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TE KINETICS OF THE SULFUR(IV) - suLFm(vI) ISOTOPIC EXCHANGE 
REACTION IN AQUEOUS AND CONCENTRATED ACID SOLUTIONS 

I. INTRODUCTION 

The exchange of oxygen 2toms between sulfur(IV) ax 

suifur(VT) compourid3 was first investigated by Voge (!3,p.1O32-1O3), 

using radioactive sulfur. He observed no exchange in 36 

hours at 1000C between aqueous sulfite and sulfate in either 
basic or 0,1 N acid solution. He also reported no exchange 

between sulfur dioxide and sulfur trioxide gases in 17 hours 

at 280°C, the addition of water vapor leading to only about 10% 

exchange tmder these conditions. At 33°C, however, he did 

find a slow exchange between these gases, the rate being 

accelerated by the presence of water or of platinized 

asbestos, Since this is about the temperature where the dis- 

sociation of sulfur trioxide first becomes appreciable, Voge 

postulated the rate determining step to be 

S3 + (1) 

!Juston (2L) later studied in detail the kinetics of 

tliis gas phase exchange, and ob8erved the rate to be conveniently 

measurable in the range 1.iOO - 0°C with a norma]. temperature 

coefficient. He found the reaction to be heterogeneous arxi, 

as Voge had indiccted, strongly catalyzed by water, but his 

date were irreproducible and involved. He did conclude, however, 

that the rate determining step seemed not to be that given by 
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(1), iluston (22,p.30S0) has i1so investigated the liquid 

phase e:chnge f sulfur between these two conounds, and has 

reported hat no exchange takes place at room temperature when 

sulfur trioxide is dissolved in liquid sulfur dioxide or vice 

versa. ¡le observed only very slow exchange (less than 2 in 62) 

hours) for sulfur dioxide dissolved in liquid sulfur trioxide 

at 1320C. 

Voge's results led :larnmon (19,p.].0) to speculate that 

perhaps the concentrations of both sulfur trioxide and water 

in hot concentrated sulfuric acid might be sufficiently high 

to lead to a more rapid exchange with sulfur dioxide than that 

observed between sulfur dioxide and sulfur trioxide in the gas 

phase. His results, while somewhat lacking in internal eon- 

sistency, indicated roughly: (1) at room temperature, rio ex- 

change in L8 hours; (2) at 1000C, % exchange in !8 hours; 

(3) at 280°C, complete exchange in less than S hours. This 

last result, when compared with all of the preceding work was 

evidently of considerable isxterest. Norris (37) further ives- 
tigated this exchange between sulfur dioxide and concentrated 

sulfuric acid. He found it to proceed it a conveniently 

measurable rate in the range 160 - 210°C, with an aparent 

activation energy of about 28.8 kcal.mole1. Continuing the 

investigation, Doherty, esters and Norris (11) found the 

reaction to be first order in sulfur dioxide and one-half order 

in water concentration in the range 85 - 98 sulfuric acid. 
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It is clear fron the preceding that, although the 

exchange appears to be faster in hot concentrated sulfuric 

acid than in the systems previously studied, in no case does 

rapid exchange of radiosulfur occur between sulfur(IV) and sulfur- 

(VI) species at room temperature. Jn interesting contrast to 

this observation is presented by results obtained when isotopic 

oxygen has been used as the tracer in place of rediosulfur. Nakata 

(36) , using oxygen-18, found a rapid room temperature ex- 

change in the liquid phase between sulfur dioxide and excess 

sulfur trioxide. Sindlarly kiuston (2l,p.392 and 23) has found 

the oxygen exchange between sulfur dioxide and concentrated 

sulfuric acid to go at room temperature; half-times of the 

order of fifteen to thirty minutes were observed both in 

concentrated sulfuric acid and in oleum, the rate going through 

a sharp minimum at mctly 100% acid. 

Clearly the much greater rate of isotopic oxygen 

exchange than that of radiosulfur exchange implies different 

mechanisms for the two processes. Fluston (22,p.3050) explained 

Nakata' s results in terms of a rapid acid-base equilibrium 

between sulfur dioxide and sulfur trioxide involving the transfer 

of oxide ions, thus 

+ S0++ + 
(2) 

While giving oxygen exchange, this mechanism clearly xuld not 

yield sulfur exchange, and, as such, is consistent with the 
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expei'irnenta]. observations on thi8 point. One must imagine 

the operation of sorne otr mechanism to explain the latter 

exchange (insofar as observed) in the sulfur dioxide - sulfur 

trioxide system. Similarly, although no mechanism has as yet 

been advanced by the investigator, one mìy suppose that, in 

the sulfur dioxide - sulfuric acid system, son oxygen 

exchange mechanism is operative which does not lead to sulfur 

exchange, the latter then going only at higher temperature by 

some other process. 

Ames and Willard (1), finally, investigated the sulfur 

exchange between sulfite and thiosulfate in aqueous solution 

and found the rate to be conveniently measurable in the range 

60 - 100°C, with a second order rate constant given by 

k - 2.3 x iO6exp i molesec1 (3) 

Assuming the activation energy to be proportional to the strength 

of the bond broken, they predicted that between sulfate and 

sulfite, the sulfur exchange, unobserved by Voge, should occur 

via the same coflision mechanism with a specific rate given 

approximately by 

k 2.3 X lO6exp 28,700 1 mo1eaec1 (Li) 

.Tn the basis of this eimate, they suggested the feasibility 

of observing this latter exchange in sealed tubes at elevated 

temperatures. Thus at 200°C, for example, equation (1) predicts 
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thnt a mixture 3. M each in sulfate and sulfite should exchange 

at a rate of X lO mole ]1nd.rr1, corresponding to the 

slow but observable half-time of ¿8 days. 

The present study was undertaken with a view to finding 

whether the radiosu.lfur exchange observed by Doherty, Masters 

and Norris (U) between sulfur dioxide and hot concexitrated 

sulfuric acid might also be found to go in relatively dilute 

aqueous solution at comparable temperatures. It was felt 

that, should such be the case, a kinetics study of the exchange 

system throughout the entire range, fr3m dilute water solution 

up to approxima tely 100% sulfuric o cid might be of real 

interest. It further seemed pertinent to investigate the 

aqueous sulfite - sulfate exchange (i.e. the sulfur(IV) - 

sulfur(Vi) exchange in basic aolution) under conditions where, on 

the basis of Ames and Willard's prediction, it might be 

expected to occur. Clearly the results of such a study 

would serve to broaden significantly tue picture of the sulfur(TV) 

- sulfur(Ví) exchange system obtained from the sulfur dioxi - 

sulfuric cid exeriange investigation. 

In order to implement the foregoing objectives, 

radiosuLfur exchange has therefore been investigated in the 

following specific systems, at temperatures in the range 17!i°C 

to 195°C: (1) aqueous sodium sulfite - sodium sulfate; (2) aqueous 

sulfur dioxide - sodium sulfate; (3) aqueous sulfur dioxide - 

sodium bisulfate; (!) sulfur dioxide - sulfuric acid over the 
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entire concentration range 0.25 M to 100% sulfuric acid and 

into the oleum region. While the sulfite - sulfate exchange 

rate turns out, contrary to expectations based on Ames and 

Wiilard' estimate, to be almost unobservably 810W under these 

conditions, the exchanges involving sulfur dioxide have proved 

readily susceptible to investigation. Thus with the latter 

systems a detailed kinetics study has been possible, leading 

to what appears to be a quite reasonable mechanistic inter- 

pietation of the exchange reaction. 
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II. EXi-EkiIt4TAL 

A. GEJERAL PRflCEDURE 

The hind1ing of the various chemical materials in 

this reserch was done, whenever appropriate, employing either 

dry tox or high vacuwn techniques. The use of a dry box was 

necessary in analytical procedures and preliminary steps in 

r'action mixture preparations involving the hygroscopic soin- 

tions of concentrated sulfuric acid, 

All of the exchange experiments in the research were 

carried out in sealed Pyrex class tubes. The removal of air 
from these tubes and the handling of the sulfur dioxide, 

which was used in the majority of the experiments, was done 

on a glass high vacuum system of stmdard design. The systert 

was evacuated through a liquid nitrogen cooled trap by means 

of a mechanical pu and a mercury diffusion pump to a pressure 

less than lOmin of Fig as measured with a McLeod gauge. Sulfur 

dioxide pressures were measured with a mercury ranometer to 

0.5 iN of irr. Stopcocks were lubricated with Apiezon "N" 

or Apiezon tST!I high yac juin crease, the latter having been found 

particularly uefu1 durIng hot suner weather. 

Certain of the early experiments, in which no significant 

exchange was ever observed, were carried out in a hot wax 

bath with temperature measurement and control good probably 



to about t 2°C. In subsequent cperirnents, where it was 

desired to obtain more precise rate data, it was necessary 

to provide better temperature regulation. The high temperature 

thermostat constructed for this purpose, which was operated 

first. as an air bath and later as an oil bath, consisted of 

a glass jar wrapped with a nichrome wire coil (to provide the 

main source of heat) and an asbestos covering. Contained within 

the jar were (1) a propeller, (2) a mercury thermometer, and (3) 

a temperature sensing element connected to a Hallikainen 

"Thermotrol" a ) which provided intermittent power to ( L) a 

small control heater. The jar was housed in a copper lined, 

insulated metal bath with a lid consisting of two inches of 

2sbestos backed with composition board placed on top. In an 

effort to iriprove the stability of this thermostat while 

operated na an air beth, several hand-fuis of iron nails 

were also placed in the bottom of the glass jar. 

A check of this instrumit immediately after construction 

showed that a constant temperature of l71 t 0.1°C, as measured 

with a National Bureau of' Standards calibrated thermometer, 

appeared to be maintained uniformly within the jar. Some 

time after replacement of the original propeller with a less 

effective one, however, a temperature check with a platinum 

a) Jiallikainen Instruments, Berkeley 10, California 



resistance thermometer showed that, while the mercury thermo- 

meter, which was placed at about the saine level as the reaction 

bombe in the jar, indicated a temperature of 17L1.O°C, the 

actual temperature ranged from 172.9 to 17L.7°C depending on 

the position in the bath at which it was measured. After 

discovery of this non-uniformity of temperature, the bath 

was filled with Shell "Talpa Dii O' equipped with a vigorous 

stirrer and opera ted in a conventional manner to give a uniform, 

controlled temperature of lTh.O t 0.1°C for use in all subsequent 

experiments. 

Because of these difficulties, the temperature of the 

runs in the air bath thermostat can probably be taken as good 

only to about 1°C. This applies to both the earlier runs 

at 17J4 as weil as aU. those at 1L arid ].9!°C. Hence the 

temperatures are recorded in terms of these figures in the 

subsequent presentation of data. For the later runs in the 

oil bath, the temperatures are, as indic::ted, good to t 0.10 

and are recorded with the associated data as 17L0°C. 

B. RADIOACTIVITY ANALYSIS 

Sulfur-35, the radioactive sulfur isotope used in this 

work, is a emitter with a half-life of 87.1 days and a 

maximum energy of 0.167 Mev. It was obtained from Oak 

Ridge National Laboratory in two forms: (1) as neutron 
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irradiated potassiun chloride, the sulfur-35 being produced 

from chlorine-3, and (2) aa sulfate (carrier free) in dilute 

hydrochloric cid. The sep:ration and purification of this 

isotope are described in a later section (see preparation of 

labeled aqueous sulfuric acid). 

Radiosulfur seniples were counted as bariui sulfate. 

Labeled sulfur dioxide was absorbed in sodium hydroxide 

solution, oxidized with bromine, acidified with FIC1, heated 

to the boiling point aiid treated with lO bariun chloride 

solution. The labeled sulfuric acid, on the other hand, 

needed only to be diluted with water, heated to boiling 

ìd treated with barium chloride. After digestion for several 

hours on a steam bath, the solid barium sulfate was collected 

in a sintered las& crucible by vacuum filtration. 

For each sample to be radiosasayed, duplicate planchets 

were preparad by transferring nall amounts of the solid barium 

sulfate to nickel-plated, cupped, steel plancheta, slurrying 

the material with 95 ethanol, and evaporating the solvent under 

an infrared lamp. Sample thicknesses of about 3 to 6 milligrams 

per square centimeter .isu.ally obtained. 

The counting procedure was essentially that described 

by Norris (37,p.1221) for the counting of solid barium sulfate 

samples. A Tracerlab TGC-2 end window Geiger tube (mica window 

of less than 2 mg/cn2) was used with a Berkeley model 1000-B 

scaler. 



Corrections for background nd self-absorption were 

determined empirically arid applied to all sample measurements. 

When applicable, a decay correction was also employed. The 

total nuiîther of counts taken on each sample was sufficient 

to give a standard deviation of never more, and usu1ly 

less than 3%. Ecoerience has shown that this is well within 

the overall error in the specific activity determination. 

For those rune in which the sulfur(VI) fraction was of very 

iigh specific activity, it was found that the planchets had 

to be placed at a greater distance from the end window of the 

Geiger tube, lower shelves for which purpose were provided 

beneath the counter tube. This required the use of an ex- 

perimentally determined 'tshelf correction" in order to compare 

these data to those obtained at the normal distance. In 

addition an empirïcal coincidence correction was also used 

in these instances, although in no case did it amount to 

more than about 5 to 10%. 

C. CLEMICAL ANALYSIS 

The determination of sull'ur(VT) molarities was accomplished 

by two methods (1) volumetric determination of the sulfuric 

acid in some instances and (2) gravimetric determination of 

the sulfate in others. For the volumetric procedure, duplicate 

samples of eitr known volume or known weight (the density 
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being readily obtainable fron standard sources (L6,p.6-7)) 

were titrated with standard base prepared by dilution of an 

Acculutea) standard volumetric solution. The erpoint was 

detected with a Beckman Model H pH meter equipped with a glass 

indicator electrode and a calomel reference electrode. In 

the ravimetric procedure, duplicate samles of known volume 

were diluted with a large amount of water, heated to boiling 

and treated with excess lO barium chloride. After digestion 

on the steam bath for several houre, the solid barium sulfate 

was collected in a sintered glass crucible previously brought 

to constant weight, heated overnight at 200°C and weighed. 

Preliminary steps in those procedures involving concentrated 

sulfuric acid solutions were carried out in the dry box when- 

ever absorption of water by these hygroscopic solutions might 

have affected the resulte. The gravimetric method was not as 

accurate as the volumetric one, but it was felt to be suf- 

ficiently so for present purposes, any error introduced 

being well within the overall experimental accuracy of tF 

general procedure. 

a) These solutions are available from Anachemia Ltd., Montreal, 

Canada. 
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D. PREPARATION OF MATERIALS AND REACTANT &)LUTIONS. 

1. General. AU chemical materials used in this 

resi arch, where not specifically indicated, were standard 

quality reagent grade or c.p. substances. 

2, Sulfur dioxide was obtained from two sourced: (1) 

The 1atheson Company, Inc., in a steel cylinder, and (2) 

the American Potash and Chemical Corporation, in a one pound 

"Charge-A-Can". The gas from the steel cylinder was introduced 

into the vacuum system, bubbled twice through concentrated 

sulfuric acid to remove sulfur trioxide, passed over phosphorus 

pentoxide to eliminate water and condensed to e liquid in a 

trap cooled with a Dry Ice - alcohol slurry. The liquid 

sulfur dioxide was then subjected to vacuum fractionation, 

the middle one-third being vaporized into a large storage 

bulb, while the initial and final fractions were discarded. 

The portion saved was frozen with liquid nitrogen and pumped 

to 1O'mm of Hg to remove any possible permanent gases. This 

sulfur dioxide was then finally thawed, vaporized and saved 

in the large bulb for future use. The as from the 'Charge-A- 

Can" was fed directly into the large storage bulb, frozen and 

pumped to lO'mm of Hg, the purification procedure being 

omitted since the specifiectiona for this product indicate 

a high degree of purity ("moisture <o.00%", 303 "nil"), and 

in any case minor contamination either by water or by sulfur 

trioxide would be without influence in the present experiments. 
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3,, Labeled aqueous sulfuric acid, of high 

specific activity, was prepared by two different methods, 

depending upon which starting forni of sulfur-35 was used. 

For the neutron irradiated potassium chloride, containing 

some ci6 as well as carrier free a measured amount of 

the salt was dissolved in approximately 0.002 M sulfuric acid 

containing a few drops of 3 M hydrochloric acid. TF resulting 

o1ution was heated to boiling in a water bath and a slight 

excess of 10% BaCi2 solution added. After digesting overnight 

on the steam bath, the mixture was centrifuged and t super- 

natant liquid separated from the precipte. This liquid 

was tn evaporated to dryness and the resulting solid 
material, containing radiochiorine in the f orni of potassium 

and barium chlorides, was set asidé for subsequent use. 

The BaS30)4 precipitate, after several washings with 

distilled water (the last washing testing chloride-free with 

silver nitrate), was dried and dissolved in a small amount 

of concentrated sulfuric acid, Addition of sufficient water 

to reduce the acid concentration to one molar or less served 

to reprecipitate the barium sulfate, which was then separated 

from the resulting B283S(D)4 solution by centrifugation. The speci- 

fie activity of the preparation was adjusted to the desired 

value by addition, usually of an excess, of 1.00 M 11250)4, the 

latter having been prepared by dilution of an Accalute standard 

volumetric solution concentrate. The sulfate concentration 
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of this final H2S3Sb solution was determ1ne 'ravimetrically, 

When the starting material was c'.rrier free sulfate 

in dilute hydrochloric acid, the procedure was somewhat 

simpler. For those runs where H2S53 of high specific 

activity was needed, a known volume of 1.00 M H2SO (prepared 

from Acculute conctrate) was added, 2nd the solution evaporated 

under an infrared lamp until white fumes were evolved. This 

materia]. was then diluted with distilled water to t desired 

molarity as determined gravimetrically. 

