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THE RADIOSULFUR EXCHANGE REACTION BETWEEN 
SULFUR DIOXIDE AND FUSED AMMONIUM BISULFATE 

I. INTRODUCTION 

Isotopic tracers, both radioactive and separated, stable 

isotopes, have been peculiarly useful in the study of chemical 

reactions, their use making possible the elucidation of a number 

o' previously obscure systems. Radioactive isotopes in 

particular have been a valuable aid, the techniques associated 

with their use in general being simpler than those necessary 

with separated stable isotopes. Thus, for example, a simple 

Geiger counter suffices for analysis iñ contrast to a mass 

spectrometer or elaborate density measurements. 

Among radioactive isotopes, sulfur-35 has been extensively 

employed as a tracer. While the low penetrating power of its 

beta rays makes for certain problems in counting, its relatively 

long half-life of 87.1 days is quite convenient for tracer 

investigations. With the use of this isotope, a number of 

exchange reactions in inorganic systems have been studied. Among 

these the study of exchanges between sulfur (IV) and sulfur (VI) 

species have been of particular interest. Voge and Libby 

(12, p. 2474) first studied the exchange reaction between 

aqueous sulfite and radioactive sulfate, and observed that an 

exchange did not occur in thirty-six hours at 100°C in either 

basic or 0.1 N acid solution. 



Voge (n, p. 1032-1035) reported that sulfur dioxide and 

sulfur trioxide did not exchange at temperatures appreciably 

below those at which dissociation of trioxide might be expected. 

At 335°C he found slow exchange between these gases, the rate 

being accelerated by the presence of water or platinized asbestos. 

These results led Harmon (6,p. 10) to study the 

exchange between sulfur dioxide and hot concentrated sulfuric 

acid. His results, though not entirely self-consistent, 

indicated roughly: (i) at room temperature, no exchange in 

forty-eight hours; (2) at 100°C, 5 per cent exchange in forty- 

eight hours; (3) at 280°C, complete exchange in less than five 

hours. Attempting to clarify this system, Norris (10, p. 1220-1223) 

investigated the exchange reaction between sulfur dioxide and 

sulfuric acid (97.2 per cent) over the range from room temperature 

to 211°C. The observed half-times for exchange were: (1) at 

room temperature, > 27 years; (2) at l01°C,"dl.6 years; 

(3) at 2l1°C,t' 7.5 hours. The temperature coefficient of the 

rate reported was, at l65°,Ni 1.8 per 10°, corresponding to an 

apparent activation energy of 22.0 kcal/mole. These experiments 

were done in sealed tubes containing only a small amount of liquid 

phase. Hence only a portion of the sulfur dioxide was dissolved 

in the acid solution, where the exchange was presumably occurring. 

An approximate correction for the variation of the solubility of 

the gas with temperature yielded a "corrected" activation energy 

of 28.8 kcal/mcle. 



Continuing the study of the exchange between sulfur dioxLde 

and concentrated sulfuric acid, Doherty, Masters and Norris 

(2) showed the rate to be (i) proportional to the 

gas pressure and (2) proportional to the volume of sulfuric acid 

present. 

The interpretation of these two observations was that the 

rate depended on the amount of gas dissolved in the acid. 

This conclusion suggested to Doherty (i, p. 1-37) an interesting 

method of determining the solubility of sulfur dioxide in the hot 

acid. By progressively decreasing the gas space over the acid, 

more gas should be forced into solution and the rate should 

increase, approaching a maximum for zero gas space. Analysis 

of the data thus obtained made possible the calculation of 

the gas solubility in 85 to 98 per cent acid over the 

temperature range 167.5 to 225.3°C. Doherty furthermore suggested 

that applications of this technique to problems other than 

the inunediate one might well exist. Doherty, Masters and 

Norris (2) also studied the exchange as a function of 

temperature and obtained activation energies free from any 

necessity for correction for variation of gas solubility 'with 

temperature. Their values were, for 90.8 per cent acid, 27.5 

kcal/mole and, for 98.0 per cent acid, 27.8 kcal/mole. 

In further extension of the foregoing experiments, McDonald 

(7, p. 1-138) carried out a detailed kinetics study of the 

exchange over the entire acid concentration range from dilute 
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aqueous solution up to 100 per cent acid and beyond, into the oleum 

region. Throughout this range he found the reaction to be first 

order in sulfur dioxide and was able to show that the exchange 

proceeded in accordance with a two term rate law: 

Rate = k1 (302)(HSO4) + k2 (S02)(H2SO4) 

In aqueous acid, of course, the second term is unimportant, 

being of significance only as one approaches loo per cent acid. 

At 174.0°C the two specific rate constants have the values: 

k1 1.06 x lO 1 mole m!n 

k2 = 1.48 x lO 1 mole mj.n 

Throughout most of the concentration range studied, bisulfate 

ion presumably constitutes the principal sulfur (vi) solute 

species present, and, in accordance with the exchange rate law, 

represents the sulfur (VI) exchanging species. It is of interest 

to note that the exchange rate reaches a maximum at about 76-80 per 

cent acid, thereafter declining towards 100 per cent acid. The 

fact that the maximum in rate does not occur at a one to one mole 

ratio of water to sulfuric acid (84.6 per cent) indicates that the 

maximum bisulfate ion concentration occurs on the water side of 

this point, an observation which may be interpreted as indicating 

a lack of complete ionization in water-sulfuric acid mixtures 

near a one to one mole ratio. 

McDonald also measured the activation energy of the 

reaction in aqueous media and obtained as a general expression 

for k1, the specific rate constant of the first term in the rate 
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law, applicable to the aqueous solutions 

k1 2.1 x 10 exp (-28,800/RT) i mo1e sec 

Further, on the basis of the activation energy data of Doherty, 

Masters and Norris (2), he calculated for conceritrted 

acid media the expressions 

k1 = 4.3 x io? exp (-27,400/RT) i mole seca 

k2 = 1.3 x lO exp (-28lOO/RT) i mole sec 

The present investigation consists of a study of the 

radiosulfur exchange rate between sulfur dioxide and fused 

ammonium bisuifate. This system seemed of particular interest 

in presenting a parallel to the exchange studied by McDonald near 

the one to one water-sulfuric acid mole ratio. It was felt that 

a quantitative comparison of the exchange rates observed in the 

two systems could weil be of interest. To this end exchange 

rates have been measured at the two temperatures, 169.5° and 

194.8°C. As an added point of interest, the data were used to 

obtain values at these temperatures for the solubility of sulfur 

dioxide in fused ammonium bisuifate, foliowing the technique 

deveioped by Doherty ( 1, p. i-3?). 



