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ABSTRACT

The general belief that significant fractions of atmospheric sulfur are donated naturally
from the earth’s surface in the form of hydrogen sulfide and/or its organic homologs
implies that atmospheric breakdown of these materials must be a rather fast process.
It has been expected that oxidation of these materials by atmospheric ozone should
contribute significantly in accomplishing this breakdown; and experimental measure-
ments have been published which do, indeed, indicate rapid ozone oxidation rates, cor-
responding to lifetimes of the order of hours under typical tropospheric conditions.
This paper discusses some later experimental measurements on H,S ozone reaction
rates which disagree with former determinations, predicting typical H,S lifetimes of
the order of months—much too long for this reaction to be a significant mechanism of
atmospheric removal. The results also indicate the H,S ozone reaction should be ex-
pected to proceed homogeneously in the atmosphere, with catalytic effects being of
little or no importance. The reaction proceeds thermally; light in the visible region
does not affect its rate appreciably. These measurements indicate that some mechan-
ism(s) other than ozonation must be responsible for atmospheric breakdown of re-
duced sulfur compounds. Final portions of the paper examine some possibilities for

these mechanisms.

It is generally believed that the majority of
sulfur contributed to the atmosphere by nat-
ural sources is emitted as H,S or its organic
homologs, RSH and RSR’. As noted by Junge
(1963), Conway (1943) has performed a global
material balance for sulfur which, assuming a
steady state exists, implies that sulfur entering
oceans via the rivers must be accounted for
in large part by re-emission to the atmosphere,
ostensibly in the form of H,S. Subsequent
material-balance estimates (HErikkson, 1959;
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Robinson & Robbins, 1968; Wilson et al., 1960,
1971; Junge, 1963; Kellogg et al., 1972) have
generally adhered to this idea, although they
reflect a growing expectation that organic sul-
fides and mercaptans may play & prominent
role in the exchange process. Lovelock et al. -
(1972) recently have published some interest-
ing evidence in this regard, suggesting that di-
methyl sulfide ((CHj,),S) may be an important
factor in the natural transport of sulfur to the
atmosphere.

Experimental measurements of H,S levels in
the atmosphere have been limited in quantity.
In addition, it has been shown recently that
most existing results are highly* questionable,
owing to the possibility of errors in chemical
analysis (Kellogg et al., 1972). Regardless of
these difficulties, the data that do exist in-
dicate that removal of H,S and its organic
homologs from the troposphere must be a
fairly rapid process to account for observed
atmospheric concentration levels in context of
expected source magnitudes. It has been ac-
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cepted generally that the most likely mechan-
ism for removal of these compounds from the
troposphere is an initial oxidation process fol-
lowed by dry deposition or precipitation scav-
enging. Cadle (1960) and Cadle & Ledford
(1966) postulated that ozonation should be a
significant reaction in the oxidation process,
and performed measurements of the rate of
the reaction

H,S +0, - 80, + H,0 1)

which supported this concept. The resulting
rate expression, which may be written as

dCH S
dt

— 2.5 x 10% exp (-~ 8300/RT) c5’ moles/mlsec
(2)

indicates a rapid oxidation, giving mean H,S
lifetimes of the order of hours under normal
tropospheric conditions. These results, how-
ever, were thought to be complicated by
competing heterogeneous reactions oceurring on
the reaction-vessel walls. In addition, they were
in apparent qualitative disagreement with
earlier stoichiometric measurements (Gregor &
Martin, 1961). In view of the apparent complica-
tion of the wall effect, expression (2) has been
suggested as an ‘“‘upper limit”’ for the rate of
this reaction in the atmosphere.

Subsequent authors have applied these re-
sults extensively in analyses of atmospheric be-
havior. Robinson & Robbins (1969), for ex-
ample, have utilized them in an attempt to
separate the homogeneous and heterogeneous
contributions for application to an analysis of
H,S oxidation in aerosol-laden atmospheres.
We have performed measurements of the rate
of reaction (1) (Hales et al., 1968, 1969), in an
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attempt to overcome the apparent surface-
reaction difficulties experienced by the previ-
ous workers. Shown schematically in Fig. 1
the system employed two reactors of different
radius, so that the bulk and wall effects could
be separated on the basis of variation of sur-
face to volume ratios.

Details of this experiment are given in the
previous reports. KEssentially, it consisted of
introdueing ozonized oxygen and H,S-contain-
ing nitrogen into the reactors through the rota-
meters RO1, RO2, RN1 and RN2 as shown in
the figure. Upon passing through the reactors,
the laminar-flow streams were emitted through
freeze-out traps for quenching of the reaction
and collection of the reaction products. Pre-
liminary attempts to quench the reaction by
introduction of nitric oxide at the reactor exits
were discontinued upon experiencing serious
side-reaction difficulties with this technique.

Experiments were initiated by operating the
reactors at constant flow rates and reactant
concentration levels until a steady state was
attained. The exit stopcocks were then switch-
ed to divert the flows from the exhaust lines
to the freeze-out traps. Upon sampling for a
timed period, the traps were removed from the
reactors, and the reaction products analyzed
using a gas-chromatograph. Ozone concentra-
tions in the inlet oxygen were measured using
a KI oxidation technique; H,S concentrations
were determined directly by measured flow
rates through the syringe-pump source.