Aqueous H2&SOj (of low specific activity) in the 

concentration range 3.8 - 1).j M H2SO was obtained by adding 

a small amount of high specific activity 1 M 

the latter having been prepared as described in the preceding 

paragraph,, to a solution of concentrated sulfuric acid (Baker 

and Adamson, reagent grade) in distilled water. TI acid 

strengths of these solutions were determined volumetrically. 

li. Labeled concentrated sulfuric acid, H25350j1, was 

prepared from carrier free sulfate in dilute hydrochloric 

acid by adJition of a milliliter or so of concentrated sulfuric 
acid (Baker and Adamson, reaí:ertt grade) followed by evaporation 

of the solution under an infrared lamp until evolution of white 

fumes. The specific activity of the resulting acid was then 

adjusted by addition of more concentrated sulfuric acid after 
which the acid concentration was also adjusted, where 
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appropriate, by addition of distilled water. The fintl acid 

concentrotjon W8 then determined volumetrically. 

5. Labeled 1OO', sulfuric acid, SOj, was prep3red by 

the "Fair arid Foggy" method of icunzler (26,p,lOO). This 

essentially involved the titration of Baker and darnson reagent 

grade fuming sulfuric acid (approxirntel,y 3O free S)3) with 

concentrated H2SZ)) prepared as described previouely), the 

endpoint being detected when a f o, created by blowing oc- 

casional bursts of moist air over the solution, no lon:er 

appeared. Wel-hed duplicate sanzoles were titrated with standard 

base, the resulte indicating leas than 0.1% water. 

6. Labeled fwnig sulfuric acid was prepzred by 

simply adding five milliliters of concentreted ('eired 

as described previouiiy) to fifteen milliliterc of ¡3akcr and 

!dataon reagent r'rade fuming sulfuric acid (a)proximate].y 

3O free Si3) . Duplicate weighed samples of this preparation, 

after water had been added, were titrated with etan,isrd ba8e 

to determine the EI2SO and free 503 concentrations. 

7. Labeled aqueous sodium bisulfate, Nail&3Ö, was 

prepared in two ways: (1) by partial neutralization of a 

known volume of standardised aqueous HS3Oj with a known 

amount of 0.100 N NaC)H (Acculute) and (2) by addition of 

the weighed ca1cu1ted amount of dried reagent grade Na2fl to 

a carefully measured volume of standardized .queoue H2S35Oj. 
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Total sulfate was determined in both cases gravimetrica:Lly. 

6. Labeled sodium bisulfate, Na&Q), in aqueous 

H2S3Oli was prepared by three different methods: (1) by 

addition of a weighed amount of c.p. NaHSOj to a measured 

volume of aqueous H2S3SO; (2) by addition of a weighed amount 

of reagent grade Na2S to a Imown volume of aqueous 

H2S3SOj; (3) by mixing known volumes of aqueous NaHS3Oj4 (pre.- 

pared as described above) and aqueous all cases 

the total sulfate was determined gravimetrically. 

9. Labeled sodium bisulfato, NaH53Oj,in concen- 

trated }I9SOj was prepared using reagent grade Na2SO which 

had been intensively dried by fine grinding, drying at 20C°C 

for four hours and final overnight pumping at a pressure of 

about lCnm. The addition of weighed amounts of this material 

to a carefully measured volume of concentrated H2333 (prepared 

as previously described) gave t1 desired solutions. The volume 

change upon solution of the Na2SOj was determined by titration of 

duplicate samples of known volumes with standard base. 

lo. Labeled sodium sulfate, Na2S3SOj4, was obtained 

by dropwise addition of approximately 2 M NaOH (reagent grade) 

to aqueous HS3O until a pH of 7 was reached, as measured 

with p Hydriona) paper. T salt was recovered by evaporation 

of the solution to dryness, and was dried at 130°C for 2L hours. 

a) Available from 4icro Essential Laboratory, Brooklyn 10, 
New York, 
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This salt was then dissolved in either water or 0.1 N NaON 

and the total sulfate determined ravimetricaUy. 

U. Labeled sodiui sulfate, Na2S.3C)j, in aqueous 

NaHS350L was obtained by the second metbd used in the pre- 

paration of aqueous NaHS3O except that an excess of Na2S0j 

(reagent grade) was added, the total sulfate then being deter- 

mined gravimetricafly. 

12. Labeled elemental sulfur was prepared from 

aqueous H2S3SOL in a manner similar to that given by Cooley, 

Yost and MeMillan (8,p.,2970-2971). In this procedure, labeled 

sulfide was obtained from aqueous H2S0) by precipitation of 

BS5D and subsequent reduction of the BaS3S0 by heating 

with vegetable charcoal at approximately 1000°C in a tube 

furnace for two hours. The BaS3 thus produced was treated 

with i M hydrochloric acid and the resulting bubbled 

into i M potassium triiodide. The sulfur resulting from this 

operation was coagulated by heating the potassium trilodide 

solution, and was collected in a sintered glass crucible. It 

was then sealed in an evacuated tube, heated at 90°C for a 

time to convert it to the carbon disulfide soluble form, 

recrystallized from filtered carbon disulfide solution and 

washed with aqueous potassium iodide solution and acetone. 
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III. RUN PROCEDURE AND DATA 

A. suLFIJR(IV) - SuLFUR(vI) ECCF1ANGE IN BASIC MEDIA 

To test the prediction of Ames and Wi11rd (l,p.172) 

that sulfite snd sulfate should undergo sulfur exchange in 

wa ter at e leva ted tempera tures , radiosulfur exc ha nge e'ro erLments 

were performed at 190C with (a) Na2S)3 and Na2S*O dia8olved 

in water, and (b) the same materials dissolved in 0.1 N 

NaOH solution. Al]. experiments were done in glass bombs 

(provided with break-off tips for opiing) of about to 

milliliters total volume (see Figure la). 

A measured volume of i M Na2S*Oj in either water or 

0,1 ì Na)Fi and 0.100 g of solid Na2333 were introduced 

into the bomb by way of side arm A (using a pipette and 

capillary funnel), t bomb then being attached through 

a stopcock to the vacuum system. The solution was frozen in 

liquid air, the stopcock opened arxi the bomb evacuated. The 

stopcock was next closed arx the solution thawed to allow the 

escape of dissolved air into the large volume (about three 

times the bomb volume) contained between the bomb and the 

stopcock. The stopcock was finally reopened and the bomb 

pumped to 1O'5mm of Hg before sealing off at C. 

After immersion of the bomb in hot wax at l9 t 2°C for 

a measured length of time, a milliliter or so of syrupy 
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Figure : EXCHANGE BOMBS 
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phosphoric acid ws introduced into tube B, and tI bomb 

reattached to the vacuum systen, as shown in Figure 2, for 

the purpose of separating the reactants. As also shown in 

Figure 2, another tube containing i M NaUH was provided for 

the purpose of receiving the sulfur dioxide to be distilled 

off. 

With the NaOH solution frozen in liquid air, stopcocks 

A and C were opened and the system evacuated to lOmxn of Hg. 

Stopcock A was next closed and the break-tip 1-roken by raising 

the breaker (which consisted of an iron bar and a few drops 

of mercury, for weight, encased in glass) with a magnet, then 

dropping it. The phosphoric acid flowed down into tI sulfite- 

sulfate mixture, acidifring it and releasing sulfur dioxide, 

which was condensed into the liquid air cooled sodium hydroxide 

le of the apparatus. This leg was then removed from the 

vacuum system, thawed and the contents assayed for radiosulfur 

specific activity as previously described (see Radioactivity 

Analysis). The specific activity of the original Na2S'O 

was determined prior to the experiment and, because of the 

negligible exchange, was taken as remaining constant throughout 

the run, a point tt was experimentally verified in a number 
of instances. 

It was noted that after heating for a short time (about 

10 minutes) a flocculent white precipitate always formed in 
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the bomb, which somewhat resembled colloidal sulfur. Spot 

tests indicated that this precipitate was not sulfur but was, 

in reality, silica, which was apparently being removed from 

the Pyrex glass by the hot basic solution. 

The results of these experiments are summarized in 

Tables i and 2, which give, in successive colis, the exchange 

time for each bomb and the specific activities of the two 

reactants determined as described (i.e. la2SO3 at the end of 

the run and Ma2SJ determined initially, and equated to that 

at the end of t run). Tne last coluii gives the fraction 

exchange, F, calculated by the method iiscussed in Section IV A. 

suLFUR(IV) - SULFUR(vI) EXCHANGE IN ACIDIC MEDIA 

1. Radiosulfur Exchange Experiments between Sulfur 

Dioxide Aqueous Sulfuric Acid of High Specifio Activity. 

In order to investigate tne sulfur( tV) - sulfur(VI) exchange 

in acidic media, experiments were first carried out using 

sulfur dioxide and dilute, aqueous labeled sulfuric acid of 

high specific activity. 

The use of high specific activities was made necessary 

by the reaction 

3302 + 2H0 -+ 2H2S0b + S (i) 

which occurs at elevated temperatures in solutions containing 
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TABLE i 

RADIOSULFUR EXCHANGE EXPERIMENT BEdEEN 
Na2SO3 AND Na2S* IN 0.1 N NaGH 

Experirient i 
Temperature - 19 t 2°C 

Na2803 0.793 rnmoi 

Na2S*O1 a o,83 rninol 

Liq. Vol.a) - 0.812 ml 

Gs Vol. . i . 0. ml 

Bonb Exch. Ti AN82SO3 Aa25j F X 10 
h28) ( cpm/xng) ( cpm/mgj 

a 0.0 0.03 t 01b) 3,500 1.6 t 6 b) 

b 0.0 t 0.2 112,000 7.7 O.L 

C 2L.O 2.5 t 0.2 1o,000 3.2 0.2 

d 31.0 2.8 t 01 11,0OO L.7 t 0.2 

e !3.0 3.6 t. 0.1 u;,000 6.0 t. 0.2 

Î. 6.S 0.2 133,000 9. t 0.3 

g 67.L2 .9 t 0.2 128,000 7. t 0.3 

a) Measured t roont temperature. 
b) Calculated standard deviation, based on counting statistics. 



TABLE 2 

RADIOSULFUR EX CUANGE EXPERIMENT BETWEEN 
Na2303 5ii 1120 

Experiment 2 

Temperature - 19 . 
2°C 

Na2SO3 0.793 rnmol 

Na2S*0j - O.8!i$ nno1 

Liq. Vo1. * 0.812 ml 

GasVol. 1t0.Snl 

Bomb Exch.Time ANaj3 ANa2Q 

( hra) ( cpi/mg ) ( cpin/mg) 

a 82.0 3.3 t 
0.2j 

b 111.3 2.1 t 0.2 157,000 

a) Measured t room temperature. 
b) (a1culted standard deviation, based on counting 

25 

F X 

14.1 t 02b) 

2.6 t. 0.2 

statistics. 
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less then 2 ?T ftytlrogen ion concentration (13,p.337),.] order 

to obtain kinetics data in solutions of less than 2 

therefore, it was necessary to use exchange tines short 

enough so that the amount of sulfur dioxide decomposing would 

not be so great as to make its recovery ari subsequent 

radioassay impossible. In this work these times were generally 

of the order of 1 to 90 minutes. Since the exchange reaction 

is slow, the fraction exchange observed in such times was 

necessarily small (of the order of 0.1 - li). This, then, 

accounts for the need for a very high specific activity in 

the sulfuric acid, so that even this small amount of exchange 

would produce a measurable radioactivity in the sulfur dioxide. 

Evidently t separation of the SO2 from the Fi2S*0j had to 

be extremely clean. This condition was satisfied by the 

procedure here used. 

All of the experiments were done in sealed Pyrex 

glass tubes like that shown in Figure lb. A measured volume 

of aqueous sulfuric acid of known specific activity was 

introduced into the tube and the tube attached, through a 

stopcock, to the vacuum system. The solution was frozen 

with liquid nitrogen, the stopcock opened and the tube evacuated. 

The stopcock was then closed and the contents of the tube 

thawed (by placing a beaker of cold water around the outside) 

to allow the escape of dissolved air from the solution. The 
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liquid was refrozen and puned to 1Omn of Hg after which 

the gaseous sulfur dioxide was condensed in from a calibrated 

volume at measured terruerature and pressure. The bomb was 

sealed off at D and placed in the thermostat for the exchange 

to occur. 

After a measured length of time the bomb was removed 

from the thermostat and sealed into the separation apparatus 

shown in Figure 3. With the sodium hytìroxide solution (1 M) 

frozen in liquid nitrogen, stopcocks A and B were opened ar 

the system evacuated to lOmm of Fig. Stopcock A was closed 

and the exchange bomb, which had been previously scored with 

a file, was broken with the magnetically controlled breaker. 

The sulfur dioxide was condensed into the sodium hydroxide 

leg of the apparatus, removed from the vacuum system and assayed 

for radiosulfur. Since the sulfuric acid had been radioassayed 

prior to the exchange and since its specific activity remainB 

essentially constant, it was not recovered for further analysis, 

except in a few instances to check the procedure. The resulta 

of these experinnts are summarized in Table 3. Here the 

second ar fifth colunnia give, respectively, volumes and 

molarities of su].furic acid corrected to the temperature of 

the experiment as indicated in Section IV C, the actual measured 

volume at room temperature (a 0.812 ml pipette was used in 

most cases), for example, having been multiplied by the cor. 

rection factors recorded in Table ]J4. The temperatures given 
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TABLE 3 

RADIOSULFUR EXCHANGE EXPERIMENTS BETEEN S AND 

AQUEUS }!2SOj OF HIGH SPECIFIC ACTIVIT 

Lig.Vo1 Gas Vo1.a)Ternp) H23'O; a) Exch.Time A2 AIj2S3 suu'urc) F X 1O 

(ml) (ml) (C) (mols)1) (rs) (minutes)(cmg) (cpm/mg) (Viaible) 

14 0 

b 
0.901 <0.1 17L 0.223 O.7L2 L 1.70 i,000 o 5.29 O.7L6 75 2.17 12,760 yes 8.01 

5 a 

b 

0.901 <0,]. 17L 0.228 0.7LO o o.io 30,LO0 3.1 

C 
0.7)46 
O.7L0 

30 
¿45 

1.69 33,600 trace 2.3L 
d 

e 1.800 <0.1 17L 
0.7145 7 

2.09 
14.143 

28,700 
33,200 

trace 
yes 

3.L5 

1.L8o 60 35 33,90(3 yes t.69 
6 a 

b 
0.920 <0.1 19). 0.912 0.738 15 79.1 i5L,000 no 10.6 

C 
0.738 
0.Th3 

30 
t5 

21.7 
3L.7 

17,300 no 23.6 
d 0.7L0 60 L6.o 

17,300 
17,000 

trace 
trace 

37.9 
51.0 

7 a 

b 
0.885 <0.1 i5L O,9Li5 O.7L0 90 3.62 15,900 no 

C 
0,Th0 150 8.03 16,200 no 9.36 

d 
0.738 
O.7Li0 

2L0 
390 

10.6 

12. 
16,000 
13,800 

no 12.5 
yes 16.9 

8 a 

b 
1.800 <0.1 17i 0.928 O.7).2 60 3.73 6,120 no 8.82 

C 0.901 <0.1 17L 0,928 
0.71i0 
0.372 

90 
I5 

5.70 
3.08 

OO 
5,920 no 

13.6 
7.52 a 0.372 105 6.82 6,050 ? 16.3 

9 a 

b 

0.901 ÇO.1 17L 0.910 0.378 30 3.22 9,350 no 5,03 
0.377 60 5.28 9,c80 no 7.80 

t) 
'o 



TABLE 3 (Continued) 

E2t. Lig.Vol.8)Gas_î,a)Teb) H2S*D)) &ch.Tisne As02 
(ml) (ini) (°C) (mols/1) (nno1s) (minutes)(cpm/mg) 

10 a 0.901 <0.]. 17i 0.928 0.735 30 .86 
b 0.714] 60 10.6 
C 0.Th3 75 9.30 
d 0.7)43 90 17.3 

u a 0.901 <0.1 171..0 0.991 O.7L2 L5 12.9 
b 0.7)42 7 21.3 
C 0.7L5 90 21.8 

12 a 0.901 0.9 17 0.928 0.7Li0 ¿,3 2.80 
b 0.7L0 60 Loi 
C O.Th0 7 

13 a 0.901 <0.1 17)4 O.92 1.b8 30 3.82 
b 1.L8 ¿S 
C 1.L8 60 7.9L 
d 1.L8 75 3.8 

:1J-L a 0.890 <0.1 17 3.63 O,7L]. 60 70.2 
b 0.7141 90 111.0 

!8 0.3 o.L 17L& 1.01 0.268 7 25.3 

)9 0.3 0.Li iTh 1.01 0.270 75 2LJ. 

a) Calculated at the change temperature (See Section IV C) 
b) cpt. U, t 0.1°; others t 1°C 
e) From the reaction 3302 + 21120 )' 2H2SO4 + S 

A112)j4 su.irurc) 

(cpm/mg) (Visible) 

16,800 no 
16,700 no 
11,200 no 
16,700 no 

2I,L60 no 
2t,160 trace 
18,500 trace 

6,16o no 
6,610 no 
6,510 no 

12,700 no 
11,200 no 
12,700 rio 

11,200 iio 

21,500 no 
21,;0o no 

51,700 B.8mg added 

50,800 no 

F X 

6.56 
11.9 
15.7 
19 6 

9.66 
15.9 
2! .6 

8.18 
U.4 
15.9 

8 .3L 

12.6 
17 3 
22.0 

140.1 

63,14 

9 23 

9.07 
o 



31 

in the fourth column are good either to about t. O.]. or 
, 

1°C as indicated by the foothote. Columns 6 and 9 record 

specific activities, that for SD2 at the end of the run, 

that for il2SOj as measured initially and assumed constant 

to the end of the run. The tenth column shows whether or 

not any visible sulfur appeared in a particular run as a 

result of dismutation of sulfur dioxide. The last column 

represents the apparent fraction exchange, F, calcuisted by 

the method shown in Section IV B. 

