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A spectrophotometric study has been made of catalysis of the

decomposition of sulfuryl chloride in carbon tetrachloride solution to

an equilibrium mixture of sulfuryl chloride, sulfur dioxide and

chlorine. The catalysts were activated charcoal, acetonitrile and

18-crown-6 polyether. A weak acetonitrile-sulfur dioxide complex

also was established; formation constants found at 10, 20, 30 and 400

were 3.32 M-1, 2.76 M -1, 2.60 M-1 and 0.99 M -1. The absorbances

measured were related to the concentrations of the principal absorb-

ing species, sulfur dioxide and chlorine by the demonstration that

Beer's law held and by the determination of extinction coefficients as

a function of wavelength.

Kinetics data for the approach to equilibrium as well as actual

equilibrium data were gathered for acetonitrile and crown ether

catalysis. These systems obeyed the integrated rate law for the



reversible reaction scheme A B + C. First order rate con-

stants (forward reaction) were obtained for both systems. The

acetonitrile system showed an approximate eighth order dependence

on catalyst (present in excess) giving the rate law: Rate =

k [ SO2C12] [CH3CN] 8. Rate constants (x 108) based on this expres-

sion at 10, 20 and 30° were 1.36 ± .18, 4.41 :f 1.32 and 5.86 ± 1.53

sec 1 M-8. Activation parameters derived from the temperature

dependence of these data were Ea = 11.7 k 3.9 Kcal/mole, log A =

1.26 ± 2.90 and Q S = -54.7 ± 13.1 e. u. The crown ether system

gave the approximate rate law: Rate = k [S02C12][crown ether] , with

activation parameters Ea = 25.7 Kcal/mole, A = 3.2 x 1019 sec

M-1 and 6,S = -O. 4 e. u.

-1

The dissociation constants observed in the presence of each of

the catalysts were as follows (the acetonitrile values were corrected

for sulfur dioxide-acetonitrile complex formation):
o

104 x K 25°C, A Ho, 6.G298, 5298
M Kcal /mole Kcal /mole e. u.

Charcoal 9.6 16.0 4.09 40

Acetonitrile 1.30 11.6 5.31 21

Crown ether 11.3 9.1 4.04 17

Calculated 1.8 11.7 5.1 22

Comparison of these values suggests non-ideality in the carbon

tetrachloride solutions (the charcoal and crown ether systems) as

the major factor causing a difference from the calculated values

based on ideal solution behavior. The additional possibility of a



crown ether-sulfur dioxide complex might account for the deviations

between the charcoal and crown ether results. Agreement between

the acetonitrile results and the calculated ideal system is considered

probably to be fortuitous. The differences between the acetonitrile

and charcoal systems are considered to be due mainly to differences

in solvation effects on going from pure carbon tetrachloride to the

mixed solvent, acetonitrile-carbon tetrachloride.

The proposed general mechanism is:

Fast
SO2 C12 + Catalyst SO2 C12 Catalyst

Slow
SO

2
C12 Catalyst SO

2
Catalyst + C12

Fast
SO2 Catalyst SO + Catalyst

This mechanism is based on the conclusion that the crown ether and

acetonitrile catalysis processes are similar, the relative effective-

ness of the catalysts being determined by their relative basicities.

The differences in the empirical rate laws observed are interpreted

in terms of the acetonitrile requiring significant aid from solvation to

provide a measurable rate of decomposition.
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THE SYSTEM SULFURYL CHLORIDE-SULFUR DIOXIDE-
CHLORINE. EQUILIBRIUM AND CATALYSIS

KINETICS STUDIES

I. INTRODUCTION

In recent years a variety of methods, including radioisotope

techniques and visible-ultraviolet spectroscopy have been used to

study the nature of reactions and the chemical species present in

numerous non-aqueous media. Systems of particular interest

relative to the work to be described here have included various

combinations of the substances liquid sulfur dioxide, sulfur halides,

sulfur oxyhalides and dissolved polar materials.

Many of these studies (2, 3, 5, 13, 18, 19, 22, 23, 31, 32) have

been concerned with the determination of the rates of isotopic

exchange of radiosulfur, radiochlorine and/or isotopic oxygen

between the various molecular species. The investigations were

done in large part in an effort to clarify the possible role of self-

ionization in such media, as proposed by Jander (21), particularly in

connection with their function as aprotic solvents. Waddington (40)

has summarized the findings by saying

The evidence from studies on isotopic exchange in the
solvent liquid sulfur dioxide indicates in fact that no self-
ionization seems to occur. It seems that liquid sulfur
dioxide is not a self-ionizing solvent at all. What remains
to be explained is the surprising solvent and ionizing powers
of liquid sulfur dioxide.
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The foregoing statement was the result of a review of the

exchange studies in which certain isotopic exchange processes,

especially those of sulfur between sulfur dioxide and thionyl halides

were shown to be slow to non-existent.

Norris and co-workers (2, 3, 7, 17, 30, 32) have demonstrated

that, in contrast to the otherwise negligible exchange rates, both

acidic and basic halide solutes catalyze the exchange of labeled

sulfur in homogeneous mixtures of sulfur dioxide and thionyl halides

over the full range of solutions from excess sulfur dioxide to excess

thionyl halide. In the cases of basic chlorides and bromides (i. e.

ionic halides) their interpretation of the kinetics results was an

associative mechanism. Halide ion and sulfur dioxide were assumed

to combine to give the adducts SO 2X which could then exchange via a

double oxygen-halogen bridge with thionyl chloride.

Following preliminary observations by Lippincott and Welsh (29)

and by Lichtin (26), Woodhouse and Norris (47), Salama, Salama,

Sobeir and Wasif (36) and Burow (4) have done studies in the solvents

acetonitrile, DMSO and liquid sulfur dioxide in which they have used

visible-ultraviolet spectral absorbance techniques to demonstrate

the presence of and to determine formation constants for the pro-

posed sulfur dioxide-halide ion complexes. In a general way the

results were consistent with the above described exchange kinetics
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mechanism, the adduct showing a strong ultraviolet absorbance and

being treated as a charge transfer complex.

The formation constants for the complexes show an interesting

variation with the solvent studied. Burow (4) suggested that the

observed differences could be attributed to the feature that "specific

solvation, in the form of donor-acceptor complexes of the type

(CH
3

)
2

SO SO2 and CH
3

CN SO2 is quite possible. " Relative to

this point, Dunken and Winde (9) reported preliminary studies con-

cerned with the shift to shorter wave lengths and the enhancement of

the absorbance maximum of sulfur dioxide in solution in non--polar

solvents (e. g. carbon tetrachloride) upon addition of polar organic

molecules such as ethanol, acetone and acetonitrile. In a later

publication (10) the same workers focused their efforts on obtaining

thermodynamic parameters for the interactions that were indicated

by the spectral changes. They interpreted the results to indicate

the formation of weak charge transfer complexes in these types of

solutions. A more recent paper by Winde (46) has concerned itself

with a molecular orbital treatment of the complexation between sulfur

dioxide and ketones and nitriles.

In addition to the work with sulfur dioxide, Salama et al. (36)

also reported the determination of formation constants for complexes

involving both thionyl chloride and sulfuryl chloride with halides in

acetonitrile. They related the values obtained to the Lewis acid-base
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properties of the sulfur-containing species and the halides,

respectively. Along the same line Dalton (5) studied the tetraethyl-

ammonium chloride-thionyl chloride system in acetonitrile. The

ultraviolet absorption spectrum that he observed was, however, very

different from that of Salama et al. Dalton reported finding only a

shoulder at 245 nm on a large far UV band, while Sa lama and co-

workers reported a maximum at 280 nm. In both cases a further

band at 290 nm was observed upon addition of tetraethylammonium

chloride. In his own research Dalton attributed a portion of the new

band to the formation of the SO
2

adduct, the sulfur dioxide

resulting from hydrolysis of thionyl chloride by traces of residual

water in the acetonitrile. It was felt that, at the very low water con-

centrations present in the carefully dried solvent, the hydrolysis rate

was probably negligible until chloride was added, whereupon a

catalyzed hydrolysis occurred. Dalton's conclusions were based on

analysis of the solutions for thionyl chloride after spectral measure-

ments had been made.

In addition to the presence of the SO2
adduct, Dalton con-

cluded that a thionyl chloride-chloride ion adduct probably was, in

fact, present, contributing also to the absorbance band at 290 nm.

In view of the hydrolysis problem, however, he was unable to obtain

quantitative data on formation constants. Furthermore, on the basis

of his studies, it seems highly probable that what Sa lama et al.
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observed with thionyl chloride was attributable perhaps almost

exclusively to the species SO
2
Cr, and that their work provided no

evidence at all for or against the presence and relative to the

characteristics of a possible thionyl chloride-chloride ion adduct.

In their work they make no mention of drying their materials, nor

any indication of an awareness of this most important problem.

In solutions of sulfuryl chloride in liquid sulfur dioxide (and

vice versa), Woodhouse and Norris (48) found radiosulfur exchange to

be negligibly slow, but once again to be susceptible to catalysis by

chloride ion. However, a complication appeared in this system in

that, over a period of time, the solutions containing chloride ion

tended to acquire a yellow color, a color which spectral examination

indicated possibly to be due to the formation of chlorine. This

feature, together with the non-reproducibility of the catalyzed

exchange kinetics, appeared to suggest that chloride ion was catalyz-

ing the partial dissociation of sulfuryl chloride (to chlorine and sulfur

dioxide) as well as the radiosulfur exchange. In their research with

these same substances dissolved in acetonitrile, mentioned above,

Sa lama et al. (36) reported characterizing a complex between

sulfuryl chloride and chloride ion. They further cited the existence

of an absorbance maximum at 275 nm for sulfuryl chloride in

acetonitrile. Such an observation, however, is at variance with the

report of Hammond and Lake (15) who made a UV-visible spectral
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study of complexing of sulfuryl chloride with Tr -donors in carbon

tetrachloride and cyclohexane. These workers observed no

absorbance maximum at or near 275 nm for sulfuryl chloride in

cyclohexane. In this spectral region only a tail was seen for a strong

band with a maximum evidently occurring below 200 nm. The same

type of spectrum in carbon tetrachloride may be inferred from their

observation that "the onset of SO
2
C12 absorption in carbon tetra-

chloride, although just discernible, is obscured by the solvent."

(Strong absorbance by carbon tetrachloride occurs below about

270 nm. )

The discrepancies described in the previous paragraph raise

questions concerning the interrelationships of the observations of

Woodhouse and Norris, of Salama et al., and Hammond and Lake. Is

the band that Salama et al. observed at 275 nm due to sulfuryl

chloride, a charge transfer interaction between the latter and

acetonitrile, or is it a function of the instability of sulfuryl chloride,

as apparently found by Woodhouse and Norris, some unknown

catalyst possibly being present?

In connection with the matter of stability or instability of

sulfuryl chloride, it is pertinent to note that Pearson (34) has

addressed himself to a consideration of symmetry properties as a

determining factor in concerted reactions. He cites the lack of

reaction of sulfuryl chloride to an equilibrium mixture of sulfuryl
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chloride, sulfur dioxide and chlorine as an example of a symmetry

non-allowed process. The decomposition of sulfuryl chloride would

leave the sulfur dioxide formed in a doubly excited state. In the

present context, it is particularly interesting to note that he refers to

the slowness of the reaction being altered in the presence of a

catalyst.

The present work was undertaken in an effort to resolve some

of the questions discussed above, in particular those bearing on the

properties and chemical behavior of sulfuryl chloride in solution.

In this connection it has been attempted to study the kinetics of

catalysis of sulfuryl chloride dissociation. The instability of the

material in acetonitrile as a solvent has been established, and in

consequence, the kinetics of this same dissociation (catalyzed by

acetonitrile) has been studied in the non-interacting solvent carbon

tetrachloride.

In conjunction with the foregoing investigation, certain per-

ipheral studies have also been carried out and are reported in what

follows. In particular, it has been necessary to obtain better

quantitative data on the degree of dissociation of sulfuryl chloride in

the solutions studied. In addition, it has been of interest to carry out

an investigation of the complexation process between sulfur dioxide

and acetonitrile in the solvent carbon tetrachloride. The results

obtained in both cases have, of course, been pertinent to the

dissociation kinetics study.
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At the commencement of this research it had also been hoped

that a study could be made of dissociation catalysis by chloride ion.

The initial intention to do such a study in the solvent acetonitrile was

obviously frustrated by the instability of sulfuryl chloride in this

medium. On the other hand, in the non-polar medium carbon tetra-

chloride, in which the other kinetics studies were finally made, no

ionic chloride was sufficiently soluble to be effective as a catalyst.

In this context the use of macrocyclic polyethers, "crown ethers, " as

solubilizing substances for alkali chlorides was examined as a

possible alternative to quaternary ammonium chlorides, such as

used by Salama et al., Woodhouse and Norris and others.

Work such as that of Liotta and Harris (28) where they were

able to solubilize potassium fluoride in benzene and acetonitrile,

indicated that it might be possible to introduce chloride ion in the

form of a crown ether-potassium chloride complex. In their

report, Liotta and Harris were able to use the fluoride ion as a

strong nucleophile. In much the same way we hoped to be able to

produce free chloride ion in carbon tetrachloride solution and then

study its catalytic effect relative to sulfuryl chloride.

The objective of this research, then, was to determine some-

thing of the interactions and types of reactions sulfuryl chloride

undergoes with other solution components such as acetonirtile,

chloride ion and related substances. Furthermore an attempt has
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been made to study interactions that might take place between these

other solution components such as that between sulfur dioxide and

acetonitrile. While the results raise new questions and leave much

research still to be done, they do provide valuable information and

data which helps to deepen our understanding of the chemical nature

of systems involving the types of species here studied.
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II. EXPERIMENTAL

A. General Vacuum Procedures

1. Vacuum line

All moisture sensitive compounds were handled in a glass

vacuum line shown in Figure 1 after initial purification steps had

been carried out. In certain cases both purification and subsequent

handling were done utilizing the vacuum line. The vacuum line was

of standard design with pressures of 5 x 10-5 torr or lower being

readily attainable by employing a pumping system comprised of a

liquid nitrogen cooled trap, a mercury diffusion pump and a mechani-

cal oil pump. Pressures were measured using either a McLeod

gauge, a Halocarbon 1 oil manometer or a mercury manometer,

depending on the pressure range that was involved. Two different

types of stopcocks were employed: standard ground-glass and

greaseless Teflon. 2 The standard ground-glass stopcocks were

lubricated with Halocarbon stopcock grease, regular grade, and were

used where not otherwise specified. The grease was attacked slowly

and necessitated periodic stopcock regreasing. The Teflon stopcocks

1 Halocarbon is a tradename for mixed fluoro-chlorocarbon lubri-
cants obtainable from Halocarbon Products, Hackensack, New Jersey.

2 Teflon is a Dupont trademark for polymeric tetrafluoroethylene.



Stopcock B Stopcock A

1
11 15.74 ml.

,/
to Mercury

diffusion
pum

Stopcock Z

Stopcock X
to Rough pump
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Stop-
cock W

3

0

4 Stop-
cock
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Stopcock Y

Standard taper joints

a T indicates Teflon stopcocks

Stopcock Q

Sulfuryl chloride storage bulb
2 Acetonitrile storage bulb
3 Sulfur dioxide storage bulb
4 Chlorine storage bulb
5 Carbon tetrachloride storage bulb

Figure 1. Vacuum line.
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required no care. Specific pieces of apparatus, to be discussed

later were attached to the vacum line via standard taper joints

lubricated by Halocarbon grease.

The evacuated vacuum line and all apparatus attached to it

were heated with either a luminiscent flame or a flameless heat gun

until a pressure of 5 x 105 torr or better could be maintained. The

vacuum line was kept evacuated and any apparatus attached was

pumped on for at least two hours after heating before it was used.

2. Temperature control

Temperature control was achieved during sample preparation by

use of slush baths in dewar flasks prepared with the appropriate

material of known melting point and liquid nitrogen to cool them to

a slush. Temperature calibration of the slush was carried out using

an electronic resistance thermometer that had been calibrated against

National Bureau of Standards calibrated thermometers. The tempera-

tures of the slush baths were checked and the baths occasionally

renewed when appropriate by addition of liquid nitrogen.

B. Dosing Tube Fabrication and Calibration

1. Liquid dosing tubes

Liquid dosing tubes, similar to that shown in Figure 2a, were
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b

Figure 2. a) Liquid dosing tube.
b) Receiver attachment.
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prepared as follows. Sections of broken buret, Pyrex3 glass, were

sealed at one end. Standard taper 10/30 or 12/30 ground glass male

joints were then attached to the open end of each of the buret sections.

The calibration marks of these sections were disturbed as little as

possible in this fabrication process. A given tube was then weighed

to 0.001 grams followed by addition of a small quantity of distilled

water at a measured temperature. The volume reading, with

respect to the calibration marks, was then recorded and the dosing

tube containing water was reweighed. The difference in weight from

the empty tube corresponded to the weight of the distilled water

added. From the weight and the density of the water at the measured

temperature, the volume was calculated and recorded along with the

corresponding calibration mark reading.

2. Gas dosing tubes

Gas dosing tubes were prepared as follows. The first type,

which will be referred to as the flow-through doser, was constructed

as part of the vacuum line. It consisted of a portion of glass tubing

with a Teflon stopcock on either end. It was connected on one end

through stopcock (B) to the sulfuryl chloride storage bulb and on the

other end through stopcock (A) to the upper manifold (see Figure 1).

3 Pyrex is a registered trademark of Corning Glass Works.
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Calibration of this doser was carried out as follows. With

stopcock (B) closed and stopcocks (A) and (Y) open, the manifold and

doser were evacuated, after which stopcock (Y) was closed. An

ethyl acetate slush bath, -84.2°C, was placed on the cold finger of

the chlorine storage bulb and stopcock (U) was opened. After

15 minutes had been allowed to elapse for the system to come to

equilibrium, stopcocks (A) and (U) were closed. The manifold was

evacuated by the opening of stopcock (Y), after which there was

attached and evacuated a "receiver" (shown in Figure 2b) containing

an excess, with respect to the anticipated amount of chlorine, of

potassium iodide crystals. Stopcock (Y) was then closed and a dewar

containing liquid nitrogen was placed on the receiver. Stopcock (A)

was opened and the chlorine condensed into the receiver. This step

was followed by closing the stopcock on the receiver and removal of

the dewar of liquid nitrogen.

The receiver, containing the condensed chlorine and the

potassium iodide, was then removed from the vacuum line. A

syringe fitted with a long needle was employed to fill the neck of the

receiver with distilled water. Once filled with distilled water, the

neck of the receiver was immersed below the surface of distilled

water contained in a beaker. The stopcock on the receiver was then

opened slowly and in a manner which admitted only about one-half the

necessary volume of distilled water to fill the receiver. The water
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was allowed to warm to room temperature (the receiver was cold

initially and part of the water admitted froze) and the receiver was

then shaken thoroughly to insure complete reaction of the chlorine and

potassium iodide.

The iodine formed in the receiver was titrated immediately with

standardized sodium thiosulfate. The number of moles of chlorine

present was calculated from the volume and normality of the thiosul-

fate used. The procedure was repeated three times with an average

deviation of approximately 0.5% in the number of moles of chlorine

determined by analysis.

Application of the ideal gas low, PV = nRT, allowed calculation

of the flow-through doser volume from the number of moles, n, the

ideal gas constant, R, the measured temperature, T, and the vapor

pressure of chlorine, P, 4 the volume obtained being 15.74 ml. This

value was used in all further calculations where the flow-through

doser was employed in dosing one of the chemical vapors.

The other type of gas dosing tube is shown in Figure 3a and was

prepared as follows. First one end of each of several pieces of

Pyrex glass tubing, 12 mm o.d., was sealed. This was followed by

4 The determination of the experimental vapor pressure of chlorine,
P, at the temperature, -84.2°C, of the ethyl acetate slush bath is
described in Section 11-E-2.
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Figure 3. a) Cell-receiver apparatus.
b) Gas dosing tube.
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sealing ground glass stopcocks to the remaining open ends. Ten/30

standard taper ground-glass male joints were then sealed on above

the stopcocks.

The dosing tubes prepared in this manner were then calibrated.

