilled with clean dry air. The liquid was removed with

several washes of distilled v/ater and tested for pH and
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qualitatively for sulfate. The liquid was strongly acidic

and the sulfate test v/as strongly positive. These are

necessary but not sufficient conditions for the conclusion

that the product v.-as nitrosi"ain bisulfate or "lead chamber

crystals" (HSNO5) . This product was identified more

rigorously by Schroeder^ ° and it seems very likely that

this was the same product.

Of course in a dry system the problem of where the

hydrogen atom came from is troublesome. It is probable that

the product is actually nitrosylsulfuric acid anhydride

(SN04)20. The difficulties encountered in removal of the

pov;der from the flask for analysis without contact with

water vapor are enormous. In any event the distinction is

minor.

The formation of a similar product was observed

by Tipper and V/illiams^^, v;ho postulated the following

mechanism to explain their results with the SO2-NO2

photolyzed system:

NO + O2 -^ NO3

NO 3 + SO 2 -^ NO 2 + SO 3

SO2 + NO2 ->• SO3NO

SO3NO + NO2 + SO3 -> (SO3) 2N2O3 (solid)

The fact that the rate of the photochemical

reaction betv.'een SO2 and NO2 is constant over 2 orders

of magnitude of reactant concentration provides some

insight as to the mechanism of this reaction. If a reac-

tion scheme such as
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N02 + hv -> NO +

SO2 + -> SO3

is required before further products may form, and SO2 and

NO2 disappear at the same rate, then ultimately the source

of NO 2 will become entirely dependent on the thermal

oxidation reaction:

2N0 + O2 -> 2NO2

This reaction was studied by Greig and Hall**^, who reported

a reaction rate constant, K^^ *- = 10.0 x lo^ liter^ mole"^

sec"^

.

Using this rate constant and assuming a NO

concentration of 200 ppm in air, it is calculated that

4.27 X 10"^'^ m.oles liter"^ hr~^ of NO2 could be formed

via this mechanism. However, based on the pseudo first

order reaction rate constant found here, it is calculated

that 4.64 X 10~^ mole liter"^ hr~^ are being consumed when

the concentration is 200 ppm in the SO2-NO2 system. In

other words, atomic oxygen is being consumed 1000 times

as fast as its source (NO2) is being produced.

Therefore it is tentatively concluded that either

NO must in some v/ay be included directly in the reaction

with SO2 or SO3, or the photo-dissociation of NO2 must be

only incidental. If the latter is true the NO must re-

combine with the free oxygen to form NO2. If this is

true, then it may be that excited SO2, which will not react
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rapidly v;ith 02^^°'^^'^'^'^'''^ does react with NO2 . Or it

may be that some intermediate excited form of NO2 combines

v^7ith either the ground state or excited state of SO2. It

v?ould be quite revealing to irradiate an SO2-NO2 mixture

with ult.raviolet light from which the frequencies v;hich

interact with the SO2 molecule have been removed.

Light-Induced Dark Reactions

In this set of experiments, mixtures containing

1 percent SO2 and 1 percent NO2 in air were exposed to

either 5 or 15 m.in of irradiation and then placed in light-

tight bags. The concentration of SO2 was monitoi-ed for

several hours after the end of the irradiation. Irradiation

for 5 rain at the full intensity of the lamps provides about

1 percent of the radiant energy that would be received by

the lower atniosphere in this wavelength region on an

average day. Fifteen minutes provides 3 percent of a day's

ultraviolet radiant energy.

Figure 8 is a plot of the percent SO2 remaining

versus time from the data in Table A-7 which is typical of

the results of all of the experiments of this type. The

characteristics of this curve are: a period prior to

irradiation in v/hich there is essentially no reaction; a

decrease in SO2 concentration during the irradiation; a

further decrease in SO2 concentration lasting from one to

five hours after the cessation of irradiation; and then a

return to virtually zero reaction rate.
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some flasks were held in the dark for extended

periods prior to irradiation; these will be discussed below.

Five or 15 min of irradiation is much too short a time to

allow an accurate estimate of the photochemical reaction

rate for these mixtures, but nonetheless they are shown

in Table 3. Several flasks show a positive slope (gener-

ation of 50^) during irradiation, but in general it is

observed that the photochemical rates are of the same order

of magnitude as those reported earlier (::1% hr"!).

Differences between the purified and cylinder NO2

become apparent from the rates (Table 3) during the photo-

induced dark reactions. First of all there appears to be

a difference between the rates for cylinder NO, after 5 min

of light (0.0313 hr-M and those after 15 min of irradiation

(0.0226 hr-M. This may or may not be a real difference,

considering the variability of the data in each group, a

difference of ±30 percent in the means may not be signif-

icant. Application of the Student "t" test to these data

allows one to state that the mean values are from the

same population, with approximately 30 percent chance of

being correct. Therefore, no positive conclusion can be

made about the difference between the two conditions,

5 min and 15 min of irradiation. On a qualitative plane

it is observed that the data for 5 min of irradiation were

collected first and during the early stages of this

investigation, before it became clear that small amounts of
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contamination (especially v;ater vapor) were important. It

iii possible that the early flasks were not cleaned as

carefully as those in subsequent experiments. Cox and

Penkett'*'* previously observed that small amounts of

contaminants may have an untoward effect on the rate of

photochemical oxidation of SO2.