2. Radiosulfur Exchange Experiments Between Sulfur 

Dioxide !!. Aqueous Sulfuric Acid of Low Specific Activity. 

In order to study further the effect of sulfuric acid con- 

centration variation on the exchange rate, experiments were 

done using sulfuric acid in the concentration range 3.8 - 

11.1 molar. Since sulfur dioxide is stable in solutions 

of this acid strength, it was possible here to use "normal" 

specific activities and to observe reasonable fractions of 

exc hang e. 

With a minor exception, the procedure used in these 

experiments was the same as that used in the study of the 

exchange of sulfur dioxide with aqueous sulfuric ;cid of 

high specific activity (see previous section). The fact that, 

in the present case, the specific activity of the sulfuric 

acid did not remain constant, as it had previously, neces- 

sitated the recovery and radiosssay of the sulfuric acid as 



32 

weU as the sulfur dioxide after the excharie had occurred. 

The sulfur dioxide was recovered as before, an the sulfuric 

acid ias simply rinsed out of the "T-tubes' (see Figure 3), 

both fractions then being analyzed l'or radiosulfur as pre- 

viously described. 

The results of these experiments are tabulated in 

Table L, the recorded specific activities representing 

end of run values in both cases and the last column repre- 

senting the fraction exchange as calculated by the thod 

discussed in Section IV A. 

3. Rad iosulfur Exchange Experiments Between Sulfur 

Dioxide and Concentrated Sulfuric Acid. These experiments 

were undertaken with the view that perhaps a relationship 

could be established between the exchange in aqueous acid 

and the exchange in concentrated acid. Although some data 

were already available on the exchange in concentrated acid 

from the work of others (U and 37), it was felt that more 

experiments were necessary in order to clarify the situation. 

The procedure used was identical with that employed 

for the study of the aqueous acid of low specific activity 

(Section 2), with the exception that the concentrated acid 

solutions could not be allowed to come in contact with the 

moist laboratory atmosphere. For this reason the exchange 

bombs were fitted with a stopcock, filled with sulfuric acid 



TABLE i4 

RADIOSULFUR EXCHANGE IPERIMENTS BFPWEF SO AND 
AQUEJUS H2SOj OF LOW SPECIFIC ACTIVITY 

(Gas o1,8)<O.1 Temp 1Th.O t 0.1°C. No su1fur appeared) 

Ex:pt. Lig.vola) H2s*,ja) s Ecch.Time Ao2 AH23O F 
(ml) (mol8/1) (mmols) (hours) (cpm,'g) (cpm) 

3]. a O.88 3.87 O.7Li9 72.1 L7.6 176 0.311 
b 127.L1 73.2 167 o.I68 
C 183.9 86.14 156 0.600 
a 2O9. 88.L 151 0.631 

32 a 0.877 6,7Li 0.750 22.0 i6.1 158 0.318 
b S8.8 76.6 158 
C 10L.3 113.6 153 0.762 

33 a 0.877 11.1 0.Th7 3.0 39.L 131 o.31S 
b 5.8 60.b 135 0.2.467 
c 8.8 72.14 129 0.582 
d 12,2 80.6 120 0.687 
e 13.5 85.6 135 0.652 

a) CalcuLjted at tF exchange temperature (see Section 1V C). 
b) From 3°2 + 2H2o -+ 2H2S14 s 



in a dry boec (a capillary funnel extending down through the 3L 

stopcock bore was used) and then attched to the vacuum system, 

the stopcock remaining closed until aCter th latter oper3tion 

had taken place. 

The results of these experiments are summarized in 

Table , where again terminal specific activities are recorded, 

followed by fraction exchange values calculated according to 

Section IV A. 

). Radiosulfur ExchanKe Experiments Betw en Sulfur 

Dioxide and Aqueous Sodium Bisulfate and Between Sulfur 

Dioxide and Aqueous Sulfuric Acid - Sodium Bisulfate - Sodium 

Sulfate Mixtures. To test the hypothesis that bisulfate ion 

was the exchanging sulfur(VI) specics, radiosulfu.r xcharige 

experiments were perfornEd in aqueous solution between SO2 

and (1) NaHS*O)4, (2) iiSOj -NaHS)j mixtures, (3) NaHS*O) 

- Na2S*3 mixtures. 

The procedure used was identical with that used for 

the study of aqueous acid of high specific activity (Secion 

1). The acid concentration of these solutions being low, the 

sulfur dioxide was unstable in all cases, thus again making 

necessary the use of sulfur(VI) of high specific activity, 

and experimental runs going to only a very small fraction 

exc hange. 

The results are tabulated in Tables 6 and 7, where the 

recorded quantities correspond to 3nd were calculated in the 



TABLE 

RADIOSULFUft. CHANGE EXPERIMENTS BE'IEEN 802 
AND O0NCTRA.TED H2SO 

(Gas vo1.a)<o.1i. Liq. Vo1. 0.B8 ml. Temp 17L.O t 0.1°C). 

Expt. H2S)L 2*0a) H2)8) 
..22 Exch.Time ASO2 

______ 
() (mols/1) (mols/i) (inmols) (hours) (cpm/ing) (cpm/ing) 

314 a 814.6 114.0 13.9 0.750 1.1 10.14 1314 
b 14.0 30.6 122 
c 8.1 514.8 127 
d 12.0 66.7 123 

35 a 88.2 114.9 10.8 0.7146 5.0 53.2 196 
b 10.0 1014.2 1914 
c 15.0 126.2 196 

36 a 95.3 16.3 14.39 0.750 5.1 32.0 185 
b 12.1 72,6 185 
c 22.14 102.6 178 

37 a 99.2 17.0 0.7147 0.7146 9.5 30.8 1ö6 
b 214.2 67.2 183 

143.5 102.0 181 

38 a 99.2 17.0 0.7147 1.149 12,0 33,6 166 
b 214.0 62.6 159 
e 148.3 100.2 158 

39 a 100 17.1 0 0,7146 23.2 88.1 3014 
b 50.1 151.14 286 
o 85.6 193.0 270 

a) Calculated at the exchange temperature (see Section IV C). 

F 

o 082 
0.250 
0.111414 

0.555 

0.282 
0.551 
0.657 

o 180 
0.1406 

0.576 

0.172 
0.378 
0.575 

o 218 
o 1417 
0.656 

o 300 
0.5141 

0.725 
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satne wy as the corresponding quantities in Table 3, the 

fraction exchange, F, for example being calculated as described 

in Section IV B. 

Radiosulfur xchange Experiment Between Sulfur 

Dioxide and Aqueous Sodium Sulfate of Higi Specific Activity. 

After first experinnts bad shown the exchange of radiosulfur 

betw en Na2SD3 and Na2S*OJ to be very slow at l9°C, a study 

'was undertaken in an attempt to determine whether tk exchange 

rniht not. be more rapid if 302 were used as the suif ur(IV) 

species. It soon turned out that, due to the extremely rapid 

decomposition of sulfur dioxide under these condition8, the 

pursuit of this study was not very inviting. 

The procedure used was again identical with that 

used in the sulfuric acid of high specific activity work 

(Section 1), and the results are given in Table 8, where the 

recorded in.fortnation likewise corresponda to that in Table 3. 

6. Rad iosulfur Exchange Experiments Between Sulfur 

Dioxide Sodium Bisulfate - Concentrated Sulfuric Acid 

Mixtures. The effect of water on t rate of radiosulfur 

exchange between SO2 and concentrated HS*O) having already 

been determined, it seemed desirable to see if NaHS*OJ. might 

not produce the same effect as water (thought to be completely 

ionized to hydroniuri oisulfate). T presetit set of experi- 

merits was performed to obtain information regarding this point. 



TABLE 6 

RADIOSULFUR EXCHANGE EXPERIMENTS BFFWEEN 2 A 
AQUEOUS Na}IS*Oj OF HIGH SPECIFIC ACTIVITY 

(Gas Voiujnebko.i ml. Liquid oib) a 0.901 ml) 

- 

-Jr 
NaLSOj Exch.Time A02 ANIfh Sulfuro) ' x 1O 
(mais/i) (nIs) (minutes) (cpn/mg) (cpr4/mgj (visible) 

is 17L 0.229 07L2 1S 2.32 16,970 yes 6.29 
b 0.7148 7 3,61 16,970 yes 9.93 

16 a 1714 0.2)4 O.77 30 2.16 i3lO no 5.01 - 

b o.70 60 37 l9310 yes 
C O.Th2 7 1,31O yes 11.8 

17 a iTh 0.937 0.710 30 -86 23,&9O tiace 6.8Z 

b 0.73S )3 11.9 239O yes 9Ji7 
C O7t1 60 .16.0 23,19O yes 12,8 

18 a 171i.0 0.991 0.7b8 30 9.97 21,,60 trace 7II1&6 

b O.7h3 60 17.2 2L,560 yes 12.8 
C O.71.6 90 21,560 yes 18.2 

19 a 1714 0.919 0.379 30 3.26 9,210 nO 16 
b 0.380 60 6.98 9,7Li0 yes 

20 a 17Li 3,1j 0.7Ll 30 8.01 11,300 yes 8.79 
0.7) 60 19.0 11,100 yes 21.2 

a) 1xpt. 18 t 0.1°; others t 1°C. 
b) calculated at the exchange temperature (see Section IV C). 
e) From 32 2HO -+ 2H2SO 4- S 



Eçpt. Temp. 
(°C) 

21a 17L 
b 
C 

22 a 17L.O 
b 
C 

23 a iTh.O 
b 
C 

2La 171f 
b 
C 

2a 17L 
b 
C 

TABLE 7 

RADIOSULFUR EXCHANGE EXPERIMENTS BEIWEEN °2 AND AQUEOUS 21j -NaHSOj - Na2S*Oj MIXTURES 0F HIGH SPECIFIC ACTIVITY 

(Gas Vo1,b)<O.]. ml. Liquid 0i.b) 0.901 ml) 

H2s*o) 
(mols/1) 

Na!IS*3 b) Na2S*OI») 
(rno1s/) (mols/l) 

.22 
(mmols) 

EXCh.Tjme AS2 
(minutes)(cpm/) 

A3(VI) jj'.c) F X lO 
(cpxn/mg) (visible) 

0.228 0,709 -.-- O.7Li2 99 26,900 yes 6.28 

O.7h1 60 11.1 26,900 yes 7.7 

O.71.l 7S Th.2 26,900 yes 9.92 

0.228 0.709 --- O.7t5 L t8 9,690 trace 8.86 

O.7L3 7 7.16 9,690 yes 13.8 

O.7LO 90 7,6 7,830 yes 18.3 

0.50 O.O -- O.714S 30 5.60 1,93O no 6.Lo 

O.Th3 60 10.8 15,930 no 12.3 

O.71 91 15.2 1,93O yes 

--- 0.827 0.092 0.732 30 8.L8 

12.1 

23,2LO 
23,2LO 

trece 6.87 
9.86 

O.ThO 145 yes 

0.732 60 16.6 23,2IO yes 13.S 

--- o.L6I o.16L 0.739 30 .19 19,5LO trace .00 

O.7l.8 60 12.0 19,O yes 11.6 

O.7t1 7 1.6 19,O yes 15.1 

a) Expts. 22, 23 . 0.1°; others 1°C. 

b) Calculated at the exChange temperature ( See Section IV C). 

c) From 3S2 + 2H20 -* 2H2SOj S 
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TABLE 8 

RADIOSULFUR EX CHANGE E)(PERIMT BE'PWEEN 
SO2 AND AQUB)DUS Na2S*O 

Experiment 3 

Temperature 19 t 2°C 

SO2 0.7)4 rnmol 

o.8)4 rnmoi 

Liq. Vo1.a) 0.812 ml. 

Gas vola) 0.28 o.o ml 

Bomb Exch.Time Aj2 ANa2SOj F X lO 
(minutes) (cpm/mg) (cpm/ 

a o O. 114J4,OO 0.1 
b 6 28.)4 ih1,00 3.68 
C 10 1&00 .81 
d jjb )4.i 1)4J4,OO 
e fbj 15b) 

)41.LL 

_.._c) 
1)44,500 
--- 

5.36 

a) Measured at room temperature, 
b) In these bombs a sufficient quantity of d decomposed to 

produce a visible amount of sulfur. In the shorter time 
experiments no visible sulfur appeared. 

c) All of the 
2 had decomposed. 



The procedure used in these experiments was, without 

exception, identical with that used in the concentrated 

study (Section 3). The results are given in Table 9, which 

corresponds generally to Table in content, terminal specific 

activities and fraction exchanges calculated according to 

Section IV A being recorded. 

7. Rad iosulfur cc hange Experiment Between Sulfur 

Dioxide and Oleum. After work had indicated that the rate of 

radiosulfur exchange between SO2 and concentrated H2S*O 

decreased with decreasing water concentration but remained 

appreciable even at 100% acid, an experiment was done in 

oleum. The purpose here was to see if the decrease in rate 

of exchange persisted beyond l0O acid, where more 3*03 is 

nresent. 

With one exception, the procedure used in this instance 

was the same as that in the concentrated J12S0j case. The 

one difference was, of course, in tha method of separation of 

the sulfur dioxide from the volatile oleuin. After the exchange 

had occurred, the bomb was placed in the apparatus shown in 

Figure 3, the only difference being that the sodium hydroxide 

solution shown there was replaced with pure water. The 

and some Sf03 were condensed into the water leg of the apparatus 

as before, this leg then being removed, thawed and shaken. 

Any S*)3 was, by this process, converted to non-volatile H2S*Oli 



TABLE 9 

RADIOSIJLFUR EXCHANGE EPERIMEJTS BETWEEN 302 
Aim CONCENTRATED H20)1 WITH NaHS*O ADDED 

(Gas vol.a)<o,1 ml. Liq. vol.a) 0.885 ml, Temp. 1Th.O 
. 
0.1°C 

Expt. 112S*0&) 

(mols/l) 

Nais*Oj*) a) 
22 Exch,Tjme Arj2 AH230j F 

(mols/1) (mols/1) (mols) (hours) (cpm/) (cpm/mg) 

to a 15,7 1.24)4 0.692 0.7)6 11,0 L7.2 17L 0.281 
b 2.2 73.6 170 
C 31.2 99.2 173 o.58L 

tJ]_ a 1.7 1.)4!& 0,692 1.1.9 10.0 240s0 16)4 0.262 

b 20,0 70.0 163 0.L5]. 

C 30. 89.8 19 0.88 

L2 a 1)4.5 2.65 0.639 0.7L8 10.0 !2.8 152 0.290 

b 20.0 7L.0 Th9 0.508 

C 33.5 97.2 Th8 0.669 

¿33 a 15.5 1.73 0 0,7L6 5.0 38,! 269 O.)J9 

b 37.0 176.1 253 0.706 

C Lh.o 186.1 257 0.732 

)44 a 1t.2 3.00 0 0.7I7 12.0 88.2 21i9 0.366 

b 19.1 112.6 23 0.2492 

c 246.1 177.6 231 0.778 

a) Ca1cu1ted at the exchange teqerature (see Section IV C). 
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leaving the SO2 to be removed from tLj5 solution by distillation 

in the same manner as before. The results, which are summarized 

in Table 10, indicate that this separation procedure was 

adequate. 

8. Radiosulfur Exchange Experiments Between Sulfur 

Dioxide and Aqueous Sulfuric Acid with Added Electrolyte. 

To aid in the comparison of data obtained in solutions of 

vastly different ionic strengths, it became necessary to 

estimate the effect of ionic strength on the rate of radio- 

sulfur exchange between SO2 and aqueous H2S*O).. 

The first electrolyte added was sodium perchlorate. 

Use of this, however, was soon abandoned, since it perturbed 

the system in a manner that appeared th be divorced from any 

ionic strength effect. Specifically, while sulfur dioxide 

disappeared from the reaction mixtures with time, no visible 

sulfur ever appeared. At the same time the apparent exchange 

rate showed an excessively large increase, taken to result 

from a catalysis of the exchange, possibly associated with an 

oxidation of the sulfur dioxide by the perchiorate. 

In view of these difficulties, it seemed best, in 

order to study the ionic strength effect, to employ other 

electrolytes, Both sodium chloride and hydrochloric acid 

were successfully employed for this purpose. 

The procedure used in these experiments was identical 

with that used in the aqueous H2S*O of high specific activity 



TABLE 10 

RADIOSULFtTR EXCHANGE EXPERIMENT 
BEI WEEN SO2 AND CLE 

Experiment )45 

Temper8ture 17)4.0 t 0.1°C 

S02 - 0.7)46 mmol. 

H2SOLi 1)4,6 mole/i. 

Free 5*)3a) 3,6)4 mols/1 

Bomb c) Exch.Time AH2&Jli F 
Thours ) ( cpm/mg ) ( cpm/mg ) 

a 0.0 3,08 0)4)b) 

b 0.0 3.01 
0)4)b 

C 6.6 30.)4 )4c3 0.0713 
d 2)4. 77.)4 38 0.217 
e )48.o 128.)4 355 0,367 

a) Calculated at the exchange thuperature ( see Section IV C). 
b) For borbs nd b the specific nctivities of the sulfur(VI) 

fractions, not directly determined, were calculated 
from the total recovered activity in mb C, which had 
been filled initially from the same stock solution of 
oleum. 

c) Gas Vol, <0,1 ml. Liq. Vol. 0.885 ml. 



case (Section 1). The results are tabulated in Tables li 

and 12. 

9. Radiosulfur Exchange Exprimenta Between Elemental 

Sulfur and Sulfur Dioxide in the Presence of Sulfuric Acid 

or Hydrochloric Acid. These experiments were undertaken in an 

sttempt to determine the reversibility of the reaction 

3'O2 + 2H20 -+ 2H2 + 

Should tnis reaction, which was observed to go to the right 

in many of the experiments in this research, be reversible 

at the experimental temperatures employed, th it would 

provide a pathway for the exchange of radiosulfur between 

2 and 
H2S*0. 