This was carried out by first weighing the evacuated doser to

0.001 g, and then carefully filling the neck above the stopcock with

distilled water using a syringe with a long needle. Once the neck was

filled, the open end was placed below the surface of some distilled

water in a beaker and the stopcock opened. In this manner the doser

was filled completely with distilled water. The excess distilled

water left in the neck of the doser was removed with the syringe with

the long needle and discarded. The doser was therefore filled with

distilled water up through the bore of the stopcock. The doser filled

with water was weighed and the weight of the distilled water obtained

by subtracting the weight of the evacuated closer. From this weight

of distilled water, the temperature of the water as measured by a

calibrated thermometer (± 0. 01°), and the known density of distilled

water at the recorded temperature (39a) the volume of distilled water

was calculated.

This procedure was repeated for each doser prepared in the

above manner. The volumes obtained were taken to be the volumes

of the dosing tubes. These volumes were used in the ideal gas

calculations for experiments where these dosers were used.
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C. Special Apparatus

1. Cell-receiver apparatus

The cell-receiver apparatus (see Figure 3b) was prepared from

Pyrex glass tubing, a 5 ml volumetric flask, a ground glass stop-

cock, two standard taper 10/30 male joints and a fused quartz 10 mm

path-length spectrophotometer cell which had a ground joint on it.

A glass "T" was prepared from the tubing and the 5 ml volumetric

flask was then sealed onto one of the short arms of the "T." Next

the ground glass stopcock was sealed on the remaining short arm so

as to be opposite the 5 ml flask bulb. One of the ground glass joints

was sealed on above the stopcock and the other joint was sealed onto

the remaining arm of the apparatus. The fused quartz cell was

connected to this final arm's ground glass joint and sealed with

Halocarbon wax. The assemblage was then tested for leaks by

connecting it to the vacuum line via its standard taper neck,

evacuating it, and checking the pressure obtained with the McLeod

gauge.

2. Halocarbon oil manometer-mercury
manometer combination

The Halocarbon oil manometer-mercury manometer combina-

tion as shown in Figure 4 was constructed as follows. Two 90 cm
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Figure 4. Halocarbon oil manometer--mercury manometer combinaton.
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sections of 8 mm o. d. Pyrex glass tubing were connected together in

such a manner as to produce a "U" shaped piece of tubing with two

parallel arms 85 cm in length. One arm had a three-way stopcock

(R) sealed on it through which it was connected to a 200 ml bulb in

one position and a standard mercury manometer in the other. The

bulb to which the one arm was connected had a stopcock (M) through

which it was connected to a constricted piece of glass tubing open to

the atmosphere, "a bleeder."

This whole apparatus was connected to the vacuum line through

stopcocks at two points, N and Q. The two arms of glass tubing were

then filled with Halocarbon oil to a height of approximately 45 cm as

measured from the bottom of the "U. " The oil warmed slightly to

reduce its viscosity, was poured in through the stopcock at point N.

The whole apparatus was evacuated by opening the stopcocks at points

N and Q simultaneously and was then checked for leaks.

The evacuated apparatus thus prepared was calibrated in order

to determine the correspondence of centimeters of Halocarbon oil to

millimeters of mercury. This was done by first closing the stop-

cocks at N, Q and R, followed by bleeding a little air into the 200 ml

bulb through stopcock (M). Stopcock (M) was closed at this point and

the stopcock at (R) was opened until the levels in the Halocarbon

portion of the apparatus had started to move. Stopcock (R) was

turned to its second position which connected the Halocarbon
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manometer to the mercury manometer. In this manner, both

manometers were in contact with a gas at the same pressure. When

the levels in both manometers had become constant, the differences

between the levels in their two arms were recorded. The difference

in levels for the mercury manometer corresponded to the pressure in

millimeters of mercury. The difference in levels in the Halocarbon

oil manometer corresponded to the pressure in centimeters of

Halocarbon oil. The two values of the pressure were equated in the

following relation.

mm Mercury = C x cm Halocarbon oil

From the experimental values obtained at several pressures the

average constant, C, was evaluated to be 6. 90 (±/4 0.03) cm

Halocarbon oil /mm mercury. This value was used in all work

where the pressure was measured with the Halocrabon oil manometer

directly or the combination of Halocarbon oil manometer-mercury

manometer.

The combination method was employed with relatively high

vapor pressure gases, but where the vapor of the gas would react

with mercury and therefore the mercury manometer could not be

used separately. In these cases the Halocarbon oil manometer

functioned as a null-manometer, providing a nonreactive buffer

between the vapor and the mercury.
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3. Filtration collar

For use in the charcoal catalyzed equilibrium experiments a

filtration collar was prepared from a piece of glass tubing containing

a medium grade sintered glass disc. To this tubing a 10/30 male

standard taper joint was sealed at one end and a 10/30 female standard

taper joint was sealed at the other end. This resulted in the filtration

collar shown in Figure 5a.

4. The Cary 16K spectrophotometer
and its calibration

All spectral measurements were carried out on a Cary 16K

spectrophotometer equipped with a Varian recorder, a scanning drive

attachment and a Lauda circulator thermostating bath. The spectro-

photometer prepared in this fashion was calibrated with solutions of

potassium chromate by comparison of the absorbance values obtained

both manually and employing the recorder with those reported in the

literature (16).

The potassium chromate solutions were prepared by dissolving

0.0202 g of potassium chromate in 100 ml of 0.05 N potassium

hydroxide solution (giving 1.040 x 103 M K
2
Cr04). A series of

successive volumetric dilutions were made from the stock solution to

demonstrate the linearity of the absorbance over a wide range of

absorbance values. A direct comparison of the manual and recorded
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-Sintered glass disc

Figure 5. a) Filteration collar.
b) Fourway connecting tube.
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values was also carried out with the second dilution of the stock

solution. The recorded absorbance and extinction coefficient values

(both manual and obtained with the Varian recorder) at 275 nm and

375 nm are as follows:

104 x Conc., M a275
E
275 a375 (375

5.20 1.95 3750 2.5 4810

2.080 0.754 3630 0. 982 4720

2.080a 0.755 0. 990

1.040 0.381 3660 0.495 4760

0.416 0.1538 3700 O. 1943 4670

Average b 3690 ± 50 4740 ± 60

aRecorder observed values. All other values were manually
observed.

bLiterature values obtained at [Cr04] = 2.059 x 10-4 M and
[01-1] = 0.05 N: e275 = 3676 and (375 = 4815.

From the data shown, it is evident that the spectrophotometer

was reliable in: (1) linearity of absorbance readings; (2) absolute

absorbance readings; and (3) interchangeability of recorder of

manual readings.

D. Materials Preparation

1. Sulfur dioxide, anhydrous

Anhydrous sulfur dioxide, SO2, the Matheson Co. , Inc. , 99. 98%
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min. purity, was introduced into the vacuum line in the following

manner. The gas was first passed from its cylinder through a con-

centrated sulfuric acid bubbler. It was then passed through a

phosphorus pentoxide drying tube directly (through stopcock (R) ) into

the upper manifold and gas storage bulb (3) of the vacuum line (see

Figure 1). The pressure of the sulfur dioxide was allowed to reach

approximately one atmosphere as measured by the Halocarbon oil-

mercury manometer combination, whereupon the gas flow through the

drying train into the upper manifold was stopped by closing stopcock

(R).

Once the sulfur dioxide had been introduced into the vacuum line

in the above manner, the gas was further purified by condensation to

a liquid and a partial fractionation. The gas was condensed by

application of a chloroform slush bath, -63. 7°C, to the cold finger of

the bulb where it was to be stored. This was followed by pumping

off and discarding approximately one-quarter of the liquid collected

in the storage bulb. The remaining clear liquid, allowed to vaporize,

was retained at room temperature in the storage bulb behind stopcock

(Z), which was closed until the time of use.

2. Chlorine

Chlorine, C12, Hooker Chemical Corporation, 100%, was

introduced into the vacuum line in the following manner. The gas was
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passed through a drying train that was connected to the vacuum line

at stopcock (R). The drying train was composed of a concentrated

sulfuric acid bubbler followed by a phosphorus pentoxide drying tube.

The chlorine was allowed to enter the upper manifold (storage bulb

open) by passing through stopcock (R) until the pressure had reached

approximately one atmosphere as measured by the Halocarbon oil-

mercury manometer combination. When this was achieved, stopcock

(R) was closed.

The chlorine at one atmosphere now occupied the upper mani-

fold, including the storage bulb connected to the manifold through

stopcock (U). The gas was then condensed by application of an ethyl

acetate slush bath, -84.2°C, to the cold finger of the storage bulb.

When the condensation was complete, approximately one-fourth of the

liquid was evaporated and discarded by opening stopcock (Y) and

pumping off the vapor above the liquid. When the desired reduction

was accomplished, stopcock (U) was closed.

It was necessary to store the chlorine at liquid nitrogen

temperature between periods of use. This was the result of the

slow attack of the gas on the Halocarbon stopcock grease employed

as the lubricant on stopcock (U).

3. Sulfuryl chloride

Sulfuryl chloride, S02 C12' Matheson, Coleman and Bell, Inc.,
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practical grade, was vacuum distilled on the vacuum line, the first

and last fourths being discarded. The midele fraction of approxi-

mately 100 ml was run through a fractional condensation train con-

sisting of four U-tubes in succession (at -10 °C, -23 °C, -45°C and

- 84.2°C) and a final liquid nitrogen cold trap. The U-tubes were kept

at their respective temperatures by dewars containing the following

liquid slushs: diethylene glycol, carbon tetrachloride, chlorobenzene

and ethyl acetate. The -23°C and -45°C fractions, approximately

50 mi, were retained and removed by vacuum transfer to a storage

bulb equipped with a Teflon greaseless stopcock. The liquid, a

water white product, had an ultraviolet spectrum in carbon tetra-

chloride solution (shown in Figure 7), similar to that reported by

Hammond and Lake (15). The tail of an absorbance band was just

becoming evident when the solvent cut-off for carbon tetrachloride

was reached at 260 nm. (The spectrum in acetonitrile, also shown

in Figure 6, appears to indicate an absorbance band at 280 nm. As

discussed in a later section, however, this band probably results

from dissociation - produced sulfur dioxide.)

4. Acetonitrile

Acetonitrile, CH
3
CN, Mallinckrodt Chemical Works, reagent

grade, was purified according to the method of Walter and Ramaley

(42):
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Method B. Step 1, reflux over anhydrous aluminum chloride
(15 grams per liter of acetonitrile) for one hour followed by
rapid distillation. Step 2, reflux over alkaline permanganate
(10 grams potassium permanganate and 10 grams lithium
carbonate per liter of acetonitrile) for fifteen minutes followed
by rapid distillation. Step 3, reflux over potassium bisulfate
(15 grams per liter of acetonitrile) for one hour followed by
rapid distillation. Step 4, reflux over calcium hydride (2
grams per liter of acetonitrile) for one hour followed by a
careful fractionation from a helice packed column at high
reflux ratio. Retain the middle 80% fraction.

The above procedures were carried out in dried, all glass, standard

taper systems that employed Teflon tape on the standard taper joints.

In Step four contact with the atmosphere was minimized by utilizing

magnesium perchlorate drying tubes. The distillation column

employed in Step four had a separate take-off point at the head of the

column consisting of a stopcock and a drip-tip. This feature was not

used but did require lubrication with Apiezon
5 stopcock grease,

grade T. The receiver flask in this final step was attached to a

different take-off point that was equipped with a water jacketed

condenser.

After completion of the final distillation, the product flask was

removed and phosphorus pentoxide was immediately added, followed

by addition of a connecting tube to allow attachment to the vacuum

line. The receiver flask was shaken vigorously before attachment to

insure complete mixing of the acetonitrile and phosphorus pentoxide.

When the receiver had been attached to the vacuum line, the

5 Apiezon is a registered trademark of Apiezon Products Ltd., England.
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acetonitrile was immediately vacuum distilled into a storage bulb

equipped with a Teflon greaseless stopcock. The resulting product

had an ultraviolet cut-off at 195 nm. This material was used in all

the work except the Beer's Law study of sulfur dioxide in acetonitrile.

For the latter study, Mallinckrodt reagent material was dried with

phosphorus ptneoxide and distilled from the drying agent on the

vacuum line, but not further purified. This material showed signifi-

cant absorbance well above 200 nm up to about 245 nm,

5. Carbon tetrachloride

Carbon tetrachloride, CC14, Mallinckrodt Chemical Works,

spectrophotometric grade solvent, was vacuum distilled into a

storage bulb, equipped with a Teflon greaseless stopcock. Only the

middle 80% was retained and stored for later use.

6. 1, 4, 7, 10, 13, 16-Hexaoxacyclooctadecane

The compound, 1, 4, 7, 10, 13, 16-hexaoxacyclooctadecane

(m. p. 41°C, mw 264 grams), has the structure
C C

C 0 0
O O

C C

This material was obtained from P. C. R. Incorporated and was used

without further purification. After opening the sealed shipping
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container it was stored in a vacuum desiccator over phosphorus

pentoxide. P. C. R. ( ) indicated 99. 8% purity.

7. Activated charcoal

Activated charcoal, Mallinckrodt Chemical Works, U. S. P.

(powder) grade, was used straight from the bottle. At the start of

each trial in which it was used, a small portion was placed in the bulb

of the cell-receiver. The filtration collar, shown in Figure 5a, was

interposed between the receiver and the cell portions of the apparatus

and the entire combination was attached to the vacuum line, evacuated

and outgassed by heating with the heat gun.

8. Standard volumetric sodium
thiosulfate solution

A standard volumetric sodium thiosulfate solution, Acculute

Anachemia Chemicals Ltd., was prepared as follows. In accordance

with the instructions, the Acculute was diluted with distilled water to

a volume of 1000 ml in a volumetric flask. The resulting solution,

nominally 0.1 N, was standardized in triplicate against dried

potassium iodate, using the method described by Hamilton (14). The

analysis gave an experimental normality of (9. 065 f 0. 023) x 102 N.

The above solution was volumetrically diluted by pipetting

50.0 ml into a 500 ml volumetric flask and adding distilled water to
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the mark. The solution that resulted was then employed in the

chlorine analysis (see next section).

E. Vapor Pressure Calibration

1. Vapor Pressure Calibration by
Analysis for Sulfur Dioxide

The vapor pressure calibration by analysis for sulfur dioxide

was carried out to demonstrate the relationship of the actual vapor

pressure of sulfur dioxide with the slush bath used in contact with the

cold finger of the storage bulb, together with the correspondence of

these values with those expected from the literature. This was

accomplished by the following technique. The volume of a large bulb

(A) was determined by weighing it when evacuated and then filled with

distilled water. The difference in weight along with the density of the

water was used to calculate the volume of the bulb. Bulb (A) was then

attached to the vacuum line and the system was evacuated.

A chloroform slush bath, -63.7°C, was prepared in a dewar

flask and placed so that the cold finger of the sulfur dioxide storage

bulb was immersed to a depth of approximately four inches in the

slush. Stopcock (Y) (Figure 1) was then closed and stopcock (Z) on

the sulfur dioxide storage bulb opened. At this point approximately

one-half hour was allowed for the system to come to equilibrium.
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After this time the slush bath was checked and liquid nitrogen was

added if required.

The vapor pressure of the sulfur dioxide now filling the manifold

and attached bulb (A) was measured with the Halocarbon oil

manometer. After the measurement of the vapor pressure had been

made, the stopcock on bulb (A) was closed. This was followed by

replacement of the chloroform slush bath with a dewar filled with

liquid nitrogen, the sulfur dioxide remaining in the manifold thus

being condensed back into the cold finger of the storage bulb. Stop-

cocks (X) and (Y) were then opened and the system was pumped on

for approximately 15 minutes. After the 15 minutes, stopcock (Z)

was closed and a receiver (shown in Figure 2b), containing a solution

of potassium hydroxide (25-50 ml) was attached to the vacuum line

and pumped on for a few minutes to outgas the solution. Stopcock (Y)

was again closed and a dewar flask containing liquid nitrogen was

placed so as to immerse the receiver approximately four inches into

the liquid nitrogen. The stopcock on bulb (A) was opened and the

sulfur dioxide allowed to condense in the receiver for approximately

one-half hour to insure complete transfer.

After this waiting period the stopcock on the receiver was

closed and the dewar of liquid nitrogen removed. This was followed

immediately by spraying acetone on the exterior of the receiver to

prevent possible fracture of the glass. When thawing of the contents
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of the receiver was well underway, it was removed from the vacuum

line and placed in a stream of cool tap water until thawing was com-

plete.

The receiver and its contents were then shaken vigorously to

insure complete reaction. The contents were then carefully trans-

ferred, along with several washings, to a 400 ml beaker. This

solution was oxidized with bromine and the sulfur precipitated as

barium sulfate by the addition of concentrated barium chloride to the

warm, acidified (HC1) solution. The resulting precipitate was

filtered onto previously dried and weighed sintered glass crucibles.

The crucibles containing the precipitate were then dried at 150°C until

constant weight was achieved.

The weight of the barium sulfate was obtained from the differ-

ence in weight of the crucibles with and without the precipitate. The

number of moles of barium sulfate determined was then equated with

the number of moles of sulfur dioxide dosed into bulb (A). This

value was then used in the ideal gas law to calculate the vapor

pressure of the sulfur dioxide. The latter was compared with the

experimentally measured value obtained with the Halocarbon oil

manometer and with a value calculated using Antoine's equation (38)

log P = A - t + C

The log (base 10) of the pressure (mm Hg) at t°C depends here on the
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empirical parameters A, B, and C. For sulfur dioxide the values

given in the literature (41) are, respectively, 7.28228, 999.900, and

237.190. The calculation was made for -63.7°C, the temperature of

the chloroform slush bath as measured with the calibrated electronic

resistance thermometer.

This procedure, repeated three times, gave an analytically

determined vapor pressure of 33.0 ± 0.4 mm and a manometrically

determined value of 32. 9 ± 0.2 mm. The value calculated from the

literature for -63.7°C was 33.0 mm.

2. Vapor pressure calibration by
analysis for chlorine

The vapor pressure calibration by analysis for chlorine was

carried out as follows. The volume of a small bulb (C) was deter-

mined in a manner identical to that of bulb (A) in the preceding sec-

tion. Bulb (C) was then attached to the vacuum line and evacuated.

While bulb (C) was being evacuated and ethyl acetate slush bath,

-84.2°C, as measured by the electronic resistance thermometer,

was prepared in a dewar flask. After checking the pressure attained

in the vacuum line, stopcock (Y) (Figure 1) was closed and stopcock

(U) on the chlorine storage bulb was opened. The ethyl acetate slush

bath was then placed in contact with the cold finger of the storage

bulb, and a period of approximately one-half hour was allowed for the

chlorine vapor pressure to come to equilibrium.



37

The next step was reading and recording the pressure with the

Halocarbon oil manometer. This was followed by closure of stopcock

(U) and the stopcock on bulb (C). Bulb (C) was removed from the

vacuum line and the line was evacuated. Bulb (C) was then attached

to a four-way connecting tube (see Figure 5b) which already had a

round bottom flask containing potassium iodide crystals attached to

it.

This entire apparatus was attached to the vacuum line and the

connecting tube round bottom flask portion evacuated by opening stop-

cock (1) on the arm used to connect the apparatus to the vacuum line.

Stopcock (1) was then closed and the apparatus removed from the

vacuum line.

The stopcock on bulb (C) was opened, the chlorine thus being

allowed to react with the potassium iodide to form iodine. The

apparatus was then oriented with the round bottom flask down and

a dewar containing liquid nitrogen was placed in contact with the flask

to insure complete transfer of the chlorine to the flask. While the

flask was still in contact with the liquid nitrogen, distilled water was

placed in the funnel arm of the apparatus and then allowed to enter

and run into the flask by slowly opening stopcock (2). After most of

the water desired had entered, stopcock (2) was closed.

The flask end of the apparatus now containing iodine, unreacted

potassium iodide and frozen water was removed from the liquid
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nitrogen and warmed in the usual manner by spraying acetone on the

exterior. When thawing was reasonably complete, the vacuum was

broken by opening one of the stopcocks and the bulb, now containing

a solution of tri-iodide, was removed.

The solution was titrated immediately with the standardized

sodium thiosulfate solution. The resultant volume of sodium thio-

sulfate was then employed to calculate the number of moles of

chlorine that had been contained in bulb (C). This along with the

bulb's volume and the measured room temperature were used to

calculate the vapor pressure of chlorine at the ethyl acetate slush

bath temperature of -84.20C.

The above procedure was repeated four times. The average

value of the vapor pressure obtained by this analysis method, 41..0 4-

0. 3 mm of Hg, can be compared to the average value measured with

the Halocarbon oil manometer, 41.1 ± 0.7 mm Hg, and to a value

calculated from Antoine's equation (38), 42.3 mm Hg, where the

parameters A, B, and C (41) for chlorine liquid are respectivelr.