Be that as it may, there is an apparent difference

between the rate of photo-induced dark reaction between

purified and cylinder SO2. For purified NO2 the average

rate is 0.648% hr"! compared to 2-3% hr"! for cylinder

NO2. Katz^^ has previously reported that there is a

continuance of oxidation of SO2 after the cessation of

irradiation. He reported that 7.4 percent removal of SO2

occurred in the 12 hours of darkness which followed 12

hours of irradiation. This translates into a first order

reaction rate of about 0.8% hr"!. His experiment involved

SO2 in air only, however, so the comparability of the rates

is at best coincidental, the important point being that

nearly as much SO2 v/ill be removed after sundov/n as was

removed during the daytime. The irradiation is a necessity,

however, since neither S02-clean air nor S02-N02-clean air

mixtures will react at a significant rate if they have never

been irradiated.

It has been suggested^ ' 1
^ that the continuation of

the reaction after the cessation of irradiation may be due

to storage of irradiation energy by some component of the
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gas mixture. Sidebottom et al.^"^ have reported that the

lifetime of the SO2 excited triplet in the presence of

normal atmospheric gases is long in terms of photochemistry

but is quite small (less than 10"^ sec) in real time.

Water is ten times as effective as O2 and N2 in quenching

the SO2 triplet, and NO is 100 times as effective. Based

on these data, one must conclude that the excited triplet

state of SO2 cannot be the energy reservoir which sustains

the SO2-NO2 reaction beyond the cessation of irradiation.

Similarly, the lifetime of the singlet oxygen molecule

which Frankiewicz and Berry'* ^ have indicated may be quite

important in the photochemical process, has much too

short a lifetime to contribute to the photo-induced dark

reaction.

During photolysis of NO2 / ozone and higher oxides

of nitrogen are produced'* ^ / '^
-^

.

NO2 + hv -> NO +

+ NO2 +M->-N0 3 +0 +M

O + O2 +M^-03 +M

NO3 + NO2 -> N2O5

O3 + NO -> O2 + NO2

O3 + NO3 -> NO3 + O2

The work of Wilson et al.'*^' indicates that the reaction

between the higher nitrogen oxides and SO2 is rapid.
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N2O5 + S02 -> SO3 + 2N02

NO3 + S02 -> N02 -1- SO3

SO 2 + NOx -^ (SO 3) (KOx)j^

If these species are present at appreciable levels during

and after photolysis, their continued reaction with SO2

could explain the observed continuation of the reaction.

Accumulation of ozone cannot account for the

induced dark reaction, at least not at the reaction rates

which have been observed. The work of Cadle^^ indicates

an SO2 conversion of less than 0.1 percent in 24 hours

when 1 percent O3 is exposed to 1-10 percent SO2 and

1 percent H2O. Dunham^^ has confirmed this finding.

Probably the O3 which is formed is consumed primarily by

the oxidation of NO and NO 2. The rate of ozone reaction

with NO is almost three orders of magnitude greater than

its rate of reaction with NO2. The concentration of NO

is small by the time O3 concentration is appreciable so

that the formation of higher nitrogen oxides from NO2 is

conceivable.

There is further evidence in Table 3 to support

the hypothesis that some impurity in the reaction mixture

participates in the dark reaction. During experiment A-6,

the SO2 was consumed at a rate of 3.8 percent per hour

during the dark reaction period, with a total consumption

of 19.5 percent of the initial SO2. Experiment A-6a was

a re-irradiation (5 min) of the same flask after the
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reaction had ceased. After re-irradiation the SO2

consumption rate was less (1.4% hr"^) and the amount of

SO2 consumed was reduced to 6.5 percent. Experiment A-12

(four irradiations of 15 min each) shows the same trend,

although not as well. It appears that there is some con-

taminant present which participates in the oxidation in the

dark of SO2 after a photo-initation, and that the contami-

nant is used up during the reaction. It is also observed

that there was no continued reaction (above that which can

be attributed to dark reaction) in the two flasks which

were irradiated for several days (see Tables A-1 and A-2).

It was observed that the rate at which SO2 is consumed

correlates well with the percent of SO2 consumed during

the photo-induced reaction (Fig. 9). If it is assumed that

the amount of SO2 consumed is proportional to the concentra-

tion of contaminant originally present, then it can be

deduced that the SO2 reaction rate is dependent on the

original concentration of this unknown substance.

Finally, it was observed that the product of the

photo-induced dark reaction had properties similar to those

reported for the product of the continuous irradiation

reaction. The product appeared to be a white, solid

material; it accumulated primarily at the bottom of the

flask; it evolved NO2 in response to moisture; and the

solution gave a positive sulfate test.
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Figure 9. Logarithm of SO, consumed vs rate of SO2 consLunption,
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Dark Reactions

Oxidation of SO2 by NO2 in the absence of

ultraviolet light appears to be quite slow. Gerhard and

Johnstone^'* made this observation using 1-2 ppm NO2 and

10-20 ppm SO2 in air. Katz^- confirmed this observation

at lcv7er concentrations of the two gases (SO2 , 3.2 ppm.;

NO2, 0-0.8 ppm). The results of Jaffe and Klein^^ indicate

a rate of disappearance of SO2 of about 3% hr~^ in the

dark. These workers reported that the reaction appears to

be first order with respect to both SO2 and NO2 (second

order overall), implying a reaction of the type, SO2 + NO2

-> Products. They also observed that increased third- body

pressure (N2 , Ar, He) increased the rate in proportion to

the third-body pressure. The implication is that the

reaction is not really that simple. This rate, however,

seems high, as does the photo-oxidation rate reported by

Jaffe and Klein.