With minor exceptions, the procedure used in these 

experiments was again the same as in the aqueous H2S*0 

of high specific activity case (Section 1) . The elemental 

sulfur, S', which was the initially radioactive substance 

in these runs, was introduced into the reaction bomb as a 

weighed solid sample, the remainder of the procedure being 

the same as before, except, of course, that inactive sulfuric 

acid was employed. The results of these experiments are 

summarized in Table 13. 



TABLE U 
RADIOSULFUR EXCHANGE EXP FRIMENTS BETWEEN 502 

AQUEOUS H2S*0 WITH NaC13). ADDED 

(Ges vol.a) <o.i a. Liq. voI.a) 0.812 riJ., Temp. l7Li 1°C) c) 

Expt. NaC].OJ) H2SOa) s2 Exch.Tie ASO2 AH2g.) Sulfurb) F X 104 recoered 
(mols/1) (rnois7i) (î1) (minutes)(cpm/mg) (cpm/mg) (Visible) (mols) 

26 a C.78 0.2S3 0.7LO 30 8,88 28,700 nO 114.3 

b 0.7140 60 20.7 29,300 no 32.6 

27 a 5.714 0.191 0.7142 0 0.0 25,oOO no 0.0 0.7514 

b 0.7143 10 12.1 22,800 no 30.6 0.719 

e 0.7142 15 28.9 214,200 no 68.8 ? 

d 0.7143 30 59.2 27,000 rio 126 

e 0.7142 145 67.9 25,800 no 151 

£ 0.7145 60 33.6 27,600 no 176 ? 

g 0.7143 90 80.8 23,000 no 200 0.1468 

a) Measured at room temoerature 

b) From + 21120 -)' 2HS014 
c) Neasured as Ba,01 



TABLE 12 

RADIOSULFUR EXCHANGE EXPERINTS BTWEEN 2 
AQUEOUS H2S*0) WITH NaC1 OR HC1 ADDED 

(Gss Vo1.) <0.1 ml. Liq. - 0.901 ml. Temp. 17! t 1°C 

Expt. 1123*0)4 

(mols/l) 

lisCi 11Cl 

(mols/1) (moi71) (rniIs) 

Exch.Tin 

(rninutes)(cpm/rng) 

A302 AH2sOj 

(cpm/mg) 

suirurb) 

(Visible) 

F X iO 

28 s 0.2314 0.69)4 0.7)414 30 2.18 38,060 yes 2.59 

b 0.738 3.38 38,060 ye 3.99 

e 0.7)42 60 14.75 38,060 yes 5.6)4 

d 0.7)42 75 5.96 38,060 yes 7.07 

29 a 0.217 1.69 0.7)4k 147 2.32 1)4,1490 yes 7.68 

0.7)414 75 3.33 1)4,1490 yes 11.0 

30 a 0.223 1.69 0.7141 145 2.01 15,080 trace 6.25 

b 0.7142 75 3.93 15,080 yes 12.2 

a) Calculated at the exchange temperature (see Section IV C). 

b) From 3S02 + 2H20 -4 2H2S014 S 

o' 



TABLE 13 

RADIOSULFUR EXCHANGE EXPE2IMENTS BETWEEN 302 
AND RADIOACTIVE EL1ENTAL SULFUR 

(Gas Vo1.)O.i ml. Liq. vol.a) 0.3 ml. Temp. 17L 1°C) 

Expt. FIC1 H250b SO2 S Exch.Tiine A&')7 AH20li A8 F X 1O' 
( moT71) ( mola/I) ( 1s) ( g thnw) (minutes) ( cpm/g) ( cpm/mg) ( cpmg) 

¿.6 a --- i 0.270 0.2L3 O ¿.O3 -- !0,2OO 
b --- i O.27L 0.268 30 L1.2 0.26 Lo,8OO 
C --- 1 0.271 0.278 60 66.6 2.3 i2,8OO 28.8 
d -- L 0.272 O.27L 75 86.7 1.6 !O,8OO LO.3 

t1? i --- 0.272 O.29t 75 Ij1.2 --- 36,200 21.9 

a) Measured at room temperature 



IV. METHODS 0F CALCULATION 

A. STABLE SYST1S 

Data for the rate of approach to equilibrium distri- 

butiori of the radioactivity (i.e. Tables 1-13) were used to 

ca1cu1to the rate, R (in moles litersmniiifl), at which 

sulfur atoms appear to be transferred from the suJ.Iur( V.) 

species to the sulfur(IV) species. This rate is independent 

of the presence of radioactivity and, for a given temperature, 

is constant so long as the concentrations of the exchanging 

species do not change. For the stable systems (those 

in which the sulfur dioxide did not decompose), it is given 

by the expression ()4.,p.9) 

Rt _ ab ln(1-F) (i) 
(a + b) 

where t is the time of reaction, a and b represent the total 

concentrations (whether labeled or not) o' sùlfur(VI) and 

sulfur(TV) species, respectively (moles/liter), and F is t 
fraction of equililiwn distributio of the radioactivity 

attained at the time t, 
Norris (38,p.779) has thbalzted a number of useful 

expressions for F in terms of experimentally determinable 

quantities. For the present data, F was computed from the 



formula 

F A-A0 (2) 

A0- A0 

149 

In this formula A is the specific activity of the sul.fur(TV) 

fraction at tinte t, A i the "infinite exchange" specific 

activity (which is the same for either the sul.fur(IV) or the 

sulfur(VI) fractions), and A0 is the specific activity of the 

sulfur(TV) separated from the sulfur(VT) prior to any exchange 

between the tWOs Except in the single case of the oleuxn 

experiment (No. 14g), where a small, experimentally determined 

o value was subtracted, c 
always taken as zero, the 

;: ustification for which procedure appears in the next para- 

graph. The value for the infinite time specific activity, A, 
was in every case cs1culted from the terminal specific 

activities ol' the two suLf'r fractions (SïV) and S(VI)), 

together with their known amounts, on the assumption of a 

completely random distribution of radiosulfur between the 

two species. This calculatìon may be summarized in the 

expression 

+ b)A aA bA (3) 

where A' represents the teiria1 specific activity of the 

sulfur(VT) fraction. 



In the case of the stable system experiments (Tables 

l,2,L,S,9 and 10), the value of R was calculated from the slope 

of a plot of log(l - F) against time, a typical such plot (for 

Expt. 31) appearing in Figure L. The fact that tis plot 

extrapolates back through unity at zero time provides the 

conIiration for the assumption that A0 is indeed zero 

such an extrapolation through the origin was possible in 

all the cases where A0 was taken as zero. 

B. UNSTABLE SYSTEMS 

1. Sulfur(TV) - SulfurtVI) Exchange. Equation (1) 

was derived assuming no changes in concentration of the two 

exchanging species. This condition is evidently not met in 

those experiments where the sulfur dioxide was decomposing 

to produce both sulfuric ¿cid and elemental sulfur. The 

kinetics of isotopic exchange in unstable systems was first 

treated by Luehr, Challenger and Masters (33). They 

limited their discussion, however, to the case where one 

exchanging species was decompoding quantitatively to yield 

the other exchanging species, and, unfortunately, that is 

not the case in titis work. The following is a treatment which, 

although it gives, in the limit where very little exchange 

occurs (i.e. where ..ln(l -F)F), essentially the same result 
as that obtained by Luehr et al, is much more general. 
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Consider the exchange 

+ H2S*314 S*O2 + H2SOj V4) 

whthh proceeds at a rate, R1(t) g atoms of sulfur liter'minute1. 

R1(t) is not constant for a given cp'iment but is itself 

a furction of time. This exchange is in addition to the reactions 

2H2S*O + S -+ 2SD2 + + 2H20 ($) 

arri 

+ 2H2O-2H2SOj1 + s (6) 

which proceed at rates R2(t) and R2(t) + r(t) moles of SO2 

litermin, respectively. In the present experirents it 

is 
kno.m that the °2 is disappearing, thus r(t), which 

represents the difference in rates between reactions ($) and 

(6) must be positive. R2(t) may, of course, be zero. 

The change in concentration of 302 at any time, t, 

p(t), is given by 

p(t) = jr(t)dt moles liter (7) 

thus the instantaneous concentrations of the excnanging compounds 

are 

(H2S) - a + 2/3p(t) moles litcr- (8) 

(SD2) - b - p(t) moles litera (9) 



where a and b are the initial concentrations of 

SO2 respectively. 

Now let 

c gram,atoms 1iter of S3 present as 
H2S3'Oj 

z gram atoms liter of 35 present as 
s3o2 

T rate of incrse of z is given by 

- R'(t) z - (t)J z (io) R(t)a 
+ 2/3p(t) b - p(t) dt b - p(t) 

where 

R(t) R1(t) 2/3R2(t) (11) 

and R'(t) R1(t) + R2(t) (12) 

Note that ( t)] = r( t). In our own experiments the following 

conditions were met: (1) a + 2/3p(t) and b - p(t) were of 

the same order of magnitude; (2) c remained essentially 

constant throughout a given exìeriment; (3) z « '. Under 
these conditions, equation (1) reduces to 

R(t\c z 
dt a /p(t) - p(t) (13) 

which is a first order linear differential equation with an 

integrating factor given by 



(dp 
ib - p 
e - i 

b-p 

thus 

i (z z c(t) b-pjtb_pdtJ Ça+2/3(b-p) 

or 

d Iz i cR(t) 
Lb - p] (a + 2fp)(b - p) (5) 

Upon integration one obtains 

____ = I cR(t)dt 
+ B (16) b-p (a+ 2/3pb-p) 

After evaluation of the constant 13, using the initial conditions 

that when t - O, z O and p = O, one obtains 

-t 
z 

cl 
R(t)dt 

(17) b - p 
¡(a + 2/3p)(b - p) 

-'O 

Now the term - p, is proportional to the specific activity 

of at any time, i.e. 

A k' 
b-p (18) 

where k' is a constant involving the counter efficiency, 

the decay constant of and the 1ecu1ar weight of barium 



sulfate. If one now defines A thus 

k' C (19) 
a b 

then the fraction cchan:e F is given by 

t-t 

r = (a 

b) 
R(t)dt (20) 

i- 2/3p)(b - p) 

o 

A typical plot (Expt. 28) of F ( .-ln(1 - F)) for the 

very small F values here assumed) against time is shown in 

Figure , The fact that this plot is a straight line sugge8ts 

the interral in (20) to be of the forni J'(constant)dt, and 

hence that 

R(t) k(a + 2/3p)(b - p) 

It will be seen later that t:is is approxinte1y the case 

in the sulfuric acid range where the use of equation (20) 

was necessary. 

The value of R( 0) ( moles 1-min) for any experiment 

is obtained from the slope of a plot of F against time by 

the relationship (obtained by diff'entiatirig equation (20) 

at t 0) 

R(0) ab .! moles 11m.in- (21) 
a b dt 
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si 

and represents the total rate (equation (1k) plus equation 

(b)) of apparent transfer of sulfur atoms from ii2SOj to SO2 

(but not vice versa), these species being at concentrations 

a and b moles 1iter- respectively. These then are the rates 

recorded in the Results section for those periments involving 

exchange between sulfur dioxide and the high specific activity 

sulfur(VI) species (see Tables 3,6,7,8,11, ar1 12). 

2. Sulfur(0) - Sulfur(IV) Exchange. From the data 

in Table 13 concerning the exchange of elementary radiosulfur 

with sulfur dioxide, the fraction exchange, F, was calculated 

from equation (2). To calculate A , equation (3) was used 

except that, in this instance, a refers to the gram atoms of 

sulfur(J), b is the milhimoles of sulfur dioxide and A' 

the terminal specific activity of the sulfur(0). The rates 

(mihimoles mth) , tabulated in Table 2, were calculated 
from the slope of a plot of lx«1 -F)-F vs. time in a 

manner identical with that used in all of the unstable systems 

(see equation 21) where, again, a is the gram atoms of 

sulfur(0), and b is the miUimols of sulfur dioxide. 

C. VOLUME CORRECTIONS 

Since the calculation of the results required a 

knowledge of the liquid volumes, it was necessary to have 

values of the liquid densities. These data are not available 



in the literature for the high te3nperatures involved in tuuis 

wrk. However, since this type of radioisotope work cannot 

pretend to the highest accuracy, sufficiently good estimates 

were obtained by extrapolation to higher temperatures of the 

data for sulfuric acid appearing in International Critical 

Tables c6,p.6-S7). The density ratio, d170zd200 (which 

was constant over the range 2.3 - 10% H2S0)) thus obtained 

was also assumed valid for the H2& - NaHS0j and NaHS0 - 

Na2SOb mixtures, as well as for the aueous NaFIS. This 

assumption seemed justified, in the case of the dilute aqueous 

solutions at least, since the density ratio dl7lio:d200C of 

sulfuric acid (1-10%) is about the same as that of water. 

The value of this density ratio for 100% acid was assumed 

valid for oleum. 

As a further approximation, no allowance was made 

for the effect on the volume of dissolved sulfur dioxide, 

this being visually estimated to be negligible. The calcu- 

lated volume was obtained, then, by multiplication of the 

measured, room temperature volume by the inverse ratio of the 

density at the exchange temperature to that at 20°C, this 

latter temperature being assumed a good approxiiation of room 

tenperature. The values thus obtained are summarized in Table 

lb along with the extrapolated values of the densities. 
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TABLE 114 

ACID DENSITIES ANt) CALCULATED CONCENTRATIONS 

AT THE EXCHANGE T1PERATUHES 

% Acid Temp. 
(°C) 

Density- 
(gina) 

Corr.Fact.a) Caci.Conc. 
(moles/i) 

2.3 1714 O.9l l.0 0.223 
2.5 1714 0.916 l.0 O.28 
9.14 1514 0.9714 1.09 0.9145 

9.14 1714 0.959 1.11 0.92b 
9.L 1914 0.9140 1.13 0.912 

10.0 1714 0,963 1.11 0.991 
31.8 1714 1.126 1.10 3.63 
33.2 1714 1.137 1.09 3.87 
50.8 1714 1.295 1,08 6.714 

72.0 1714 1.512 1.08 11.1 
814.6 1714 1.623 1.09 114.0 

88.2 1714 1.650 1.09 114.9 

95.3 1714 1.688 1.09 16.3 
99.2 1714 1.688 l.0 17.0 

£00.0 1714 1.6814 1.09 17.i 

a) Ratio oí density at 20°C to that at the iridicted temperature. 
b) At the indicated ternternture. 



D SOLUBILIT OF SULFUR DIOXIDE 

In order to express the rate of exchange in units of 

moles litermin1 it is necessary to know the concentration 

of 302 actually in solution. For the runs in concentrated 

acid this is easily estimated from values of the distribution 

coefficient c defined thus 

C - 5028/Va 
S2g/Vg 

(22) 

where &02a the amount of 502 the acid, &2g the amount 

of °2 in the gas space, and Va and Vg are the volures of 

the acid and the gas space, respectively. Doherty (lO,p.2) 

has tabulated some values of c as follows: (1) for 98.0% 

acid at i8i.!°C, c 2.L6; (2) for 90.8% acid at i67.°c, 

c 2.06. 

If one assumes that, for the present experiments at 

lTh°C in 8-i00% acid, c is about 2, then one can estimate 

the fract:Lon of °2 dissolved in the acid (when, as vas the 

case in these experiments, the as volume is only about 10% 

of the liquid volume) to be 9%. mce, as was stated earlier, 

this type of radioisotope work is not of the highest precísion, 

it was felt that no significant error would be introduced 

if it was assumed that all of the 02 was dissolved in the 

acid. The following results have aU been calculated on 
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thts last assumption. 

In the case of the dilute acid, no data concerning 

the high temperature solubility of 2 were available in t 

literature. An attempt to extrapolate data for 1O2. ki2SD 

at Ll°C arkì 62°C appearing in Seidel (IO,p.1Li58), in the 

form of a plot of log c vs. l/T, resulted in a value of 

C 0.6 at 1Th°C in lO acid. This value of c predicts that 

for Vg equal to 0.1 V9, 86% of the '2 is dissolved in the acid 

and for Vg Va, only )4O of the is in ti acid. A 

pair of experiments was therefore performed in the aqueous 

acid region to see whether, in fact, the distribution ratio 

is as small as the extrapolation suggests. Experiments 10 

and 12, where the gas volumes are equal to 0.1 V1 and V1, 

respectively, provide such a test when the exchange rates 

in each case are calculated on the basis of total milhimole 

quantities of reactants present, without regard to liquid or 

gas vo1ums. As will be seen later, the rate of exchange 

is proportional to the sulfur dioxide concentration in the 

liquid. Hence, on the basis of c 0.6, one might expect 

the rates in these two experinnts to differ significantly. 

The rates observed in the two cases are shown in Table 

l. As may be seen, they do not, in fact, differ significantly. 

iience it seems reasonable to assume that, in actuality, c 

is considerably larger tian the figure 0.6 under the present 



conditions. In view of t:iis result, therefore, complete 

solubility of the sulfur dioxide has been assuried in tìis 

work for all runs, either in concentrated or dilute acid, 

where the gas volume to liquid voiwne ratio was about 0.1, 

a situation prevailing almost without exception throughout 

the work. 

Expt. 

12 

TABLE iS 

RATE DEPENDENCE ON BOMB VOLUNE 

(0.901 ini of 0.928 M 

HSOj, 302 V /V 

(minois) (minoIs) 

62 

R X lO 
mincies min 

0.836 O.7L0 0.1 0.825 

0.836 0.7L0 i o.8L6 
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V. RESULTS 

A. SULFUR(IV) - stTLFUR(VI) EXCHANGE IN BASIC ÌDIA 

the basis of the negligible exchange observed in 

these systems, it was possible only to estimate an upper 

limit to the sulfur exchange rate between Na2S3 and Na2S*O. 