6.93180, 859,175 and 246.14, and the value of t°C was -84.2°.

3. Vapor pressure calibration
of sulfuryl chloride

The vapor pressure calibration of sulfuryl chloride was

accomplished as follows. The desired slush baths were chosen in
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order to give a pressure range that was measurable with the Halocar-

bon oil manometer-mercury manometer combination as well as being

able to provide the desired quantities of sulfuryl chloride with the

dosers prepared. The slush baths employed were ice water, cyclo-

hexane and para-xylene. They were prepared and calibrated for

temperature as described earlier and had temperatures of 0.0°C,

6.0°C and 12.80C respectively.

One of the freshly prepared slush baths described above was

placed in contact with the cold finger of the sulfuryl chloride storage

bulb. This was followed by closing stopcock (Y) (Figure 1) on the

manifold and then opening stopcocks (A) and (B). With stopcocks (A)

and (B) open, approximately one-half hour was allowed for the system

to come to equilibrium. After this time, the slush bath was checked

and renewed if necessary. The vapor pressure was then read from

the Halocarbon oil-mercury manometer combination and recorded.

This procedure was repeated several times for each slush bath.

The average values for each slush bath were respectively

42.4 0.7 mm Hg, 58.3 ± 0.8 mm Hg and 81.7 ± 1.3 mm Hg. The

vapor pressure was calculated using the slush bath temperatures and

the literature equation (24b)

7,760 - 22.67 T = -RT In P

Here T is the temperature (°K) of the slush bath, R is the ideal gas

constant in cal/deg mole and P is the vapor pressure in atmospheres.
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The values obtained in this manner were respectively, when converted

to mm Hg, 42.33, 57.55, and 80.27.

F. Dosing Procedures

1. Dosing of liquids

Dosing of the liquids, acetonitrile and carbon tetrachloride, was

carried out on the vacuum line as follows. A calibrated, liquid

dosing tube was attached to the vacuum line and evacuated. Stopcock

(Y) (Figure 1) was then closed and the stopcock on the storage bulb of

the appropriate liquid was opened. A dewar flask filled with liquid

nitrogen was placed in contact with the liquid dosing tube until

approximately the desired quantity of liquid had been condensed into

the dosing tube. The stopcocks on the storage bulb and dosing tube

were then closed and stopcock (Y) was opened to remove the excess

vapor from the manifold. This was followed by removal of the liquid

nitrogen bath and the spraying of acetone on the exterior of the dosing

tube until partial thawing had occurred. The remainder of the liquid

was then allowed to thaw and come to room temperature. Volume

adjustments were made at this point by pumping off any excess liquid.

The volume was then recorded along with the room temperature. The

liquid was stored in the doser until used in solution preparation.
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2. Gas dosing techniques

Sulfur dioxide, chlorine, sulfuryl chloride and acetonitrile were

dosed as gases in the following manner. The appropriate dosing tube

for the particular experiment to be conducted was evacuated. After

the pressure in the manifold had been checked, the appropriate slush

bath for the desired chemical was prepared and placed in contact

with the cold finger of the appropriate storage bulb. The chemical

was dosed by first closing stopcock (Y) and opening the stopcock sepa-

rating the storage bulb and the doser. The vapor of the chemical was

allowed to expand in this manner into the doser. Approximately one-

half hour was allowed to permit the vapor to come to equilibrium at

the temperature of the slush bath. The slush bath was checked after

this period and renewed by addition of liquid nitrogen when required.

The stopcocks on the doser and the storage bulb were closed and

stopcock (Y) on the manifold opened to remove the excess vapor.

The quantity of chemical dosed was calculated from the ideal

gas law using the temperature of the slush bath, the vapor pressure

of the chemical, the volume of the doser and the room temperature,

The chemicals dosed in this manner were retained in their dosers

until the time of solution preparation.
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G. Procedures for Solution Preparation and
Spectral Measurements

1. Beer's law work for sulfur dioxide

Four gas dosing tubes of known volume were chosen to give a

reasonable range of sulfur dioxide concentrations and absorbances,

based on examination of preliminary solutions. Each one of the dosing

tubes was in tarn attached to the vacuum line, evacuated and used to

dose the sulfur dioxide. After the sulfur dioxide had been dosed the

vacuum manifold was evacuated and the solvent, either acetonitrile

or carbon tetrachloride, was dosed in the manner previously

described for the dosing of liquids.

After the dosing was completed, the manifold was evacuated and

the cell-receiver appratus was attached to the vacuum line, evacuated

and heated to a constant pressure measurement of at least 105 torr.

This was followed by closing stopcock (Y) and placing a dewar filled

with liquid nitrogen in position to immerse the bulb end of the cell-

receiver apparatus. The stopcock on the sulfur dioxide dosing tube

was then opened and the sulfur dioxide allowed to condense into the

cell-receiver. A faint ring was observed to form on the inside of the

bulb end of the cell-receiver. At this juncture approximately ten

minutes was allowed to elapse before the stopcock on the solvent

doser was opened to permit condensation of the solvent into the
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cell-receiver. This latter process was made more rapid by

immersion of the dosing tube in a bath of warm tap water. When all

the solvent was transferred, the stopcock on the cell-receiver

apparatus was closed, the liquid nitrogen bath removed and the

exterior of the cell-receiver bulb sprayed with acetone until a sub-

stantial portion of the solid had melted.

With the dosed sulfur dioxide and solvent now contained in the

cell-receiver, the entire apparatus was removed from the vacuum

line and placed in the bath circulator used to thermostat the Cary

16K. Approximately ten minutes was allowed at this point to insure

that the solution had reached the temperature of the thermostatting

bath. After this period, the cell-receiver and its contents were

shaken vigorously to insure complete mixing, and were then taken

from the thermostatting bath and placed in the thermostatted cell

compartment of the spectrophotometer.

When the cell-receiver and its contents had been properly

thermostatted and placed in the spectrophotometer the spectrum of

the sample was recorded from the desired starting frequency of

360 nm, down to the cut-off frequency, 260 nm, for carbon tetra-

chloride. The acetonitrile measurements were also limited to this

range, since they were conducted with the dried reagent grade sol-

vent, rather than the later purified material described in an earlier

section. Measurements were made for each of the four solutions
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for each solvent at the four temperatures, 100, 200, 30o and 40oC.

The absorbance data collected for the solutions are reported in

Tables 1 and 2 for acetonitrile and carbon tetrachloride, respectively.

2. Chlorine Beer's Law, solution preparation
and spectral measurement

Two dosers were used in the preparation of the four solutions

on which spectral measurements were made in this study. One,

which will be referred to as #5JOB, was calibrated as described pre-

viously and was employed in preparation of the first solution. The

second doser used was the previously described "flow-through"

doser. It was employed in preparation of solutions two, three and

four. With the use of these dosers together with an ethyl acetate

slush bath, chlorine gas samples were dosed in the manner described

earlier. The solvent carbon tetrachloride was similarly dosed as

previously described. Both the chlorine and the solvent were then

condensed into the cell-receiver, in a manner identical to that

described for the sulfur dioxide solution preparation. The solution

prepared in this fashion had its spectrum recorded after thermostat-

ting in the same manner as that for the sulfur dioxide solutions,

measurements again being made at the four temperatures 100, 200 ,

30° and 40°C.

Unlike the case with the sulfur dioxide solutions, the chlorine

solution was not discarded after the spectral measurements at the
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four temperatures. Instead, the cell-receiver was reattached to the

vacuum line and the neck above the stopcock was evacuated. Now an

additional sample of chlorine was dosed and added to the first by

condensation into the cell-receiver which still contained the first

solution. The solution that resulted became solution two which was

then treated in the same mariner as solution one. In other words, it

was thawed, thermostatted and had its spectrum recorded at 100,

200, 300 and 40°C. This process was repeated for solutions three

and four. The absorbance data as a function of wavelength for the

four solutions described above are listed in Table 3.

3. Solution preparation and spectral
measurement for the sulfur dioxide-
acetonitrile complex study

The sulfur dioxide and the solvent, carbon tetrachloride, were

dosed by a method exactly analogous to that employed in the sulfur

dioxide Beer's law determination. The further feature involved in

the preparation of the solutions that constituted this study was the

addition of varying amounts of acetonitrile.

The dosing of the acetonitrile was carried out in two ways. The

first method, used for solutions that required relatively low aceto-

nitrile concentrations, consisted of dosing the acetonitrile as a gas.

A dosing tube of the desired volume and baths either at room

temperature or at 4. 9°C were used. The latter bath consisted of a
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benzene-chlorobenzene slush of appropriate composition to yield the

indicated temperature. The vapor pressure of the acetonitrile dosed

in this manner was measured using the Halocarbon oil manometer.

The experimental value obtained was incorporated into the ideal gas

law to calculate the number of moles of acetonitrile.

The second dosing method involved a calibrated liquid dosing

tube and the procedure for dosing liquids. The measured volume,

room temperature and the density of acetonitrile were then used to

calculate the number of moles of acetonitrile.

All the solutions, regardless of the acetonitrile dosing proce-

dure employed, were handled in the same manner by condensation of

the components, sulfur dioxide, acetonitrile and carbon tetrachloride,

into the cell-receiver. This was followed by the same thawing, mix-

ing, thermostatting and spectral measurement techniques that were

used for the Beer's law determination. The spectral data, recorded

at 100, ZOO, 300 and 40oC, are listed in Table 10.

4. Method of solution preparation and spectral
measurement for the charcoal catalyzed
equilibrium study of sulfuryl
chloride decomposition

The equilibrium was studied from both directions by the prepa-

ration of two different types of solutions. The first type consisted of

solutions where sulfuryl chloride was dosed using the flow-through
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doser. These solutions were made with and without activated charcoal.

In the trials prepared with activated charcoal the charcoal was added

at the time of attachment of the filtration collar as described pre-

viously. The second variety of solutions was prepared by dosing

equimolar quantities of sulfur dioxide and chlorine. These solutions

were also made, in the manner described above, with and without

activated charcoal. The dosers involved in preparing both the first

and second types of solution were so chosen as to give approximately

the same equilibrium concentrations; thus comparison of the equilib-

rium position was facilitated in the two cases.

With the sulfur dioxide and chlorine or the sulfuryl chloride

thus dosed, the solvent was next dosed and then all the components,

solvent and either sulfuryl chloride or sulfur dioxide and chlorine,

were condensed into the cell-receiver. When the condensation was

complete, the contents of the cell-receiver apparatus were thawed,

mixed and thermostatted. The additional step of filtration was added

to prevent activated charcoal from entering the cell portion of the

apparatus. This filtration procedure was facilitated by the incorpora-

tion of the previously described filtration collar into the cell-receiver.

The filtration was done while the entire apparatus was immersed in

the thermostatting bath.

The cell had to be removed from the remainder of the receiver

before it could be placed into the spectrophotometer cell compartment.
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This removal was done as quickly as possible and the cell immediately

stoppered with a Teflon stopper. The stoppered cell was then placed

as rapidly as possible into the cell compartment and the spectral

measurements made over the range 360 nm to 260 nm, Trials done

in this manner were made at No, 20o and 30°C. The absorbance

data obtained are contained in Table 3 .

5. Preparation and spectral measurements
for the acetonitrile catalyzed kinetics
and equilibrium study of sulfuryl
chloride decomposition

The sulfuryl chloride, acetonitrile and carbon tetrachloride

were dosed in the manners described in the previous sections. The

components, reactant, catalyst and solvent, were condensed from

their dosers into the cell-receiver which was then sealed by closing

its stopcock. In the condensation of these components it was deter-

mined from preliminary trials that if the acetonitrile were condensed

last and carefully thawed first (by appropriate focusing of the acetone

thawing spray) the bulk of it could be separated from the remainder of

the unthawed solution. This was accomplished by tilting the cell-

receiver after removal from the vacuum line and pouring the thawed

acetonitrile into the cell arm of the cell-receiver. This procedure

was important in fixing the zero time for the kinetics run.
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The cell-receiver was then placed in the thermostatting bath

until the remainder of the solution had thawed. The resulting sepa-

rated portions were mixed and the timer started. The cell-receiver,

now containing the mixed solution, was placed in the cell compart-

ment of the spectrophotometer and the absorbance at 280 nm recorded

as a function of time. When the absorbance value became constant,

the spectrum of the solution was recorded from 360 nm to 260 nm,

The absorbance data obtained as a function of time for each kinetics

trial was incorporated into a calculation procedure, to be described

later, from which values of the rate constants were obtained. The

final absorbance values at 280 nm for the completed kinetics runs are

reported in Table 15.

6. Preparation and spectral measurements
for the crown ether catalyzed kinetics
and equilibrium study

The first step was preparation of a stock solution of the 18-

crown-6 polyether. This was done by weighing the desired quantity

of the crystalline crown ether into a 100 ml volumetric flask. Carbon

tetrachloride was added to the mark immediately in order to minimize

the amount of moisture absorbed by the somewhat hygroscopic

material. On the stopper of the volumetric flask Teflon tape was

employed to minimize evaporation of the carbon tetrachloride.
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Stock solutions prepared in this manner were used to dose all

the solutions containing crown ether. This was accomplished by using

a calibrated microburet to deliver a measured quantity of the stock

solution, dripping it through the neck and stopcock into the bulb por-

tion of the cell-receiver. Once the crown ether stock solution was

in the cell-receiver, the latter was connected to the vacuum line and

evacuated. All the carbon tetrachloride was evaporated and the cell-

receiver was heated to a low heat, (N., 50°C, with the hot air gun.

With the crown ether dosed and the cell-receiver attached and

evacuated, the sulfuryl chloride and the carbon tetrachloride solvent

were dosed in the manner described earlier. These components were

then condensed into the bulb of the cell-receiver, the cell-receiver

closed and the solution thawed by the spraying of acetone on the

exterior of the cell-receiver bulb.

The cell-receiver with its contents was then removed from the

vacuum line and placed in the thermostatting bath. The cell-receiver

was kept in the thermostatting bath from one to two minutes, before

being placed in the cell compartment of the spectrophotometer. The

timer was started when all the solid had initially melted while the

cell-receiver was still in the bath.

The absorbance for each of these solutions was recorded at

290 nm until it became constant. The entire spectrum, from 360 nm

to 260 nm, was then recorded. The absorbance values obtained as a
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function of time were incorporated into a method of calculation, to be

described later, that yielded the first order rate constants. The final

absorbance values at 290 nm are reported in Table 16.

In addition to the work with the solutions prepared in the fore-

going manner, an additional study was made using the crown ether.

This consisted of shaking one 25 ml portion of the stock solution of

crown ether with dried crystalline potassium chloride and a second

25 ml portion with dried crystalline potassium perchlorate. Portions

of the resulting solutions were dosed and examined spectrophotomet-

rically in the same manner as the straight crown ether trails

described previously.

A 10 ml portion of the first solution, that had been shaken with

potassium chloride, was then mixed with an equal volume of distilled

water in order to extract any water soluble component. The water

portion was then removed using a separatory funnel and mixed with

10 ml of a saturated silver nitrate solution in a six inch test tube and

then filled to the top with distilled water. The mixture prepared in

this manner was compared to a second test tube which contained 10 ml

of the saturated silver nitrate solution and was filled to the top with

distilled water. These two solutions were examined by illuminating

them from the side with a bright incandescent lamp and observing

them from the top to determine if any silver chloride was formed.

The results obtained will be discussed in connection with the kinetics

trials for this solution.



III, DATA, CALCULATIONS AND RESULTS

A. General Calculations

1. Concentration
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The number of moles of sulfur dioxide, chlorine, sulfuryl

chloride and, in some trials, acetonitrile dosed was calculated by

substituting the appropriate temperature, the known volume of the

dosing tube used and the experimentally determined vapor pressure

of the chemical into the ideal gas law equation. Acetonitrile was

also dosed as a liquid, the number of moles being calculated from its

molar volume. The number of moles was combined with the solution

volume, which had been corrected for expansion or contraction (due to

differences in temperature of dosing and of spectral recording), to

calculate the solute concentration.

In trials where the liquid volume was the result of combination

of acetonitrile liquid and carbon tetrachloride liquid, additivity of

volumes was assumed. The moles of chemicals dosed along with the

data used to calculate them are listed in tabular form in the appro-

priate sections as are the final concentrations. The following are

pertinent densities and molar volumes that were used throughout

these calculations.
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Densities and molar volumes of acetonitrile
and carbon tetrachloride

Temperature
oc

Acetonitrile a Carbon tetrachlorideb

g /m1 ml /mole g /m1 ml /mole

10.0 .7929 51.73 1.6134 95.33

20.0 .7823 52.44 1.5941 96.48

30.0 .7716 53.16 1.5746 97.68

40.0 .7607 53.92 1.5550 98.91

aDensity CH
3

C H: dt = 0.8035 - 1.055 x 10-3 (t) - 0.138 x 10-6 (t)2

- 6.0 x 10-9 (t)3

bDensity CC14.- dt
= 1.63255 - 1.9110 x 10-3 (t)

- 0.690 x 10-6 (t)2

2. Calculation of activation parameters

( 2 0 )

(20 )

The activation parameters, energy of activation, Ea, entropy

of activation, L\S4, and Arrhenius frequency factor, A, were calculated

for the kinetics data obtained after making certain assumptions. The

first was that the process exhibits simple Arrhenius temperature

dependence (12a). The second was that the kinetics model used is a

reasonably accurate description of the system. In certain places

these assumptions were not wholly consistent with experimental

observations; these facts will be considered in the Discussion.

The first assumption leads to the relationship

k
1

= A e-Ea-/RT (1)

where k
1

is the observed first order rate constant. This equation can
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in k
1

= -Ea/RT + constant
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(2)

In this way Ea was evaluated by plotting the log of ki vs. 1/T where

slope = -Ea/R (2.303) (3)

The value of Ea so obtained was then used in conjunction with an

"average" 25 °C k
1

value read from the semi-log plot to calculate a

value for A via the use of Equation (1).

Equation (1) can further be used to derive the expression ( ):

T
k

1
= e e

-Ea /RT e
ASS /R (4)

From this relationship it was possible to compute a value for AS*.

3. Calculation of thermodynamic parameters
from experimental equilibrium constants

The values of free energy, AG°, enthalpy, AFI° and entropy,

AS
o

, of reaction (23) can be determined from the experimental

equilibrium constants, K, by employing the relationships

and

AG° = -RT in K (5)

AG° = AH° - T AS° (6)

When combined and rearranged these expressions become

AS° I-1°
log K = R(2.303) RT(2. 303)

(7)
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By plotting the log of the experimental K values vs. 1/T, one should

obtain a straight line, where

slope = -AH°/R(Z. 303) (8)

The value of AH° so obtained could then be combined with a AG° value

from Equation (5) (an "average" 25°C K value being read from the

semi-log plot) to calculate AS° via Equation (6). These methods were

employed where appropriate to calculate thermodynamic parameters.

B. Beer's Law Calculations

It was necessary, as a prior condition to conducting the studies

discussed in the Introduction, to establish that the measured absor-

bances of sulfur dioxide and chlorine obeyed the general form of

Beer's law. This was done in the following manner by employing the

concentration and absorbance data listed in Tables 1, 2, 3, 4 and 5.

A linear least squares analysis was carried out with each set of data,

the end result being values of the extinction coefficients as a function

of wavelength. The concentrations constituted the independent variable

X, the net absorbances of the solutions at the various eavelengths

were the dependent variable. It was also assumed that the latter

function was zero at the origin as dicated by Beer's law. The calcula-

tions were made in terms of the following expressions:

b = Exy/Ex2 (9)



Table 1. Absorbances as a function of wavelength for sulfur dioxide in acetonitrile. (Beer's law).

Wave-
length,
nm

10 20

Temperature, °C
30 40

1 2 3 4 1 2

Solution
3

number
4 1 2 3 4 1 2 3 4

360 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

355 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

350 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

345 .002 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

340 .004 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

335 .006 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

330 .009 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

325 .010 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

320 .015 0 .005 .007 .001 .004 .007 .007 0 0 .005 .009 0 0 .008 .012

315 .024 .013 .040 .055 .007 .026 .043 .053 .001 .022 .040 .058 0 .020 .043 .057

310 .049 .085 .140 .170 .029 .086 .143 .165 .026 .082 .130 .163 .015 .080 .128 .172

305 .105 .201 .316 .386 .080 .202 .324 .376 .071 .198 .291 .369 .056 .191 .289 .373

300 .188 .379 .599 .709 .158 .375 .587 .699 .141 .366 .539 .671 .119 .349 .522 .671

295 .282 .588 .883 1.173 .247 .579 .886 1.033 .234 .565 .848 1 006 .193 .543 .801 .975



Table 1. Continued.