Numerical solutions to the rigorous con-
tinuity equations, deseribing laminar flow, dif-
fusion, and surface and wall reactions in a
cylindrical reactor were obtained initially for
data analysis (Hales, 1968). Subsequent ex-
perimental measurements, however, indicated
that reaction rates were about two orders of
magnitude lower than those expected from
Cadle’s and Ledford’s results. Under such con-
ditions, the rigorous equations of continuity
describing the reactor system approach simpli-
fied limiting forms asymptotically, and a much
simpler method of analysis is possible. In faect,
the low rate of reaction permitted analysis by
assuming negligible depletion of reactants in
the reactor, allowing rate parameters to be
evaluated simply by plotting conversion rates
versus concentration on logarithmic paper.
Such plots are shown in Figs. 2 and 3, which
indicate the rates and corresponding condi-
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Fig. 2. Rate of generation of sulfur dioxide by reac-
tion between hydrogen sulfide and ozone at 28.5°C.
¢o, = 17.6 micromoles per liter.

tions for the measurements. Least-squares fits
of these data were utilized to obtain the fol-
lowing rate equation:

d -6 500
TS _ _ 3.8+ .5 x10° exp
dt RT
X oiig c%jf moles/ml sec (3)

where the error limit on the rate constant in-
dicates the overall standard deviation of data
points about the fitted expression at 28.5°C.
As indicated by Figs. 2 and 3, the concentra-
tion ranges of study were 6.9 x 10-¢-28.9 x 10-8
molar, and 13.4 x10-6-325 x10~¢% molar for
ozone and H,S, respectively.

Fig. 2 is of particular interest. It indicates
that reaction rates measured by Reactor 1 and
Reactor 2 fall upon the same curve with respec-
tive standard deviations of 13.5% and 12.5%.
The surface-to-volume ratios of these two reac-
tors differed by 509%, and, on the basis of
geometric effects, a noticeable deviation of the
results of Reactors 1 and 2 would be expected
if a significant heterogeneous reaction were
present. Indeed, if the reaction were totally
heterogeneous, the ‘‘rates’ predicted by Reac-
tor 2 should fall on the dotted line, 50 9% higher
than the line representing results obtained from
Reactor 1. Because of the behavior of these
results we have concluded that the observed
data represent the true homogeneous reaction
within limits of experimental error.

Eq. (3) predicts normal tropospheric conver-
sion rates of H,S that are approximately three
orders of magnitude lower than those predicted
from Cadle & Ledford’s eq. (2). This corre-
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Fig. 3. Rate of generation of sulfur dioxide by reac-
tion between hydrogen sulfide and ozone. cg,s =
256 micromoles per liter.

sponds to H,S lifetimes of the order of months,
rather than hours as expected previously. We
have performed tests which indicate that side
reactions may have been a factor in determining
the outcome of the previous work; however,
this conjecture is purely speculative at the
present time.

The fractional reaction orders in empirical
rate expression (3) indicate that the chemical
conversion occurs by a rather complex mech-
anism involving free radical chain reactions,
Supporting evidence in this regard is provided
by results of studies (cf. Liuti et al.,, 1966)
which indicate that H,S is attacked readily by
atomic oxygen. Thermal ozone-decay is known
to produce ground-state oxygen atoms as fol-
lows:

0; > 0, +0(*P) (4)

and from the previous mechanistic studies it
appears probable that these atoms in turn at-
tack H,S to initiate chain reactions involving
HO,, HS', HO', H', and SO, ultimately ter-
minating with the major reaction products
S0, and H,0.

The complexity imposed by the possible oc-
currence of competing chain reactions precludes
any comprehensive examination of mechanistic
behavior on the basis of the present data. It
also serves to illustrate the questionable nature
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of extrapolating these results, using the em-
pirical expression (3), for prediction of be-
havior at tropospheric concentrations; further
data obtained at lower concentrations would
be of high interest in this regard.

Two qualitative observations of the experi-
ments are also of interest; the first of these
concerns the influence of light upon the system.
Although all results reported in Figs. 2 and 3
were obtained from a darkened system, several
preliminary experiments were performed with
the reactors subjected to normal laboratory
illumination. No differences in rate behavior
were observed during these experiments, in-
dicating that photochemical processes are un-
important, at least for wavelengths in the vis-
ible region.

The second observation concerns the prospect
of catalysis of reaction (1) by solid surfaces.
For normal experimental runs the reactors
were cleaned scrupulously in an attempt to
avoid surface catalysis. Later experiments,
however, were conducted with intentionally
contaminated surfaces (laboratory dust, po-
tassium chloride, sulfur). Although these tests
did indicate the presence of a direct reaction
between ozone and sulfur, there was no evi-
dence of any significant catalysis of reaction (1).