During the course of this investigation, a pattern

has developed which most reaction mixtures followed. Upon

combination of the gases, the mixtures reacted at slow

rates in the dark (except at high relative humidities) for

some period of time. There then occurred a period of

relatively rapid reacti.on, usually photo-induced. Following

this period of rapid reaction, the rate slowed, in most

cases returning to the original dark reaction rate.
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Table 4 is a sunvniary of dark reaction rates measured

before and after irradiation of mixtures of 1 percent SO2

and 1 percent NO2 . Sample A-18 (Table 4) v;as never

irradiated but was held in the dark for 24 days. The data

from experiment A-18 are not good. The slope given in

Table 4 is calculated from the raw data uncorrected for

detector response changes as was described previously.

The reference gas used for the experiment consisted of

ethane (1 percent) in air. Since ethane has a much shorter

gas chromatographic retention time than SO2 , the C2H5 peak

height is more sensitive to column temperature changes than

is the SO2 peak height.

Actually, all of these rates are so slow that their

measurement is quite sensitive to the slight changes in

experimental conditions which are bound to occur over a

time period as long as one day. There are no differences

between the dark reaction rates found for cylinder and

purified NO2 . The rates before and after the photo-induced

reaction are the same. There is some tendency for the

rates measured after the photo-induced reaction to be

higher in those cases v/here the period over which they are

measured is short. This is probably due to inclusion of

the tail end of the fast photo-induced reaction in the dark

reaction.

Addition of large quantities (0.7-3.0 percent by

volume) of v^ater vapor to the reaction mixtures had a
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striking effect on the rate of consumption of SO2 (Table 5)

.

The nornialized data from experiraents A-19 through A-2 2 are

shown graphically in rig, 10. In all cases except at 25

percent relative humidity there seems to have been an

initiation period of from 5 to 10 min before the very rapid

reaction began. In the case of 25 percent relative

humidity, this initiation period lasted 50 to 60 min.

Because of the experim.ental procedure, approximately 3-5

min elapsed between the addition of the NO 2 and the first

injection into the column. During this time nearly 40

percent of the SO2 originally present in the flask at

100 percent relative humidity and about 10 percent of that

in the flasks at 7 5 and 50 percent relative humidity was

consumed. These estimates are based on the initial SO2

peak height of the flask at 25 percent relative humidity,

and the first SO2 peak height of the others.

After the fast, induced reaction begins, it proceeds

until one of the reactants is consumed. Water vapor was

the limiting reactant in the flask initially at 25 percent

relative humidity. In this case the quantity of SO2

consumed (0.61 percent) roughly corresponds to the original

concentration of water vapor present (0.69 percent). At

this point there was still plenty of NO2 remaining in the

flask and in fact the reaction did continue at a slov/er

rate for more than an hour. But the product in this case

(v>'hich was again almost exclusively on the bottom of the
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flask) appeared to be a solid. This indicates that v/ater

vapor was used at the rate of one-half mole of H2O per mole

of SO? dov;n to about 12 or 13 percent relative humidity

(forming HSNO5), and the second molecule of water was

added at a slower rate forming H2S0it and releasing NO2.

At 75 and 100 percent relative humidity, the water vapor

was amply available so that the reaction removed nearly all

of the SO2 , but NO2 remained at essentially its original

concentration.

The fact that NO2 is not consumed at high hum.idities

makes it necessary to include atmospheric oxygen in the

reaction mechanism. In fact, one wonders if NO2 does more

than catalyze the oxidation of SO2 by O2. A series of

experiments v/ith 02-^^, N02-^® and H20^^ would determine the

source of the oxygen atom. Winter and Briscoe'*^ have

previously demonstrated that the oxygen atom transferred

2— 2 —
during the aqueous oxidation of SO3 to SOi^ by O2 and H2O2

comes from the oxidant and not from the water. If the

NO2 ever actually becomes a part of an intermediate (HSNO5)

,

then the reaction

H2OIS + SNO5 ->• H2SO4 -1- NOO^*^

might be expected. In this case the tagged NO2 would be

found in the gas phase. However if:

SO2 +H2O + H02^^ +ISIO2 -^ (H2SO3OIS) (NO2) > H2S030l*^ + NO2/
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then little NOO^^ would be found in the gas phase except

that generated by the equilibrium among NO, NO2, and Oo:

2NO2 t 2N0 + O2

Extrapolation of Fig. 8 to the quantity of SO2

consumed at 25 percent relative hujnidity predicts a rate

constant (5% hr~M v;hich is more than an order of magnitude

less than the observed constant (100% hr~M . This could be

attributable to inhibition of the reaction by NO. Inhibi-

tion of the photochemical reaction at 50 percent relative

humidity by NO was reported by Renzetti and Doyle, ^
3 That

may or may not be the fact in this case, v/e can only state

that NO and H2O were present in our cylinder NO2. It can

be fairly stated that the photo-induced reaction is not

photochemical and that comparison of the photo-induced

reaction to the dark reaction is reasonable. In view of

the long induction period observed at 25 percent relative

humidity, it is postulated that the short irradiation

period (5 to 15 min) provided, at low relative humidity,

active reaction sites v^hich form spontaneously at high

relative humidity.

It has also been demonstrated in this work and by

Schroeder^° that water vapor dramatically increases the

rate of dark reaction betv/een SO2 and NO2. (The dark

reaction at 25 percent relative humidity is nearly 80 times

as fast as the photochemical rate.) In vicv; of this fact

and in view of the difficulty with which traces of v;ater
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are removed from experimental equipment, the lowest

reported reaction rates for this system are the least

suspect.