Wave-
length,

mn
±0 20

Temperature, °C
30 40

1 2 3 4 1 2

Solution number
3 4 1 2 3 4 1 2 3 4

290 .376 .807 1.207 1.442 .336 .778 1.185 1.427 .318 .754 1.107 1.310 .262 .722 1.045 1.324

288 .405 .856 1.271 1.566 .365 .837 1.249 1.511 .347 .818 1.201 1.419 .281 .781 1.134 1.408

286 .435 .921 1.371 1.671 .395 .897 1.344 1.616 .372 .873 1.291 1.519 .306 .831 1.214 1.498

284 .455 .971 1.446 1.781 .410 .942 1.409 1.691 .392 .918 1.356 1.584 .321 .881 1.274 1.573

282 .468 .996 1.496 1.831 .421 .972 1.454 1.741 .403 .943 1.396 1.629 .328 .899 1.304 1.608

280 .474 1.009 1.517 1.853 .430 .982 1.469 1.763 .409 .951 1.411 1.646 .333 .907 1.319 1.622

278 .475 1.006 1.516 1.851 .428 .985 1.464 1.756 .410 .953 1.411 1.639 .331 .906 1.319 1.613

276 .465 .986 1.486 1.821 .420 .962 1.424 1.721 .402 .928 1.376 1.599 .326 .886 1.284 1.573

274 .446 .947 1.437 1.737 .401 .923 1.375 1.657 .383 .889 1.327 1.535 .312 .842 1.230 1.494

272 .422 .903 1.353 1.653 .377 .879 1.296 1.568 .359 .845 1.248 1.451 .293 .803 1.161 1.405

270 .398 .844 1.254 1.554 .353 .825 1.207 1.424 .335 .796 1.174 1.362 .269 .759 1.092 1.306

265 .329 .690 1.035 1.235 .284 .671 .978 1.180 .271 .642 .925 1.083 .215 .615 .858 1.072

260 .260 .521 .766 .976 .220 .507 .734 .861 .212 .493 .721 .834 .166 .476 .674 .783



Table 2. Absorbances as a function of wavelength for sulfur dioxide in carbon tetrachloride.(Beer's law).

Wave-
length,
nm

10 20

Temperature,°C
30 40

1 2 3 4 1 2 3

Solution number
4 1 2 3 4 1 2 3 4

360 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

355 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

350 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

345 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

340 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0 0

335 0 0 .002 0 .001 0 0 0 0 0 0 .001 0 0 0 0

330 0 0 .007 .004 .002 .002 .004 .004 0 .001 0 .005 0 0 .003 .004

325 .004 .008 .025 .029 .006 .011 .022 .027 .003 .012 .019 .029 .002 .006 .019 .027

320 .017 .041 .076 .095 .020 .042 .075 .090 .016 .040 .072 .092 .015 .028 .067 .085

315 .045 .104 .174 .218 .048 .105 .173 .213 .044 .103 .170 .210 .043 .071 .155 .198

310 .094 .208 .328 .417 .092 .209 .317 .402 .093 .197 .314 .394 .087 .140 .289 .377

305 .148 .327 .507 .646 .151 .323 .496 .626 .147 .306 .488 .613 .136 .219 .458 .586

300 .201 .440 .695 .864 .204 .436 .669 .844 .195 .361 .606 .821 .189 .292 .621 .789

298 .221 .480 .735 .924 .224 .476 .729 .918 .215 .449 .716 .886 .204 .317 .681 .844



Table 2. Continued.

Wave-
length,
nm

10 20

Temperature,°C
30 40

1 2 3 4 1 2 3

Solution number
4 1 2 3 4 1 2 3 4

296 .241 .515 .785 .994 .239 .511 .779 .974 .230 .479 .761 .946 .219 .337 .731 .904

294 .248 .535 .820 1.034 .249 .531 .809 1.014 .240 .504 .791 .986 .229 .352 .761 .944

292 .256 .550 .841 1.069 .254 .546 .839 1.049 .249 .519 .816 1.021 .239 .362 .791 .979

290 .262 .560 .865 1.089 .260 .555 .854 1.064 .251 .529 .831 1.041 .242 .366 .806 .999

288 .264 .563 .870 1.094 .261 .556 .857 1.065 .252 .531 .834 1.043 .234 .366 .811 1.004

286 .262 .556 .861 1.075 .260 .552 .845 1.050 .251 .525 .822 1.027 .234 .358 .802 .990

284 .257 .541 .841 1.045 .255 .532 .825 1.020 .246 .510 .797 .997 .237 .348 .787 .965

282 .247 .516 .806 1.005 .245 .512 .790 .975 .236 .490 .762 .957 .227 .333 .752 .925

280 .232 .491 .761 .950 .231 .482 .745 .925 .221 .465 .717 .902 .215 .313 .712 .880

275 .192 .401 .641 .775 .190 .402 .615 .755 .186 .390 .592 .742 .180 .258 .587 .730

270 .152 .311 .501 .615 .150 .317 .480 .605 .149 .315 .447 .602 .155 .218 .447 .580

265 .114 .238 .378 .461 .117 .264 .357 .467 .111 .252 .309 .464 .117 .185 .309 .452

260 .062 .181 .271 .340 .085 .232 .240 .345 .051 .220 .137 .332 .065 .173 .112 .295



Table 3. Absorbances as a function of wavelength for chlorine in carbon tetrachloride.(Beer's law).

Wave-
length,
nm

10 20

Temperature,
o
C

30 40

1 2 3 4 1 2

Solution number
3 4 1 2 3 4 1 2 3 4

360 .175 .320 .460 .795 .165 .315 .455 .785 .165 .315 .445 .775 .165 .315 .430 .760

355 .205 .370 .545 .945 .195 .365 .525 .930 .190 .365 .525 .920 .195 .360 .510 .895

350 .240 .425 .635 1.115 .230 .430 .615 1.095 .225 .425 .610 1.080 .230 .420 .595 1.040

345 .270 .480 .715 1.250 .260 .470 .695 1.235 .255 .480 .690 1.220 .260 .470 .665 1.175

340 .295 .520 .780 1.375 .280 .510 .760 1.345 .280 .520 .750 1.325 .280 .510 .725 1.280

335 .313 .543 .818 1.458 .298 .538 .803 1.428 .298 .553 .793 1.403 .300 .533 .763 1.328

330 .320 .555 .830 1.485 .305 .545 .815 1.455 .302 .560 .805 1.425 .305 .540 .770 1.350

325 .315 .545 .815 1.450 .300 .540 .805 1.425 .300 .550 .790 1.395 .300 .530 .755 1.315

320 .296 .516 .756 1.356 .286 .511 .751 1.331 .281 .521 .741 1.301 .286 .491 .706 1.216

315 .270 .465 .685 1.210 .255 .465 .675 1.190 .255 .470 .665 1.180 .255 .440 .635 1.100

310 .240 .410 .590 1.035 .230 .410 .580 1.015 .230 .415 .570 1.010 .230 .385 .545 .950

305 .200 .345 .485 .845 .190 .345 .475 .845 .190 .345 .465 .825 .190 .320 .445 .770

300 .165 .285 .390 .665 .160 .290 .380 .670 .155 .285 .370 .640 .155 .260 .350 .595

295 .130 .230 .310 .495 .125 .230 .290 .505 .125 .225 .280 .505 .125 .205 .260 .460



Table 3. Continued.

Wave-
length,
nm

10 20

Temperature, °C
30 40

1 2 3 4 1 2 3

Solution number
4 1 2 3 4 1 2 3 4

290 .105 .185 .235 .365 .100 .185 .215 .365 .095 .175 .200 .365 .095 .160 .190 .335

285 .080 .150 .175 .250 .080 .150 .150 .265 .075 .135 .140 .250 .075 .120 .130 .230

280 .065 .120 .135 .170 .065 .125 .105 .180 .065 .110 .095 .170 .060 .090 .090 .160

275 .060 .105 .110 .120 .060 .105 .075 .120 .055 .090 .065 .115 .055 .075 .065 .110

270 .055 .085 .095 .080 .050 .090 .050 .080 .050 .075 .045 .075 .050 .065 .045 .075

265 .040 .070 .080 .050 .040 .080 .030 .045 .040 .060 .025 .035 .035 .050 .040 .040

260 .030 .055 .080 .030 .010 :065 :010 .010 .010 .020 0 0 0 .010 0 0
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Table 4. Moles of sulfur dioxide or chlorine dosed in Beer's law
studies.

Chemical Solution Temperature, Doser Vapor Number
dosed number °K volume pressure of mops

ml atm x 10

Sulfur
dioxide

1

2

3

4

301.9

297.7

303.0

298.7

2.79 0.04286 0.471

4.94 0.04286 0.846

8.31 0.04286 1.40

9.73 0.04286 1.66

Sulfur
b)

1 301.9 2.79 0.04286 0.471
dioxide

2 295.2 4.94 0.04286 0.853

3 302.8 8.31 0.04286 1.40

4 297.9 9.73 0.04286 1.67

Chlorine 1 299.3 6.91 0.05422 1.53

2 299.3 13.82 0.05422 3.05

3 298.0 20.73 0.05422 4.58

4 298.0 36.47 0.05422 8.07

a)Acetonitrile used as solvent.

b)Carbon tetrachloride used as solvent.



Table 5. Sulfur dioxide and chlorine concentrations for Beer's law
studies.

Temperature,
oC

s.n.

Solvent
volume,

ml

10
3

x

[SO
2
],

M (a)

Solvent
volume,
ml

10
3

x

[SO .,2],

M (i)

Solvent
volume,

ml

10
3

x

[C1 ],

M
2

10 1 4.80 0.981 4.80 0.981 4.64 3.29

2 4.79 1.78 4.79 1.78 6.58

3 4.75 2.97 4.75 2.95 9.88

4 4.78 3.49 4.78 3.49 17.4

20 1 4.86 0.967 4.86 0.969 4.69 3.25

2 4.85 1.76 4.85 1.76 6.51

3 4.81 2.93 4.81 2.91 9.77

4 4.84 3.45 4.84 3.45 17.2

30 1 4.92 0.953 4.92 0.957 4.75 3.21

2 4.91 1.73 4.91 1.74 6.43

3 4.87 2.89 4.87 2.87 9.65

4 4.90 3.40 4.90 3.41 17.0

40 1 4.98 0.940 4.98 0.946 4.81 3.17

2 4.97 1.71 4.97 1.72 6.35

3 4.93 2.85 4.93 2.84 9.53

4 4.96 3.35 4.96 3.37 16.8

63

(a) Acetonitrile used as solvent.

(b) Carbon tetrachloride used as solvent.
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52 = (Ey 2 - b Exy) / (N - 1) (10)

S2 = Sz / Ex2 (11)

The slope, b, is the extinction at the wavelength and temperature for

that set of data, Sb is the standard deviation of the slope, N is the

number of data points. The extinction coefficients obtained are listed

in Tables 6, 7 and 8.

C. Sulfur Dioxide-Acetonitrile Complex Formation
in Carbon Tetrachloride Solution

1. Preliminary

Preliminary 20°C trials were carried out to investigate the

possibility of complex formation between sulfur dioxide and acetoni-

trile in carbon tetrachloride solution. To this end, the data were

utilized in Benesi-Hildebrand and Scott plots (11) (as modified by

Ketelaar). The moderate adherence shown by the plots to the

expected straight lines provided evidence that in fact a 1:1 complex

does form between these two species:

SO2 + CH
3

CN S02 °CH
3

CN (12a)

These plots are based on the equilibrium

a + b s--- (12b)

where a and b represent the acceptor and donor respectively and c

is the complex formed. The equilibrium constant can be expressed as
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Table 6. Extinction coefficients for sulfur dioxide in acetonitrile.

Wavelength,
nm 10

Temperature,°C
20 30 40

320 2 - 2
(a)

2 0 2 - 1 3 - 1

315 14 2 15 1 15 1 15 2

310 48 0 48 2 46 2 47 4

305 109 1 109 3 105 4 106 6

300 203 2 202 4 193 7 192 9

295 320 11 303 8 297 8 288 11

290 415 9 411 10 389 12 384 16

288 443 20 436 11 422 13 412 17

286 476 11 468 11 452 13 440 17

284 505 12 490 12 473 14 463 18

282 520 11 505 13 487 14 473 19

280 527 11 511 13 492 14 478 19

278 526 11 510 13 491 15 479 19

276 516 11 498 13 479 14 464 18

274 496 10 480 12 460 13 442 17

272 470 10 453 12 434 13 417 16

270 439 10 418 12 408 13 390 16

265 356 7 342 10 324 11 315 14

260 273 7 254 8 252 10 239 9

(a) Errors shown are standard deviations from the linear least squares
calculation.
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Table 7. Extinction coefficients for sulfur dioxide in Carbon tetra-
chloride.

Wavelength,

nm 10
Temperature, °C

20 30 40

+ + +
325 8 ! 1(a) 7 - 0 7 - 1 7 - 1

320 26 1 25 1 25 1 23 2

315 60 2 60 1 60 2 55 3

310 115 3 113 3 112 2 104 6

305 179 5 177 4 175 4 162 9

300 242 5 239 5 225 9 219 12

298 258 6 260 6 255 4 237 13

296 277 10 277 6 271 5 254 14

294 289 7 288 6 283 5 265 14

292 298 7 298 6 293 6 275 15

290 304 7 303 6 298 6 281 16

288 306 7 303 6 299 6 278 15

286 301 6 299 6 295 6 278 16

284 294 6 291 4 286 5 271 16

282 282 5 279 5 274 5 260 15

280 266 5 264 5 258 5 246 15

275 220 3 217 4 214 4 204 12

270 173 3 172 4 169 6 161 8

265 130 2 132 5 127 8 122 7

260 95 4 97 9 82 16 75 11

(a) Errors shown are standard deviations from the linear least squares
calculation.
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Table 8. Extinction coefficients for chlorine in carbon tetrachloride.

Wavelength,
nm 10

Temperature, °C
20 30 40

360 46
+ (a)
- 1 46

+
- 1 46

+
- 1 46

+
- 1

355 55 1 54 1 55 1 54 1

350 64 1 64 1 64 1 63 1

345 72 1 72 1 72 1 71 1

340 79 1 78 1 78 1 77 1

335 84 1 83 1 83 1 80 2

330 85 1 84 1 84 1 81 2

325 83 1 83 1 83 1 79 2

320 78 1 78 1 77 1 74 2

315 70 1 70 1 70 1 66 1

310 60 1 60 1 60 1 57 2

305 49 1 50 1 49 1 47 2

300 39 1 40 1 39 1 37 1

295 30 1 30 1 30 1 28 1

290 23 2 22 1 22 1 21 1

285 16 2 16 1 15 1 14 1

280 12 2 12 2 11 1 10 1

275 9 2 8 2 8 1 7 2

270 7 2 6 2 5 2 5 1

265 5 2 4 2 3 2 4 1

260 4 2 2 2 0 1 0 0

(a) Errors shown are standard deviations from the linear least squares
calculation.
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(12c)

where the brackets indicate molar concentrations and the subscript o

indicates initial concentrations. Rearrangement of Equation (12c), on

the assumption that Beer's law is obeyed and that the path length of

the cell used is 1.0 cm leads to the expression

[a]o
1 1

[a]
o 1

[c]

a Ks e [b] [b] E

- r
E Lblo

0

(12d)

here a represents absorbance and c the extinction coefficient of the

absorbing species. If [b]
o

>>[a]
o

and [b]
o

and [a]
o

are small (so

that little complex is formed) the second and fourth terms may be

neglected leaving the Benesi-Hildebrand equation:

[a]
0 1 1 1

+
Ks E 570 (12e)

This equation applies to systems where only the complex formed

absorbs at the wavelength where absorbance measurements are made.

In the cases where this is not true, as in the present work, Equation

(12e) may be modified, following Ketelaar, to give

[a]0 1 1

a AE Ks LAE ibl
o

Here Aa and d."_e represent the enhancement of absorbance and

(12f)

extinction coefficient over those expected from [a]
o

and [b]
o

alone.

On the basis of Equation (12f), a plot of [a] o/L\oe vs. 1/[b]
o

should

give a straight line with
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slope --
K

1

A e
(12g)

s

intercept --
Ale

(12h)

The Benesi-Hildebrand treatment has been criticized as placing

an undue weight on low concentration data. In an attempt to meet this

criticism, Scott used the alternative, re-arranged form (again

modified in the Ketelaar manner)

[a]
o

[b]
o 1

[b ]
o

AE Ks LE LE

The quantity on the left side of this equation was plotted versus

[b]o to yield

and

slope - 1

AE

intercept -
Ks AE

1

(12i)

(12j)

(12k)

It should be mentioned that the Scott treatment suffers from just the

opposite weakness from the Benesi-Hildebrand, in that it places an

undue emphasis on higher concentration data.

The plots constructed in the above manner are shown in Figures

7 and 8. From Figure 7, the Benesi-Hildebrand plot, one obtains a

A e value of 233 and a Ks value of 2.10 M-1, while the Scott plot,

Figure 8, gave A E = 274 and Ks = 1.49 M-1. These admittedly

approximate values appear to be sufficiently in mutual accord to
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warrant acceptance as preliminary estimates and as an indication that

both high and low concentration data are in approximate agreement.

The data obtained in the foregoing treatment were used as the

necessary initial estimates of iE and KA E in the non-linear least

squares computer calculations described below. Additional observa-

tions to complement the preliminary trials were made at other con-

centrations and other temperatures. The complete set of data used in

the non-linear least squares computer calculations is listed in Tables

9, 10 and 11.

2. Non-linear least squares calculations

The complete set of data involving absorbance observations

over a range of reactant concentrations was subjected to a standard

non-linear least squares analysis. The mathematical procedure for

this analysis consisted essentially of taking the preliminary esti-

mates given above for the parameters A E and K z e and subjecting

them to an iterative least squares refinement, in each step of which

the values for the parameters were improved on the basis of mini-

mizing the sum of the squares of the differences of the calculated

absorbances (the dependent variable) from the values calculated for

the given parameters, at each set of concentrations (the independent

variables). A detailed discussion of the mathematical methods



Table 9. Sulfur dioxide--acetonitrile complex formation concentration data.

10

Temperature, °C
20 30 40

u m
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Cr)
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0 CID
,--4 I-I
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XU
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,_4 ._....,

(1) "
>

e--1 1--i0 0Cr) >

XU
V)

(NI0 U
,--1

>4 I-1
C \1

t4) 0
0 Cf)

B-HII 1.78 8.60 4.80 3.71 1.79 4.86 3.66 1.77 4.92 3.62 1.75 4.98 3.57 1.73

B-HIII 5.05 8.46 4.77 10.6 1.77 4.83 10.5 1.75 4.89 10.3 1.73 4.95 10.2 1.71

B-HIV 180. 8.54 4.73 381. 1.81 4.79 376. 1.78 4.86 370. 1.76 4.92 366. 1.74

B-HV 110. 8.53 4.77 231, 1.79 4.83 228. 1.77 4.88 225. 1.75 4.94 223 1.73

B-HVI 425. 8.46 4.77 891. 1.77 4.83 880. 1.75 4.89 869. 1.73 4.95 859. 1.71

B-HVII 18.9 8.48 4.78 39.5 1.77 4.83 39.1 1.75 4.89 38.7 1.73 4.95 38.2 1.71

B-H1IIII 2.47 8.53 4.79 5.16 1.78 4.84 5.10 1.76 4.90 5.04 1.74 4.96 4.98 1.72

NLLSI 2.66 23.6 4.83 5.51 4.89 4.88 5.45 4.84 4.94 5.38 4.78 5.01 5.31 4.71

NLLSII 2.91 45.6 4.76 6.11 9.58 4.81 6.05 9.48 4.87 5.98 9.36 4.93 5.90 9.25



Table 10. Sulfur dioxide--acetonitrile complex formation absorbance data.