II. EXPERIMENTAL 

Preparation of_Reactants.-Sulfur dioxide. from a commercial 

cylinder (Matheson, Anhydrous, 99.98 per cent minimum purity) 

was purified of sulfur trioxide and moisture by passage 

successively through concentrated sulfuric acid bubblers and a 

phosphorous pentoxide tube. To transfer the sulfur dioxide to 

the vacuum system, the gas was first frozen with liquid nitrogen 

and then was thawed and allowed to distill. To obtain a pure 

product, only the middle part (about half) of the distillate 

was saved. This was preserved in a storage bulb. The first 

and third parts were led to the hood and discarded. 

Sulfur-35. The radiosulfur used was obtained from the 

Oak Ridge National Laboratory in the form of carrier free 

sulfuric acid in dilute hydrochloric acid. 

Sulfur-35 labeled ammonium bisulfate was prepared by dissolving 

ammonium bisulfate (Baker's Analyzed, Reagent Grade) in distilled 

water and adding a very small amount of the above described 

radioactive sulfuric acid solution (the amount of chloride ion 

so added was insignificant), after which the solution was 

evaporated on a steam bath to dryness. To insure complete dryness, 

the preparation was heated in an oven at 125°C for at least ten 

hours. Four such preparations were carried out in the course of 

this work. In each case the amounts of S-35 labeled sulfuric 

acid used were adjusted so that activities between 30 and 60 

c.p.m. per. mg. of barium sulfate were obtained. 
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Run Frocedure.-Techniques were generally similar to those 

described by Norris (10, p. 1220.-1223). ptuns were nade in sealed 

Pyrex bombs. Two sizes of bombs were used: a large one of about 

36 ml. total volume and another smaller one of 9-10 ml. volume. 

At first, the larger bombs were designed as iflustrated in 

Figure la and the smaller ones as in Figure lb, but later both 

the large and the small bombs were designed as in lb. Both were 

provided with a break-off tip in the side arm B for opening. 

A weighed amount (+0.1 mg) of labeled ammonium bisulfate 

was introduced into the bomb through A before sealing it 

(case la), or sealing it to a ground joint C (case lb). The 

ground joint C (in both cases la and lb) was then attached 

through a stopcock to a vacuum system of standard design. A 

mechanical pump and a mercury diffusion pump through a liquid 

nitrogen trap were used to evacuate the system, including the 

bomb, to a pressure of less than 10 mm of mercury. With the 

stopcock closed, the ammonium bisulfate was then fused in an oil 

bath, the stopcock was opened and the bomb was pumped on 

< 10 mm) for about ten minutes to eliminate any gases and 

moisture released by the melting of the salt, after which the 

stopcock was again closed. The fused salt was frozen in liquid 

nitrogen, the stopcock opened and the bomb again evacuated to 

( io mm for a few minutes. The stopcock was next closed. The 

amounts of sulfur dioxide used were measured by transferring the 

gas from the storage bulb to a dosing bulb of precisely known 
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volume at known temperature and pressure. Sulfur dioxide pressures 

were measured with a mercury manometer to +0.5 mm of Hg. The 

excess gas in the vacuum manifold outside the dosing bulb was 

then pumped off and the dosage amount of gas was frozen into the 

bomb with liquid nitrogen. Finally the stopcock of the bomb was 

closed and the bomb was sealed off and removed from the vacuum 

system. 

Early experiments were carried out in an oven whose 

temperature was measured with a National Bureau of Standards 

calibrated thermometer (taking stem correction into consideration). 

A five junction iron-constantan thermocouple directly attached to 

a 10 mv full scale strip chart recorder (the excess voltage bucked 

by a precision potentiometer) gave the variation of the temperature 

as a function of time in the oven. The temperature measurement 

and control was found to be good to about ±1.5°C. 

Subsequent experiments were carried out in a thermostat 

constructed especially to provide better temperature regulation. 

The thermostat was off\#35 cm diameter and forty centimeter high 

(inside dimensions). It was operated as an oil bath (Aeroshell 

oil 120 W was used) and it consisted of a glass jar housed in an 

insulated metallic container with a transite covering. Contained 

within the jar were: (lttn'ee heaters, two oÎ 500 watts (one for 

control) and the other of 250 watts, (2) a stirrer, (3) a mercury 

thermometer, and (4) a temperature sensing element (resistance 

thermometer) connected to a Halikainen "Thermotrol"1 which provided 

i Hallikainen Instruments, Berkeley, California 
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intermittent power to the control heater of 500 watts. The 

variations of temperature in this apparatus were checked with a 

National Bureau of Standarcjscalibräted thermometer and with the 

previously described thermocouple. It was found that the 

temperature was maintained vertically uniform throughout the glass 

jar and was constant to +0.1°C over long periods of time. 

In making the runs, the bombs were always placed horizontally 

in the oven or the thermostat, as the case might be. Under 

these circumstances the fused salt spread out to give a maximum 

surface and a minimum thickness for the gas to diffuse through. 

This was done in an attempt to avoid any tendency towards control 

of the exchange rate by a slow diffusion process. The high 

activation energy observed for the reaction (see Section IV) 

indicates that slow diffusion was, in all probability, not rate- 

determining. 

To separate the reactants, a magnetically controllable breaker 

was introduced into the side arm of the bomb B (both cases la and 

lb; see Figure 1) and a ground joint was sealed to it. This ground 

joint was then fitted to a matching joint on the vacuum manifold 

( see Figure 2). The breaker consisted of an iron bar with a few 

drops of mercury, to increase its weight, encased in a glass tube. 

Another tube, containing i N NaOH was attached to the vacuum 

system through a ground joint and a disc cf sintered glass (fine 

porosity) to filter out ammonium bisulfate particles, if there were 

any, carried by the gas, before it arrived at the sodium hydroxide 
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tube. The gas passed through a stopcock before it passed the 

disc. The bomb was immersed in an oil bath of"150°C to keep 

the bisulfate molten. With the NaOH solution frozen in liquid 

nitrogen, the stopcocks through which the tubes were attached 

to the vacuum system were opened aixi the system evacuated to io5 nnn 

Hg. After shutting the stopcock to the pump, the break-tip was 

then broken by raising the breaker .'ith a magnet, and letting it 

fall. The sulfur dioxide was frozen into the absorption bomb, 

which bias finally sealed and removed from tI vacuum line. 

Completeness of transfer of the gas to the absorption bulb was 

easily followed by use of the mercury manometer attached to the 

vacuum manifold. 

Both fractions, the residual ammonium bisulfate and sulfur 

dioxide, after the latter was oxidized dth bromine water, were 

precipitated as barium sulfate, which was collected in a sintered- 

glass crucible by vacuum filtration. Usually fine porosity 

crucibles were used for the precipitate obtained from precipitation 

of sulfur dioxide fractions to avoid losing some of the precipitate 

by passing through the pores of a "medium" crucible. 