Reactions of SO2-NO 2-Ethylene-Air

Table 6 is a summary of photochemical and photo-

induced reaction rates measured for the ethylene-S02-N02

system. The rate of removal of SO2 during the 15-min

irradiation period is about 4% hr~i . This rate is approx-

imately three times the photochemical rate of removal of

SO2 by NO2 alone. Acceleration of SOo removal by olefin

addition has been reported previously^ ° /'* ^

.

Altshuller et al.^^ measured the rate of

photochemical oxidation of 2 ppm of propylene by 0.5 ppra

nitric oxide in the presence of sulfur dioxide (0-1.2 ppm).

Their conclusion was that the presence of SO2 had no

measurable effect on the reaction rate of propylene. This

result tends to support the hypothesis of Stevens ^° that

SO2 is rapidly oxidized by some intermediate in the

nitrogen-olef in reaction. But, it would seem that removal

of an intermediate by SO 2 would reduce the rate at which

the olefin reacts. And conversely, the removal of a

product in the olefin-NOj, reaction should accelerate the

removal of olefin. The olefin-NOx reaction is certainly

very complex. It is probable that there is a slow bottle-

neck reaction which controls the rate of the entire process.
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It is conceivable that SO2 does not interfere with that

particular reaction and therefore does not affect bhe

olefin reaction rate. It is also conceivable that the SO2

reaction occurs in or on the surface of an aerosol product

generated during the reaction and thus does not interfere

with the overall rate.

Data from Schroeder^ ° are presented graphically

in Fig. 11. The dashed line is dravm from dark reaction

rate data at 25-100 percent relative humidity found in

this investigation. At the high humidities more than half

of the SO2 consumption can be explained in terms of the

dark reaction. The additional SO 2 consumption which may

be assumed to be due to a photochemical reaction, is much

greater (10 times) than can be explained by the photo-

chemical rate of oxidation of SO2 by NO2 alone. Therefore

it is concluded that the presence of ethylene enhanced the

SO2 consumption rate. The rate at which ethylene is

consumed is independent of both SO2 and NO2 concentration.

The rate data in Table 6 seem to shov; that the rate of

ethylene consumption is dependent on the ethylene concen-

tration. Again the ethylene photochemical consumption rate

appears to be independent of SO2 and NO2 concentration.

This last conclusion is based on a comparison of

the data from, experiments A-2 6 and A-25. In experiment

A-26, a 1 percent SO2 - 1 percent NOo - 1 percent €2'^^^

mixture reacted in the dark for 86 hours before irradiation.
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Figure 11. Photochemical reaction data for 1%S02-1%N02-
l%C2Hi^-Air system.
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During the dark reaction, 56 percent of the SO2 and 12

percent of the original C2Hlj were consumed. If the dark

reaction between SO2 and NO2 is assuined to proceed at a

1:1 reactant ratio as indicated by Jaffe and Klein, ^^

then the NO2 concentration at the start of irradiation

would have been about 0.4 percent (allowing some NO2 for

the consumption of the 0.12 percent of ethylene v.'hich was

gone) and yet the photochemical rate of CoHi^ consumption

was the same as in experiment A-25 (same initial concen-

trations) . In experiment A-25 the NO2 concentration was

about 0.9 percent at the beginning of the irradiation.

Following the period of irradiation, the consumption

of SO2 continued and in fact the rate of reaction during

the induced reaction period was at least as great, perhaps

greater, than the rate during irradiation. During the

period of photo- induced removal of SO2 / the rate of

consumption of ethylene had returned essentially to its

dark reaction rate. Comparison of Tables 6 and 7 reveals

that the dark reaction removal of ethyJ.ene before irradia-

tion, during the period of rapid dark removal of SO2 and

after the cessation of the SO2 removal, are all about the

same. Note also that the SO2 dark reaction rate before

irradiation and after cessation of the photo-induced

reaction is approximiately equal to the dark unirradiated

reaction rate of SO2 and NO 2 alone.
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All of this could be explained by assuming that

the removal of SO2 is essentially a heterogeneous reaction

taking place on the surface of aerosols which build on

condensation nuclei which are produced by the photochemical

reaction of C2H1+ and NO2. The inhibition of the SO2 -NO2

reaction by NO observed by Renzetti and Doyle^^ could

explain why the rate of rem.oval of SO2 is slower during

the irradiation period than during the induced reaction

period if the difference is in fact real. During the

period of photo-induced reaction of SO2 there is almost no

removal of ethylene and thus the concentrations of any

intermediates of the NO2 - C2H4 reaction should be very

small. The presence of ethylene does enhance the rate of

consumption of SO2 by NO2 (both the photochemical and the

photo-induced rate) and the conclusion must be that it is

the products of the NO2 - Cz'iiii photolysis reaction which

are effecting the acceleration. It has been observed^l

that photolysis of N02-olefin mixtures produces aerosols

but that the addition of SO2 increases the light scattering

of the products by an order of magnitude or more. If the

aerosols produced by N02-olefin photolysis were quite small,

their effect on light scattering measurements would be

quite small. The reaction of SO2 on the surface of these

particles v.'ould increase their size and thus their ability

to scatter light. Further reaction of SO2 and particle-

particle coagulation collisions would increase tlie particle
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size and ultimately settling would remove them from the

gas phase. The surface area of the settled mass of

aerosols would be small and less accessible compared to

the available surface area of the suspended aerosol, and

the rate of SO2 consumption would return to essentially

its dark reaction rate.