Sample
300

Wavelengths, nm
290 280 270

10 20 30 40 10 20

Temperature, °C
30 40 10 20 30 40 10 20 30 40

B-HII .478 .448 .398 .268 .613 .578 .518 .343 .550 .520 .470 .265 .375 .360 .335 .225

B-HIII .493 .483 .458 .408 .653 .623 .598 .533 .585 .560 .550 .475 .400 .385 .380 .330

B-HIV .478 .463 .458 .448 .778 .753 .738 .713 .830 .790 .760 .725 ,590 .550 .510 .455

B-HV .585 ,510 .445 .420 .875 .740 .655 .620 .897 .762 .672 .647 .658 .568 .503 .483

B-HVI .488 .478 .468 .453 .878 .863 .838 .808 .985 .955 .935 .890 .670 .665 .640 .585

B-HVII .568 .548 .533 .498 .783 .753 .723 .673 .730 .695 .665 .610 .485 .475 .455 .425

B-HVIII .460 .455 .425 .405 .605 .585 .545 .505 .550 .525 .490 .470 .390 .370 .350 .345

NLLSI 1.285 1.255 1.235 1.180 1.672 1.602 1.582 1.537 1.495 1.415 1.395 1.375 .997 .952 .937 .917

NLLSII 2.480 2.365 2.200 1.920 3.230 3.120 2.965 2.550 2.880 2.745 2.650 2.310 1.930 1.810 1.740 1.445



Table 11. Aa Values calculated for the determination of formation constants for the sulfur dioxide--

acetonitrile complex.

Sample
300 290

Wavelengths, nm
280 270

Temperature, °C

10 20 30 40 10 20 30 40 10 20 30 40 10 20 30 40

B-HII .045 .026 .004 0 .069 .042 0 0 .073 .054 .018 0 .066 .056 .039 0

B-HIII .066 .065 .069 .033 .115 .094 .082 .053 .114 .099 .103 .054 .094 .085 .087 .055

B-HIV .041 .038 .062 .066 .228 .214 .213 .225 .348 .321 .305 .292 .277 .245 .212 .175

B-HV .152 .088 .051 .041 .331 .204 .133 .135 .420 .296 .220 .221 .349 .264 .207 .205

B-HVI .061 .060 .079 .078 .340 .334 .322 .328- .514 .494 .488 .469 .364 .365 .347 .310

B-HVII .141 .130 .144 .123 .245 .224 .207 .193 .259 .234 .218 .189 .179 .175 .162 .150

B-HVIII .030 .035 .034 .028 .064 .052 .026 .022 .076 .061 .040 .047 .082 .068 .056 .068

NLLSI .103 .100 .160 .147 .185 .138 .157 .215 .193 .140 .159 .216 .151 .122 .129 .159

NLLSII .164 .103 .095 0 .317 .252 .176 0 .328 .247 .231 .033 .273 .181 .157 0
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involved in such non-linear least squares calculations has been given

by Wentworth (43, 44).

The actual calculation of this analysis was implemented by use

of the Oregon State University Computer Center program *CURVFIT.

A good discussion of this program, together with a program listing

has been given by De Groot ( 6 ). The program is a general utility

one, and, in a particular case such as the present one, it is

necessary to provide a subroutine dealing with the particular func-

tional relationships involved. The subroutine is designated

FAILSAFE.

As the first step in the procedure, the anticipated absorbances

at 300 nm, 290 nm, 280 nm, and 270 nm for the sulfur dioxide dosed

(see concentrations in Table 9) were calculated assuming the solvent

entirely carbon tetrachloride (no acetonitrile present). The values

obtained, a
c,

were then subtracted from the experimentally observed

values, aE
(Table 10) to obtain the change in absorbance, Pa

(Table 11).

aE-ac = Da (13)

These values of L a were then combined with the sulfur dioxide and

acetonitrile concentrations and employed in the non-linear least

squares computer analysis along with the subroutine FAILSAFE.

This subroutine relates the experimental quantities of concen-

tration and absorbance to the algebraic function that describes their
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interdependence. It also involves the partial derivatives of the Aa

values with respect to each of the chosen parameters, A E and Ks A E

The subroutine was prepared from the results of the mathematical

derivation which was based on standard equilibrium constant con-

siderations. Multiplication of both sides of Equation (12c) by A e

gives the equation

[c] DE
r K([a] -[c]) - Lc]) s

e (14)

If we combine Equation (14) with the relation

da = [c] AE (15)

and, for the sake of simplicity, drop subscripts and brackets from

our notation, we obtain the expression

Lea = (Ks A e ) (a ) (b -
Ae AE

)

which becomes

or

aAe Aal[(bAeDa = (K
s

A.E )1 (
AE

A a =

2
(K A e )(abAe + A a - aAe as - bAe Aa)

DE 2

Rewriting Equation (18) we get

2
(K A E ) (abAe + Aa - aA e Da bA e Aa)

0 s Da

0 = [
(abA e 2 + - aAe Aa

J
bAe Aa), Aa

DE 2 Ks AE

(16)

(17)

(18)

(19)

(20)



0 = ab + a
2 aAa bAa Da

E
2 At AE KsAc

0 = A a 2
+ (-aAE - bAc A c 2/ Ks AE )Aa + abAe

The quantity W is defined as

W = KsAe

and was used to simplify the above expression to get

78

(21)

(22)

(23)

2
[

2 ,
Aa - L (a+b)Ae + AE /W jAa+ abAe = 0 (24)

A a
2

- I_

r 2
[a +b +AE / W)Ac LA a + abA c = 0 (25)

The new variables Q, P and R were defined as follows:

Q = [a +b + Ae /W)AE 1 (26)

2 2 1 /2
P = (Q - 4abA E ) (27)

R = (a +b +2AE 1W) (28)

Therefore, from the quadratic equation (25)

6,a =
2

(The alternative solution is physically unacceptable.)

Taking partial derivatives of A a , Q and P with respect to A E and

W we obtain the following

Q - P

6Q
5 Ae

5Aa
6ZE

Q 6P0.5 (5D e 5A E

(29)

(30)

(a + b + A E /W) + (At ) (1/W) = a + b +(2Ae )/W=R (31)



= 1/2 (Q 4ab,AE2)-1/2(2Q 8Q/5 Ac 8ab0E )
SLE
5P 2

5 a = 0.5 (5Q/5W - 5 P/5 W)
6 W

= AE [A* (-1) (1/W2) A1= - ()2

5 P
= 1 2 (P -1 ) (2Q 6Q/5 W)

Simplification of the above leads to

8 P
bW = (Q/P) (Ai /W)2

Spa (A* / W)2 [ (Q - P) / (2.0 X P) ]

"a = [ (4ab,AE - (Q - P) / (2.0 X P)
5 A*
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(32)

(33)

(34)

(35)

(36)

(37)

(38)

The foregoing are the required variables, functional relation-

ships and derivatives of the functions which were used to obtain the

FAILSAFE subroutine, which reads as follows:

SUBROUTINE FAILSAFE(X, AP, F, FP, II)

DIMENSION X(10), AP(9), FP(9)

Q=(X(1)+X(2)+AP(1)/AP(2))*AP(1)

P=SQRT (Q*Q- 4. 0*X(1)*X(2)*AP(1)*AP(1))

R=X(1)+X(2)+2.0*AP(1)/AP(2)

F=(Q-P) /2.0
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F P(1)= (4. 0*X(1)*X(2)*AP(1)- (Q-P)*R) /(2. 0*P)

FP(2)=AP(1)*AP(1)*(Q-P)/(AP(2)*AP(2)*2. 0*P)

RETURN

END

In this subroutine, X(1)=a, X(2)=b, AP(1)=6,e , AP(2)=W=KsAE ,

F=Acr, FP(1)=5Z1a/5.6,e, and FP(2),:56,a /5 W. The subroutine and

the data listed in Tables 9 and 11 were incorporated into the program

*CURVFIT (50) to perform the non-linear least squares analysis of the

functional relationship between the independent variables, the concen-

trations of sulfur dioxide and acetonitrile, and the dependent variable,

the i a values, and thus arrive at the optimum values for the para-

meters E and K
s

E . The results of the calculation are given in

the next section.

3. Formation constants and
extinction coefficients

The values of 6,e and K
s
LI\ E derived from the least squares

calculation are reported in Table 12. The formation constants, also

tabulated, were obtained by dividing KsAE by 0 E , where the

standard deviation reported for the final result, Ks, was computed

from the relation

S. D.
Ks

(S.D. KsAey
K AE

S

(39)

S. D. stands for the standard deviation of the subscript quantity. For



Table 12. Non-linear least squares values of Ae, K Ae, resulting Ks
values and e values for the sulfur dioxide--acetonitrile

complex.

Wave-
length,
nm

Tsmp.,

C M cm

K Ae,
s
-2 -1

M cm

Ks,

M
-1

6
' -1

M
-1
cm

300 10 55 113 523 1179 9.55 10.42 297 114

20 43 12 386 149 8.87 0.48 282 13

30 47 17 447 223 9.58 0.62 272 19

40 44 22 180 144 4.08 0.94 263 25

290 10 181 15 766 99 4.24 0.15 485 17

20 158 15 600 97 3.80 0.19 461 16

30 146 22 465 126 3.18 0.31 444 23

40 173 49 206 137 1.19 0.72 454 52

280 10 264 17 717 88 2.72 0.14 530 18

20 241 21 532 93 2.21 0.20 505 22

30 224 27 513 125 2.28 0.27 482 27

40 272 66 197 106 0.72 0.59 518 68

270 10 199 12 547 66 2.99 0.13 372 12

20 187 15 422 69 2.26 0.18 359 16

30 167 18 392 84 2.35 0.24 336 19

40 172 41 180 101 1.05 0.61 333 42

81
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example, S.D.
E

is the standard deviation of A e . These values also

are reported in Table 12. The last column of the table gives the

extinction coefficients of the complex and their standard deviations,

calculated from the relationships

E Acomplex s°2 + e

S.D. complex
(S. D.

4. Thermodynamic parameters

E (so2)1 2 + (S. D. )2
A E

(40)

(41)

On the basis of the data given in the previous section a plot of

log Ks vs 1 /T (shown in Figure 9) was prepared. The formation con-

stants determined at 40°C were not used in constructing this plot

because their average falls well off the reasonable straight line

drawn through the other points. Each point in the plot is the average

of the Ks values determined at that specific temperature from the

absorbance data collected at 290 nm, 280 nm, and 270 nm. The K
S

values determined at 300 nm were not incorporated in the average on

the basis of two factors, viz., the general lack of agreement with the

values at the other three wavelengths and the small values of A E

The values of 0H° obtained from this plot was -2.1 Kcal/mole,

with an estimated uncertainty of ± 25%. From this A H° a value of

-5 e. u. was obtained for AS° (tit/ 2).
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Figure 9. Sulfur dioxide--acetonitrile complex formation
constants.(log Ks vs 1/T)
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The large uncertainties in the thermodynamic parameters are a

direct result of the considerable variation in the values of Ks

obtained. This variation is related to the small numerical values of

Ks and can, in turn, be traced to the scatter in the experimentally

determined values of Da. It is not reasonable to expect that a sig-

nificant improvement in the data could be achieved because of two

factors: the overlap of the uncomplexed sulfur dioxide band with that

of the acetonitrile complex and the relatively small increase in the

extinction coefficients for the complex as compared to sulfur dioxide.

In order to determine whether the sulfur dioxide-acetonitrile

complex would have an effect on the position of the sulfuryl chloride

decomposition equilibrium when catalyzed by acetonitrile, the char-

coal catalyzed decomposition study was undertaken. The results of

this study are presented in the next section.

D. Charcoal Catalyzed Decomposition Equilibrium
of Sulfuryl Chloride

1. Data and calculations

The sulfuryl chloride dissociation equilibrium was examined

from both directions, i.e. both starting with sulfuryl chloride alone

and also starting with a mixture of sulfur dioxide and chlorine alone.

The absorbance and concentration data for the study are listed along

with the final calculated values of Keq in Table 13. The method of



Table 13. Absorbances, concentrations and equilibrium constants for the charcoal catalyzed decomposition
of sulfuryl chloride.

Temp., Sol'n. Solvent 10 5
x Moles dosed

o
C number vol., S02 C12 SO

2
Cl

2
ml

a330
10

3
x

[C1
2
],

Corrected 10
3
x

a290 a290 [SO2],

10
3

x

[S0
2
C12 ]

eq., M

10
4

x

K
eq

,

M

10 42 4.88 3.65 0 0 .100 0.98 .325 .299 0.98 6.49 1.40

43 4.87 3.64 0 0 .115 1.12 .430 .400 1.32 6.26 2.36

44 4.87 3.64 0 0 .090 0.88 .420 .396 1.30 6.37 1.79

20 22 4.82 3.55 0 0 .195 1.92 .810 .759 2.51 5.15 9.37

23 4.88 3.54 0 0 .220 2.17 .745 .687 2.27 5.03 9.79

27 4.90 3.54 0 0 .176 1.74 .675 .629 2.07 5.32 6.78

28 4.80 3.55 0 0 .230 2.27 .760 .699 2.31 5.10 10.3

29 4.85 3.54 0 0 .255 2.52 .745 .678 2.24 4.93 11.4

30 4.70 3.55 0 0 .220 2.17 .696 .638 2.11 5.42 8.44

32 4.81 0 3.56 3.52 .225 2.22 .685 .626 2.07 5.22 8.79

34(a) 4.81 0 3.56 3.53 .800 7.89 2.385 2.174 7.19 0

35
(a)

4.90 0 3.55 3.52 .785 7.74 2.335 2.128 7.03 0

36 4.81 0 3.56 3.52 .227 2.24 .747 .687 2.27 5.11 9.96

30 45 5,02 3.62 0 0 .200 1.98 .750 .698 2.34 5.05 9.17

46 5.04 3.62 0 0 .260 2.57 .855 .788 2.64 4.57 14.9

(a) No charcoal added.
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calculation employed was first to obtain the concentration of gas

dosed, followed by determination of the sulfur dioxide and chlorine

concentrations in the final solution from their observed absorbances

and previously determined extinction coefficients at 290 nm and 330 nm

respectively. The value of the absorbance at 290 nm was initially

corrected, prior to calculating the sulfur dioxide concentration for

the absorbance of chlorine at that wavelength.

The sulfuryl chloride equilibrium concentration was calculated

in one of two ways. In experiments commencing with pure sulfuryl

chloride, the equilibrium concentration was obtained by subtracting

from the initial dosed concentration the spectroscopically observed

concentration either of chlorine or of sulfur dioxide. In experiments

commencing with a chlorine-sulfur dioxide mixture, the equilibrium

sulfuryl chloride concentration was obtained as the differences between

dosed and observed chlorine or sulfur dioxide concentration. This

procedure resulted in two sulfuryl chloride concentrations which were

averaged to get the value in the calculation of Keq. The actual

calculation is expressed in terms of the following equilibrium

SO CI SO + C1
2 2 catalyst 2 2

Keq [SO2 C12 ]

[SO2] [ciz

(42)

(43)

In addition to the trials described above, other trials, where no

charcoal was incorporated as catalyst, were conducted starting with



87

the sulfur dioxide-chlorine mixture in order to demonstrate that no

sulfuryl chloride was formed. This was in fact the experimental

observation for these trials (Solutions 34 and 35). It had also been

observed earlier that, in the preparation of sulfuryl chloride solu-

tions in carbon tetrachloride where no catalyst had been added, no

absorbance was observed to appear that could be attributed to either

sulfur dioxide or chlorine. These two observations then substantiate

the report (34) that a catalyst is required to produce an equilibrium

mixture and also that the charcoal, in this case, functions as the

catalyst.

The experimental values reported in Table 13 show a relatively

small standard deviation when one considers the experimental proce-

dure, which required removal of the cell from the cell-receiver prior

to recording the spectrum of each of the solutions. Therefore, the

experimental values were averaged at each of the three temperatures,

10o, 20o and 30 oC and the resulting average values employed in

calculating the thermodynamic properties reported below. The

thermodynamic values calculated from the Keq averages should be

reasonably good estimates of the true values for the equilibrium in

carbon tetrachloride solution.

2. Thermodynamic parameters

From the data in the preceding section a plot of log Keq vs. 1 /T



88

(shown in Figure 10) was prepared. From the slope of this plot a

value for A H° of 16.1 ± 1.1 Kcal/mole was obtained. A figure for

A Go
298

was also obtained from these data on the basis of a value for

Keq read off the Figure 10 plot at 298 o
K. This figure was incorporated

into Equation (5) to give a value for AG
298

of 4.1 ± 1.0 Kcal/mole.

This value of AG
298

was then combined with the previously obtained

value for A H o in order to deduce a AS298 value of 40 ± 5 e. u.

A comparison of these experimental thermodynamic parameters

with those calculated from literature data for the idealized system,

solvent effects being ignored, will be considered in the Discussion

section. A comparison of the values for the charcoal catalysis with

the thermodynamic values obtained for the acetonitrile catalysis,

which are reported in the next section, along with those obtained in the

crown ether study, to be examined shortly, are also considered in the

Discussion section.

E. Acetonitrile Catalyzed Kinetics and Equilibrium
for Sulfuryl Chloride Decomposition

1. Data and calculations

Early observations in the present research had shown that

sulfuryl chloride tended to dissociate in acetonitrile solution and

that, in carbon tetrachloride solution, acetonitrile served to catalyze

the dissociation. The study of this latter process then became one of
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Figure 10. Equilibrium constants for the charcoal catalyzed
decomposition of sulfuryl chloride plotted vs 1/T.
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the major objects of the present work, the hope being to obtain

sufficient rate and equilibrium data to be able to give a mechanistic

interpretation of the catalysis process.

The preceding sections have dealt with the ground work which

was necessary in order to carry out and interpret the work, covered

in this section. The experiments done consisted of spectrophotomet-

ric observations of the rate of dissociation of sulfuryl chloride in

carbon tetrachloride solution at varying acetonitrile concentrations,

the reaction being monitored at one particular wavelength. The

reactions involved have been given in Equations (12a) and (42). On the

basis of these equations the sulfuryl chloride concentration as a

function of time was calculated from the absorbance data obtained.

This was possible from a knowledge of the initial sulfuryl chloride

concentration and the assumption that all the sulfur dioxide (and

chlorine) comes from one source, the sulfuryl chloride. Therefore,

the amount of sulfuryl chloride at any time was calculated by sub-

traction of the total sulfur dioxide concentration from the initial

sulfuryl chloride concentration.

The method employed to calculate the total sulfur dioxide

concentration, here referred to, took into consideration that there

were three species absorbing at 280 nm, the wavelength at which

absorbance values were recorded. The three species were sulfur

dioxide, the sulfur dioxide-acetonitrile complex and chlorine
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(acetonitrile does not absorb at 280 nm). The amount of sulfur dioxide

of both forms was then calculated from the observed absorbance at

280 nm via the relations

a280 a50
2

+ aS02°CH3
CN aC1

2

and

(44)

a = E C = 1.00) (45)

where C is the concentration of the absorbing species, e is the

extinction coefficient of the species at the wavelength of interest and

the cell path length, is unity. Equation (44) then becomes

x280280 SO2
C

SO2
+e SO2 CH

3
CN

c S02. CH
3

CN

+ E Cl C Cl
2 2

As pointed out earlier both the chlorine and the sulfur dioxide come

from the sulfuryl chloride. Therefore

C
C12

= CS
C)2

+ C
CH

3
CN

The complexed and uncomplexed sulfur dioxide concentrations are

related through the equilibrium constant for the complex

KS
(CSO2)(CCH3CN)

c
SO

2
CH

3
CN

In Equation (48) the free acetonitrile concentration, CCH3CN, was

taken as equal to the dosed value, since this quantity was always

(46)

(47)

(48)



present in large excess over sulfur dioxide and hence any possible

complex concentration. On the other hand, it is to be noted that

complexed sulfur dioxide normally greatly exceeded free sulfur

dioxide. Equation (48) when rewritten gives

Ks x C502 x CCH3CN = CSO °CH
3

CN

Substitution of (47) and (49) into (46) results in the equation

a280
E C

SO SO
Z

+ c
CH

3
CN Ks

C
SO

Z

C
CH

3
CN

E Cl
z

[c
SO

Z

(KsCSO2CCH3CN)1

This may be rewritten to give

C = a
/ {E

+ E
S02 280 S02° CH

3
CN

K
s

C CH
3

CN

Cl2(1 + Ks CC CN )
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(49)

(50)

(51)

In Equation (51) all the parameters on the right are experimentally

determined quantities.

The concentration of free sulfur dioxide obtained from Equation

(51) was used with the previously determined formation constant, Ks,

and the acetonitrile concentration, calculated from the quantity of

acetonitrile dosed and the total solvent volume, to determine the

complexed sulfur dioxide concentration by use of Equation (49). These

two values, free sulfur dioxide and complexed sulfur dioxide, were

added together to obtain the total sulfur dioxide. The total sulfur
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dioxide was then subtracted from the initial sulfuryl chloride concen-

tration, designated A
o,

to get the sulfuryl chloride concentration at

any time, A.