Duplicate planchets were prepared, by transferring nal1 

amounts of solid barium sulfate to nickel-plated, cupped, steel 

planchets, slurrying the material with acetone (u. s. p grade), 

and evaporating the solvent under an infrared lamp. The layers 

were 15-100 milligrams in weight. Measurenents were made dth an 

end window Geiger counter (Tracelab, Inc., Model TGC-2, with a 1.8 mg 
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per square centimeter window was employed together with a scaler, 

at first a Berkeley Model 1000-B, later a Nuclear-Chicago Model l82X). 

The same counter tube (serial ND. 2DJ24) was used throughout the 

work. 

Corrections were applied for background, decay and self- 

absorption, the latter on tI basis of a cruve empirically 

prepared. The activity level was never such as to require any 

coincidence corrections. The decay factor was obtained from the 

known half-life of 87.1 days. The second shelf in the counting 

arrangement (the nearest one to the tube) was always used, so 

there was no need for any "shelf correction" (i.e. correction for 

variation in geometry). 

In order to check the volume of the dosing bulb, three 

experiments were run at 20.0°C. In each experiment the dosing 

bulb was filled with sulfur dioxide under a certain pressure. 

Pressures of sulfur dioxide in these three experiments were: 

68.5, 19.4 and 34.5 cm of mercury. The sulfur dioxide was then 

absorbed in frozen sodium hydroxide solution, oxidized with 

bromine and precipitated as barium sulfate according to standard 

methods as described by Willard, Furman and Flagg (13, p. 188-190). 

The weights of barium sulfate precipitated in the experiments 

under consideration were: 233 mg, 67.7 mg and 117.9 mg. Thesc 

weights correspond to the following values for the volume 

respectively: 26.7 ml, 27.4 ml and 26.75 ml (these values were 

computed by using the ideal gas equation, (Equation (3), Section III). 
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The average of the volumes computed is 26.95 nil. In all the 

calculations, the value of the volume was taken as 27.0 ml. 

As all experiments were run at high temperatures, 169.5°C 

and 194.8°C, a question naturally arises regarding the 

decomposition of ammonium bisulfate. To test this possibility, 

aimiionium bisulfate (Baker's Analyzed, Reagent Grade) was dried 

in an oven overnight at 125°C. A weighed amount of the dried 

ammoniuni bisulfate (97.5300 g) was then put in an oven overnight 

at 169.5°C, and then weighed again. The second weight was 97.3278 g, 

only a minor loss in weight having occurred. Another weighed 

amount of dried ammonium bisulfate (5.2700 g) was introduced into 

a tube supplied with a ground joint (the weight was measured 

by weighing the tube before and after introducing the ammonium 

bisulfate into it). The tube was attached to the vacuum system. 

The ammonium bisuif ate was kept in an oil bath at 168-172°C 

while being pumped to a pressure of <i05 mm forjl0 minutes. 

The tube was then weighed again. The figure found was 5.0986 g. 

Again only a minor change in the weight of the tube was 

observed. The previous two tests were also carried out at 

194.8°C. The initial and final weights for the sample heated 

overnight in the oven were 84.8507 g and 84.1238 g, while those for 

the sample heated 1n vacuo were 4.6627 g and 4.5153 g. Again 

only a minor weight change had occurred in either case. Thus one 

may conclude that the salt is reasonably stable under the 

experimental conditions involved in the present research. 
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In connection with the above quesUon of the stability of 

the ammonium bisulfate it may be noted that the composition of 

the reagent material used had first been checked by barium sulfate 

analysis. Thus a sample was dried overnight at 125°C. Three 

weighed portions were then taken for analysis. Thus 0.7925 g, 

0.6840 g and 0.9327 g of the salt yielded respectively 1.600 g, 

1.379 g and 1.870 g of barium sulfate, corresponding respectively 

to 27.7 per cent, 27.8 per cent and 27.6 per cent sulfur in the 

original salt. The percentage sulfur expected for the f omrula 

NH4HSO4 is 27.9 per cent, a figure not greatly different from 

those found analytically. 
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III. METHODS OF CALCULATION 

An exchange reaction such as 

SO2 + NH4HSO4 g-> SO2 + NH4HSO4 (1) 

must follow a first orLer course according to McKay (18, p. 997-998) 

and Diiffield and Calvin (3, p. 557-561). The rate of exchange, 

R, in rnillimoles per hour is given by: 

R = -2.3 ab in (l-F) (2) 
(a + b)t 

where F = per cent exchange/100 and t is the run time in hours. 

The quantity b is the amount of ammonium bisuJíate in a reaction 

bomb in millimoles, while a is equal to the amount of sulfur 

dioxide in miflimoles, calculated by applying the perfect gas law: 

PV = nRT (3) 

Here P is the pressure of sulfur dioxide dosed out and V is the 

volume of the doser used in all the experiments, namely 27.0 nil. 

R is the gas constant. T is the absolute temperature at which 

the gas was dosed out. So in this way n can be computed, which is 

equal to a in equation (2). 

As a practical matter, the observed half-life time, t., was 

used to calculate R. The value of ti, the run time for which 
2 

F = 0.5, was obtained from the graph of log (l-F) versus time for a 

set of experiments. For use of this quantity equation (2) becomes: 

ab . O.693 R= a+b ti (4) 



The value of F was computed in the same way used by Norris 

(9, p. 779). F is given by the formula: 

(5) 
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Where A is the srecific activity of sulfur dioxide (initially 

inactive) at. time t. The value of A is known from the experiment 

directly. The planchets were weighed before use (see Section II) 

and after the barium sulfate had been dried. Thus the weight of 

the barium sulfate precipitated from sulfur dioxide and transferred 

to planchets was known. Two planchets were prepared from each 

sample. The activity of each planchet was measured with the 

Geiger Counter three times, each time for three minutes. 

Corrections mentioned previously (see Section II) were taken into 

consideration to compute the specific activity in counts per 

minute per mg. After that the average specific activity in counts/ 

min-mg was calculated from the values found for the two p1anchets 

The quantity A, was calculated indirectly from reactant 

amounts that were measured experimentally. In fact, A is the 

specific activity of the gas at t = 0; it is the same for sulfur dioxide 

and ammonium bisu1fat.- and so can be computed from the relation: 

(a + b) A a A'0 + b A0 (6) 

Here A' is the original specific activity of sulfur dioxide, 

eaual to zero, and A0 is the initial specific activity of ammonium 

bisulfate used. Thus 'e obtains 

A =A b (7) °b+a 



The initial ammonium bisulfate specific activity, A0, was measured 

by the same technique used for measurement of A, taking decay 

correction into consideration as necessary. This quantity was 

actually measured in connection with each batch of runs that were 

made. In no case was any significant deviation of activity 

observed from that expected on the base of decay from previously 

measured values. 