Figure 12 is a plot of the data from experiment

A-26, which is typical of the data from all of the SO2 -

NO2 - C2H4 experiments. During the course of these

experiments it was observed that during the photo-induced

reaction period one of the chromatographic peaks which

appeared during the irradiation v/as growing larger. This

peak was identified by its retention time as being

nitro-methane (CH3NO2). The identification was made by

injecting a mixture of CH3NO2 vapor in air into the column

and comparing the retention time to that of the waxing peak,

This was done only on the Porapak Q-S column at one set of

conditions and thus is not an absolutely positive identi-

fication. In view of the fact that other workers^ ^ ' ^^ '
^^

have identified nitro methane as a major product of the

photolyzed C2Ktt - NO2 reaction, the conclusion seems

justified. The size of this peak continued to increase

during the entire time that SO2 was being consumed by the

photo-induced reaction and stopped growing as the SO2

ceased reacting. Its ultimate peak area v/as approximately

equivalent to the area of a 0.3 percent SO2 peak.
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This indicates that CH3NO2 was ultimately a major

constituent of the gas phase and in fact represents a large

portion of the consumed ethylene and KOo. The slope of the

nitro-methane curve (the logarithm of 10 percent minus the

percent of equilibrium attained is plotted versus time) is

tv;ice the slope of the SO2 consumption curve (0.150 versus

0.070). Of paramount interest, however, is the observation

that neither ethylene nor any of the other gaseous reaction

products which appeared on the chromatogram decreased during

the period in which SO 2 decreased and nitro methane

increased. These facts are not conclusive proof but they

are strong indication that low molecular weight gaseous

reaction products of the C2Hi^-N02 reaction are not involved

in the consumption of SO2. High molecular weight substances

(>C6) are not eluted rapidly from the column. It could be

then that the NO2-C2H4 product is gaseous and that the

SO2 reaction with that product ceases when all of the

product is consumed.

Reactions of SO 2-^02-Aaetone-Air

During the course of these experiments it was

observed that small quantities of liquid acetone (2-3 ml)

quickly remc-ed large quantities of NO2 and SO2 from

reaction flasks to which it was added. The solid product

v.'hich had previously been formed in the flasks was

liquified and the resulting product was a viscous, colorless
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liquid which soon turned straw ye.llov; and gradually turned

dark brown. Addition of water to this liquid did not

cause the z-egeneration of NO2/ but a qualitatd.ve test for

sulfate ion was positive. The product was miscible with

water and methanol , and none of the yellov7-brown color

could be extracted into either chloroform or carbon tetra-

chloride.

A series of experiments v;as undertaken to evaluate

the role of acetone (dimethyl ketone, DMK) in the oxidation

of SO2 by NO2 (Tables A29-A39) . The initial SO2 and NO2

concentrations were 1.0 percent in all cases except

experiment A-39 where the NO2 concentration was only 0.5

percent. There were two different kinds of experiments

(Table 0) , those in which the reactants were irradiated

and those in which they were not. In all cases there was

a period of inactivity prior to the occurrence of a

relatively rapid reaction in which all three gases partic-

ipated. The precise time at which the reaction begins is

impossible to determine, but the induction period definitely

exists. The data indicate that irradiation shortens the

induction period considerably and that the reaction begins

sooner at high DMK concentrations. An unknown quantity of

room air was inadvertently admitted to flask A-37 , so it

is possible that water vapor helped account for the

relatively short induction period and fast reaction rate

observed. Experiment A-3 8 indicated that the amount of
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light may affect the length of the induction period. This

flask V7as irradiated for one minute after 26 hrs of dark

reaction, followed by 28 more hours in the dark during

which time nothing much happened. The reaction occurred

some time during the following 17 hours. The reaction in

flask A-33f which contained the same reactant concentrations

as A-38, began three to five hours after 15 min of irradia-

tion.

In all cases, the reaction proceeded until either

the NO2 or the DMK was depleted. The amount of SO-

consumed varied from 0.0 3 to 0.5 9 percent and appeared to

pass through a minimum, between 0.3 and 0.6 percent DMK.

This may be explained by the fact that the presence of DMK

both accelerates and competes with the SO2 reaction. At

low DMK concentrations the SO2 reaction is not as fast as

it is at high DMK concentrations but there is less DMK

to compete for NO2. At high DMK concentrations the SO2

reaction is much faster and to some extent overcomes the

competition of DMK. This is supported by the observation

that the rate of DMK consumption is highest in the 0.3 to

0.6 percent DMK range, whereas the SO2 consumption rate

appears to increase with the increasing DMK concentration

beyond 0.5 percent.

There is a great deal of scatter in the data, so

it is difficult to make definite conclusions based on it.
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There is no reason to suspect, on the basis of Table 8,

that the dark and light catalyzed reactions are different.

Figures 13 through 16 lend support to the conclusion that

the light catalyzed and the completely dark reactions are

the same. These figures give the infrared spectra of the

liquid reaction products from the two reactions. The

spectra were of thin films of the product pressed between

two Irtran-2 plates. VJliile the analytical technique was

not good (the film thiclmess was a variable) and the spectra

are relatively non-distinctive, they are in fact quite

similar. The same major peaks appear in the spectra of

both the dark and light catalyzed products.

Figures 17 and 18 show the infrared spectra of the

gas phase in the flasks before and after the reaction of

1.0 percent SO2 , 1.0 percent NO2 and 0.12 5 percent DMK.