From a least squares treatment (l.8,p.L2) of the data from 

Experiment i (1.05 M Na2S*Oj, 0.976 M Na2303 in 0.1 N NaO), 

a rate of 5 X 10- moles 1min (corresponding to a 

h1f-time of over 130 yearst) at 19 t 2°C was calculated. 

The scatter of the individual bomb results (i.e. the points 

on a log(l - F) vs. tiie plot) was, however, such as to make 

it doubtful whether the value for the rate is meaningful; 

i.e. whether a real exchange, progressing wLth time, was 

observed. In any event, should exchange be occurring, it is 

doing so at an extremely small velocity, and one may safely 

take the above figure as an upper limit for the rate. 

In Experiment 2, two bomba containing a solution 

O.916 in Na2S*O and 0.976 M in Na2303 (but with no NaOH) 

were run at l9 t 2°C in order to determine whether or not 

the absence of added base might increase the rate. The 

average value of the rate indicated by these two bombs was 

3 X 1o9 moles 1min, which appears to agree nicely with 

the figure given above. Again, however, in view of the very 
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email amount of apparent exchange, it seems dubious whether 

such a figure is particularly meaningful in a quantitative 

way, except in setting an upper limit to the rate. The 

results do show clearly, however, that the omission of base 

has had no pronounced tendency to increase the rate, the exchange 

here again being at l9° exceedingly slow. 

B. SULFIJR( Iv) - SULFUR( VI) (CHANGE IN ACIDIC MEDIA 

1. General. A total of forty-seven experiments 

(nos. 3-149) were done dealing with the radiosulfur exchange 

between sulfur dioxide and various forms of sulfur(VT) 

(sulfuric acid, oleura, sodium bisulfato, etc.). Experiment 

12, having to do with the question of the possible necessity 

for a correction for sulfur dioxide solubility, has already 

been presented in Section IV. The balance of the experiments 

are presented below, group by group. 

It is convenient first to discuss the results of the 

exchange experiments between auJ_fur dioxide and sulfuric acid. 

These are sumaarized in Table 16, AU quantities of sulfur 

dioxide have been converted to concentrations by assuming 

all of the sulfur dioxide in solution. A correction to the 

liquid volume was made for temperature but not for dissolved 

sulfur dioxide. The values given for R, the rate of exchange, 

were calculated as described in Section IV A or Section 1V B, 



TA3LE 16 

RADIOSULFUR EXCHANGE RATES BETWEEN 

SULFUR DIOXIDE AND SULFURIC ACID 

E:x2t. (H2Sh) Texn. H25Q). H) 5Q R X 1O 

() (ut (mols!1) (mo171) (moI1)(mo1s i1mirr] 

L 2.3 1714 0.223 0.825 O.19I 

2.S 171k 0.228 o.82 0.138 

6 9.i 19). 0.912 0.806 3.86 

7 9J.L 15)4 0.9)4 0.836 0.238 

8 9.13 17). 0.928 O.L12 0.3? 

9 9.2 1Th O.91() 0J19 0.i.O2 

10 9.!i iTh 0.94?8 O.82.i. 0.916 

u 10.0 17).t.0 0.991 0.82i. 

13 9,,14 17t 0.928 i,6L 

:1J4 31.8 171k 3.63 0,830 

31 33.2 17L.0 3.87 o.8L6 .76 

32 o.8 17L.O 6.fli. o.86 17.1 

33 72.0 17L.0 11.1 o.8L6 133.6 

3L1 8L.6 17L0 Th.o 13.9 O.81j6 93.L 

3 88.2 1Th.0 1L.9 10,8 O.8b3 9L.1 

36 9S.3 17L.0 16.3 14.39 o.8)8 S2.7 

37 99.2 1Th.O 17.0 0.7!7 O.8Li3 26., 

38 99.2 l7Li.O 17.0 0.7L7 1.68 S6.3 

39 100.0 17I.0 17.1 0 O.8L3 20.5 



whichever was applicable. In all cases the sulfuric acid 

was the initially radioactive substance. 

2. Sulfur Dioxide Concentration .1Jependency. The reaction 

S02 + H25*OLi ±S*O2 + H2SOj (1) 

had previously been fouxx1 to be first order in sulfur dioxide 

concentration in the acid concentration range 85-98% sulfuric 

acid (11). The first step, in the present work, therefore, 

was to check this point in dilute acid. Figure 6 shows a 

plot of log R against log(302) in lO sulfuric acid (Fxpts. 

8-11, 13). The fact that the graph is a straight line of 

slope unity establishes the first order relationehip in dilute 

acid as well. 

3. Sulfuric Acid Concentration )ependency. The 

next step was to establish the rate dependence on ilfuric 

acid concentration. Figure 7 shows a plot of the logsrithzn 

of the rate versus the logarithr of the sulfuric acid concen- 

tration at constant sulfur dioxide concentration. The plot 

shows the rate rising to a sharp peak in the vicinity of a 

i : i riixture of hI2&0L and and then abruptly falling off. 

() the basis of the shape of this curve, it seeiied 

best first to treat the data in aqueous solution apart from 

those in concentrated acid, with the hope that the two could 

be tied together later. The aqueous portion of the curve 
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suggests, for low concentrations, an approximate first order 

dependence on sulfuric acid concentration. However, quite 

evidently no such simple relationship appears to be maintained 

as the acid concentration increases, the slope of the plot 

greatly increasing as the maximum rate is approached. 

In order to understand the data in aqueous solutions, 

it is apparent that the identity of the exohenging su.lfur(VI) 

species must be determined. Now sulfuric acid is capable 

of two primary ionizations 

H2SO + H20 ± H3O + HSO (2) 

H20 ± H3O + so (3) 

with corresponding ionization constants 

K1 (H3o)(HSh) 
(24) 

(H2S024) 

K2 (H3O)(SOJ1ì () 
(HSOJr) 

Although no reliable information concerning the value of K1 

is available in the literature, it is knm that reaction (2) 

is e8sentiafly complete in aqueous solution at room temperature 

(249,p.88). Thus it seems reasonable to assun that it is 

more or less complete at the exchange temperature of 1724°C 

also. 
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K2, on the other hand, may be expressed by the re1tion- 

ship (32,p.119O) 

inK 1.9966S8_l78.399 -O.oL89236T (6) 
2 T 

where T is the temperature in °K. Equation (6) predicts 

that at lTh°c 

K2 - fx105 (7) 

C)bvìously there is in aqueous sulfuric acid very little 

at the present exchange temperature, the solutions rather 

being primarily aqueous solutions of hydroniuni bisulfate. 

In an attempt to determine, therefore, whether 

bisulfate ions were the exchangizi,g species, experiments were 

performed in both aqueous I12S*O Nai{SO mixtures and 

aqueous NaFIST solutions. The results of these experiments 

are tabulated in Table 17, which also includes again certain 

experiments from Table 16 for the sake of comparison. 

Again all quantities of reactants have been converted to 

concentration units, assuming all of the sulfur dioxide in 

solution, a correction to the liquid volume being made for 

temperature but not for dissolved sulfur dioxide. The values 

of R were calculated by the method described in Section IV 13. 

The sulfur(VI) was also again the initially radioactive 

substance in all cases. 



Expt. 

14 

s 

15 

16 

10 
11 

17 

18 

21 
22 

23 

8 

9 
19 

114 

31 

20 

TABLE 17 

RADIOSULFUR EXCHANGE RATES BETWEEN 302 
VARIOUS s(vi) MD(TURES 

(Tenperature 1714°C) 

H2SO14 

(mols/1) 

0.223 
0.228 
O 

o 

Naii3*014 

(mols/I) 

o 
o 

0.229 
0.2141 

So 

(rnoTi].) 

0.825 
0.825 
0.826 
0.828 

0.928 o 0.821 
0.991 0 0.8214 

o 0.937 0.820 

o 0.991 0.828 

0.228 0.709 0.823 
0.228 0.709 0.825 
0.50 0.50 0.825 

0.928 0 0.1412 

0.910 0 0.1419 

o 0.919 0.1421 

3.63 0 0.830 

3.87 0 0.8146 

o 3.145 0.830 

71 

R X l0 

(mol8 11inirr') 

0.1914 

0.138 
0.2142 

0.287 

o 916 
I 955 

o .914)4 

0.9614 

0.578 
0.833 
O .899 

o .143v 
0.1402 

o .1493 

14 61 

s .76 

2 19 
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The results for NaJS*O and NaHS*Oj - H2S*Oj mixtures, 

when compared with those for sulfuric acid of corresponding 

sulfur dioxide and total sulfur(VI) molarities, are evidently 

not much different. True the rates seem to deviate at the 

lowest and highest S(VI) concentrations, the rate at about 

0.2 M S(VI) being greater in NaHS*O). then in H2S*O aid, 

at about 3. M S(VI), being just t1 opposite, that is, 

greater in H2S*3j than in NaHS*0j. However, if one, for the 

present at least, considers this to be only a second order 

effect, one is led to the conclusion that bisulfate ion does 

indeed appear to be the exchanging species in aqueous sulfuric 

acid solutions. 

¿4. The Exchange Rate Law in Aqueous Acid. Assuming, 

then, tFt btsulrc is the exchanging su]Iur(VI) species, 

and furthermore that the bisulfate ion concentration in aqueous 

sulfuric acid is essentially equal to the actual acid molarity, 

ne might presumably have expected the plot of the aqueous 

acid rates in Figure 7 to display a reasonably close first 

order relationship throughout the aqueous region. Why, then, 

the rapidly increasing slope as ie aroachea the exchange 

rate maximum? It seems best to consider the sulfur dioxide 

in seeking an answer to this problem. 

On the basis of Raman and ultraviolet spectra of 

aqueous sulfur dioxide solutions, several workers (114,p.1070; 
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L7,p.29O9 and 31) have corne to the conclusion that, at least 

at low temperature, sulfur dioxide exists in solution in a 

molecular state comparable with that of the free gas. Now 

it turns out that, by assuming sulfur dioxide actually to be 

primarily in a hydrated state, e.g. i-12S'T)3, in solution, one 

may arrive at a reasonable explanation of the shape of the 

plot in Figure 7. Hence, spectral data to the contrary 

notwithstanding, it is here so postulated. 

To develop an interpretation along these lines, it 

is first assumed that the rate determining step involves a 

bimolecular reaction in solution between bisulfato ions and 

free sulfur dioxide molecules (most of the sulfur dioxide 

being hydrated). The rate law, then, is 

R k(3O2)(HSO)) moles l-min- (8) 

In order to test equation (8) with reference t. the 

results of this research, it is necessary to see how the two con- 

centration terms may be related to experimentally determinable 

quantities. First of all, in this connection, since the first 

ionization of sulfuric acid is taken as essentially complete, 

(HSo) - (H2SoJ.)f (9) 

where the subscript f refers to the formal acid concentration 

in gram formula weights/liter. With reference to the sulfur 

dioxide, in aqueous solution the reaction 



Th 

502 + H20 ± H2S03 (10) 

occurs, and the equilibrium constant, K8, defined by equation 

(11) 

K - (H2SO) . YhS0i 
8 

(2)("2°) 22° 
(II) 

is taken to be large. The Y's, as usual, refer to the 

activity coefficients of each species. No data are available 

in the literature concerning the values of YH2S3' or 

at elevated temperatures, but it was felt that a reasonable 

approximation was realized if one assumed that they canceled 

in the ratio. Further, if one takes the activity of water, 

88 

- 
(12) 

w 

where P is trie pressure of water over sulfuric acid of 

appropriate strength at the exchange temperature and P is 

the vapor pressure of pure water at the same temperature, 

one obtains 

K (H So)(P) K8 (13) 
(02)('w) 

Since, as previously stated, the sulfur dioxide is primarily 

hydrated in solution, 



- (1)4) 

where again the subscript implies the formal concentration 

of sulfur dioxide, 

Substitution, now, of the information in equations 

(9), (U), (12) and (13) into equation (8) yields the 

equation 

R - P(SO2)f(H2SO)f kt(2).f(H,SO))f mols irnin1 (]) 
KPw 

Pw 

In order to test the validity of equation (15), it is neces- 

sary to hnre values of th vapor pressure of water over 

sulfuric acid solutions at the temperatures here involved 

(the effect of dissolved sulfur dioxide has been ignored). 

Values for the ran'e of acid strengtha from dilute solution 

up to 9.3g acid are presented in Table 18. The values for 

10 - 70% H2EOj were obtained by ctrapo1ation to iTh°C 

of the data of Collins (7,p.1199) which cover the temperature 

range 20 -l0°C. Tose for the acid range 80 -9% were 

calculated from information given by Baranova (2). 

Also given in Table 18 are values of RP for experi- 

ments at increasing values of (H2S)f, but constant (S02). 

If equation (1g) is valid, it is evident that the data of 

Table 18, if plotted as log RP versus log(H2S0j)2, should 

give a straight line of unit slope. FIgure 8 shows such 



TABLE 18 

A TABUL'TION OF R? VALUES AT 
CONSTANT 

(Ternperture l7li°C) 

Expt. %H2SOli [H2sLJ)J (sJf iii x io2 
(nmi) (mo1s/1 (rnols/1)(rmit rriole 1Lmin 

6515 2.3 0.223 0.825 1.26 

5 6510 2.5 0.228 0.825 0.898 
10 61i10 9.t 0.928 0.821 5.87 
u 6Loo 10.0 0.991 O.82L 6.11 
11 5200 31.8 3.63 0.830 2L.O 
31 5075 33.2 3.87 o.8I6 29.2 
32 3300 50.8 6.7)4 o.856 
33 770 72.0 11.1 o.8).i 102.9 
3)4 180 8)4.6 i)4.o 0.8)48 16.5 

35 9)4 68.2 1)4.9 0.8)43 8.85 
36 20 95.3 16.3 3.8)48 1.05 
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a plot. It is to be seen that, it least to a reasonable 

approximation, the indicated expectotion is, for the aqueous 

solutions, fulfilled. 1-lenco it seems reasonable to believe 

tue foregoing treatment to be valid, and to assume that, 

quite possibly, under the present experimental conditions, 

aqueous sulfur dioxide is, in fact largely in the hydrated 

state. 

The Effect of Ionic Strength. The common 

occurrence of so-called s:ìt effects on the rates of chemical 

reactions in water solutions is well recognized. Hence it 

seems reasDnable to inquire whether the fact that the slope 

of the straight line plot in Figure 8 is l.lL rather than 

unity is to be sttributed to such an effect. 

Variation in electrolyte concentration in solution 

might exert two different effects on the rate of the exchange 

reaction here under discussion. It might, by its influence 

upon the activity coefficients of the reacting species and 

the activated complex, change the value of the rate constant, 

k (a so-called primary salt effect) and it might and, in 

fact, does, by changing the activity of the solvent water, 

affect the rate in a way given by equation (1)(a secondary 

salt effect). 

40W, whereas Figure 7 shows both of these effects 

(shou).d the former exist), in Figure (6) a correction has 



79 

been made for the change in water activity, thus eliminating 

the secondary salt effect. From this, one may deduce that 

the rapidly increasing slope of the curve in Figure 7 

reflects the secondary salt effect. By the token, one is 

led to suspect that if the deviation of the slope in Figure 8 

from unity is, in fact, related to a salt effect, it is pro- 

bably a primary salt effect. 

For a reaction between a neutral molecule arx an ion, 

me might expect the rate constant to have the 

form (28,p.l32) 

k k0e (16) 

where b is a small positive constant whose value depends on 

the ion, the neutral molecule and the activated complex, 

u is the ionic strength, and k0 is the rate constant at u = O. 

The ionic strength, u, is defined by the equation 

u (17) 

where e1 arid z represent the concentration and charge, 

respectively, of the jth ion in solution and the summation 

is extended over all ions in solution. 

Clearly equation (16) is qualitatively consistent 

with the proposition that the slope of l.lL in Figure 8 is 

related to a primary salt effect. More specifically to 



test this point, however, it seemed expedient to do exchange 

experiments in which a neutral salt hod been added to the 

solution. The first attempt in this direction involved 

the addition of sodium perchiorate (Expts. 26 and 27, see 

Table U). This material, nowever, apparently catalyzed 

the exchange of radiosulfur between and dilute aqueous 

H2S'3 and, in addition, the F versus time plot of the data 

was not a straight line, a fact immlying complications in 

the system which suggested the preferability of using sorne 

other electrolyte. Experiments were then done with sodium 

chloride or hydrochloric acid added to dilute sulfuric 

acid. The latter experiment was useful in that it simul- 

taneously served to test the rate effect of hydrogen ion 

independently of the sulfur(VT) concentration. The results 

of these experiments are summarized in Table 19, where 

they are also compared with those where no salt had been 

added. 

In these experiments, as before, the sulfur dioxide 

was assumed to be completely dissolved, a volume correction 

was made for temperature but not for dissolved sulfur 

dioxide, the radiosulfur was initially present as H2S35O 

and the rates were calculated by the method described in 

Section IV B. 



TABLE 19 

RADIO SULFUR E(CRANGE RATES BETWEEN SO2 AND 

H2S014 WITH NaC1 OR HC1 ADDED 

(Temperature 17I°C) 

Expt. [soJj IH2SOLJI 
(mols/1) (mols/L) 

0.825 0.223 

5 0.825 0.228 

28 0.823 0.23L 

29 0.825 0.217 
30 0.823 0.223 

81 

[NaCÌJ 
(mols/1) 

tHC1J 
(mo71) 

u R X 

(mo1/1)(mo1a 1J-niin) 

o 0 0.223 0.19L 
O 0 0.228 0.138 

0.691.4 0 0.928 0.171 
1.69 0 1.91 0.261 

o 1.69 1.91 0.267 

The results shown in Table 19 clearly indicate that 

there is indeed an increase in rate 1th increasing ionic 

strength. The fact, furtheiore, that both sodium chloride 

and hydrogen chloride have tF saine effect on the rate 

indicates this to be independent of the hytlrogen ion concen- 

tration as such and implies that the increase in rates 

noted for each of the two electrolytes results definitely 

from an ionic strength effect rather than any specific chemical 

one. 