To calculate the solubility of sulfur dioxide in ammonium 

bisulfate, the same method previously used by Doherty (1, p. 3-6) 

was again applied. In the present research it was shown that 

the exchange rate is proportional to the amount of sulfur 

dioxide in the bombs. In analogy to previous results obtained in 

the study of the exchange between sulfur dioxide and sulfuric 

acid, Doherty, Masters and Norris (2), Doherty (i) and 

McDonald (7), it is further assumed that the exchange reaction 

involves gas dissolved in the liquid phase, and hence has a rate 

proportional to the volume of the liquid phase and proportional 

to the gas pressure. The justification of these assumptions 

lies essentially in the fact that the treatment described 

below "works", i.e. where one expects the experimental data to 

give a straight line plot, it is found they do, in fact, do so. 

On the basis of these considerations, one can write, as Doherty 

did, the tentative rate law: 

R = k' (amount of gas) (volume of salt) 
(total volume of gas ± salt) 



amount of gas where for large gas volumes, the term ( _ btal volume of gas + salty 

is approximately proportional to the pressure of gas. Equation () 

may be written 

R = k' (amount of gas) R' (9) 

where R' is equal to the term ( 

volume of salt 
total volume of gas + salt 

Doherty (1, p. 4) in the treatment of his system, 

indicated that the constancy of k' held only approximately and then 

only for relatively large ratios of gas to liquid volume. It 

is assumed that the saine situation applies in the present case 

and that k' is in fact a function of R'. Thus, with Doherty, 

we write as an expression containing a true rate constant. 

R k (amount of gas) F' (lo) 

where F' is the fraction of the total gas dissolved in the 

ammonium bisulfate. 

In order to find a relation between F' and it is assund 

that Henry's law applies in this system and that one may write 

(as Doherty did) a distribution coefficient c describing the 

distribution of the gas between the gas and liquid salt phase, 

thus: 

C = 
SO2 /Vo].5 

(11) 
802g/VOlg 

Here the terms refer to the gas amounts in, and the volume of the 

liquid salt and the gas phases, respectively, according to whether 

the subscript s or g is given. 
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In order to obtain the desired relationship between F' and 

R', one may proceed with the following self-explanatory steps, 

the first representing simply a rearrangenent of equation (ii). 

SO2 Vol 
1+ R= g + 1 (12, 

SO') Vol c 
s 

SO2 + SO2 Vol + Vol C 
g s = 

(13) SO Vo1c F' 
2 

e Vol e Vole s __________________________________ = 
VOig + Vol5t Voltotal - Vol5 + C. Vole 

Vol5 
C 

Volt tl CH' 

Vol Vol l-R' + cH' (14) 

1- +c___5 
Voltotal Voltotal 

By equating equation (9) to equation (io), 

K? (amount of gas)R' = k (amount of gas)F' (15) 

one is led directly upon substitution of F' from equation (14), to 

the expression 

k'=k C (16) 
1-R' +cR' 

The reciprocal of equation (16) will be: 

= L + (c-1)R] (17) 

Equation (17) can be used now to determine the solubilities 

of sulfur dioxide in fused ammonium bisulfate in terms of the 

distribution coefficient e. Since a plot of versus R should yield, 

keeping the temperature constant, a straight line whose intercept 
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at R' = i equals and intercept at R' = o equals , the value 

of c can be found when the values of the two intercepts at R' = i 
and R' = o are knoim. 

For this purpose the observed values of , (calculated from 

equation (4) and (9) have been plotted versus R' at constant 

temperature. The temperatures at which c was measured are 169.5° ± 

1.5°C and 194.8 ± 0.1°C. R' was varied by changing the amount 

of ammonium bisulfate used or by changing the size of the bomb. 

Since the calculation of c requires a knowledge of the volume 

of ammonium bisulfate, it was necessary to have values for ammonium 

bisulfate densities, data not available in the literature. 
Therefore, the densities were measured at the two temperatures 

169.5°c and 194.8°C. 

For this purpose a glass pycnometer of about 27.0 ml. total 
volume was constructed. The body of this pycnometer was made 

from tubing of 25 mm diameter and about 7 cm in length. Connected 

to the end of this tube was a fifing neck made from 5 mm inside 

diameter tubing, and about 10 cnt in length. Into this pycnometer 

was put a known weight (43.7125 g, determined by weighing the 

pycnometer before and after filling) of ammonium bisuifate. The 

pycnometer was fifled graduafly by introducing some of the salt, 
iìmnersing it in the thermostat to mêlt this salt, then introducing 

some more salt and so on until the salt level was about 3-4 cm 

below the top of the filling neck. The pycnometer was then 

immersed in the thermostat at 169.5°C for a while so that the whole 
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amount of ammonium bisulfate was molten. The pycnometer was then 

taken out of the thermostat and quickly scratched at the ammonium 

bisulfate level in the neck. The termostat temperature was then 

changed to 194.8°C arid the pycnometer was immersed in the thermostat, 

again removed, and scratched as before. The two volumes were 

measured by filling the pycnometer with mercury to the two marks 

and then weighing the two amounts. The density of mercury was 

taken as 13.546 g/ml at 2000. The density of fused ammonium 

bisulfate at 169.5°C was found to be 1.695 g/ml and at 194.8°C 

was 1.651 g/ml. 
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IV. RESULTS 

The results of the experiments are reported in Tables I and II. 

In Table I the experiments are divided into groups. In each group 

the experiments were run for various lengths of time, but dth 

nearly identical amounts of exchange reactants and bomb volumes 

(and hence the same R' values), within the limits of experimental 

error. For each group a graph was drawn of the values of log (l-F) 

versus time. The good straight lines obtained furnish a good 

check that the exchange reaction in each case follows the expected 

first order rate law. An example of a typical plot is shown in 

Figure 3. 

In making runs of the sort here involved, a question naturally 

arises regarding the completeness of separation of the reactants. 

Any incomplete separation would lead to an apparent non-zero 

exchange at zero time. To test this possibility a zero time run 

was made (#9, Group II, Table I). In this run the reactants were 

separated after only five minutes, essentially zero time. As 

may be seen from Table I, the apparent exchange was (0.34%), 

essentially zero, within the limits of experinnta1 error. Thus 

the completeness of the separation process was demonstrated, and 

thus in turn a justification was provided for drawing the log (l-F) 

plots as in Figure 3, through the origin, a practice which in any 

case probably gives the best general fit for most of the experimental 

points. 
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From each of the log (l-F) vs. time plots, the value of the half- 

time of the reaction (Section III) was found arid from thiin turn, 

the rate was calculated according to Equation (4) in Section III. 

The values so obtained are recorded in Table II. 