The figures are typical of all such spectra taken before

and after the reactions. The broad intense absorbance

band at 1600 cm"i apparently results from sorption of SO2

on the windows of the 10 cm cell^°. It does not appear in

the spectrum of the clean cell, but after one exposure to

SO2 it appears and remains even after several hours of

heating at 50 °C in the vacuum oven. It is removed by

alcoholic sodium hydroxide. Apparently, there are no

gaseous reaction products except N2O and possibly CO2.

The CO2 peak at 2350 cm" ^ in the initial spectrum is

inverted because the reference beam passes through 10 cm
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Figure 13. Infrared spectruin of the dark reaction product for
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Acetone-7\ir after reaction.
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of atmospheric air v^hile the sample beam passes through

the cell which contains no COg. The sharp peaks super-

imposed on the baseline between 1800 and 1500 cm"l are

caused by atmospheric water vapor. The inverted CO2 peak

does not appear in Fig. 18, indicating that the reaction

has produced a concentration of CO2 which is approxim.ately

equal to the atmospheric concentration (about 0.03 percent).

The absence of other gas phase products was confirmed by

the absence of peaks in the chromatograms . Neither the

flame ionization nor the thermal conductivity detector

showed the presence of gaseous products.

Figure 19 is a calibration curve for N2O in the

range 0.125 to 1.0 percent. From this curve and Fig. 17

and 18, it is determined that the gaseous reaction products

contain 0.345 percent more NjO than the reaction mixture

before reaction. Since two molecules of NO2 are required

for the production of one molecule of N2O, this represents

69 percent of the NO2 which was originally present in the

flask.

The absence of gaseous reaction products after

and during the reaction indicates that the SO2 consumption

rate was not accelerated by gaseous products. The fact

that the reaction proceeds with or v;ithout irradiation

eliminates any role for photochemical intermediates or

products in the reaction. Actually the irradiation

produced little or no change in either the SO 2 or DMK
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concentrations (see Tables A-35 through A-39) and even if

it did produce some reaction intermediates they surely

would have been consumed during the induction period before

the rapid reaction began. The most plausible explanation

is that the irradiation produces aerosol nuclei which

catalyze the reaction. Apparently, these nuclei will be

generated eventually even in the absence of light, perhaps

by the dark reaction of SO2 , DMK and NO2. Re-irradiation

of flask A-3 8 (for 3 min) , after all the DMK had been

consumed, produced no further consumption SO2 (above that

which can be explained by the dark reaction) and thus the

hydrocarbon must be essential in the reaction mechanism.



CHAPTER IV

SUMMARY AND CONCLUSIONS

The photochemical, dark and photo-induced dark

reactions of SO2 and NO2 (both at one percent concentration

in air) were studied in the presence and absence of v;ater

vapor, ethylene and acetone. The reactions were carried

out in 2-liter borosilicate glass flasks. The flasks

were cleaned with alcoholic sodium hydroxide reused, dried

and flushed in a vacuum oven several (3-5) times with

clean dry air. The reactants and products were analyzed

by gas chromatography and infrared spectrophotometry.

It was found that in air in the dark and in the

presence of NO2 / sulfur dioxide is consumed at the rate

of 5 X 10~^% hr"'^. This reaction is quite slow and

cannot be an important mechanism by which SO2 is removed

from the atmosphere. It was observed that water vapor

greatly increases the rate of reaction between SO2 and

NO2. The dark reaction rate when v;ater was present at 25

percent relative humidity {r 0.7% '^'/y) ^^s found to be

100% hr~ ^ . At 100 percent relative humidity the rate

increased to 715% hr~ -^ . These rates are extremely fast

and it is thought that this reaction may account for all

- 30 -
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of the observed consumption of SO2 during the photo].ysis

of SO2 - NO2. hydrocarbon mixtures at high humidities. The

SO2. - NO2 - K^O mixtures in air went through an induction

period which lasted 3-5 minutes at 80-100 percent relative

humidity and one hour at 25 percent relative humidity.

The rate of photochemical oxidation of sulfur

dioxide in the presence of NO2 (in air) appears to be

first order with respect to each reactant (second order

overall) and has a first order reaction rate constant of

1.3% hr~^. The reaction rate is constant over two orders

of magnitude (10 x 10 - 0.2 x 10-'' ppm SO2). This leads

to the conclusion that the atomic oxygen produced by the

photolysis of NO2 cannot be consumed by SO2 unless the NO

produced also is included in the formation of the ultimate

product. The reasoning which leads to this conclusion is

as follows. If atomic oxygen is consumed by SO2 , perhaps

forming S03,and then SO3 reacts with a second NO2 molecule

to form the product (in which the S:N ratio is 1:1)/ then

tv70 molecules of NO2 will have been consumed in the

oxidation of one molecule of SO2 • After one-half of the

SO2 is consumed all of the NO2 (equal molar starting

concentrations) will have either been converted to NO or

included in the solid product. At this point the reaction

would become dependent upon the thermal oxidation of NO

to NO2 to provide a source for its oxygen atoms. The



thermal oxidation of NO is at least three orders of

magnitude too slow to provide the oxygen atoms required

to support the observed reaction rate.