The quantitative treatient of t1 data shown in 

Table 19 is riade difficult by the disaf'reement shown between 

Experiments i and 5. Experiments 5 and 28 were done together 
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some time before Experiments ¿4 29 and 30, which were also 

dcne together. For this reason it seems best to coiare the 

two sets of data separately. From runs and 78 one sees 

that an increase in ionic strength from 0.228 to 0.928 

produces a 2L increase in the rate, arid, from runs ¿4, 29 

and 30, an increase in ionic strength from 0.223 to 1.91 

produces a 36 increase in the rate. 

These increases in rate might originate from either 

a primary or a secondary salt effect (or both) and it is 

110W necessary to see if one can make a dl8tinctiort. The 

extent of the secondary salt effect which one might expect 

may be estimated from data appearing in International Critical 

Tables (L6,p.301,370) giving the pressure of water over Cl 

or NaC1 solutions at 100°C. For either solute, the maximum 

secondary salt effect (for the maximum above concentration 

as compared to infinite dilution) is only about 7%, which 

is of the order of the inherent experimental error. It 
seems most likely then, that one is here observing almost 

entirely a primary salt effect. It may be noted further 

that this deduction is consistent with the fact that these 

experiments were done in an ionic strength range tri which 

the slope of the line plotted In Figure 7 is still approxi- 

mately unity, suggesting the non-occurrence of any important 

secondary salt effect. Jnly with further increase in concen- 
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trntion does the slope of the Figure 7 plot bend upwards, 

suggesting the growing significance OLI S secondary salt 

effect. 

AU that remains, then, is to see whether a primary 

salt effect of the above deduced magnitude may be quantita- 

tively related to the fact that the slope shom in Figure 8 is 

1.1)4 rather than unity. To this end one may examine Figure 

8 wl.th reference to the difference between a rate predicted 

from a line of slope l.lL and one predicted ,from a line of 

slope unity. Thus, drawing in Figure 8 a line of unit slope 

so that it crosses the plotted line of slope l.l! at 0.23 M 

H2SOj, one finds a rate difference of 22 at 0.9 N HSO 

and 37% at 1.7 M HSOj. These percentages, when mpared 

with the results of the "added salt't experimants (Table 19), 

le. the 2L% observed for the first case and the 36% observed 

for the second, seem nicely to confirm the primary postulate 

of this section. To be specific, it seems reasonably clear 

that the deviation of the slope of the line in Figure 6 

from unity is to be attributed to a primary salt effect. 

6. The Effect of Hydrogen Ion Concentration. Quite 

apart from any ionic strength effects, a question naturally 

arises as to the possible kinetic significance of hydrogen 

ion concentration relative to the exchange rate law. If 

the interpretation of the reaction presented in Section ¿4 



above is valid, of course, hydrogen ion concentration should 

be without any significant effect. The expertents already 

quoted in the previous section bear specifically on t:;!s 

point. Thus, comparing Experiments 29 azìl 30, one sees that 

a very significant increase in hydrogen ion concentration 

(0.223 - 1.91 M) is, at constant sulfuric acid concentration, 

without appreciable effect on the exchange rate, a result 

gratifyingly in harmony with the Section L treatment. 

7. The Effect of Water and Bisulfate Ion in Con- 
centrated Acid. Having examined the results in aqueous 

acid, the next step is to treat the data dealing with the 

concentrated acid range. To do this, it is convenient first 

to consider the effect of sodium bisulfate concentration on 

the exchange rate. Tn the basis of the premise that the 

rate depends on bisulfate ion concentration and the further 

premise that water -n concentrated sulfuric acid solution 

is completely, or nearly completely, ionized to give hydronium 

bisulfate, one might, in experiments involving added sodium 

bisulfate, hope to find a given sodium bisulfate concentration 

yielding the saine kinetic effect as the same concentration 

of solute water. Dne would, of course, further expect to find 

a first order dependence of the rate on total bisulfate ion 

concentration, whether derived from water or sodium bisulfate. 

The exchange rates observed in concentrated acid 



with sodium bisulfate added are summarized in Table 20. 

The sulfur dioxide concentrations have again been calculated 

assuming all of this material in slution, and a volume 

correction has been made for temperature but not for dissolved 

sulfur dioxide. The radiosulfur was initially present as 

sulfur(VI) and the rates were calculatd by the method des- 

cribed in Section IV A. 

TABLE 20 

RADIDSULFUR EXCHANGE RATES BETWEEN SO9 
AND ODNCENTRATED H2S0 -NaHDJ MIXTURES 

(Temperature lTh.o°c) 

Expt. (So2) H28*0li NaHSO HO R X l0 
(mols/1) (niols/l) (mols/l) (mola/i) (mols/1-min) 

)40 o.8h3 l.7 i.th 0.692 37,6 
141 1.68 15.7 i.0 0.692 7.0 
).2 0.B)4S 1)4.5 2.6 0.639 
)43 o.61.3 1.73 0 li2.2 

0.8L ]J4.2 3.00 0 

The effects of bisulfate ion (from sodium bisulfate) and H20 

are compared in Figure 9, where the open circles represent 

the rims in which no bisulfate was added (Expts. 3! - 38, see 

Table 16), the circlee cut with a vertical line, the runs 

where both NaHS0j and water were present (Expts. 10 - ¿i2) 

and the circles cut with a horizontal line, the runs where 

NaHS0j was added to 100% sulfuric acid (Expts. ).3 and !1). 
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The term "Molarity HSOf(Ca1c 
" 
on the abscissa of Figure 9 

represents tI formal concentration of H20 in the first case, 

the forma]. concentration of H2() plus the concentration of 

N3HS*O)4 in the second case, and the concentration of NaHS*O, 

in the third case. 

It is evident that, to a reasonable approximation, all 

the three types of points in Figure 9 may be represented as 

falling along a common plot, in conformity with one the 

initial premises of this section. It is euaUy clear, however, 

that they do not give a line of unit slope as one might normally 

axpect for the postulated first order dependence on bisulfate 

concentration. Now this latter observation is in conformity 

with the findings of Doherty, Masters and Norris (11) who, 

in experiments involving no added bisulfate, found the exchange 

rate from 8 to 98% acid (and at a higher temperature) to 

vary approximately with the square root of the water con- 

centration. It may be seen that the dash straight line of 

slope O. drawn on Figure 8, corresponding to such a rate 

dependency, does, in fact, fit the present data fairly well 

down to about 2 M Hs()'(calc 
), 

corroborating the finding of 

Doherty et al, whose experiments went to no lover concentrations. 

It now seems, however, in view both of the points shown in 

Figure 8 for O.7Li3 
(cale.)' 

as well as the finding of 

the quite significant rate of 20.5 X lO moles i'min in 
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100% H2SO14 (0 M lsO(1); Experiment 39), that the data 

might quite probably be better represented by a curve (cf. the 

solid line in Figure 8) than by a straight line as originally 

inferred by Doherty et al. This point is significant in that 

it implies that, in all probability, there is no simple 

square root dependence of the rate on bisulfate ion concen- 

tration, any such apparent relationship being quite fortuitous. 

While the fact that Figure 9 does not give a straight 

line of unit slope poses a problem requiring further examination, 

the obtaining of a common plot t'or all three types of points 

clearly shows that, in fact, both water and sodium bisulfate 

have the saine effect on the rate, at least in tI range 95 - 

l00 acid (L.39 M - O M HO). Hence it seems safe to 

conclude that, again at least in this acid concentration 

range, water is essentially completely ionized to bisulfate 

ions and (presumably) hydronium ions. The results also, of 

course, imply bisuUate ion to be an exchanging species (though 

not necessarily the only one). 

8. Rate Dependence on Sulfur Dioxide in Concentrated 

Acid, Although Doherty et al had found the exchange rate 

in concentrated acid to be first order in sulfur dioxide 

(see Section 2 above), they had done so only in solutions 

where the amount of solute water exceeded the amount of 

solute sulfur dioxide. In order to rule out the possibility 



that the shape of the curve in Figure 9 might be the result 

of the formation of a complex between sulfur dioxide molecules 

and bisulfate ions (or some related sul.fur(Vi) species), it 

became necessary to determine the rate dependence in solutions 

where the amount of solute sulfur dioxide exceeded the amount 

of solute water (and thus the amount of bisulfate ion derived 

frOEn the water). Table 21 shows the results of experiments 

(previously presented in Table 16) bearing on this point 

as well as the results of two further experiments (from 

Table 20) showing the rate dependency in solutions to which 

sodium bisulfate had been added. 

TABLE 21 

RATE DEPENDENCE ON IN 
QJNCENTRATED H2S0 

(Temperature 1Th.O°C) 

R 
X Expt. (H2SOli) (1120) (NaHOj) (2) (302) 

Çmols/l) (mole/i) (mole/lJ (mole/i) (niil) 

37 17.0 O.7L7 O O.8L3 3l.). 

36 17.0 O.7t7 O 1.68 33. 
¿40 1.7 0.692 o.8!3 L.6 
¿1 15.7 0.692 i.14 1.68 W.6 

The constancy of the ratio of the rate to the sulfur dioxide 

concentration in each of the two pairs of experiments 

(i.e. Fcperixînts 37 as compared to 38 and LO as compared to Ll) 



quite evidently shc»is t first order relationship to be 

maintained despite the altered concentrations of the sulfur(VI) 

reactant species, as compared to the experiments of Dorty 

et al. Hence one is led to reject as inrobable any idea of 

a rate dependence on some co1ex that might have been formed 

.etween sulfur dioxide and some sulfur(VI) specie. 

The foregoing conclusion is consistent with spectral 

data which indicate sulfur dioxide to be present in conoen- 

trated sulfuric acid ar1 oleum as SJ molecules (17). In 

the treatnEnt which follows, therefore, it will be so assumed, 

and the cause for the deviation of the plot given by Figure 9 

from the originally expected unit slope will be sought in 

other factors. 

9. The Rate Law in Concentrated Icid. ilow then may 

one account for the shape of the curve shown in Figure 9? 

Unfortunately there are two interpretations of the data, 

both of which appear to fit equally well. In what follows, 

the one which is presented secozii appears to be, to the author, 

the more probable of the tuo for reasons which w ill become 

apparent later. 

a. One Term Rate Law. To consider the first 

interpretation, assume thet, just s in aqueous solution, 

the rate determining step in concentrated acid consists of 

a bimolecular reaction between sulfur dioxide mo1eculs and 
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bisulfate ions, the rate law thus again being given by 

the equation 

R k(SO2)(HSOjj (8) 

The furtr assumption is made that in the range 9 - 1OO 

acid, all of the water is ionized. (This latter assumption 

appears to be not actually valid in the range 85 - 90% acid 

for reasons that will be explained later). Since sulfuric 

acid hes been reported to undergo self ionization to an extent 

greater than that of any other solvent known (l2,p.388), 

assure further that the reaction 

2H250j4 ± H3SOj + HSO1 (18) 

occurs, and that the constant 

1j -(H3so)(Hsojr) 
(19) (H2&D2 

possesses a value at lTh°C which wifl result in very appre- 

ciable self ionization. (The values of the autoprotolysis 

constant, K5p (H3S)1,)(i4sT)) are 1.7 X LO- and 2.i X 

at 10° and 2S°C, respectively (l2,p.389)). Eliminting 

(Irso) from equations (8) and (19), expressing other coilcen- 

trations in terna of experirntaUy known quantities and 

dividing the result by (302), one obtains the equation 
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R kb k I4Ki(M-a) b] 
(S2) 2(1.4x) 

kJj(M-a) + b32 c(1-a)2(1-LK1) (20) 
2(l-).x1) 

i ¡ere 

M - 

a (H2o) 

b (H20)f + (NaìISO) 

the subscript £ referring, as before, to the formal concen- 

trztion of each compound. 

iquntion (20) contains only o irKiependent variables, 

k and Kj. Thus any two experiments at different (H2S0L)r should 

uniquely determine these two constants. The problem, riowever, 

is to obtain the "best fit" values of k and K on the basis 

of all the experirrnts. The graphical least squares method 

described by l3urge (6,p.78-79) was used to solve this problem, 

and yielded 

k l.i0 X l0 liters molemin1 
Kj 0.02 

as these "best" values. 

Table 22 contains calculations based on this inter- 

pretation for the acid range 9 to 100% (i.39 M - O M H20; 
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Experiments 36 - )4, from Tables 16 and 20). The second 

column shows values of "tru&' bisulfate ion concentrations, 

calculated from the velue 0.02. Succeeding columns 

give values of k(HS0)i, calculated for k 1.140 X l0 

and values of R/(302). A plot of log R/(302) versus 

is shown in Figure 10, the line of slope unity having been 

drawn through the k(HS014)0510 values. As may be seen, the 

interpretation fits the data very well. 

TABLE 22 

SUMMARY 0F k( Hsoj) AND R,1( So2) VALUES 

(9-l0O% acid; K 0.02; T 1714.0°C 

k 1.140 X l0 i mol1min1) 

Expt. (US014)caic k(HS0jf) X 10 

R 

(SDç) X 10 
(mois/1) (rnin.L) (min2) 

36 24.85 6b.3 62.1 
37 2,29 32.1 31.14 

38 2.29 32.1 33.S 
39 1.88 26.3 214.3 
140 3.18 L14.5 LJ..6 
141 3.18 ¿JJ4. 1414.6 

142 14.014 56.6 
143 2.91 140.7 0.1 
1414 3.83 53.6 514,9 

Although the foregoing interpretation is evidently 

entirely adequate above about 95% acid, & problem developes 

t lower acidity, as is found when one attempts to fit the 

experiments in 814.6% and 88.2 acid (Experinnts 3h az 35) 
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to this picture. It turns out, however, that a quite simple 

modification of the interpretation serves to resolve the 

difficulty. 

In the foregoing treatment we have assumed complete 

ionization of the water according to reaction (2) 

1120 + H2SO)4 ± H3O + ilSO (2) 

The equilibrium constant, K1', for reaction (2) is defined 

by the expression 

K1' - (H3)(}ISOj-) 
(Lt') 

H2O)(H2S0j) 

This constant, Ic1' , while apparently possessing a reasonably 

large value, is certainly not infinite. Only so long as there 

is a large excess of water, as in the aqueous solutions, or 

of sulfuric acid, as in the 9 - 100% acid range, does the 

equilibrium in reaction (2) lie essentially completely to the 

right. In the range of about 7 - 90% acid, however, there 

is no great excess either of water or of sulfuric acid. 

rience it is reasonable to presume that, in this concentration 

range, the reaction ( 2) equilibrium may be significantly 

more to the left. It is, in fact, found that such an 

assumption serves to bring the results of Experiments 3h 

and 3 into line with the rest of the results. This procedure, 

of course, results in ari estimate for the value f the ionization 



constant of water, K1' (equation (!')). The value so found 

is of the order of 2 (cperiments 31.4 and 3 actually gave, 

respectively, 1.7 afld 3.3). 

It is further interesting to find tkt anotr 
feature of the data, namely the position of the rate maxinnmì 

in Figure 7, may, at least approximately, be correlated .th 

this value of about 2 for Kf. Because of the re1tive1y 

large rate of change of water molarïty for a given change 

in sulfuric acid rnolarity in this concentration region, 

this value of K1' predicts a niaximuiii bisulfate ion concen- 

tration lying on the water siie of the 1:1 acid - ter mole 

ratio, or specifically between about 12 and 13 M HSOj. 

Although, as may be seen from Figure 7, the experimental 

data are not such as to allow for any very precise estimate 

of the point of maximum rate, it is clear that, at least 

approximately, its position must conform to that estimated 

for maximum bisulfate ion concentration. 

b. The Two Term Rate Law. While all of the data 

seem to fit the foregoing interpretation quite well, it 

would seem that an alternate one might be preferable, should 

one exist which did not require such extensive self ionization 
of sulfuric acid (1.88 1S)j in lOO H2S'J).). If ndeed, 

such an alternative does exist, and is presented as follows. 

Assume a two term rate law involving bimolecular 



interactions of sulfur dioxide molecules not only with 

bisulfate ions, but also withun-ionized sulfuric acid moie- 

cules. Thus 

R k1(SO2)(HSO) + k2(SO2)(H2SO) (21) 

where, in the range 9 - 100% acid, 

(Hs0L«)5i (H2o)f + (NaHSO) 

(H2SO)ca1c - (H2S0)f - (H2o)f 

k1 > k2 

Here, of course, contrary to the previous interpfetation, 

it is assumed that the self ionization of sulfuric acid 

is small enough so as not to be a signtficant factor. 

Division of equation (21) by the product (502)(H25014) yields 

R (HSoh 
(SO2)(112S - k1 

H2SO k2 (22) 

Thus a plot of R/(S:ì2)(ii2sJj)ca1c VS. (iis;)cc/(H2Soj)calc 

for cperiments 36 - Lh should give a straight line of slope 

k1 and intercept k2. Such a plot is shown in Figure II. 

It may be seen that the data do, in fact, conform reasonably 

well to the plotted straight line, thus demonstrating the 

adequacy of the reaction interpretation. The values of k1 

arxi k2 obtained Irom this plot are 



k1 1.06 X 10 i mo1e-min- 

k2 1.L8 X i0 i mo1e-min1 

Again, as in the case of the one term rate law, 

it is necessary to assume water to be incompletely ionized 

in the victhity of 8 acid in order to explain the results 

of Experiments 3i arid 3S (8!.6% and 88.2e acid, respectively). 

From the rates obtained in these experiments, together with 

the above values of and k2, one may calculate tI bisulfate 

ion, sulfuric acid arti water concentrations for each experinnt, 

arx thus estimate values of Ki', defined by equation (at). 

The values sa obtained are as follows: (1) from Experiînt 

3L, K1' m (2) from Experiment 3S, K1t 2O.. 