By comparing the rates obtained for Groups I and II, the 

kinetic effect of the sulfur dioxide pressure was obtained. Thus 

i_n Groups I and II, it was found that the ratio of the rates, 

namely 
0:001077 = 

3.1?, and the ratio of the amounts of sulfur 

dioxide used in the two groups of experiments under consideration; 

i.e. _____ = 3.52, were equal within the limits of experimental 

error. Since the two groups have nearly the same value of the 

amount of ammonium bisulfate and they both had essentially the same 

bomb volume, the previous result indicates that the rate of the 

exchange reaction is first order with respect to the amount of 

sulfur dioxide used. 

In the study of the exchange between sulfur dioxide and 

sulfuric acid, Doherty, Masters and Norris ( 2) 

were able to show that, in those experinnts where the liquid 

to gas phase ratio was small, the exchange rate was proportional 

to the amount of liquid present. This result was interpreted 

as demonstrating the occurrence of the exchange reaction in the 

liquid phase, at a rate proportional to the amount of dissolved 

sulfur dioxide, this amount representing in such cases a relatively 

small proportion of the total sulfur dioxide present in the 

experiment. By analysis of the rates observed in further 
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experiments, at increasing liquid-gas phase ratios, Doherty 

( 1, p. 20-24) was then able, as previously discussed, to. 

extrapolate to rates which would have been observed at zero gas 

volumes. In the process of doing this he was also able to arrive 

at quantitative figures for the solubility of sulfur dioxide in 

sulfuric acid solutions under his experimental conditions. 

In analogy dth this previous work, it was of particular 

interest in the present research to compare the exchange rate 

observed in Group I with those of Groups III and IV. In these 

three groups the bomb volumes and the amounts of sulfur dioxide 

used were the same, within experimental error, while the amount 

of bisulfate used was varied from 3.030 to 60.08 millimoles. As 

may be seen from Table II, this leads to an increase in the 

exchange rate, but not in a manner linear with the amount of 

bisulfate, the increase for smaller amounts being greater than 

for larger amounts. This result suggests a relatively great 

solubility for the gas in the liquid phase, the lack of 

proportionality being traceable to the fact that, with the 

larger amounts of liquid phase present, a relatively greater 

proportion of the gas is dissolved in the liquid, the gas phase 

supply thus being depleted. 

The foregoing qualitative observations appeared to lend 

support to the general analogy of the present exchange system 

with that studied by Doherty (1). As Doherty had 

done, therefore, it was assund, on the basis of the present 
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observations, that the exchange rate is approximately proportional 

to the product of the sulfur dioxide pressure and the amount of 

liquid phase present, i.e. that the rate is given by the approximate 

rate law 

(amount of gas)(volume of acid) 
Rate k 

(total volume of gas + acid) 

= k' (amount of gas) R' 

In this rate law, however, it is recognized that k' is not a 

true constant, but varies with Thus, as indicated in 

Section III, a plot of 1/k' versus R' should give a straight 

line, from the intercept of which at R' 1, it would be possible 

to obtain a value for the specific rate constant in the titruef? 

rate law 

Rate = k (amount of gas) F' 

where F' is the fraction of the total gas dissolved in the fused 

salt. Further, from the ratio of the intercepts of the plot at 

R' = 1 and R' = O, it would be possible to obtain a value for 

the solubility of the gas in the fused liquid, expressed in 

terms of a distribution coefficient. (The equations relating to 

this treatment are presented in detail in Section III.) 

Table II presents a range of values of the variables 1/k' 

and R' at the two temperatures, 169.5° and 194.8°C. These values 

have been plotted against each other, at each of the two 

temperatures, in Figures 4 and 5, respectively. The reasonably 

good straight lines obtained present a gratifying justification for 

the treatment employed and appear to represent a good indication 
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that the present system is, as assumed, strictly analogous to 

that studied by Doherty. 

Qualitatively, Figure 4, representing the data from Groups I 

through V (169.5°), leads to a value for 1/k of 136.8 hr., or 

k = 0.00731 hr.1. Figure 5, for the data from Groups VI through 

VIII (194.8°), gives 1/k 32.9 hr., or k 0.0304 hr». 

From the ratios of these 1/k values (i.e. the intercepts of 

1/k' at R' = 1) to the 1/k' intercepts at R' o, one may obtain, 

as above indicated, values for the distribution coefficients, c, 

representing the ratio of gas concentration in the liquid salt 

phase to that in the gas phase, 

S025/VO 

S02g/Vo1 

Figures 4 and 5 give, at R' = 0, 1/k' 7.2 and 3.10, respectively, 

leading to = 136.8/7.2 = 19.0 at 169.5°C and e 32.9/3.10 = 

10.61 at 194.8°C. 

With the value of k known at two different temperatures, the 

value of the activation energy, F, can now be ca1cuted. The 

rate constant may be expressed in terms of the well known 

Arrhenius equation ( ¿ p. 23 ) 

k= (18) 

where Z, the frequency factor, is a constant, R is the gas constant, 

and T is the absolute temperature. Taking logarithms of 

Equation (18) one obtain; 

2.3 log k in Z - Ea/RT (19) 
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Now substituting the values of k and T in Equation (19), the two 

equations obtained are: 

2.3 log 0.00731 = in Z - Ea/R(273.18 169.5) (20) 

2.3 log 0.0304 = in Z - Ea/R(27318 + 194.8) (21) 

By substraction one of these equations from the other, the value 

of the activation energy, Ea, found is 23.2 kcal. mole. 

From the Arrhenius equation and the activation energy value 

just recorded, it is also possible to calculate a value for the 

temperature coefficient of the rate. Thus for the temperature 

o O 
interval from 169.5 to 179.5 C one obtains 

k1795 (23200)( 1 - - e 1.99 452.7 - 442.7 k1695 - 
Solution of this equation indicates a value for the temperature 

coefficient of the rate in this general temperature range as 

1.8 per 10°. 

It is further possible from the above activation energy to 

compute a value for the frequency factor, Z, of the Arrhenius 

equation. The value so found is such that the specific rate 

constant may be expressed concisely as 

k = 5.72 x exp(-23,200/RT) sec1 

From the sanie data one may also calculate the entropy of activation 

of the reaction,.bS, in accordance with the expression (5, p. 199) 

k (e) (I)e_EdRT e 
h 
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Here k" represents the Boltzrnann constant, and h Planck's constant, 

T is the absolute temperature and R, t gas constant. The 

computed value forAS is -35.0 calories degree mole. 