The sulfuryl chloride concentrations obtained in this manner

were then employed to calculate specific rate constants. It was

assumed that we could treat the present system as a reversible

reaction of the form
kl

A B + C
kr

A derivation of the integrated kinetic expression applicable to this

standard system is to be found, for example, in Frost and Pearson

(pp. 186-87, ref. 12b). Here A is sulfuryl chloride concentration,

B is the total sulfur dioxide and C is the chlorine concentration.

The integrated expression is

(52)

A +A

to (53t
A2

o
- A t Ae -

k
1

(
A

o
- Ae

g Ao (At- A e) 2.303 )

A
o,

At and A
e

are, respectively, A values at zero time, measure-

ment time and at equilibrium. The derivation of the expression

involves the assumption that Bo = Co 0, a valid one since the kinetics

was always studied starting with pure sulfuryl chloride (although an

exploratory run, kRev in Table 15, was also done to show that the

reverse reaction came to the same equilibrium). A further important
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assumption has also been made in the derivation of Equation (53),

namely that the total sulfur dioxide concentration, CSOztotal, is

approximately the same as the complexed sulfur dioxide concentra-

tion. While this is a somewhat rough approximation (complexed is

calculated as about 80-90% of total) its use for the sake of simplifica-

tion of data treatment has seemed justified in view of the rather

approximate character of the data obtainable.

For each experiment, specific rate constants, k
1,

were

obtained from semi-log plots of the quantity

A2 - A A
o t e

Ao(At - Ae)

in Equation (53) versus time. A sample plot (for Experiment kLIX)

is shown in Figure 11 and the calculations on which it is based are

outlined below, with pertinent data tabulated in Table 14. In most

runs the semi-log plots gave reasonably good straight lines as

expected. In some cases (as may be seen from Table 15), a small

adjustment (never more than 5%) was made in the Ae
values in order

to eliminate curvature in the plots. The slope, S, of any plot was

then equal to
A +A

S = k
1

(A
-

Ae) / 2,303
o e

(54)

which could be used to obtain a value for k
1

from the rearranged form

Ao A

k
1

= S(2. 303) (A° + A
e)

e
(55)
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Sample calculation

The following is a sample calculation using kinetics trial kLIX.

The data required is as follows (see Fig. 9 and Tables 7, 8, 12 and

15).

C
CH3CN

=3.10 Ao=6. 15 x 10-3 M T=30
oC

ESO2-CH3
CN

482

Ks=2. 60 A2=3.78 x 10-5 M2 E =258 e Cl =11
2 2

a2,80c
SO2 [258 +(2. 60)(3. 10)(482) + (11)(1 +(2.60)(3.10))]

a280-
SO2 (258 + 3885 + 100)

For the first line in Table 14, for example

a280 .190
C = 4.478 x 10-5

(4.243 x 103 4.243 x 10-1-2

This equation was thus used to calculate the free sulfur dioxide

concentrations in Column 3 of Table 14 from the experimental

absorbances in Column 2. These values were in turn used as

follows to calculate complexed and thus total sulfur dioxide, as given

in Column 4 (still using Line 1 as an example)

(4. 478 x 105)(2.60)(3.10) = 3.609 x 104 = C S02CH3CN

[SO ] = 3.609 x 10-4 + .4478 x 10-4 = 4.057 x 10-4
2 total

Next sulfuryl chloride concentration at the given time
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- [SO ] = 6.15 x 10-3 - .4057 x 103 =5.744 x 103 = AA
o 2 total t

Now the quantity needed for the semi-log plot was calculated. The

intermediate values together with the final quantity appear in Columns

6 through 10 of Table 14. The value of A
e

used was obtained experi-

mentally for each run on the basis of observations of absorbances

after sufficient time so that they were found to remain unchanged over

a period of hours. These values are given in Table 15, or for

Experiment kLIX, in the final line of Table 14 (Column 5).

(A
t
)(Ae) = (5. 744 x 103)(3.869 x 10-3) = 2.223 x 10-5 = Q1

At - A
e

= 5.744x 103 - 3.869 x 103 = 1.875 x 10-3 = Qz

A
o

2 - Q1 = 3.78 x 10-5 - 2.223 x 10-5 = 1.56 x 105 = Q3

A
o

Q2 = (6.15 x 10-3)(1.875 x 10-3) = 1.153 x 10-5 = Q4

2
A

o
- At A

e Q3
1.35

Ao (A t-A e) Q4

The above procedure was carried out at each time interval (each line

of Table 14) and the resulting values from the last column were plotted

vs. time on semi-log paper. Figure 11 is typical of the plots obtained

in this manner. The slope, S, was then read off this plot

S - Log 1.50 - Log 4.00 .1761 - .6021
2.5 - 10.0 -7.5

-.420
S = - 5.68 x 10-2 min-1-75
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Table 14. Sample calculation data (kLIX).

l 2

t`r aa280

min

3

Free

[SO2]

x 10
4

4

Total

[SO2]

x 10
3

5 6 7 8

A
t

Q
1 Q2

Q3
2

[S02C12] AtAg
At

183e Ao- Q1

x 10
3

x 10 x 10 x 10

9

Q4

A0Q2

x 10
5

10

Q
3/Q4

1.5 .190 0.4478 0.4057 5.744 2.223 1.875 1,56 1.153 1.35

2.5 .250 0.5883 0.5330 5.617 2 173 1.748 1.61 1.075 1.50

3 .275 0.6472 0.5863 5.564 2.153 1.695 1.63 1.042 1.56

4 .345 0.8119 0.7356 5.414 2.095 1.545 1.69 0.950 1.78

5 .415 0.9766 0.8848 5.265 2.037 1.396 1.75 0.859 2.03

6 .485 1.141 1.034 5.116 1.979 1.247 1.80 0.767 2.35

7 .550 1.294 1.173 4.977 1.926 1.108 1.86 0.681 2.73

8 .605 1.424 1.290 4.860 1.880 0.991 1.90 0.609 3.12

9 .665 1.565 1.418 4.732 1.831 0.863 1.95 0.531 3.67

10 .710 1.671 1.514 4.636 1.794 0.767 1.99 0.472 4.21

11 .750 1.765 1.599 4.551 1.761 0.682 2.02 0.419 4.82

12 .785 1.847 1.673 4.477 1.732 0.608 2.05 0.374 5.48

13 .810 1.906 1.727 4.423 1.711 0.554 2.07 0.341 6.07

14 .840 1.977 1.791 4.359 1.686 0.490 2.10 0.301 6.96

15 .865 2.036 1.844 4.306 1.666 0.437 2.12 0.269 7.87

16 .885 2.083 1.887 4.263 1.649 0.394 2.13 0.242 8.81

17 .905 2.130 1.930 4.220 1.633 0.351 2,15 0.216 9.95

18 .915 2.153 1.951 4.199 1.625 0.330 2.16 0.203 10.6

20 .935 2.200 1.993 4.157 1.608 0.288 2.17 0.177 12.3

25 .985 2.318 2.100 4.050 1.567 0.181 2.22 0.111 20.0

... 1.070 2.518 2.281 3.869

(a Time of mixing as described in the Experimental section was
taken as t = 0 min.
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Figure 11. Plot of sample calculation results (kinetics run kLIX).
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From the slope the rate constants were calculated

k 5.68 x 10-2(2.303)
(6. 15 x 103 - 3.869 x 10 )

1 (6.15 x 10-3 + 3.869 x 10-3)

k
1

= 5.68 x 10 2(2. 303) (2.28 x 10-1)

k
1

= 2.98 x 102 min-1 = 4.96 x 10-4 sec-1

The required concentration data for each of the first order

kinetics runs carried out in the manner described above are reported

in Table 15. Also reported in Table 15 are the final experimental

equilibrium absorbance values, the calculated total equilibrium sulfur

dioxide concentrations, the calculated equilibrium sulfuryl chloride

concentrations, and the final calculated rate constants, ki.

In addition to the trials starting from the sulfuryl chloride side

one additional trial was carried out starting with a mixture of sulfur

dioxide and chlorine in order to demonstrate that the acetonitrile

catalyst produced the same equilibrium position from either starting

materials, sulfuryl chloride or alternatively, the chlorine-sulfur

dioxide mixture. Such indeed was the experimental observations in

Experiment kRev (at 20°) which is listed as the last entry in Table 15.

2. Results

The rate constants obtained in the manner described above are



Table 15. Kinetics and equilibrium data for the acetonitrile catalyzed decomposition of sulfuryl
chloride.

Temp., solution
o
C number

solution 10
5

x 10
3
x

volume, moles moles

ml SO
2
Cl

2
CH

3
CN

10
3

x

[SO2C12],

M

Total True Adj. 10
5

x 10
4
x

[CH3CN], [SO
2 '

] [SO
2
Cl

2
]

'

[S02 Cl
2

]

'

k K
e1

-1
M

aa) M M M sec M
e

20 kXXII 5.37 4.848 10.81 9.01 2.01 .991 2.21 6.94 6.80 0.732 7.18

kXXIII 5.42 6.867 10.96 12.67 2.02 1.264 3.07 10.0 9.60 0.270 9,82

kXXIV 5.35 3.647 10.81 6.82 2.02 .831 1.73 5.09 5.09 0.163 5.88

kXLV 5.44 3.661 10.42 6.73 1.92 .870 1.54 5.19 5.19 0.782 4.57

kXLVI 5.51 3.658 11.76 6.64 2.13 1.090 1.94 4.66 4.70 0.613 8.85

kXLVII 5.48 3.672 11.19 6.70 2.04 .990 1.77 4.93 4.93 2.45 6.35

kXLVIII 5.47 3.685 10.81 6.74 1.98 .965 1.72 5.02 5.02 1.80 5.89

kXVI 5.63 3.664 15.09 6.51 2.68 .885 1.71 4.69 4.80 8.42 6.09

kXX 5.69 4.890 15.09 8.59 2.65 1.124 2.09 6.29 6.50 8.83 6.72

kXXI 5.59 6.898 15.00 12.34 2.68 1.407 2.89 9.43 9.43 13.0 8.86

kXXXVII 5.68 3.674 15,00 6.46 2.64 .903 1.85 4.61 4.65 14.4 7.42

kXXXVIII 5.70 3.675 15.36 6.44 2.69 .947 1.94 4.50 4.50 15.5 8.36

kXXXIX 5.68 3.666 15.00 6.44 2.64 .902 1.85 4,59 4.65 17.5 7.46

kXL 5.68 3.665 14.96 6.44 2.63 .885 1.82 4.62 4.62 11.6 7.17



Table 15. Continued.

Temp., solution
o
C number

solution 10
5

x 10
3
x

volume moles moles

ml SO
2
Cl

2
CH

3
CN

10
3

x Total True Adj. 10
5

x 10
4

x
[SO2C12], [CH3CN], [SO2], [SO2C12], [SO2C12], k1, Ke,

M M
aa)

sec
-1

20

30

kXIX

kXXV

kXXVI

kXXXI

kXLI

kXLII

kXLIII

kXLIV

kLV

kLVII

kLIII

kLIV

kLVIII

kLIX

5.80

5.90

5.90

5.89

6.00

5.95

6.00

5.98

5.53

5.56

5.74

5.76

5.97

5.92

3.685

4.871

6.908

3.668

3,658

3.666

3.657

3.663

3.641

3.673

3.665

3.674

3.655

3.642

18.98

19.99

19.94

19.13

20.83

20.28

20.83

20.47

11.15

11.35

14.77

15.34

19.10

18.35

6.35

8.26

11.71

6.23

6.10

6.16

6.10

6.13

6.58

6.61

6.39

6.38

6.12

6,15

3.27

3.39

3.38

3.25

3.47

3.41

3.47

3.42

2.02

2.04

2.57

2.66

3.20

3.10

.987

1.270

1.480

.958

.863

.920

.920

.925

.900

1.005

1.025

1.095

1.060

1.070

1.77

2.58

3.00

1.95

1.75

1.87

1.87

1.88

1.97

2.19

2.21

2.35

2.26

2.28

4.34

5.68

8.71

4.28

4.35

4.29

4.24

4.25

4.61

4.42

4,18

4.03

3.86

3.87

4.58

5.68

8.71

4.28

4.35

4.29

4.24

4.25

4.61

4.42

4.18

4.03

3.86

3.87

27.7

101.

93.2

69.3

38.2

37.5

62.8

48,2

2.42

4.05

5.85

2,97

50.8

49.7

6.84

11.7

10.3

8.88

7.04

8.15

8.25

8,32

8.42

10.9

11.7

13.7

13.2

13.4



Table 15. Continued.

Temp., solution
°C number

solution 10
5

x 10
3

x

volume, moles moles

ml SO
2
Cl

2
CH

3
CN

10
3

x

[SO2C12],

M

Total True Adj. 10
5

x 10
4

x

[CH3CN], [SO
2
], [SO

2
C12 ], [SO

2
C12 ], k

1
, K

e'

M
aa)

sec
-1

M M M M
e

10 kLXIV 5.39 3.568 11.14 6.62 2.07
d)

kLXII 5.62 3.669 14.74 6.53 2.62 .685 1.33 5.20 5.20 5.10 3.40

kLXIII 5.61 3.651 14.15 6.51 2.52 .680 1.32 5.19 5.19 4.78 3.36

kLX 5.79 3.650 18.40 6.30 3.18 .740 1.43 4.87 4.87 1.80 4.20

kLXI 5.86 3.676 19.55 6.27 3.34 .905 1.74 4.53 4.53 10.4 6.68

20 kRev 5.63 3.50
b)

15.20 6.22
c)

2.70 .845 1.73 4.49 6.67

a) Equilibrium absorbance value at infinite time, X = 280 nm.

b) Reverse reaction. Average of the number of moles of sulfur dioxide and chlorine dosed.

c) Concentration of sulfur dioxide and chlorine based on average number of moles dosed.

d) No observable production of sulfur dioxide was evidenced in this trial over 72 hours.
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recorded in Table 15. In addition to these rate constants it was also

possible from the experimentally determined equilibrium concentra-

tions to obtain values of Keq
for the system described by Equations ( 42)

and (43). These values of Keq are also reported in Table 15 (last

column).

The majority of the experiments were carried out at 20°C and

starting from the sulfuryl chloride side in order to characterize the

reaction as completely as possible, the one reverse trial being used

only to demonstrate that achievement of the same equilibrium position

was possible from both reaction directions. The range of acetonitrile

concentrations covered in this study was limited by one's ability to

measure the rate of change of the absorbance and also the rate of

attack of the solvent on the stopcock grease and wax used to seal the

cell- receiver.

The desired end result of the kinetics study was to develop, from

the rate dependence of each of the components, a mechanism that

describes the acetonitrile catalyzed decomposition of sulfuryl

chloride. The data obtained were employed in a calculation method

that assumed a standard reversible mechanism as described by

Equation (52). Semi-log plots were obtained in the manner described

earlier thus providing the pseudo-first order rate constants from

their slope, the high acetonitrile concentration being constant in

comparison to the sulfuryl chloride concentration. These plots were
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generally linear which indicated that the model chosen was a fairly

accurate description of the true mechanism. There was in a small

number of trials a slight curvature which was removed by small

adjustments in the values of Ae,
the experimental equilibrium sulfuryl

chloride concentration. This curvature could be a possible indication

of deviation from the mechanism described by Equation (52). The

question of possible deviation is complicated, however, by the

accuracy of the data obtained in this study and therefore no correction

to the mechanism seemed feasible. In this manner, therefore, the

first order dependence of the rate on the sulfuryl chloride concentra-

tion seemed reasonably well established.

The next point to consider is the rate dependence on the

acetonitrile concentration. As mentioned earlier, a high concentra-

tion of acetonitrile was required in order to achieve a measurable

rate of reaction. This feature was associated with the rapid change in

rate for the decomposition with acetonitrile concentration as can be

seen from the following summary table

[CH CH]
3 av

105 x kl av, sec-1

M 10°C 20°C 30°C

2.0 'i0 0.97 ± 0.84 3.24 ± 1.15

2.6 4.94 ± 0.23 12.75 ± 3.38 4.41 ± 2.04

3.4 6.10 ± 6.15 59.7 ± 26.8 50.3 ± 0.78

(Continued on next page)



105

[ C H3 CN] av
104x K , Meq av

M 10°C 20°C 30°C

2.0 - 6,55 ± 1.64 9.66 ± 1.75

2.6 3.38 ± 0.03 7.44 ± 0.94 12.7 ± 1.41

3.4 5.44 ± 1.75 8.69 ± 1.62 13.3 ± 0.14

The actual apparent reaction order with respect to acetonitrile was

obtained from a log-log plot of the 20° rates vs. acetonitrile concen-

tration as shown in Figure 12. A reaction order value of approxi-

mately 8 was obtained in this manner. This is much larger than a

reasonable kinetic effect, indicating other factors that involve the

acetonitrile are playing a significant role in determining the actual

rate. The interpretation of these observations of the effect of

acetonitrile concentration on the experimental rate and how this

applies to the actual mechanism will be considered further in the

Discussion section.

In addition to the rate constants obtained, values for the

equilibrium constant for the system

[so2 total}[Cl]
2

SO2 C12 SO2 + Cl2 K =

catalyst total [ SO2 C12
(56)

were also obtained as shown in the above tabulation. These values can

be compared to those obtained in the charcoal catalyzed study by

considering the following equilibrium for the charcoal catalyzed

process
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10
s
x k1,

sec
-1

1 2 3 6 8 10

[CH
3
CN]

'

M

Figure 12. Acetonitrile catalyzed sulfuryl chloride decomposition rate
vs. acetonitrile concentration (20 ).



SO
2

C12 -charcoal
SO2 + C12

[S02] [C12]

eq [SO2 C12]

and the equilibrium for the sulfur dioxide-acetonitrile complex

SO2 + CH
3

CN SO2 CH
3

CN

[SO CH3CN]
K r

21r 3

s S021 [CH3CN]

If the equilibrium constant for an individual trial is divided by the

acetonitrile concentration we obtain

[SO2 total] [C12]
KM [CH

3
CN][S0

2CI 2]

If, further, we use the relation (an assumption discussed earlier)

[SO
2

CH
3

CN] [SO2 total]

the resulting value should compare directly to the product of

Equations (57) and (59)

[C12] [ SOz CH3CN]
K Keq s [CH3CN] [SO

2
C12]

107

(57)

(58)

(59)

(60)

(61)

(62)

Taking the average value for the 2.6 M acetonitrile trials (at 20°) of

7. 44 x 104 M and dividing by 2.6, the value of [CH
3

CN] , one

obtains an equilibrium constant value for Equation (60) of 2.86 x l0-4.

The product of values at 20°C for (57) (average Keg is 9.35 x 104 M)

and (59) (2.76 M-1) is 2.58 x 103. It can be seen from these figures

that the two values do not compare very well, differing by approximately
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an order of magnitude. Several factors have, however, been

ignored in making this comparison. First of all the charcoal catalysis

was carried out using pure carbon tetrachloride as the solvent where-

as the acetonitrile catalysis, in truth, was done in a mixed solvent,

90 to 80% carbon tetrachloride, 10 to 20% acetonitrile by volume.

Also ignored has been any possibility of an acetonitrile-sulfuryl

chloride complex being formed. Such an occurrence would cause the

two equilibrium constant values to be more nearly comparable by

requiring the inclusion of an additional term which favors the left side

of Equation (60). These factors and how they affect the consideration

of mechanism and equilibrium position are examined further in the

Discussion section.

3. Activation and thermodynamic parameters

In order to obtain meaningful values for the activation and

thermodynamic parameters, it seemed expedient to apply some kind

of averaging procedure to the rather badly scattering data. With

regard to the activation parameters, first of all, one can make use of

the empirical rate law implicit in the discussion of the previous

section, viz.

Rate = k [S02C12] [CH3CN 8 (63)

Thus what one might call more nearly "true" rate constants, k, may



be obtained from the previously recorded pseudo-first order con-

stants, k1, on the basis of the relationship

which gives

Rate = k 1[502 C12 ]

k k [CH
3

CN
8

1

Thus these "true" rate constants were obtained by dividing the

observed k
1

values by their acetonitrile concentration raised to the

eighth power. The values obtained in this manner are as follows

109

(64)

(65)

[CH
3

CN

M

108 x k, sec -1

100 20° 0o3

2.0 - 3.79 i 3.28 12.66 ± 4.49

2.6 2.37 ±0.11 6.11 ± 1.62 2.11 ±0,98

3.4 0.34 ± 0.34 3.34 ± 1.50 2.82 ± 0.04

Av. 1.36 ± 0.18 4.41 ± 1.32 5.86 ± 1.53

The line designated av, contains the averages of the figures for each

acetonitrile concentration, and may be taken as the best approxima-

tion to our so-called "true" values,

These values of k were weighted according to the original

number of experimental determinations and a semi-log plot was con-

structed (Figure 13). From this plot the activation energy, Ea, the

log of the Arrhenius frequency factor, log A, and the entropy of

activation, (all at 298 oK) were obtained in the manner described
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8

x

k,

sec
-1

110

3.3 3.4 3.5

10
3
x 1/T,

o
K
-1
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previously. The values are, respectively, 11.7 ± 3.9 Kcal/mole,

1.26 ± 2, 90, and -54.7 ± 13. 1 e. u. It is to be noted that, while the

Ea value here obtained is quite valid, the units for the A value (sec-1

IVI-8) appear rather troublesome. Clearly we are not literally pro-

posing an eighth power reaction order with respect to acetonitrile.