Te large difference in these two values for Kf 

is not as surprising as might at first appear, since, for a 

K1' of this order of ngnitude, a small error in the esti- 

mation of the bisulfate ion concentration (based, as it is, 

on an experimental rate measurement) will produce a large 

error in the calculated value of K1' . This works in th ways, 

of course; that is, tJ calculated bisulfate ion concentration 

is rather insensitive to the particular value of K1' chosen 

to calculate it. Obviously any error in the rate measurement 

appears magnified in the value of K1' eventually obtained. 

Thus the estimate K1 10 seems to be the best that can be 

obtained from the present data. This value of Kf also 



E 
'a, 

o 
E 

' (J) 

CI) 

r,] 

R k,(S02)(HSO4) + kSO2XH2SQ4) 

SIope k1 I.06x104 I mole' mind 

-5 -I .-I 
Intercept k2I.48xIO Imoe min 

oI 

2 points 

(HSOj) 

(H2SO4) 

Figure II 

0.3 



I, 

predicts the maximum rate to occur in the vicinity of 12 - 13 

M H2SOj, a prediction, as previously discussed, in general 

conformity with the experimental observations depicted in 

Figure 7. 

Although the present data are, unfortunately, not 

such as to permit a clear choice between the one term and the 

two term rate law, the latter does, as has already been 

indicated, seem preferable on the basis of the uxuly large 

self ionization that had to be assumed in the former case. 

In any event, one may note that the specific rate constants 

for the bimolecular reaction between sulfur dioxide and bisulfate 

ion are not greatly different in the two cases, viz. 1.!0 

X 1O and 1.06 X 1O. 

10. The Hydration Constant of Sulfur Dioxide. )n 

the basis of the value for k1 (two term rate law), we are 

now in a position to estimate the value of K, defined by 

equation (13) 

K (H2S0)(P (13) 
( 2 i C P) 

To do this, we must ignore the efiect of ionic strength on 

the rate constant and assume that k1, the rate constant 

associated with the bisulfate ion, possesses the same value 

throughout the range 2 - 100% sulfuric acid. K will then 

be riven by the equation (see equation 1) 
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K k,j(SO2)f(H2S:)h)f (15') 
RPw 

A summary of K values, calculated from data already presented 

for trie experiments in aqueous sulfuric acid, the value 

for P at 1714°C being 65)40 mm, appears in Table 23. 

TABLi 23 

SUMMkRY OF K VALUES IN AQUEOUS SOLUTION 

(Temperature 17)4°C) 

¿4 10.1 

5 114.5 

10 8.99 

11 9.26 
1)4 8.70 
31 1.77 

32 7.09 

33 6.32 

U. Summation. In summary, it hìs been found that 

the results of the sulfur exchange between sulfur dioxide 

and labeled sulfuric acid are described quite well by the 

equation 

R IcP.g (SO2)f(H2SOI&)f (15) 
KP 
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in aqueous solution and the equation 

R - k(SO2)(HSoj) + 
k2(So2)(H2SJ) (21) 

in concentrated acid. Equation (]$), however, is an 

empirical equation, and is itself based on t first term 

of equation (21), the only term applying in aqueous solution. 

Hence, apart from ionic strength effects, of which we un- 

fortunately have no knowledge in concentrated acid and so 

cannot correct for adequately, equation (21) may be taken 

as applying throughout the entire range of acidities in- 

vestigated, 3 - 10O sulfuric acid. 

12. Aqueous Exchange Results th l3isulfate and 

Sulfate I!. Two anomalies remain to be dealt with: (1) 

the results in aqueous NaHS3j solutions (see Table 17) 

and ( 2) the fact that the replacement of NaIJS*0 by N828*Jli 

had little effect on tbe rate. The results of these latter 

experiments are summarized in Table 2L, and dU be treated 

first. 

These rates are substantially the same as those observed 

for H2S) solutions and NaHS0 solutions of corresponding 

sulfur(TV) and sulfur(VI) concentrations. The fact that bi- 

sulfate ions have been found to exchange more rapidly than sul- 

furic acid molecules (cf. the two term rate law), suggests 
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TABLE 2h 

RADIOSIJLFUR EXCHANGE RATES BETWEEN 

502 AND AQUEOUS NaHS*ob - Na25*Ob 

(Temperature l7L°C) 

Expt. NSHS*Oli 
(mole/i) 

Na2S*O 
(mole/i) (rnols7l) 

R X 

(mols iImin-) 
2L 0.827 0.092 0.816 0.963 
2 0.Lj6b 0.)46b o.82 0.829 

that sulfate ions might very likely exchange at a different 

rate than either of the preceding.. Indeed, should the 

trend continue in the oame direction, sulfate ions should 

exchange still more rapidly tnan the other to species. 

It seems possible that the reason that one does not 

observe any rate increase with sulfate may be that any 

attempt to increase the sulfate ion concentration results 

in a corresponding decrease in sulfur dioxide concentration 

as follows 

so2 + 1120 112503 (io) 

H2803 F HSOf + '°b ( 23) 

The extent of reaction (23) might be estiimoted from the second 

ionization constant of sulfuric acid, 
2 

(equation(i)), and 

the first ionization constant of sulfurous acid, K1', il data 
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concerning this latter constant were available at 17)40C. 

1nfortunately, they are ot, and an attempt to extrapolate 

(39,p.237O) to 17LL°C the data at O - O°C (2,p.2237) was 

considered invalid, since extrapolation to lTh°C of the values 

of K2 from O - O°C (9,p.928) by the same method gave a value 

for X2 at l7J.° that was an order of magnitude greater than 

that predicted by the more exact relation, equation (6). 

Since, however, both K2 and K]." have about the same value 

at room temperature, let us assume, for the sake of discussion, 

that they also possess about the same value at l7L°C. Thus 

K (0r)(0J1) i (2Lt) 3 H2SO3)CSO) 

Tj5 value of K3 predicts that, under the conditions of 

Experiment 2, the concentration oi free )2should be reduced 

by about 26 due to reaction (23). It further predicts the 

concentration of HSO in Experiment 25 to be about 73% of 

that in a solution of NadSOj of identical sulftir(VI) 

concentration, the S3 concentration correspondingly being 

only about 27% of the total sulfur(VI), in place 3f O% as 

ight be inferred from Table 21.. The fact that the rate in 

1xperiment 2 is only about l2 less than in xperiment 17 

(0.937 
.! 

NaiS*O)) instead of about 5O, less, as predicted 

by the decreases in SO2 and L1S') ion concentrations, 

indicates that the sulfate ion is indeed an exchanging species. 
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The fact that the sulfate ion accounts for only about 27% 

of the suif ur(VI) in solution but is responsible for about 

LO% of the exchange rate, further suggests that sulfate ion 

must exchange sulfurs with sulfur dioxie about one and one- 

half times faster than bisulfate ion does, providing, of 

caLrse, that our assumptions are correct. 

In Experiment 3 (see Table 8), attempts were made 

to study the rate of exchange ol' radiosulfur between 0.82 M 

sulfur dioxide and 0.937 M sodium sulfate at 195°C. Under 

these conditions, tF sulfur dioxide decomposed at an extremely 

rapid rate (all having disappeared in 60 minutes), thus 

making it difficult to obtain any meaningful kinetics data. 

An estimate of the rate in tbi solution is 2.9 X l0 moles 

imiIr1, as compared to 3.86 X l0 moles i-miir1 in 

3.912 H25 at l9i°C. Thi3 25% decrease in rate in the 

first case as compared to the second is in rough agreement 

with the ''alue of 15% which may be predicted from the previously 

discussed treatment. 

Although of necessity only qualitative in character, 

it seems clear that the foregoing represents a satisfactory 

interpretation of the experimental results obtained with 

sul.fate ion containing solutions. 

The anamolous results obtained in the aqueous NaiS*0j 

solutions, on the other hand, remain rre obscure. Figure 12 

shows a plot of log R/(302) against log (NaH&) for Eperiments 
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- 20 (see Table 17), the rate being taken as first- 
order in (SO2) Ofl the basis of the results obtained in 

Experiments 17, l and 19. As in the case of the plot of log R 

against log (23i) for the results obtained in sulfuric acid 

solutions (Bee Figure 7), Figure 12 also shows a curves but, 

in this instance, the curvature is in trie opposite directiorrt 

Unfortunately, insufficient data are available for 

a complete analysis of this phenomenon. Indeed, should the 

single experiment at 3.L M NaHS0) (Experiment 20) be in 

error, the whole case for the inverse curvature might well 

collapse. If however, the curvature is real, it seems 

likely that it results from se process that does not occur 

significantly in the sulfuric acid solutions of corresponding 

strength and, as such, does not invalidate the interpretation 

of the results in this latter system. This is a ratter, of 

course, that might well receive further sty. 

13. The Temperature Goeffjcjt of the Exchange 

kate. To complete the kinetic stixiy, it was necessary to 

investigate the effect of temperature on the rate of exchange 

of radiosulfur between sulfur diorxide and 5queous sulfuric 

acid. To do this, experiments were done sith H2S*0j 

at 100, lTh°C ar l91?C (Experiments 6, 7 ari 8, Table 16). 

rom the Arrhenius equation (16,p.1) 
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k Aea/ (2g) 

where A is a constant 

Ea is the activation energy 

ft is the gas constant 

T is the absolute temperature 

arki the van't Hoff equation (29,p.298) 

_____ - -H0 (26) 
à(1/T) 

where, in this case, ¿H° is the standard enthalpy change 

for the hydration of sulfur dioxide, reaction (10), one 

readily obtains equation (27) 

______ E' (27) 
dEio,k/IQJ 

- (Ea zH°) a 

Thus, as seen from equation (15), a plot of iog 

(HS')against l/T should yield a straight line of slope 

(EaH°)/2.3L In practice, since the ratio has been 

found to be constant (7,p.U99) over the entire temperature 

range 20 -l00C at 10% ¿cid, it has been assumed constant over 

the present temperature range also. Figure 13 shows a plot 

of log R/(32H2S0)f against l/T, and it may be seen that 

the points fall reasonably satisfactorily along a straight 

line, as expected. The value of (E5-H°) derived from the 
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plot is 28.8 kcal/mole. 

In order to evaluate Ea, it is necessary to have a 

value for 4H°. It seems convenient to assume that O 

is of the sanie order of magnitude as the heat of solution of 

liquid sulfur dioxide in a large amount of water this 

quantity amounting to only about 1.5 keal/mole (S,p.196). 

Thus the apparent activation energy, 28.8 kcal/mole, would 

seem to be a reasonably good approximation of the true value 

of E8. Assuming this to be true, one can then obtain t1 value 

of A, the constant in the Arrhenius equation. Assuming the 

value for kj observed in concentrated acid to be equally valid 

in aqueous solution (1.06 X 10 1 mole-min- at l7140C), 

the value for A obtained is 2.1 X 108 1 mole-sec-. Further, 

from the equation (ló,p.l99) 

k e ea1'T e'' (28) 
h 

it i_s possible to estimate the entropy of activation, 6S#. 

In equation (28), is the I3oltzmann constant and h is 

Planck's constant. Substitution into this equation gires 

the value -23.3 e.u. for 

a) It may be noted that this assumption is consistent with 
the fact that the difference between the heat of solution 
of gaseous 2 and the heat of condensation of is 
of the order of 1.5 kcal/mole (5,p.l96). 
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For the reaction in concentrated acid, the temperature 

effect upon the rate has already been studied by Doherty, 

Masters and Norris(i1), and apparent activation energies in 

90.8» and 98.O acid have been determined. Since their data 

appeared to follow the rate law 

R kapp(S2)(H20)(FI2S3)) (29) 

where kapp is the apparent rate constant, they determined 

the effect of temperature on kapp over the range 167 - 225°C 

and calculated the apparent activation energy, Eapp, thus 

dLln k 
d(l/P) - 

Er (30) 

their values of F., are 27.5 kcal/mole and 27.8 kcal/mole 

in 90.8 and 98.0% sulfuric acid, respectively. 

/ccording to our interpretation, the rate law is 

more likely of the form given by equation (21) 

R k1(S()2)(HSO) + k2(S02)(H2SOj) (21) 

At constant (fls04-) and (I12S0) it is readily shown that 

_fln(R/S')_7 
Eapp f uIk(HS3j)J E] (31) 

(1/T k1(HS0) 4 

L 
k(iS0 + k2f12SJ)JE2 

+ r1 _ ki isoi1ì 
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where E1 and E2 are the true activation energies associated 

with the constants k1 and k2 and E5 is the apparent activation 

energy actually observed, as for example, by Doherty, Masters 

and Norris. By using our estiiate of about 10 for 

the ionization constant of water in concentrated sulfuric 

acid, and neglecting the small effect of tererature resulting 

from any modest variation in K1' on the bisulfate ion 

concentration, one may obtain values of the coefficients of 

E1 and E2 On the right hand side of equation (31). The 

values of the coefficient of E1 in 90.8, and 98.0% acid are 

0.839 and 0.1473 respectively, the coefficients of E2 then 

being the difference between these numbers arr1 one. 

Substitution of this information into equation (31) and 

subsequent simultaneous solution of the two resulting 

equations (one arising from the data In 90.8 acid, the other 

from the data in 98.0% acid) gives y1 as 27.L keal/mole and 

E2 as 28.1 kcal/niole. The difference of the values of 

k1 and k2 observed in the present research predicts, assuming 

the same Arrhenius frequency factor, A, in both cases, the 

difference between E1 and E2 to be E2 - E1 1.7 kcal/mole 

as conared to E2 - E1 0.7 kcal/mole from the values above. 

More work appears to be necessary to determine whether this 

discrepency is experimental error or real (e.g. a study of 

the temperature effect in 100% acid 
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On the basis of the foregoing activation energies 

derived from the work of Doherty et al, together with the 

experirenta1 values for kj. and k2 derived from the present 

research, it is now possible, using equations (25) ar (28), 

to obtain values of A and ¿S associated with each of these 

two specific rate constants. These values are rs follows: 

(1) lq L.3 x 107 e2700/'T liters mo1esec1 with a 

corresponding of -26.)i. e.u. and (2) k2 1.3 X 1O 

e28,100/T liter mole1sec'1 with a corresponding ¿1S of 

-28.7 e.u. 

iL1. Fxperiments with Elemental Sulfur and with Oleum. 

Before concluding this section, it is necessary to include 

the results of three additional sets of experiments, the dis- 

cussion of which will appear in the following section. These 

include (1) exchange experiments between radiosulfur(0) arI 

sulfur dioxide, the results being summarized in Table 25, 

(2) an exchange experiment between sulfur dioxide and radio- 

active sulfuric acid with sulfur(0) added compared (in Table 

26) with an exchange experiment between these same two 

reactants without the addition of uLi'.ir(0) and (3) an 

exchange experiment between sulfur dioxide aì radioactive 

oleuni, the results of this experiment appuaring in Table 27. 
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TABLE 2S 

RADIOSULFUR EXCHANGE RATES BETWEEN 
AND sULFUR(0) 

(Temperature 1714°C) 

Expt. (oj (H2STI1) (HC1) 5* X 1O 
(minois) (irimois) (uno1s) (g-atoxns)(mg-atoms 

min1) 

146 0,27 0.3(1 M) O O.2SO.28 0.7 
147 0.27 0 0.3(1 M) 0.29 

a) Rate based on single bomb only 

TABLE 26 

RADIOSULF1JR EXCHANGE RATE BETWEEN 
AND 1128*014 WITH SULFIJR( o ) ADDED 

(Temperature a 1714°C) 

Expt. (302) 
(nmo1s) 

(HS*O) S R X 

(minois) (g-tom)(mg-atoms 
iO 
niirri) 

148 

149 

0.268 
0.27 

0.3(1.01 ¡) 0.275 o.1714a) 

0.3(1.01 i) o 0.172a) 

single bomb only. a) Rate based on 

TABLE 27 

RADIOSULFUR EXCHANGE RATE BETdEEN 

°2 OLEIJM 

(Temperature a 1714.0°C) 

Expt. (SO2) (1i2S*O) (j*ç) 
i X 10 

(mols/1) (mole/i) (mola/i) (mo1 ]lmiir1) 
14 0.8143 114.6 3.614 12.8 



IV. DISCUSSION 

The bulk of the foregoing results have been concerned 

with a study of the radiosulfur exchange reaction between 

sulfur dioxide and sulfuric acid, supporting cperiments 

involving bisulfate and sulfate containing solutions also 

having been presented. For this reaction it has been possible 

to offer a self-consistent interpretation of the results, 

leading to the rate la'.j 

Rate k1(SO2)(HS)) + k2(SO2)(H2SO) (1) 

which describes the exchange throughout the entire sulfuric 

acid range 2.3 - lOOó acid. Before attempting to discuss 

a mechanistic interpretation of this rate law, however, it 

i_s necessary to consider sorte troublesome features of the 

systesi which have so far been neglected, viz: (1) the 

mode of ionization of water ïn concentrated sulfuric acid; 

(2) the non-constancy with varying sulfuric acid concentration 

of the calculated hydration constant of sulfur dioxide, K; 

(3) the possible roversibility of the sulfur dioxide dismu- 

tation reaction. 

With regard to the first of these t'ee points, it 

has been assumed throughout this work that water ionizes 

in concentrated sulfuric acid j follows 
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H20 + 1123014 H3O + H3o (2) 

ilOw Young and coworkers (51 145) have deduced, at least 

near 1OO acid at room temperature, that water ionizes accor- 

ding to the reaction 

H20 + 2H2S014 H5305 + (3) 

the dissociation reaction 

HSO - 1i3) + (14) 

being appreciable below 96% acid. The question now arises, 

therefore, whether or not one can hope to differentiate 

between the two ionization schemes embodied in equations (2) 

and (3) on the basis of the exchange rate data presented 

in this report or, conversely, whether or not the inter- 

pretation of these results is dependent upon the chosen 

scheme. 