TABLE I 

DATA AND RESULTS1) 

Mi11i- Mliii- Bomb 
Volume, 

Exchange 
Time, Specific Activities, cpm/mg3 Run2) moles mo1es, 

Number °2 NH4HSO4 ml hrs. (NH4HSO4) (NH4HSO4)t (02)t F4 

Group I Experiments, 169.5°C. ti 197.5 hr. 
2 

4 1.021 20.01 39.0 24.1 29.6 30.4 3.66 0.1400 

5 1.018 20.00 39.0 12.0 29.7 28.3 2.40 0.0848 

6 1.030 20.01 36.0 84.6 28.4 28.2 8.94 0.331 

20.02 43.0 60.2 58.0 61.9 10.92 0.1980 

13 1.012 20.01 40.0 125.2 56.6 52.5 15.79 0.293 

16 1.018 20.01 36.0 274.5 92.1 87.4 54.9 0.627 

17 1.016 20.01 35.0 202.5 94.4 87.4 59.5 0.662 

20 1.019 20.01 36.0 134.5 92.2 91.9 30.7 0.350 

22 1.016 20.00 35.0 91.0 88.5 86.0 20.3 0.243 

28 1.025 20.00 36.0 110.0 63.2 64.1 16.70 0.278 

29 1.050 20.00 36.0 193.5 61.4 56.5 29.2 0.501 

Aver. 1.022 20.01 37.1 



Table I, continued 

: 

Run 
Number 

Mliii- 
moles 
SO2 

Kuli- 

NH4HS"04 

Bomb 

Volume, 
ml 

Fxchange 
Time, 
hrs. 

Specific 

(NH4HSO4)0 

Activities, cpm/mg 

(NH4HSO4)t (02)t ' 

Group II Experiments, 169.5°C. t 184.5 hr. 

g 0.292 20.02 39.0 20.7 58.9 44.3 2.67 0.0443 

9 0.290 20.00 36.0 0.0830 32.0 30.0 0.1070 0.00339 

12 0.292 20.01 38.0 142.3 56.6 48.3 24.7 0.442 

14 0.291 20.00 38.0 78.5 53.6 52.6 12.30 0.233 

18 0.292 20.00 35.0 204.3 94.4 93.7 50.2 0.535 

25 0.290 20.00 38.0 95.7 88.5 83.1 26.8 0.693 

26 0.290 20.00 38.0 176.0 85.1 81.2 41.1 0.489 

Aver. 0.291 20.00 38.2 

Group III Experiments, 169.5°C. t1 = 180 hr. 

30 1.021 60.15 37.0 22.0 56.7 61.5 5.90 0.106 

31 1.022 60.14 36.0 72.0 55.8 57.6 13.02 0.237 

32 1.021 60.04 35.0 280.5 51.7 51.9 34.2 0.671 

33 1.020 60.04 36.0 141.3 54.5 52.35 20.4 0.380 
'J) 



Table I, continued 

Mil1i- Mliii- Bomb Exchange Specific Activities, cpm/mg 
Run 
Number 

moles 

°2 

moles, 
NHHSO4 

Volume, 
ml 

Time, 
hrs. (NH4HSO4)0 

, 

(NH4HSO4)t (SO2)t F 

34 1.022 60.03 39.0 327.0 57.7 56.7 43.2 0.760 

Aver. 1.021 60.08 36.6 

Group IV Experiments, 169.5°C. ti = 751 hr. 
2 

35 1.019 3.016 37.0 228.0 53.3 55.3 5.81 0.145 

36 1.020 3.008 32.0 466.3 51.7 51.5 12.60 0.327 

37 1.018 3.008 36.0 411.75 48.6 39.9 18.3 0.502 

38 1.017 3.087 37.0 1102 45.6 40.45 22.05 0.643 

Aver. 1.018 3.030 35.5 

Group V Experiments, 169.5°C. tj 101 hr. 

52 0.295 60.00 9.4 11.50 40.8 39.5 5.55 0.137 

53 0.295 60.01 10.0 23.3 40.2 38.8 7.88 0.197 

54 0.290 60.04 10.0 62.0 38.4 38.5 13.07 0.341 

-r' 



Table I, continued 

Run 
Number 

Mliii- 
moles 
S°2 

MiUi- 
mo1es 
NH4HS"04 

Bomb 
Volwne, 
ml 

Exchange 
Time, 
hrs. 

Specific 

(NH4HSO4)0 

Activities, cpm/mg 

(NH4HSO4)t (S'O2)t F 

55 0.295 60.01 9.0 132.0 38.1 38.9 22.3 0.589 

56 0.292 60.02 9.55 228.0 38.1 37.8 29.9 0.789 

Aver. 0.293 60.01 9.6 

Group VI Experiments, 194.8°C. t1 57.5 hr. 
2 

40 1.030 20.01 33.0 25.5 41.8 46.3 8.87 0.223 

41 1.026 20.02 35.0 22.0 43.6 38.9 11.2 0.271 

42 1.029 20.01 36.0 36.0 43.6 42.4 13.3 0.320 

43 1.031 20.00 34.0 107.5 40.77 41.1 28.1 0.729 

46 1.031 20.02 35.0 69.3 37.2 35.8 21.0 0.592 

47 1.031 20.00 37.0 99.5 38.3 39.7 25.8 0.707 

48 1.031 20.02 36.0 118.5 38.7 37.2 27.8 0.756 

49 1.020 20.10 36.0 41.2 34.3 32.6 13.09 0.401 

50 1.010 20.00 36.0 29.25 34.4 28.6 8.52 0.261 

G' 



Table I, continued 

Mliii- Mi.11i- Bomb Exchange 
. 

. . Specific . . i Activites, cpm/rng Run moles moles, Volume, Time, 
Number °2 NH4H3O4 ml hrs. (NH4HSO4)0 (NH4H3'O4)t (3O2)t F 

51 1.020 20.06 36.0 90.5 32.0 30.35 20.6 0.678 

Aver. 1.022 20.02 35.5 

Group VII Ebcperiments, 194.8°C. ti 32.75 hr. 
2 

57 0.290 29.97 10.0 13.0 34.4 30.2 7.36 0.215 

5 0.290 29.97 9.25 31.2 35.4 31.8 15.90 0.454 

59 0.291 29.97 9.7 33.2 35.4 35.9 17.05 0.486 

60 0.291 29.97 9.0 47.7 35.4 31.0 23.3 0.664 

61 0.291 29.97 10.0 96.0 34.6 33.2 30.0 0.875 

Aver. 0.291 29.97 9.6 

Group VIII Experiments, 194.8°C. ti = 24.2 hr. 