Kinetically, this quantity remains obscure. Probably the best way

to regard these reported A (and AS ) figures is to realize that,

numerically, they very likely approximate the true values obtainable

in a one molar acetonitrile solution, and hence apply whether, in fact,

the reaction is zero, first-order, or what you will, in acetonitrile.

A further interesting point to note is the very low value of the frequency

factor, a feature that, of course, correlates with the large negative

activation entropy. These points, together with the general relation-

ship of the values to the mechanistic description of the reaction, are

considered further in the Discussion section.

The thermodynamic parameters were calculated for the system

by considering the Kobs values to be dependent on the acetonitrile

concentration as dicsussed in the previous section, Equation (60).

Therefore, they were divided by the acetonitrile concentration to get

the "true" K for the system. The values so obtained together with

their average at each temperature are as follows.
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[CH
3

CI\T]

M

104 x K

100 20° 30°

2. 0 - 3.27 ± 0.82 4.83 ± 0.88

2.6 1.30 ±0.01 2.86 ± 0.36 4.88 ±0.54

3.4 1.60 ± O. 51 2.56 ± 0.48 3.91 ± 0.04

Av. 1. 45 ± 0.26 2. 90 ± 0.34 4. 54 ± 0.34

The average K at each temperature, weighted according to the original

number of experimental observations, was plotted as log K versus 1/T

(Figure 14). From this plot the thermodynamic parameters enthalpy,

AHo, standard free energy, AG298, and entropy, AS298, were

obtained in the manner described previously. The results were,

respectively, 9.54 71_ 1.63 Kcal/mole, 4.69 ± 0.06 Kcal/mole and

16.3 ± 5.5 e. u. The relationship of these parameters to the

equilibrium and the mechanistic description is considered in the

Discussion section.

F. Crown Ether Catalyzed Decomposition
of Sulfuryl Chloride

1. Preliminary

In the present research, the initial interest in crown ethers

arose because of the hope that such a substance might sufficiently

increase the solubility of an ionic chloride, such as potassium

chloride, in the solvent here used, carbon tetrachloride, so that
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chloride ion might be studied as a catalyst for the decomposition of

sulfuryl chloride. It was soon found, however, that the crown ether

used, 1, 4, 7, 10, 13, 16-hexaoxacyclooctadecane, had, itself, a cataly-

tic effect on the decomposition reaction. Hence it became necessary

to do a preliminary study of this process before chloride ion work

could be attempted. It was felt that quite possibly the crown ether

catalysis was related to the ether oxygens functioning as electron

donors towards the sulfuryl chloride. This fact, if so, would be

important relative to consideration of possible mechanisms for the

catalyzed decomposition process. The study was not, however,

carried out in great detail, and hence the interpretation of the results,

considered later, must be recognized as being somewhat tentative.

The general experimental technique and data handling were

similar to those described for the acetonitrile catalyzed study with

the exception that the absorbances observed (system monitored at

290 nm) were considered to come from only the free sulfur dioxide

formed. This amounts to making two assumptions. The first is that

the chlorine contribution to the absorbance can be neglected (the ratio

of extinction coefficients is on the order of 1:15, chlorine to sulfur

dioxide, at this wavelength). The second assumption is to ignore any

possible complex formed between the sulfur dioxide and crown ether.

The latter was demonstrated probably to be somewhat unreasonable by

the appearance of an additional absorbance band at 280 nm in the final
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kinetics trial. However, in spite of the appearance of this band at

280 nm, the method of calculation described was retained since there

were no data obtained to establish the existence and strength of such

a possible complex.

2. Data and calculations

The concentration of sulfur dioxide formed was obtained by

dividing the absorbance at 290 nm by the sulfur dioxide extinction

coefficient in carbon tetrachloride solution at that wavelength. This

sulfur dioxide concentration value was then subtracted from the initial

dosed sulfuryl chloride concentration, reported in Table 16, to obtain

values for the sulfuryl chloride concentration at any time t. Table 16

also records for each run the dosed crown ether concentration and the

equilibrium values of sulfur dioxide concentration, sulfuryl chloride

concentration, and absorbance at 290 nm. From this point in the

calculations, the method becomes identical to that for the acetonitrile

catalysis with the quantity

A2 - A A
o t e

Ao (At- A e)

being calculated and plotted on semi-log paper versus time of meas-

urement. The plots obtained in this manner were, in spite of the

assumptions mentioned earlier, all closely linear. The results of

these plots are considered in the next section.



Table 16. Kinetics and equilibrium data for the crown ether catalyzed decomposition of sulfuryl
chloride.

Temp., Solution
number

Solvent
volume,

ml

10
4

x
[Crown],

M

10
5

x

Moles

S02 C12

10
3

x 10
3
x 10

3
x

[SO2C12]0,[SO2C12]e,[502]e, a
e

10
5
x

k,

sec
-1

10
4

x
K
eq

,

10 21 4.85 1.219 3.634 7.49 5.78 1.71 .520 2.75 5.06

19 4.91 2.407 3.659 7.45 5.86 1.59 .485 19.5 4.35

20 4.90 2.412 3.631 7.41 5.82 1.59 .485 14.7 4.37

22 4.90 4.824 3.644 7.44 5.71 1.73 .525 11.8 5.22

20 7 4.98 2.373 3.677 7.38 5.25 2.13 .645 1.90 8.66

8 4.97 2.378 3.662 7.37 5.21 2.16 .655 1.72 9.01

6 4.98 4.747 3.683 7.40 5.25 2.15 .650 6.15 8.79

30 17 5.02 1.177 3.648 7.27 4.52 2.75 .820 91.3 16.7

18 5.02 2.355 3.644 7.26 4.64 2.62 .780 268. 14.8

16 4.97 2.378 3.644 7.33 4.88 2.45 .730 207. 12.3
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3. Results

From the slope of each of the plots obtained in the above manner

a first order rate constant was obtained. Unlike the acetonitrile case,

large concentrations of crown ether were not required. In fact, the

crown ether concentrations were only 2-6% of the initial sulfuryl

chloride concentrations employed (the sulfuryl chloride concentrations

were of the same magnitude as for the acetonitrile catalyzed experi-

ments, as indicated in Table 16). In addition to these rate constants

the experimental equilibrium constant for the sulfuryl chloride dis-

sociation (Equation (42)) was also calculated for each trial and is

reported in Table 16.

As in the case of the acetonitrile catalysis, the linearity of the

semi-log plots from which the rate was determined indicates a first

order dependence on the sulfuryl chloride concentration. The rate

dependence of the other component, crown ether, can be obtained by

examination of the kinetics trials. However, since so few pieces of

information are available, due to the small number of kinetics runs

carried out, this assessment must be recognized as somewhat tenta-

tive. It appears, with some considerable degree of uncertainty, that

there is also a simple first order dependence on the crown ether

concentration. The change in rate is very roughly proportional to the

change in crown ether concentration. A more complete study is
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required if more than an approximate estimate of the rate law is to

be developed. Since the rate is roughly first order in each component

the assumption, with reservations, will be made that the rate law is as

follows

Rate = k [SO2C12] [crown ether (66)

From this rate law and the pseudo-first order rate constants tabulated

in Table 16, the apparent second order rate constants were obtained.

These values, along with their respective temperatures and crown

ether concentrations, are as follows.

Temp
oc

104 x crown, 105 x k

sec 1

1
M-1 x k2

sec-1

10 1.219 2.75 0.226
2.407 19.5 0.810
2.412 14.7 0.609
4.824 11.8 0.245

20 2.373 1.90 0.080
2.378 1.72 0.072
4.747 6.15 0.130

30 1.177 91.3 7.76
2.355 268 11.38
2.378 207 8.70

Examination of these values reveals a considerable discrepancy in the

values at 20°C, which seem low relative to the other trials. These

runs were carried out in the earlier portion of this investigation as

opposed to the 10o and 30o trials which were the last experiments

done. On this basis, we feel that considerable doubt is probably in
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order as to the quantitative validity of the 20°C trials. The other

experiments show a good deal of scatter, but do seem to be moderately

consistent with the rate law as proposed.

The equilibrium constants obtained in these experiments are

also of interest. It is probably reasonable to assume that the same

considerations that apply in affecting the acetonitrile catalyzed

equilibrium apply to the crown ether catalyzed case as well. The

crown ether work though was done in pure carbon tetrachloride and

fromthis standpoint the solvent effects are not present and therefore

it should be feasible to compare the values observed to those seen in

the charcoal catalyzed case. Also, with the small quantities of crown

ether used, any possible crown ether-sulfur dioxide complex will not

play a significant role in shifting the equilibrium toward the sulfur

dioxide-chlorine side. The actual comparisons and conclusions drawn

from them are contained in the Discussion section,

4. Activation and thermodynamic parameters

Tentative activation parameters have been evaluated from the

calculated second order rate "constants" by employing the average

values at 10o and 30 °C. The value at 20 °C was not used because of

its apparent lack of reliability as discussed in the previous section.

The activation energy, Ea, obtained as described previously was

25.7 Kcal/mole. The corresponding values of A and ,,S-are
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3.20 x 1019 M-1 sec-1 and -0.4 e. u. These figures must only be

considered as very approximate estimates of the actual values due to

the limited amount of data from which they are derived and the

observed scatter in that data. Further consideration of these values

will be postponed until the Discussion section,

Of interest is the behavior of the equilibrium constant over the

temperature range studied. A plot of Keq
against 1/T shown in

Figure 15 is linear with a small amount of scatter. A AH° of 9. 11

Kcal/mole was obtained from the slope of this plot. A value of Keq at

25°C was also obtained from this plot and subsequently used to cal-

culate a AG°
298

of 4.04 Kcal/mole. The enthalpy and free energy

were then combined to get a AS298 of 17 e. u. Comparison of these

values with those obtained for the other catalysts is considered in the

Discussion section.

5. The effect of potassium chloride and
potassium perchlorate on the
crown ether catalysis

As described earlier, a crown ether stock solution was shaken

with crystalline potassium chloride or crystalline potassium per-

chlorate and examined in the same manner as in the straight crown

ether catalyzed experiments. The question of interest in these experi-

ments was the effect of the salts on the observed rate of sulfuryl

chloride decomposition. For the sake of direct comparison, parallel
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experiments were done with three batches of a given crown ether

solution (not the same as previously used). One solution contained no

added salt, one was saturated with potassium chloride and one with

potassium perchlorate. All experiments were done at 20°C.

The observed effect for the potassium chloride appeared to be

a slight decrease in decomposition rate relative to the observations

with straight crown ether catalysis. This effect may be seen from the

following 20°C data.

Salt 104 x 103 x 103 x 103 x 105 xk
1

k
2 K

added crown SO2Clo
o

SO2 e SO 2C12 e -1 sec-1
eq =290

sec-1 M nm

None 2.416 7.56 2.12 5.44 14.1 0.58 8.22 .640

KC1 2.416 7.55 2.12 5.43 5.42 0.22 8.23 .640

KC10
4

2.417 7.55 0 7.55 0 0 .000 a

aAbsorbance observed at 72 hours.

The k
1

values here shown for the blank (no salt) and potassium

chloride solutions were obtained from good linear semi-log plots,

as before. The small rate decrease apparently found may or may not

be significant, of course, in view of the extent of data scatter pre-

viously seen, but it does appear suggestive. It may also be noted

that the present 20° blank seems approximately consistent with the 10°

and 30° experiments reported in the previous sections, but definitely

different from the previously reported 20° runs. Such an observation
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would seem to lend support to the earlier rejection of those runs in

the estimation of activation parameters for the catalyzed decomposi-

tion.

An additional sample of the same crown ether solution, shaken

with potassium chloride, was analyzed as described in the Experi-

mental section for trace amounts of chloride in solution. The method

of analysis would show a positive test by the appearance of a slight

silver chloride precipitate. The solution treated in the described

fashion was compared with a similar quantity of distilled water. This

comparison with a water blank should then give a reasonable basis

for determining the presence of chloride dissolved in the crown ether

solution. The results of the test gave an indication of possible

chloride in the crown ether solution and none in the distilled water

blank. The quantity of precipitate, formed immediately, was barely

discernible as a slight cloudiness in the solution. The observed

decrease in rate along with the observed traces of precipitate in the

silver nitrate test seems to be evidence for the possible formation of

a crown ether-potassium chloride complex which is soluble to some

extent in carbon tetrachloride. One assumes that such complex

formation would inhibit the crown ether catalysis, and that the added

chloride catalysis would fail to compensate for this effect.

The effect of shaking with potassium perchlorate was to inhibit

completely any catalysis over a 72 hour period. This effect can be
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seen by examination of the third entry in the previous table. This

observed deactivation could be caused either by precipitation of the

crown ether onto the potassium perchlorate solid, forming a crown

ether-potassium perchlorate complex, insoluble in carbon tetra-

chloride, or by formation of a tightly bound complex in solution. The

former, with the possibility of small particles being carried into and

adhering to the sides of the cell-receiver could explain the complete

deactivation of any solution of crown ether placed in that cell-

receiver.

This final area involving crown ether catalysis of the decomposi-

tion of sulfuryl chloride plus the effects of the two salts mentioned

should be studied in much greater depth, if concrete conclusions are

to be drawn. The work described, however, does appear to shed some

light on the picture of how the catalysts function towards sulfuryl

chloride. The relationship of the observations to the possible

mechanism of the catalytic decomposition of sulfuryl chloride is

discussed in the next section.
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IV. DISCUSSION

A. Preliminary

Contrary to the observations reported by Salama et al. (36) the

preliminary experiments carried out indicated that sulfuryl chloride

was unstable in acetonitrile. The addition of sulfuryl chloride to

acetonitrile instantaneously yielded a solution whose spectrum had an

absorbance maximum at 280 nm as shown in Figure 7. On the other

hand, sulfuryl chloride solutions prepared in carbon tetrachloride had

no such absorbance maximum, which agrees with the observations of

Hammond and Lake (15). When acetonitrile in small amounts,

approximately 10% by volume, was added to sulfufyl chloride solutions

in carbon tetrachloride the absorbance maximum was observed to

grow in with time. The actual position of the maximum absorbance,

however, was observed to be slightly dependent on the quantity of

acetonitrile used. This varied from close to the observed value for

sulfur dioxide in carbon tetrachloride (290 nm) for low acetonitrile

concentrations to close to the value observed in pure acetonitrile for

both sulfur dioxide and sulfuryl chloride (280 nm). It was also

observed that a shoulder at 330 nm grew in along with the absorbance

maximum.

The close correspondence of the maximum values discussed

above with those observed for sulfur dioxide in these two solvents led
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to the deduction that the sulfuryl chloride was decomposing to some

mixture that contained sulfur dioxide. The observed shift in the

absorbance maximum upon addition of more acetonitrile further

suggested the conclusion, identical with that reported in the literature

( 9 , 10, 45 and 46), that the sulfur dioxide produced then formed a

complex with the acetonitrile. It was also concluded that the shoulder

at 330 nm was from chlorine produced during the decomposition of the

sulfuryl chloride. As discussed in the Introduction, the decomposition

of sulfuryl chloride to sulfur dioxide and chlorine is a symmetry non-

allowed process (34), unless a catalyst is present. This fact, along

with the observation that the rate of appearance of the absorbance

maximum was dependent on the quantity of acetonitrile present, led

to the conclusion that this material was catalyzing the decomposition

of the sulfuryl chloride.

The sulfur dioxide-acetonitrile complex formation study which

arose out of the observed appearance, growth and shift in the band

maximum is discussed in the following section. There are also

sections of the Discussion that deal with the results of the activated

charcoal catalysis experiments, the crown ether catalysis experiments

and the central portion of this work, the acetonitrile catalysis.

B. Sulfur Dioxide-Acetonitrile Complex Formation

The results given in Section III C show a certain amount of
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scatter, but they do appear to demonstrate the definite formation of a

sulfur dioxide-acetonitrile complex. The small values of the forma-

tion constants indicate the complex to be very weak, a feature which

is reasonable if one considers the Lewis acid-base nature of the

process, where acetonitrile is a poor electron donor and therefore a

weak Lewis base, as compared, for example, to chloride ion--a point

pertinent to considerations to be presented shortly.

It is of some interest to compare our results for this complex

with those obtained by Dunken and Winde (10) in some related types

of studies. If we start with an "observed" formation constant, K , in

the present work of 2.84 (read from Figure 9), we may compare our

results with those obtained by Dunken and Winde for similar complexes

of sulfur dioxide with other polar species in non-polar solvents. They

employed the modified Benesi-Hildebrand method for evaluating their

data and therefore the results must be considered as somewhat

approximate. If their values in mole fraction are converted to units

of molarity, the formation constant obtained for the acetone-sulfur

dioxide complex (in carbon tetrachloride) for example is The

heats of formation that they obtained were also comparable to those

we observed. For example, for the acetone-sulfur dioxide complex

they reported a value of /..)-3. 4 Kcal/mole, which can be compared to

our value of -2.1 Kcal /mole for the acetonitrile- sulfur dioxide

complex. Furthermore, sulfur dioxide complexes with other species
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such as diethyl ether, n-butanol, 2-butanone, etc. (either in carbon

tetrachloride or n-octane as solvent) all gave roughly comparable

data. Thus the observations by Dunken and Winde of the strengths of

the complexes formed between sulfur dioxide and a variety of polar

molecules appear to be reasonably consistent with our present results

here reported.

As a further interesting comparison, the experimental forma-

tion constants, Ks, determined in the present study may be compared

to values estimated from the chloride ion, sulfur dioxide complex

formation studied which were done in acetonitrile and in liquid sulfur

dioxide. For the SO2 C1 formation constant in liquid sulfur dioxide

Burow (4 ) reported a value of 2000 ± 600 at 25°C, while for the same

process in acetonitrile, Woodhouse and Norris (47) found a constant

(at 25°) of 361 +- 6. From these figures one may estimate an expected

formation constant for the sulfur dioxide-acetonitrile complex in the

following manner.

For liquid sulfur dioxide solutions, one may write these

equilibria and associated equilibrium constant expressions:

SO2 + SO
2

(67)7--
Iso2. I

KB
1,5021rC1-1

KB = 2000 (from Burow)

(68)



For acetonitrile solutions, we would write

SO2 CH3CN + Cl SO
2

Cl + CH3CN

[SO CI] [CH
3

CN]
K [SO

2
CH3CN] [C11

Kw = (361) [CH3CN] (from W. and N.)

129

(69)

(70)

(71)

In these last expressions, sulfur dioxide in acetonitrile has been taken

to be completely complexed (as the 1:1 complex). Also cognizance

has been taken of the fact that the formation constants reported by

Woodhouse and Norris contained no term for the solvent acetonitrile

concentration.

If one adds Equilibrium (67) and the reverse of (69), and at the

same time divides Equation (68) by (70), one obtains the new expres-

sions

SO
2

+ CH3CN SO2* CH3CN

KB [S02° CH3CN]
Ks

Kw [SO2] [CH3CN]

Thus our estimated Ks is obtained:

2000 2000
Ks 0.293 M-1

(361) [CH
3

CN] (361) (18193)

where the molar concentration of CH
3
CN in the pure solvent at 250

has been used.

(72)

(73)

(74)
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From Figure 9 one may read an approximate "observed" value

for the formation constant, K , of 2.68 M-1 at 25°C. There is thus

an approximate order of magnitude difference between the observed

and estimated values. It is felt, however, that this represents

relatively good agreement. It must be remembered that we have

ignored any solvent effects from either the acetonitrile of the liquid

sulfur dioxide in making this comparison. In addition the experi-

mental value we have observed has a significant amount of error, due,

as discussed earlier, to the difficulties encountered in obtaining the

experimental data. In any case it would seem that the comparison

here presented supports both the reality of the acetonitrile complex

and also Burow's proposition that the "true" formation constants for

sulfur dioxide-halide complexes are higher than those reported for

acetonitrile solution (36, 47) by a factor related to the solvent-sulfur

dioxide complex formation constant.