The rate of photo-oxidation of SO2 in the presence

of both NO2 and ethylene was found to be 4.3% hr" ^ , an

apparent increase over the rate in the presence of NO2

alone. The dark, photo-induced oxidation of SO2

following an irradiation period of an SO2-NO2-C2H4 mixture

increased to 5.5% hr~i. During the period of photo-

induced dark reaction, no further ethylene removal was

noted, indicating that it is not the intermediates in the

C2H4-NO2 reaction which enhance the oxidation of SO2, but

the photochemical reaction products. Furthermore, the

behavior of the system following irradiation strongly

suggests that aerosol products of C2H1+-MO2 photolysis

are responsible for the increased SO? oxidation rate.

The difference between the photo-oxidation rate and the

photo-indaced rate of SO2 consumption may be due to

inhibition by photo-produced NO or it may be due to the

increasing surface area of the aerosols during their

formation and grov/th. In fact, there may be no difference

between the photo-oxidation rate and the photo-induced

rate; the difference is small compared to the variation

in the data. It was observed that the nitro-methane

cojicentration increased during the period of photo- induced

SO2 consumption, and that none of the gaseous reaction
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products of the K02-C.2n^ photolysis reaction were consumed.

This is taken as evidence that a photochemical aerosol

product is participating in the surface-catalyzed oxidation

of SO, by NO2.

The rate of photo-oxidation of SO2 in the presence

of NO2 and acetone was found to be negligible as was the

rate of photo-oxidation of acetone (DMK) itself. Irradiation

of the SO2-NO2-DMK mixture was found to shorten the in-

duction period prior to the onset of a relatively fast

oxidation of GO2 and acetone in this system. In addition,

long periods of irradiation seem to be more effective than

short periods of irradiation. The reaction will occur with

no irradiation, and no differences in the rates or products

were found between the photo- induced and the nonirradi-

ated reaction. There were no gas phase products found

for this reaction except N2O and possibly sm.all amounts

of CO2. It is believed that this reaction too is surface

catalyzed and that irradiation merely gives the system a

head start on the formation of aerosol reaction nuclei.

Repeated irradiation of a flask from which all acetone had

been removed by the reaction but v/hich still contained

significant quantities of SO2 and NO2 resulted in no

further reaction except that which could be accounted for

by the photo-oxidation of SO2 by NO2 plus the dark reaction

of these two gases over the same time period.
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TABLE A-1

Initial Concentrations

SO2 - 1.0 percent
NO2 = 1.17 percent

Corrected
Elapsed Normalized
Time Peak Height Reference Peak Height
(hrs) of SO2 Peak Height (CNH) Log (CNH)

Begin Irradiation

0.00
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TABLE A-

2

Elapsed
Time
(hrs)

Initial Concentrations

SO2 = 1.0 percent
NO2 = 1.0 percent

Peak Height
of SO2

Reference.
Peak Height

Corrected
Normalized

Peak Height
(CNH) Log (CNH)

0.00
0.50
1.00

68.4
68.3
67.5

103.0
102.8
102.3

100.00
100.04
99.36

2.000
2.000
1.997

Begin Irradiation

3.00



87

TABLE A-

3

Initial Concentrations

SO2 =1.0 percent
NO2 - IcO percent (cylinder)
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TABLE A-

5

Initial Concentrations

SO2 = 1.0 percent
NO2 =1.0 percent (cylinder)
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TABLE A-

6

Initial Concentrations

SO2 = 1 percent
NO2 = 1 percent (cylinder)
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TABLE A- 6

a

Ijiitial Concentrations

SO2 = 0.65 percent
NO2 = 0.65 percent (cylinder)
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TABLE A-

7

Initial Concentrations

SO2 =1.0 percent
NO2 = 1.0 percent (cylinder)

Norraalized
Peak Height

Elapsed Time SO2
(hrs) (NH) Log (NH)

0.00 100.00 2.000
0.25 99.37 1.997
0.50 97.69 1.990
0.75 98.53 1.994
1.00 98.84 1.995
1.25 98.42 1.993
1.50 97.69 1.990

15 min Irradiation

2.00 95.79 1.981
2.25 94.54 1.976
2.50 93.28 1.970
2.75 90.86 1.958
3.00 90.76 1.958
3.25 89.39 1.951
3.50 88.87 1.949
3.75 87.29 1.941

24.00 84.98 1.929
24.75 85.19 1.930

Slope (t = 2.00 - 3.75 hrs) - -0.0225 hr

r = 0.99

-1
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TABLE A-

8

Initial Concentrations

SO2 = 1.0 percent
NO;; = 1.0 percent (cylinder)

Normalized
Peak Height

Elapsed Time SO2
" (hrs) (NH) Log(NH)

0.00 100.00 2.000
0.25 97.59 1.989
2.00 97.36 1.988
2.50 96.21 1.983

15 min Irradiation

3.00 92.42 1.966
3.50 86.11 1.935
3.75 82.09 1.914
4.00 81.75 1.912
4.50 77.50 1.889
5.00 76.00 1.881
5.50 73.02 1.863
6.00 72.10 1.858
9.50 69.80 1.844

23.00 70.15 1.846

Slope (t = 3.00 - 5.50 hrs) = -0.0387 hr~l

r = 0.97
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TABLE A-

9

Initial Concentrations

SO2 = 1.0 percent
NOv = 1.0 percent (cylinder)
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TABLE A" 10

Initial Concentrations

SO2 ~ 1.0 percent
NO2 =1.0 percent (cylinder)
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TABLE A- 11

Initial Concentrations

SO2 ~ 1.0 percent
NO2 ~ 1.0 percent (cylinder)
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TABLE A- 12

Initial Concentrations

SO2 ==1.0 percent
NO 2 = 1.0 percent (cylinder)