62 0.290 60.00 9.5 15.8 37.9 34.4 11.80 0.313 

63 0.292 60.00 9.9 24.0 37.1 36.2 19.20 0.520 

64 0.290 60.00 9.4 44.0 37.6 37.6 26.5 0.706 

'J) 



Table I, continued 

Mili- Mi1li- Bomb Exchange Specific Activities, cpm/mg 
Run moles ¡noies,, Volume, Time, 
Number SO2 NH4HS'O4 ini hrs. (NHHS'O4)0 (NH4HS'O4)t (302)t 

65 0.295 60.01 9.6 69.0 37.6 36.3 32.1 0.857 

Aver. 0.292 60.00 9.6' 

1. The results shown in this table are computed according to tI methods described in 
Section III. 

2. Run numbers indicate tl- actual chronological order of performance of the experiments. 
Missing numbers belong to broken bombs pr to those experiments run for measuring 
the activities of original ammonium bisulfate used, or for those experiments which 
were carried out with unlabeled material for the purpose of practicing some 
mental technique. 

3. Activities for a given numbered experiment are given for the time of counting or, 
for the original ammonium bisulfate, corrected to that time. 

4. The fraction exchange F = A(SO2)t/A(SO2 where A is the specific activity of at 
t (col. 8) and A (SO2) is that expecedat infinite time, based on A(NH4HS"04)0 
(col. 6); i.e. A(SO2J" L.(NH4HSO4)OJ Lb/(b a)] 



TABLE II 

EXCHANGE RATES 

Mliii- Mliii- Bomb 
1/k', Group Temp. moies mole Volume, t, 

hours 
Rate, 

m mols/hr. R' hours Number °C. 502 NH4HS'O4 mi 

i 169.5 1.022 20.01 37.1 197.5 0.00341 0.0366 10.97 

n 169.5 0.291 20.04 38.2 184.5 0.001077 0.0355 9.60 

Ui 169.5 1.021 60.08 36.6 180.0 0.00386 0.1114 29.5 

IV 169.5 1.018 3.030 35.5 751.0 0.000703 0.00579 8.39 

V 169.5 0.293 60.01 9.6 101.0 0.00200 0.425 62.2 

VI 194.8 1.022 20.02 35.5 57.5 0.01172 0.0393 3.43 

VII l9L.8 0.291 29.97 9.6 32.8 0.00610 0.218 10.40 

VIII 194.8 0.292 60.00 9.6 24.2 0.00833 0.436 15.27 
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V. DISCUSSION 

The experiments that have been studied in this research might 

be considered as the first phase of an investigation of the exchange 

reaction between sulfur dioxide and sulfuric acid in a medium of 

liquid ammonia. Such an investigation is of particular interest 

in presenting an analor to the study of the exchange between 

sulfur dioxide and sulfuric acid in an aqueous medium which has 

previcusly been carried out (see Section i). McDonald ( 7) 

studied the aqueous system in detail and gave the rate law as: 

Rate = k1(502)(HSO4) + k2(S02)(H2504) 

where, at 174.0°C: 

k1 = 1.06 x 10 i moie1 min_l 

-5 -1 .-1 
k2 1.48 x 10 1 mole min 

In order to find this result, he performed an extensive series of 

experiments, measuring the rate of the reaction between sulfur 

dioxide and sulfuric acid of different concentrations over the 

whole range from aqueous sulfuric acid to oleum. He found that the 

exchange rate increases with increasing sulfuric acid concentration, 

reaches a maximum at about 76-80 per cent sulfuric acid and thereafter 

declines towards 100 per cent acid. 

McDonald interpreted his results as indicating that the 

exchange involves two simultaneous bimolecular pathways in which 

sulfur dioxide molecules exchange with bisulfate ions and 

unionized sulfuric acid molecules, respectively. The second 
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pathway becomes important only as one approaches loo per cent acid. 

Over most of the concentration range from dilute aqueous solutions 

up to nearly 100 per cent acid, the first pathway is dominant, 

and the behavior of the exchange rate as a function of acid 

concentration reflects primarily the variation in bisulfate ion 

concentration in the solution, this quantity, for example, rising 

to a maximum near a one-to-one water-sulfuric acid mole ratio. 

In giving a picture of the mechanism of the exchange between 

sulfur dioxide and either sulfur (VI) species, McDonald (7, p. 124) 

pointed out that the sulfur dioxide must act as an acid in the 

activated complex (the terms acid and base being used in the 

generalized, Lewis sense). In line th this picture, he 

visualized the activated complex in the case of the bisulfate 

ion reaction as a double oxygen bridge structure: 

H 

\ s 
O, 

- 

---f O 

The complex involving the sulfuric acid molecule would simply have 

one more proton on the other bridge oxygen. The exchange is 

accomplished by the breaking of the two sulfur-oxygen bonds 

shown as solid lines in the sketch, the erstwhile sulfur dioxide 

thus becoming the sulfur (VI) species. It may be noted that this 

process may be conveniently thought of as involving the actual 

physical transfer of one oxide ion and one oxygen atom from one 
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sulfur to the other. In any case, it is apparent that the high 

degree of order associated with a complex structure of this type 

would appear to be nicely consistent with the observed large 

negative entropies of activation (-26.4 e.u. and -28.7 e.u. for 

the k1 and k2 steps, respectively). 

It would be interesting to find if the rate of the reaction 

in the present medium would change in a parallel way to the behavior 

shown in the aqueous system. While, unfortunately, the present 

results do not yet suffice to provide a thorough test of this 

possibility, they do present an interesting analor to a more 

limited aspect of the previous research. Thus the exchange 

system here studied represents, for the liquid ammonia system, 

the equivalent of the aqueous system involving a one-to-one mole 

ratio mixture of water and sulfuric acid, i.e. 84.6 per cent acid. 

In the study in this thesis it has been shown that the exchange 

rate is given by the expression 

Rate = k(S02)d F' = k(S02) (lo, III) 

where 15 the amount of sulfur dioxide put into the reaction 

bombs, F' is the fraction of the sulfur dioxide dissolved and 

( 302) represents the actual sulfur dioxide concentration in the 

fused ammonium bisulfate. In order to compare the present rates 

with those found by McDonald, it may be assumed that the fused 

salt is completely ionized as ammonium and bisulfate ions. Thus 

one may equate the observed exchange rate to the first, k1, term 

of McDonald's rate law 
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Rate k (502) k1 (S02)(HSO4) (i) 

From this equation one obtains a useful relationship between k, the 

rate constant actually observed in the present work, and k1, 

computed rate constant to be compared with the rate constant given 

by McDonald 

k1 
= (Hso4) 

(2) 

To proceed with the comparison, then, one starts with the 

observed k values. From these one may calculate k1 values for 

each of the experimental temperatures and then, by interpolation, 

obtain a k1 value corresponding to the temperature at which 

McDonald's value has been quoted. At 169.5°C, the value of k is 

7.31 x lO' hr (see Section IV). As the density of ammonium 

bisulfate (determined in this research) is 1.695 g/ml at 169.5°C 

and the molecular weight is 115.1, the concentration of ammonium 

bisulfat.e is 

(Hso4) 1695 
14.73 moles 1 

115.1 

Hence one obtains 

k1 = 
7.31 X 

4.96 x 1 mole 
l 

14.73 

= 8.27 X io_6 i mole1 min_l 

At 194.8°C, the value of k is 3.04 x io_2 hr1 and the density is 

1.651 g/ml (Section IV), giving (H504) 14.34 moles and, by 

the same treatment as that previously described, the value of 

k1 (194.8°) is found as 3.53 x io5 i mcle1 min_l. 