The question of solvent effects, just referred to, is an interest-

ing one and is examined further in the comparison of the equilibrium

positions for the sulfuryl chloride catalyzed decomposition by

activated charcoal in carbon tetrachloride and by acetonitrile in the

mixed solvent acetonitrile-carbon tetrachloride.
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C. Charcoal Catalyzed Equilibrium for the Sulfuryl Chloride,
Sulfur Dioxide, Chlorine System

In Section III D we have recorded experimental values for the

dissociation constant of sulfuryl chloride in carbon tetrachloride

solution, the values having been obtained by charcoal catalysis of

the approach to equilibrium. As may be seen from the 20° data in

Table 13, approximately the same apparent equilibrium constant is

obtained, whether equilibrium is approached from the pure sulfuryl

chloride side or from the side of a chlorine, sulfur dioxide mixture.

Hence we may conclude that the figures observed probably represent

fair approximations to the true values.

It is of some interest to compare the experimental constants to

values calculated from basic thermodynamic data. For this purpose

we will consider an ideal system at 25°. Thus we will neglect all

possible solvent effects. At this temperature our experimental

dissociation constant may be read from Figure 10 as approximately

9. 6 x 10-4 M. To proceed with the comparison, we may describe

the system in terms of the following cycle

K1
SO

2
CI

2
(g) SO

2
(g) + C12(g)----'-

K
5

K4
I K2

\/
K3

SO CI S + CI 2(sol'n)2 2 (sol'n) °2 (aoltn)

Here K4 is the constant of interest and may be evaluated using the
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following vapor pressure and free energies of formation at 25°C for

the species involved.

Vapor pressure at to G298 of formation,

Species 25oC, atm Kcal/mole

SO2 (I) 4.23a
b-71.79

SO2 (g)

Cl
2

(i)

C12 (g)

SO
2

C12 (E)

SO
2
C12 (g) -74e

aA Go (1 ---> g) = 6, 400 - 24.33 T = -RT 1N P (ref. 24b)

5. 74c

0

.1850d -75
b

b Tabulated in reference (39b)

cG° (I g) = 6,330 + 18.4 T Log T - 70.23 T = -RT ln P
(ref. 24a)

d
A Go ( g) = 7, 760 - 22.67 T = -RT In P (ref. 24b)

e
A Go for gaseous SO2C12 obtained by addition of IGf298 (b)

and G°Vap 298 (d) for the liquid.

From the preceding we get

SO2C12(g) SO2(g) + C12(g)

A G° = AGF products - AGF reactants

AGo = -RT In K
1

In K
1

= / RT = -3. 7

= + 2.2 Kcal /mole
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K1 2.4 x 102 atm

K2 1/4. 23 = 236 MF atm -1

K3 1 /5. 74 = . 1742 MF atm 1

K5 .1850 atm MF -1

K4 = K1 K2. K3 K5 = 1.8 x 10-4 M. F.

The density of carbon tetrachloride at 25° is 1.5848 (see Section III A),

corresponding to a molar volume of 97.06 ml/mole or a concentration

of CC1
4

in the pure liquid of 10.30 moles/liter. Hence, in molar

units, the above calculated solution dissociation constant becomes

1. 9 x 10-3 M. It may be seen that this figure is larger than our

experimental value quoted above by a factor of only about two. It

should also be noted that the value of K1 calculated from the thermo-

dynamic data compares rather well with that reported by Yost and

Russell (49 ) of 2.88 x 10 2 atm at 303 o
K.

The agreement obtained between the calculated and experimental

values of the sulfuryl chloride dissociation constants is almost better

than one might have expected. In fact, one is tempted to feel it

perhaps to be in part fortuitous. The calculated value has been

obtained on the assumption of ideal solution behavior, clearly an over-

simplification. Solvent effects must surely exist, and whatever

disagreement there is between calculated and experimental values

may readily be traced to such effects. The surprise is that they are
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not more significant. In any case, the comparison gives one confi-

dence in the reliability of the experimental value, and hence in the

comparison shortly to be made with the dissociation constants

observed in the acetonitrile and crown ether catalysis studies.

D. Acetonitrile Catalyzed Equilibrium in the
Sulfuryl Chloride, Sulfur Dioxide,

Chlorine System

We have attempted in this study to examine kinetically the

acetonitrile catalyzed approach to the sulfuryl chloride dissociation

equilibrium mixture. In addition, the actual equilibrium position was

evaluated with respect to what factors affected its position. In order

to accomplish these goals the kinetic and equilibrium data reported in

Section III E were collected.

The pseudo-first order rate constants reported in Table 15 were

obtained by employing a reversible reaction model as derived by

Frost and Pearson (12b). The plots constructed were generally linear,

a fact which was considered as evidence that the reaction was first

order in sulfuryl chloride. In addition, the linearity was also con-

sidered as evidence supporting the stoichiometry of the reaction as

assumed in Equation (52).

The apparent dependence of the observed rate on the acetonitrile

concentration was evaluated next by a log-log plot of the first order

rate constants versus the corresponding acetonitrile concentrations.
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This method yielded an approximate eighth order dependence on the

acetonitrile concentration. This result was combined with the first

order dependence on sulfuryl chloride to obtain the empirical rate law

given in Equation (65), The empirical rate law was then used as the

basis for determining new rate constants that were independent of

acetonitrile concentration. These values were used to calculate an

activation energy, Ea, of 11.7 Kcal/mole. A value for k at 25°C of

5. 30 x 10-8 sec-1 M-8, read off Figure 13, was employed along with

the activation energy to calculate log A = 1.26 and AS* = -54.7 e.u.

In addition to the kinetics data, values for the equilibrium

constant as a function of temperature were obtained. The experimental

values of the equilibrium constant, as reported in Table 15, were

divided by their corresponding acetonitrile concentrations in order to

correct them for the formation of the sulfur dioxide-acetonitrile

complex. These values were then averaged at each temperature and

the resulting averages used to calculate a d H° of 9. 54 Kcal/mole.

In addition a value for K at 25°C of 3.68 x 104, read off Figure 14,

was used to obtain A Go
98

of 4.69 Kcal/mole. The values of A Ho and
2

A Go298
were then combined to compute a AS298 of 16.3 e.u.

It may be noted at this point that the eighth-power rate depen-

dence on acetonitrile is related to one of the primary experimental

difficulties in the present research--difficulties that severely limited

the quality of the data that could be collected. The high order obviously
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greatly restricted the range over which the acetonitrile concentration

could be varied without getting rates either too slow or too fast for

experimental observation. As another factor, it was, not surprisingly,

found that the high reaction order was coupled with the necessity to

work in solutions containing a rather high acetonitrile content (10-

20%), so that one was forced to think in terms of a mixed solvent

system, and therefore one yielding results not directly comparable to

those obtained in straight carbon tetrachloride--results such as the

charcoal catalysis data, for example.

The approximate eighth order dependence on acetonitrile

concentration far exceeds any reasonable simple kinetic effect.

Thus, with reference to the empirical rate law, one must take other

factors into consideration in order to arrive at the eighth order

dependence. A similar rapid acceleration of the rate by increase in

the polar component of a mixed solvent was discussed by Amis (1)

where he considers the solvent effects on dipolar molecule reactions.

His discussion was concerned with the increase in rate for the forma-

tion of quaternary ammonium salts (e. g. from an alkyl halide plus

triethylamine) with increase in the amounts of the nitrobenzene

component in a nitrobenzene-benzene solvent mixture. The reason

for this behavior was interpreted to be the solvating power of the

solvent, the large dipole moment of the activated complex being
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selectively solvated by the polar component of the solvent, nitro-

benzene.

This type of selective solvation would seem to be a good choice

as a significant contributor to the enhancement of the rate of reaction

in the sulfuryl chloride system. The interpretation is that the

acetonitrile not only functions as a catalyst but also as the primary

solvating agent of the activated complex. Thus, the eighth order

dependence is a combination of kinetic as well as solvation effects.

The selective solvating of the activated complex is also reflected

in the activation parameters, log A and ASS, where A is very small

and PS* is highly negative. Such values suggest a highly ordered

transition state. The ordering is the result of the solvating molecules

orienting themselves in the vicinity of the activated complex. This

aspect will also be examined further in the crown ether catalysis with

respect to a comparison of the effectiveness of the catalysts.

We can further consider the effect that the large quantities of

acetonitrile have on the observed equilibrium position, relative to what

we had observed for the position in the charcoal catalyzed process.

This comparison has already been examined in detail in Section III E,

where it has been shown, after correction for sulfur dioxide-

acetonitrile complexing, that the dissociation constant is about ten-

fold smaller in the acetonitrile catalysis system as compared to the

charcoal catalysis one (calculated as K = 2.86 x 10-4 vs. 2.58 x 10-3
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at 20° for the process CH3CN + SO2C1r-S02 CH3CN + C12). This

effect could conceivably be related to two possible factors which have

not been taken into account in computing the K values. The first is

the possibility of an acetonitrile-sulfuryl chloride complex. Forma-

tion of such a complex would cause a shift in the equilibrium position

in the observed direction. The other possibility is that of solvent

effects arising from the large amount of acetonitrile added. It is not

possible, however, simply from the data at hand, to determine which

possibility is the dominant one.

All the aspects discussed above seem to suggest the conclusion

that the mechanism governing this process may be one where the

catalyst, acetonitrile, an electron donor, complexes with the sulfuryl

chloride. The probable weakness of this complex along with solvation

of the transition state would explain the large quantities of aceto-

nitrile required to obtain a significant rate of reaction. Thus, one

obtains the rate determining decomposition step where sulfur dioxide

complexed to acetonitrile is one product and chlorine is the other.

This step is then followed by the sulfur dioxide-acetonitrile rapidly

achieving equilibrium. The final equilibrium position would be

determined by the relative strengths of the acetonitrile complexes

with sulfuryl chloride and sulfur dioxide. In addition to these

specific complex formation effects, there would be, as already

suggested, solvent effects caused by the large amount of acetonitrile
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added. Thus, as compared to the situation in straight carbon tetra-

chloride, the equilibrium position would tend also to be modified in

this mixed solvent by the differing relative solvation of the several

chemical species present.

The kinetic steps suggested above may be summarized by the

following equations:
Fast

SOZCIZ + CH3CN SO
2

CI
2

°CH3CN

Slow
SO

2
CI CH3CN SO CH

3
CN + Cl

2 2

Fast
SO

2
CH3CN SO2 + CH

3
CN

E. Crown Ether Catalyzed Equilibrium in the
Sulfuryl Chloride, Sulfur Dioxide,

Chlorine System

(75)

(76)

(77)

The crown ether caralysis here discussed was originally under-

taken as a preparatory step in studying the possibility of chloride ion

catalysis of the decomposition of sulfuryl chloride. Preliminary

experiments indicated, however, the possibility that the crown ether

itself would function as a catalyst for the decomposition. Hence, the

first object of this study became an effort to obtain rate and

equilibrium data that would provide an estimation of the crown ether's

ability to catalyze the process. Such information would hopefully then

allow determination of whether chloride ion had any catalytic properties

with respect to the decomposition reaction. In order to realize this
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goal the preliminary crown ether kinetics and equilibrium study

reported in Section III F was carried out.

Following the study of catalysis by crown ether itself, a brief

study was made of rate effects in systems which also contained either

potassium chloride or potassium perchlorate. The results obtained

were suggestive, but in the present research the data must be con-

sidered little more than that. For meaningful results a much more

extensive investigation would be necessary than was here feasible.

In addition to the seeking of the goal referred to, it was also of

interest to compare the results of the crown ether study with those

presented in previous sections concerning charcoal and acetonitrile

catalysis of the decomposition process. This comparison will be

enlarged upon below.

The results obtained may be summarized briefly. First order

rate constants were obtained using the same reversible model

employed in the acetonitrile study. The values obtained are reported

in Table 16. The linearity of the semi-log plots obtained was taken as

evidence for first order dependence on the sulfuryl chloride concen-

tration. Rate dependence on the crown ether was tentatively deduced

to be first order also. This conclusion was based on the approximate

proportionality of the rate increase to the increase in crown ether

concentration. These two facts, first order dependence on sulfuryl

chloride and crown ether, led to the empirical rate law shown in
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Equation (66). From this rate law and the first order rate constants,

values for a second order rate constant were obtained. These values

were then employed in calculating activation parameters for the

process as described by the empirical rate law. The values calculated

in this fashion, E = 25.7 Kcal/mole, A - 4.4 x 1019 sec 1 M1, and
a

AS+ = -0.4 e.u., must, however, be examined in the light of the

quite limited amount of data from which they were obtained.

In addition to the rate constants and activation parameters

derived from them, equilibrium constants were also obtained for the

crown ether catalyzed sulfuryl chloride decomposition; these values

are reported in Table 16. From the values of the equilibrium

constants, Keq
2,

the thermodynamic parameters A H °, A Go
98

and

A So298 were calculated to be respectively 9. 11 Kcal/mole, 4.04

Kcal/mole and 17 e. u. The A Go
298

value was based on a value for

Keq of 11.3 x 104 M as read off Figure 15 at 25°C.

The results obtained for the effects of the potassium chloride

and potassium perchlorate salts were a decrease in rate by about

one-half in comparison to a comparable straight crown ether solution

and a complete inhibition of catalysis, respectively.

It is pertinent to compare the rate results observed for the

crown ether decomposition to those for the acetonitrile catalyzed

process. Comparison of the activation parameters will perhaps allow

us to draw some conclusions concerning possible similarity of the
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mechanistic processes involved. It is only possible to compare the

general magnitude of these sets of values, and this must still be a

somewhat guarded process.

the comparison.

Catalyst Ea

Kcal /mole

Crown ether 25.7

Acetonitrile 11.7

The following is a short table to aid in

A S*A
e. u.

4.4 x 1019 M-1 sec-1 - O. 4

18. 9 M-1 sec 1 -54.7

A considerable difference in all the values is readily apparent. How

these apply to interpretation of the mechanistic processes involved

must take into consideration the assumptions implicit in the empirical

rate laws used. In particular, there is the inclusion of solvent

effects in the empirical rate law for the acetonitrile catalyzed study.

The requirement of the solvent effects to make the acetonitrile

catalyzed rate appreciable is probably directly related to the large

negative entropy of activation observed (and the associated small

frequency factor). The crown ether presumably does not require this

assist from solvation because of its superior electron donating ability.

This electron donating ability was, of course, also considered to be

the reason for the crown ether making the potassium chloride slightly

soluble in carbon tetrachloride. Thus, the conclusion from this

feature is that the catalytic activity depends on the electron donating

ability of the catalyst. In the two cases investigated the lower catalytic
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activity of acetonitrile is compensated for by the addition of solvation

effects.

With regard to the observations with potassium chloride and

potassium perchlorate, we would suggest the following. In the first

case, the dissolved potassium ions may inhibit partially or com-

pletely the catalysis by the ether groups, but catalysis by chloride ion

then at least partially compensates. In the second case, the same

potassium ion inhibition occurs, but no compensating perchlorate ion

catalysis appears. It would be most interesting to pursue these

propositions in further experimental work.

We are also able to compare the observations on equilibrium

position in this study with those obtained for the calculated ideal

system, values reported by Yost and Russell (49), the charcoal

catalysis and the acetonitrile catalysis values. The values for this

last system must be calculated from those reported in the previous

section. This can be accomplished if one recognizes that the calcu-

lated, charcoal and crown ether data pertain to Equation (42).

SO CI SO + CI
2 2 catalyst 2 2

(78)

On the other hand, the data previously given for acetonitrile apply to

the following equation

SO2 C12 + CH
3 c---CN .--1' SO2. CH

3
CN + Cl (79)2

where the equilibrium constant is given by Equation (60)



[so
2 total] [ci

2]
KM = r

LCH
3
CN1[SO

2
C12]
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(60)

Equation (79) can be converted to Equation (78) by subtraction of the

reverse of Equation (12a).

SO2 + CH3 CN SO2 CH
3

CN (12a)

This amounts to dividing Equation (60) by the formation constant for

the sulfur dioxide-acetonitrile complex. The corrected thermodynamic

values for the process can then be calculated by addition of the nega-

tives of the values for the sulfur dioxide-acetonitrile complex to

those for Equation (60) which were reported in the previous section.

Values for each situation as they apply to Equation (78) are

contained in the following table.

Catalyst
104x K at
25°C, M

A Ho,
Kcal/mole

6 Go,
Kcal /mole

6 So,
e. u.

Calculated 1.8 11.7 5.1 22

Yost & Russella 2.04 11.8 5.0 22

Charcoal 9.6 16.1 4.1 40

.Acetonitrile 1.30 11.6 5.31 21

Crown ether 11.3 9.11 4.04 17

aValues quoted at 303 °K. Data calculated from gas phase data given
by Yost and Russell (49).

Upon examining this table one is struck by some interesting

comparisons. First of all, one may note that the thermodynamically

calculated data (first line) are in substantial agreement with data
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derived from Yost and Russell (49). Looking now particularly at

A Ho and A So values, we observe that the charcoal data deviate some-

what from the calculated ideal solution figures, a deviation readily

ascribable to carbon tetrachloride solution non-ideality, i.e. solvent

effects in straight carbon tetrachloride. The acetonitrile data (which

have been corrected for sulfur dioxide-acetonitrile complex forma-

tion) deviate materially from the charcoal data, a feature presumably

related to differing solvent effects in the mixed solvent medium, as

previously described. Here we tend to feel the apparent resemblance

between the calculated and the acetonitrile data to be somewhat

fortuitous. Finally, with regard to the crown ether results, we note

deviation both from the charcoal figures and from the acetonitrile

data. While the apparent 25° dissociation constant for the crown

ether and for the charcoal are not so very different, the A H° and AS°

values are quite at variance. The paucity of data involved suggests

caution in pressing this comparison, but it does seem possible that

some effect involving an ether-sulfur dioxide complex might be

involved. The point invites further study.

F. General

The central portion of the work presented here has dealt with

acetonitrile catalysis of the approach to dissociation equilibrium in

the sulfuryl chloride, sulfur dioxide, chlorine system, with a desired
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end result of determining the reaction mechanism. Additional studies

were carried out involving acetonitrile-sulfur dioxide complex forma-

tion, charcoal catalysis of the approach to the equilibrium dissocia-

tion mixture, and crown ether catalysis of the same process. These

further studies were done in order to provide additional information

to aid in interpretation of the acetonitrile catalysis.

The method of evaluation employed was first to determine first

order rate constants using a reversible reaction model. The

linearity of the plots involved gave evidence for first order dependence

of the rate of sulfuryl chloride. This deduction was followed by

determination of the rate dependence on the catalyst employed. These

two rate dependence values were then combined to arrive at an

empirical rate law for the reaction. From the empirical rate laws

corrected rate constants for both the acetonitrile and crown ether

catalysts were obtained.

In addition, the equilibrium constants for each of the systems

were evaluated. The constant obtained in the charcoal process, done

in carbon tetrachloride, was considered as a reasonable approxima-

tion to the true value for this solvent. Consequently the values for

the acetonitrile and crown ether were compared relative to this value.

The acetonitrile value obtained experimentally was, in addition,

corrected for the effect on the equilibrium position of the formation

of the sulfur dioxide-acetonitrile complex, the existence of and
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formation constant for the sulfur dioxide-acetonitrile complex having

been independently established. Thus, direct comparison of the three

values was possible as well as the calculated ideal solution value. It

was deduced that the differences in the values of the equilibrium con-

stants and associated thermodynamics parameters for the various

catalysis systems was primarily due to solvent effects. These effects

would appear to arise from differences between an ideal solution, a

pure carbon tetrachloride solution and the mixed carbon tetrachloride-

acetonitrile solution. In addition it seemed possible in the case of the

crown ether system that an ether-sulfur dioxide complex might be

involved.

All these facets were combined in consideration of a mechanis-

tic description. The general result proposed is as follows

Fast
S02 C12 + Catalyst SO

2
Cl Catalyst

Slow
SO Cl Catalyst SO2 Catalyst + CI

2 2 2

Fast
SO2 Catalyst SO2 + Catalyst

In this scheme the acetonitrile is a much poorer catalyst than the

crown ether. This fact is in turn compensated for in the acetonitrile

case by rate enhancement arising from selective solvation of the

transition state by the polar component of the solvent, acetonitrile.

Thus, in the acetonitrile catalysis process the acetonitrile is inter-

preted as having two functions, catalyst and primary solvating agent.
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It is also deduced that a primary factor affecting catalytic ability is

the electron donating, Lewis base, strength of the catalyst.
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