To consider the first point related to this question, 

it is evident that any estimate of the trtie bisulfate ion 

concentration which might bear on the interpretation of 

the exchange rate data will be independent of which ionization 

scheme is operative. That is, either will produce one 

bisulfate ion for each water molecule ionizing in solution 

and, further, in the range 96 - 10O sulfuric acid, where 
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re'ction (3) might be expected to predominate, either reaction 

would be driven essentially completely to the right by the 

large excess of sulfuric acid. C.sarly, therefore, there 

can be no hope for a differentiation between equations (2) 

and (3) based in any way on the possible occurrence of 

different bisulfate ion concentrations for the two ionization 

schemes. 

In order to obtain values of ki and k2, however, 

one must know, not only the bisulfate ion concentration, 

but also the true sulfuric acid concentration. The latter, 

of courses does depend on whether water ïs ionizing via 

reaction (2) or reaction (3). Be that as it may, riowever, 

it is found empirically that the difference between the 

sulfuric acid concentration calculated assuming reaction (3) 

and that calculated assuming reaction (2) is not such that 

a plot of the exchange rate data for 9 - lOOv acid (as 

in Figure 11) gives any basis for choice between the two 

equations. Thus the points are found to give a good straight 

line in eitLer case. Further, the values of k-j arid k2 

derived fror v.ch a plot are, within experimental error, the 

same for both schenies. (A8auining reaction (2), k1 1.06 

X 10 1 mo1e1min and k2 l.)48 X 10 1 mo1e-min; 

assuming reaction (3), ki - 1.16 X 101 mo1e-min and 

k2 1.)4 X 1O i moie-min). Thus it seems that exchange 
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rate data win never serve to differentiate between t two 

alternative ionization mechanisma, nor, conversely, does the 

use of equation (2) in the interpretation ol the results of 

this research materially affect tF validity of such inter- 

pretation. 

With further reference to the possible importance 

of equation (3) relative to (2) in relation to the present 

results, consider now the ionization constant of water, Kf, 

which was estimated in Section V as having a value of about 

10 (on the basis of the two term rate law). Tuis constant 

was defined by the equation 

K1' - (H1O)(HS)h) 
F120) ( H2SO1) 

and specifically has reference, of course, to ionization via 

equation (2). It will be remembered, however, that the cal- 

culation of this constant, although it involved, in addition 

to k1 and k2, a knowledge of the true sulfuric acid concen- 

tration, was made with data obtained in 8.L - 88% sulfuric 

acid. In this acid concentration range, reaction (3) does 

not occur to any extent, equation (2) clearly being the domi- 

nant process. Thus again any question of the possible relative 

significance of equation (3) as against equation (2) is 

without bearing on the present interpretation and the value 

K1' - 10 may be taken as a valid estimate of the equIlibrium 
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constant for reaction (2). 

iiaving disposed of the problem of the ionization 

mechanism of water, let u.s look briefly at K, the hydration 

constant for sulfur dioxide defined thus 

K = 12S23) (6) 

(2)w 

values for which are tabulated in Table 23. The trend toward 

smaller values of K at higher acid concentrations arises 

(assuming the discussion of this effect in Section V to be 

valid) from the ionic strenßth effect in this region (the 

primary salt effect). However, this hydrston ct.natan was 

calculated on the basis of a k1 value computed in concentrated 

acid and assumed to have the same value throughout the aqueous 

acid range. Hence any attempt to extrapolate the hydration 

constants shown in Table 23 to zero ionic strength would not 

be meaningful, since it would first have been necessary to 

correct the concentrated acid k1 value itself' to zero ionic 

strength. fnfortunate1y there is no basis at the present 

time for mekinc such a correction, the magnitude of the primary 

salt effect being an unknown quantity in concentrated sulfuric 

acid. Thus t would appear that, for the present, the best 

that one can do 4th the data in this report is to accept an 

average value of' K 8 as an approximate estimate for this 

hydration constant. 



There is stil]. one more problem to discuss and thst 

is the possibility that the reaction 

+ 2H20 -4 2H2SD s (7) 

might b reversible under the conditions here prevailing. 

If such were the cese, it wuld provide a pathway for the 

exchange. 

Reaction (7) has been exhaustively studied by 

Foerster et al (13,p.2LiS-3ii2) and further discussed by 

Bassett and Durrant (3,p.11.l2-lll). Unfortunately, tese 

authors give little meaningful iníorxnation bearing speciíically 
on the pocaibic reversibility of the process. Tne former 

found the £orwsrd reaction to occur t a relatively slow rate 

(about two days required for completion at 150°C) ax further 

found that it appcired to be negatively catalyzed by S tnat 

s, it no longer occurred in 2 N i-IC].. They also reported a 

positive catalysis by sulfur, their interpretation of this 

being that the reaction involved the formation of thiosufl&ìt, 

and the breakdown of the latter by way of the polythionates. 

In contrast to the above points, the present research 

has shn the exchange rate to be independent of hydrogen 

ion concentration (at constant sulfur(VI) concentration) 

over a wide range (greater than 1000 fold; cf. Experiments 

10 and 2g). ilso the fraction exchare in a given time has 
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been found to be unaffected by addition of free elemental 

sulfur (see Experizînts liB and Lin, Tb1es 3 and 26). In 

addition the saine kinetics weie obtained whether dispro- 

portionetion occurred or not--i.e. the results obtained at 

i M H2SO and higher concentrations, where no sulfur ever 

forined, merge smoothly into those of lower acidity where 

sulfur did forni. 

What is perhaps even more applicable to this problem 

than the foregoing, however, is the work of Bichowaky (li), 

which did involve a study of the reversal of equation (7). 

In his investigation he heated suLfur in i M sulfuric acid 

at 312°C and found that equilibrium was not reached until 

after three days, this equilibrium apparently favoring the 

formation of sulfur dioxide. A reaction that is this slow, 

even at high temperature, most probably possesses a large 

activation energy; i.e. an activation energy of the order 

of hO kcal/mole would not seem unreasonable. Using thi8 value, 

one may estimate that the rate of tite reaction would decrease 

by the factor 1.7 for every ton degree decrease in temperature. 

From this one may predict that at l7li°C, the rate of thu 

reaction would be 80 decreased that the time necessary for 

reaching equilibrium would be gi'eater than about 8 yesraL 

ince, at 1Th0C, the half-time for the exchange of sulfur 

between sulfur dioxide and i M sulfuric acid is only 23 days, 
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it seems most reasonable to assume that this exchange is 

occurring via some more rapid mechanism than the reverse 

of reaction (7). 

Experinnts L6 and L7 were done with the object of 

obtaining experimental support for this last assumption. 

While the results might have been more decisive, they do 

appear to provide a measure of such support. Although, 

shown in Tables 13, 26 and 25, exchange was found to occur 

between sulfur dioxide ari1 elemental radiosulfur at a rate 

comparable to that between sulfur dioxide and sulfuric acid, 

it did not occur a t any such rate between elemental radio- 

sulfur and sulfuric acid, when i M H2SOJ, SO2 and S were 

heated in sealed tubes at 171°C (cf. the lack of grrth of 

specific 3ctivity in H2SO in Table 13) . Furthermore, sulfur 

dioxide and elemental sulfur also underwent exchange in i I 

lid, even though no sulfuric acid was present. In view 

of the fact that the sulfur dioxide - sulfuric acid exchange 

1s very nearly first order in sulfuric acid in this concen- 

tration range, it appears probable, therefore, that the 

sulfur - sulfur dioxide exchange is occurring by some other 

mechanistic pathway than that there involved. Furthermore, 

if this is true, then it may be concluded that neither of 

these two exchange mechanisms is represented by the reversal 

of reaction (7). .4 more likely alternative, actually, to 
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account for the sulfur dioxide - elemental sulfur exchange 

is quite possibly to be found in the reversible reaction 

3S + 2i2O 21125 + so2 (8) 

which has been observed at l8OC by Lewis, Randall arid bichowaky 

( 3o,p.37). 

On the basis of the foregoing observations, one is 

led to conclude, for the present, nt least, that the exchange 

between sulfur dioxide and sulfuric acid can be treated s 

independent of the sulfur dioxide disproportionation process, 

and as unrelated to the possible presence of elemental 

sulfur in the reaction bombs. In any case, this uoint is 

st issue only at low hydrogen ion concentration, whereas the 

majority of the conclusions arrived at in this report are 

based on experiments at higher acidities. 

It is appropriate n to examine souewhat further 

the implications of the rate law deduced in Section V for 

the sulfur dioxide - sulfuric acid exchange, viz. 

R k1(SO2)(HSOj) k2(So2)(H2so) (1) 

From this rate law it appears (as suggested in connection 

with its original deduction) tt two exchange pathways are 
involved, one consisting of a bimolecular reaction between 

sulfur dioxide molecules and bisulfate ions, represented by 

the first term in the rate law an one between sulfur dioxide 
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and sulfuric acid molecules, represented by the second term. 

The latter terni, of course, is unimportant in the aqueous 

acid range. 

T much greater s1mess of the exchange observed 

in this research when the suifur(IV) species consists of 

sulfite ion in place of sulfur dioxide, would appenr now to 

be readily understandable in terms of this interpretation. 

This follows from the fact that, whatever the exact nature 

of the activated complex, it will involve acceptance of an 

oxide ion by the suLfur(IV) species. Clearly sulfur dioxide 

wifl be a better oxide ion acceptor than will sulfita ion. 

To continue the same line of reasoning, sulfuric acid molecules 

should be weaker oxide ion donors than bisulfate ions, 

which in turn should be weaker than sulfate ions, Thus one 

may account for the increasing exchanre rates observed for 

these species (at least for the first two arì probably for 

the third) in that order. 

1hat can we say, naw, dth regard to the probable 

nature of the activated complexes involved in these two 

bimolecular exchange processes? In view of t[e high 

negative entropy of activation apparently associated with 

either process, it is felt that a reasonable picture for the 

activated complex in the case of the bisulfate ion reaction 
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would involve a double oxygen bridge etructure, thus 

H 

O 

/ \/" \ 

The complex involving the sulfuric acid molecule would simply 

have one more proton. Exchange would, of course, be accorn- 

pushed by the breaking oÎ the two sulfur - oxygen bonds 

shown as solid lines in tk sketch, the erstwhile sulfur 

dioxide thus becondng the sulfur(VT.) species. It may 

he noted that this process may be conveniently thought of 

as involving the actual physical transfer of one dde ion 

and one oxygen atom from one sulfur to the other. In any 

case, it is apparent that the high degree of order associated 

with oemplex structures of this type would appear to be nicely 

consistent with t'ne observed large negative entropies of 

activation. 

In order, now, for sulfur exchange to occur between 

sulfur dioxide and any sulfur(VL) ape cies, it has been 

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

terms acid and base being used here in the generalized, iewis 

sense), In this connection, it is of interest to look at the 
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results of the sulfur dioxide - u1fur trioxide liquid phase 

sulfur exchange studied by Huaton ( 22) . {e found a ll but 
probably genuine exchange, increasing with time, to the extent 

of 1.6 t o.i; after 621 hozra ¡t 132°C (s compared to about 

30% exchange betweeî sulfur dioxide and 1OO sulfuric acid 

under these conditions, predieted fron the present dta). 

The V ery small extent of the exchate observed by duston is 
clearly consistent with the present picture, since any exchange 

of sulfur between these two species would require aulfur 

trioxide, one of the strongest of ail acids, to act ac a 

baseL The very trifling nature of its tendency to so act 

towards sulfur dioxide ( even to form a single ogen bridge 

complex structure, which would here suffice to yield exchiirìge) 

1_s further reflected In the experimental resrits involving 

oleuri in the present research, where the rate as found to 

he less than in 1OO sulfuric acid (cf. R,cperinnts 39 and 

¿, Tables 16 and 27) . 1n striking contrast to these obser-. 

vations, it is interesting to recall the resulta obtained 

in the study of isotopic oecygen exchange between su.]fur dioxide 

and sulfur trioxide. In the latter case, it may he remembered, 

the exchange wns rapid at room temperature and presumably 

occurred vio the ionization react.ion (22,p.3OO) 

SO3 + SO2 SO + (9) 
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which sws sulfur trioxide acting its more natural role of 

an acid towards sulfur dioxide. 

The above line of reasoning also serves to make 

understandable the sharp minimum in the rate of isotopic 

oxygen exchange between sulfur dioxide and sulfuric acid which 

has been found t exactly 1OO acid (2l,p.392 and 23). This 

minimin is most probably due to the fact that, on the water 

side of 1OO acid, sulfur dioxide acts as an acid toward 

the basic bisulfate ion whereas, on the fuming side, sulfur 

dioxide acts as a base toward sulfur trioxide, the concen- 

trations of both sulfur trioxide and bisulfate ion being at 

a minimuii in 1OO' acid. In this contact lt is worth noting 

that a further argument ïs here provided for the double 

oxygen bridge activated complex structure adduced above in 

interpretation of the radiosulfur exchange results. The 

greater rapidity of the isotopic oxygen exchange as compared 

to the radiosulfur exchange, even on the water side of 100% 

acid, where it has now been suggested in both cases that 

sulfur dioxide acts ss an acid towards the sulfur(VT) 

species, may presunab1y be related to the necessity for only 

a single oxygen bridge complex in the oxygen exchange case, 

as compared to the double bridge needed for radiosulfur 

exchange. 

'Dn the basis of the above picture, it is clear thst 
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in the case of radiosulfur exchange between sulfur dioxide 

and sulfuric acid, no such minimum as that described above 

would he expected. That is, the rate should steadily de- 

crease as the sulfuric acid concentrition passes through the 

1OO region and on into the fuming range, the concentration 

of sulfuric acid molecules gradually being decreased by 

reaction with sulfur trioxide to form pyrosulfuric acid and 

pyrosulfates (SO,p.93-U), species which one may presume 

to be less reactive exchance wise. 

Unfortunately the present results do not yet suffice 

to provide a test of the foregoing suggested expectation. 

Only a start has been made on rate measurements at 1OO 

acid arid on into the fuming range, and the results are quite 

inadequate to make it clear whether any sharp minimum in 

rate occurs at 1OO acid or not. Thus an extensive kinetics 

study here would seem most worthwhile as a means of furthering 

our understanding of the sulfur exchange between sulfur(V) 

and sulfur(1JI) compounds in general. 

Finally, it seerns appropriate to refer again briefly 

to the results observed in this research in attempting to 

study the exchange of sulfur between aqueous sulfite and 

sulfate ions. While it has been possible to study in detail 

the kinetics of the aulfur(IV) - sulfur(VI) exchange where 

sulfur dioxide is the sulfur(IV) species, the present results 



so far have 8hon only a neg1içib1e rate for the suLfite - sulfate 

exchare. A comparison of the observed rate with that pre- 

dicted at the sarqe temperature on tl basis of Ames and Willard's 

discussIon (see Section I) is shown in Figure iIi. Clearly 

the true rate (whatever it may be) is far less than that 

predicted. It would be of real interest to extend study in 

this area to still higher temperatures, as originally suggested 

by Ames and illsrd (l,p.l72). While experimental difficulties 

consequent to higher water pressures would increase signifl- 

cantly, one might hope quite possibly to find an observable 

exchange rate at shout 3000C. 
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VII. SU;rMARY 

1. study of the radiosulfur exchaie between 

various pairs of sulfur(IV) and sulfur(VI) species in water 

and concentrdtecl acid solutions as been made at teiriperatu.res 
approaching 200°C. 

2. It has been shown that the radiosuifur exchange 

rate between aqueous sulfite and sulfate (i.e. the ulfur(IV) - 

sulfur(VI) exchange in basic inedia) is immeasurably slow 

at 19°C. 

3. The sulfur exchange between sulfur dioxide and 

sulfuric acid occurs at a conveniently measurable rate at 

A kinetics study has shown the reaction to be first 

order in sulfur dioxide concentration, the following rate law 

being obeyed over the entire concentration range 2.3 - 

ioo; sulfuric acid: 

Rate = k1(SO2)(HSO) + k2(S02)(H2S0).) 

In aqueous acid, of course, the second term in this rate law 

is unimportant. At i7A.°C the constants k1 ac k2 have t 

va lue s 

k1 a 1.06 X iO4 i mo1emirr1 

k2 l.A8 X l0 i mo1eìnin'1 



In aqueous acid the results seem best interpreted 

in terms of a shifting of a sulfur dioxide hytlratiori equili- 

briujn, assumed to be 

H20 + SO2 - H2S)3 

132 

The value of the equilibrium constant, K, associated with this 

reaction has been estimated to be 

K (H2S)3) 
;:: 8 

where a is defined as unity in pure water. This estimate 

is an average of values ranging from somewhat over 10 to 

about 6, this range in values resulting from a primary 

salt effect not corrected for in the kinetics data used to 

obtain them. 

The exchange rate increases with increasing sulfuric 

acid concentration, reaches a maximum at about 76 - 80 

sulfuric acid and thereafter declines towards 1O0 acid. 

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

to one mole ratio of water to sulfuric acid (8L.6) indicates 

that the maximum bisulfate ion concentration occurs on the 

water side of this point. The equilibrium cczistant, Kf 

for the ionization of water - sulfuric acid mixtures has been 

estimated to be 
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K1' - ____________ 10 
(H20) ( H2S014) 

and is consistent with the rate observations cited above, 

including both the position of the maximum rate and the 

absolute values of rates observed near the maximum. 

In aqueous solution the activation aiergy and 

entropy of activation have been found to be, respectively, 

28.8 kcal/mole and -23.3 e.u. The pre-exponential term 

in the Arrhenius equation is 2.1 X 1O 1/mole-sec. These 

figures relate, of course, specificafly to the first term 

of the rate law cited above. Calculations based on the 

results of previous workers indicate the values for these 

quantities in the concentrated acid region to be quite similar, 

any differences observed very possibly being attributable 

largely to the occurrence of the sulfur dioxide hydration 

reaction in aqueous but not in concentrated acid solution. 
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