One may interpolate between these k1 values in order to 

obtain a value at l7k.O°C. In the process one obtains values of 

the activation energy, the frequency factor in the Arrhenius 

equation, and the entropy of activation, all by methods similar 

to those used in Section IV. Thus, writing 

k1 = ZeÇT 

one finds Ea= 23.6 kcal/mole and Z = 3.69 x 106 1 mole min 

Hence k1 is given by the expression: 

k1 3.69 x 1 mole- mina 

= 6.15 x i4e_23600/1T i mo1e sec 

The value of the entropy of activation, which may be deduced 

from these data is -39.4 calories degree1 mole. Arriving at 

this stage, the value of k1 may be found at 174.0°C 

k1(l74.0°) = 1.073 x 10 i moie min. 

It is now possible to compare the present results with those 

that were obtained by McDonald for the k1, bisuifate, pathway in 

his study of exchange between sulfur dioxide and sulfuric acid. 

In general it may be said that the kinetic constants found, while 

certainly not identical, are roughly comparable to those obtained 

by McDonald, the differences observed naturally not being unexpected 

in view of the drastic change in the nature of the medium. Thus 

the activation enerr is somewhat lower, but comparable to that 

given by McDonald (23.6 kcal/mole vs. 27.4). The Arrhenius 

frequency factor, like McDonald's is abnormally small, though 

significantly more so in the present case (6.15 x l0 vs. 4.3 x 

i. moie sec). The entropy of activation, similarly, has, like 
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McDonald's, a large negative value, although significantly more so 

(-39.4 vs. -26.4 e.u.). 

To make a specific comparison of the rate constants observed, 

one sees that the rate constant in the present case is smaller 

than that found by McDonald by a factor of about 10 (1.073 x 1O 

vs. 1.06 x 10 1. mo1e ndn1). Thus the reaction here is ten 

time slower than the reaction of sulfur dioxide with bisulfate ion 

in sulfuric acid. It is evident that tIüs slowness is to be 

associated with the larger negative entropy of activation in the 

present case, the difference in activation energies actually 

being in a direction which should make for a faster reaction in 

the fused salt system. 

At this stage of knowledge it is not possible to account 

quantitatively for the differences in the two systems. Actually 

the primary interest in the results would appear to derive from 

the fact that the figures obtained are as little different as 

they are. Thus there seems a clear suggestion that the general 

mechanism of the exchange may well be the same in the fused salt 

as in the aqueous system, quite possibly involving the double 

oxygen bridge activated complex between sulfur dioxide and 

bisulfate ion previously discussed. Clearly, however, differences 

in rate might be expected, the interionic forces in a fused salt, 

melting at 147° certainly being different from those prevailing 

in the aqueous sulfuric acid, with a melting point for the 

species H2SO4.H20 of 8.6°C. 
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In this connection it is of interest to observe that the 

solubility of sulfur dioxide found in the present system is 

apparently significantly greater than that in equimolar water- 

sulfuric acid solutions. Thus, in terms of c, the distribution 

coefficient between liquid and gas phase, the figure found for 

ammonium bisulfate at 194.8°C was 10.61 to be compared to the 

value of 1.67 found by Doherty (1, p25) for 85.2 per cent sulfuric 

acid at 194.4°C. Such a result suggests a stronger interaction 

between the sulfur dioxide molecules and the solvent in the case of 

the fused salt than for the sulfuric acid. It is inviting to 

speculate whether such a stronger interaction might be working in 

the direction of hindering the formation of the activated complex 

and thus serving to slow down the reaction. 

As indicated at the beginning of this section, the present 

results might be thought of as the first phase of a more extensive 

study in which the nature of the solvent was varied by changing 

the ammonia-sulfuric acid ratio. The results so far obtained are 

distinctly encouraging and it would be of real interest to find, on 

carrying out the suggested, more extensive investigation, whether 

a pattern of the exchange would emerge showing a clear analogy 

to that found in aqueous sulfuric acid. 



47 

VI. SUARY 

1. A study of radiosulfur exchange between sulfur dioxide 

and fused ammonium bisulfate has been carried out at the two 

temperatures, 169.5°C and 194.8°C. 

2. The sulfur exchange between sulfur dioxide and fused 

ammonium bisulfate occurs at conveniently measurable rates at both 

temperatures. A kinetics study has shown the reaction to be first 

order in the amount of sulfur dioxide used, and the rate was 

found to be proportional to the fraction of sulfur dioxide dissolved 

in the fused salt: 

Rate = k(S02)F' 

The values of k found were: 7.31 x iO hr at 169.5°C and 3.04 x 

io_2 hr at 194.8°C. 

3. The temperature coefficient of the rate at 169.5°C 

is 1.8 per 100, corresponding to an apparent activation enerr 

of 23.2 kcajjmole. 

4. By application of a method previously developed by 

Doherty in hist study of the exchange between sulfur dioxide and 

concentrated sulfuric acid, the solubility of sulfur dioxide in 

the fused salt was determined in terms of a distribution coefficient, 

C 

(SO/Vo1 
C = 

(S02)g/VOlg 



where (So2)5 refers to the amount of sulfur dioxide in the fused 

salt with volume Vol5. The subscript g refers to the corresponding 

quantities for the gas phase. The values found were c = 19.0 at 

169.5°C and 10.61 at 194.8°C. 

5. A comparison of the reaction under consideration with the 

exchange reaction previously studied between sulfur dioxide and 

aqueous sulfuric acid has been carried out by assuming the 

same rate law to prevail as that found for reaction between sulfur 

dioxide and bisulfate ion in the aqueous acid medium, viz. 

Rate = k1 (s02)(HSO4) 

The concentration of bisulfate ion has been computed by assuming 

the fused salt to be fully ionized. The activation energy associated 

with the k1 rate law has been calculated, making possible the 

expression of k1 as 

k1 6.15 x iO4e_23600/'1T i mo1e sec 

The entropy of activation deduced from these data is -39.4 calories 

degree mo1e. Although there are distinct differences in rates 

( the reaction is.-..-'iO times slower than in the aqueous acid), 

activation energies, frequency factors, and activation entropies, 

the differences do not seem unreasonable in view of the drastic 

difference in the nature of the solvent medium. Hence it seems 

quite possible that the same reaction mechanism may be involved in 

both cases. 
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