Normalized
Peak Height

Elapsed Time SO2

(hrs) (NH) Log(NH)

0.00
0.25
0.50
0.75
1.00

100.00 2.000
100.40 2.002
99.90 2.000
99.60 1.958
99.70 1.999

15 min Irradiation

1 25 100.20
1.50 99.70

1 75 98.79
2.00 98.18
2.25 97.68
2.50 98.08
2.75 98.79
3.00 98.38
8.5 96.06

Slope (t = 1.25 - 2.25 hrs)

r

643.50
644.25

15 min

644.50
645. 00
645.50
647.00
647.50
648.50
650.50

Slope (t = 644.5 - 647.0 hrs) = -

r = 0.98

10 0.
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TABLE A-12

—

Continued

Initial Concentrations

SO2 = 1.0 percent
NO2 =1.0 percent (cylinder)
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TABLE A- 14

Initial Concentrations

SO2 =1.0 percent
NO2 =1.0 percent (purified)

Normalized
Peak Height

SO2
(NH) Log(NH)

100.00 2.000
99.59 1.998
98.48 1.993
98.48 1.993
97.80 1.990
97.11 1.987
97.66 1.990
98.07 1.992
96.83 1.986
95.87 1.982

15 min Irradiation

95.32 1.979
93.11 1.969
92.56 1.966
91.60 1.962
91.18 1.960
90.36 1.956
91.18 1.960
89.67 1.953
88.71 1.952
84.99 1.948
74.08 1.929
68.52 1.870

1.836

Slope (t = 22.5 - 26.00 hrs) = --0.0062 hr" ^

r = 0.97

Note: All peak heights after t = 26.00 were
corrected to the reference flask.

Elapsed Time
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TABLE A- 15

Initial Concentrations

SO2 =1.0 percent
NO2 = 1-0 percent (purified)
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TABLE A- 16

Initial Concentrations

SO2 = 1.0 percent
NO2 = 1.0 percent (purified)
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TABLE A- 17

Initial Concentrations

SO;; = 1.0 percent
NO? = 1.0 percent (purified)

Normalized
Peak Height

Elapsed Time SO?
(hrs) (NH) Log(NH)

0.00 100.00 2.000

15 min Irradiation

0.50 98.79 1.995
0.75 97.07 1.987
1.25 94.83 1.977
3.00 93.62 1.971
4.00 92.41 1.966
5.00 90.86 1.958
6.25 90.86 1.958

Slope (t - 0.50 -- 5.00 hrs) = -0.0070 hr"^

r = 0.95
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TABLE A- 18

Initial Concentrations

SO2 = 1.0 percent
NO2 =1.0 percent (purified)



- 105

TABLE A- 19

Initial Concentrations

SO2 = 1.0 percent
NO2 = 1.0 percent (purified)

Relative Humidity = 100 percent
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TABLE A- 20

Initial Concentrations

SO2 = 1.0 percent
NO2 =1.0 percent (purified)

Relative Humidity = 75 percent
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TABLE A--2 2

Initial Concentrations
SO2 =1.0 percent
NO2 = 1.0 percent (purified)

Relative Humidity =25 percent
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TABLE A- 2

3

Initial Concentrations
SO2 =1.0 percent
NO? = 1.0 percent (purified)
C2H^ = 0.25 percent
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TABLE A~24

Initial Concentrations
SO2 = 1.0 percent
NO2 =^1.0 percent (purified)
C2H4 = 0.50 percent
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TABLE A~25

Initial Concentrations
SO2 =1.0 percent
NO2 = 1.0 percent (purified)
C2Hi^ - 1.0 percent
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TABLE A- 2

7

Initial Concentrations
SO2 = 1.0 percent
NOp = 1.0 percent (purified)
Ct^H8 = 1.0 percent
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TABLE A- 2

5

Initial Concentrations
SO2 = 1.0 percent
NO2 ~ 1.0 percent (purified)

C2H[+ -- 1.0 percent
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TABLE A- 2

Initial Concentrations
SO2 = 1.0 percent
NC2 ~ 1.0 percent (purified)

Acetone (DMK) ^ 1.0 percent
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TABLE A- 2

9

Initial Concentrations
SO2 = 1.0 percent
NO2 - 1.0 percent (purified)

Acetone (DI4K) -• 0.08 percent
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TABLE A- 30

Initial Concentrations
SO2 - 1.0 percent
NO2 = 1.0 percent (purified)

Acetone (DMK) =0.6 percent
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TABLE A- 31

Initial Concentrations
SO2 =1.0 percent
NO2 =1.0 percent (purified)

Acetone (DMK) =0.32 percent
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TABLE A- 3

2

Initial Concentrations
SO2 = 1.0 percent
NO2 = 1.0 percent (purified)

Acetone (DMK) = 0.113 percent
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TABLE A- 3

3
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TABLE A- 3

4

Initial Concentrations
SO2 = 1.0 percent
NO2 = 1.0 percent (purified)

Acetone (DMK) = 1.0 percent
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TABLE A- 3

5

Initial Concentrations
SO2 = 1.0 percent
NO2 = 1.0 percent (purified)

Acetone (DMK) = 1.0 percent
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TABLE A- 3

6

Initial Concentrations
SO2 = 1.0 percent
NO2 - 1.0 percent (purified)

Acetone (DMK) ^0.25 percent
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TABLE A- 3

8

Initial Concentrations
SO2 = 1.0 percent
NO2 = 1.0 percent (purified)

Acetone (DMK) = 0.063 percent
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