The results of these experiments indicate
that the present understanding of atmospheric
sulfur chemistry and of the global sulfur bal-
ance is not so complete as had been thought
previously. While deviating strongly from
previously anticipated behavior and from the
findings of Cadle and Ledford, these results
seem to be supported qualitatively by the
previous stoichiometric study of Gregor &
Martin (1961) which indicated that the destrue-
tion of H,S via ozonation is slow compared
to the thermal decay of ozone itself. In addi-
tion the more recent measurements of Cox
Penkett (1971) have provided further evidence
that ozone oxidation of H,S is indeed too
slow a process to be of large significance to the
global sulfur balance.*

These findings imply that either H,S (and
its organic homologs} do not enter into the
atmospheric sulfur balance to the extent pre-
sently expected, or that some mechanism(s)
other than ozone oxidation are responsible for

1 The author is indebted to Dr S. A. Penkett
for his helpful comments on this subject.
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the rapid removal rates. Several alternative
mechanisms are possible. The previously men-
tioned paper by Lovelock et al. (1972), for
example, suggests that dimethyl sulfide is the
prime agent, and the primary breakdown
mechanism of this agent may be a direct photo-
lysis reaction. We suggest that photochemiecal
oxidation by nitrogen oxides may play an ad-
ditional important factor in this respect, i.e.,

NO, + RR'S —=— products (5)

Previous researchers in addition to ourselves
have observed that nitrogen oxides effect the
breakdown of H,S much more rapidly than does
ozone, often forming free sulfur as a reaction
product. Other qualitative experiments per-
formed in our laboratories using methyl mer-
captan and dimethyl sulfide have also indicated
comparatively rapid reaction rates.

Reaction of this class apparently do not oc-
cur by direct reaction of NO, with the reduced
sulfur compounds; it is likely, rather, that in-
termediates of NO, photolysis are the respons-
1ble agents. Since NO does not undergo photo-
lytic decomposition at wavelengths normally
encountered in the troposphere, its activity as
a decomposition agent is probably related to
its reaction with oxygen to form NO,. NO,,
however, absorbs in the visible and near ultra-
violet ranges to produce ground-state atomic
oxygen:

NO, + kv -~ NO +O(*P) (6)

Moreover, it is expected that singlet molecular
oxygen is formed by several reactions involving
O(°P) and excited states of NO,. Such behavior
gives rise to the possibility of a host of chain
reactions involving all of the free radical inter-
mediates mentioned previously in the context
of ozone-induced reactions, ostensibly leading
to the overall behavior indicated by eq. (5).

A literature survey has shown the limited in-
formation concerning reactions of nitrogen ox-
ides with gaseous, reduced sulfur compounds to
be relatively uncertain and conflicting. Strange-
ly, the bulk of this literature is confined to a
rather early period; later reports have con-
sisted largely of casual references to these reac-
tions when encountered during the course of
otherwise unrelated investigations. The very
early experiments of Thompson (1820) indicated
that dry nitric oxide and hydrogen sulfide
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react vigorously. In 1847 Leconte (cf. Mellor,
1957) found that nitrogen dioxide, also, réacts
with hydrogen sulfide to form sulfur, nitric
oxide, and water. Cooke (1887) observed that
concentrated mixtures of nitric oxide and
hydrogen sulfide will explode when sparked.

Additional experiments at lower concentra-
tions were conducted by Pierce (1929), who
observed nitric oxide to react with hydrogen
sulfide in glass vessels to form free sulfur,
nitrogen, and water. This reaction was catalyz-
ed partially by the reactor walls and exhibited
& negative activation energy. Tominaga (1931)
also reported that the reaction was partially
catalyzed by glass. This author, however, in-
dicated that water was required to promote
the reaction. In contrast to the findings of
Pierce, Tominaga reported an increase in reac-
tion rate with temperature.

Early experiments of the interactions be-
tween hydrogen sulfide and nitrogen oxides
in water solution also show conflicting results.
Kemper’s work (as reported by Mellor (1957))
indicates that no reaction occurs between puri-
fied nitric acid and hydrogen sulfide, unless a
trace of nitrogen dioxide is present; under these
conditions the hydrogen sulfide decomposes
completely to form sulfur, sulfuric acid, am-
monium sulfate, and nitric oxide. Dunnicliff &
Mohammed (1929), on the other hand, found
no reaction-—even in the presence of nitrogen
oxides. Dunnicliff et al. (1931) investigated the
reaction between nitric oxides and hydrogen
sulfide-containing water. The produects of this
reaction were found to be ammonium thio-
sulfate, ammonium nitrite, sulfur, nitrous oxide,
and nitrogen. Bagster (1928) studied this same
reaction and reported finding a variety of
products, including nitrous oxide, hydroxyla-
mine, free sulfur and sulfate.

Reports concerning this class of reactions
appearing in the more recent literature are
sparse, and rather qualitative in nature.
Cadle & Ledford (1966) observed a sulfur-
producing reaction to ocecur between mixed
nitrogen oxides (NO and NO,) and hydrogen
sulfide in the presence of light; this reaction
could be controlled by maintaining the light
source below a minimum frequency. We have
observed this reaction also, and have found
traces of sulfur dioxide as an additional reac-
tion product. In a totally-darkened reactor this
reaction was attenuated, but could not be

Tellus XXVI (1974), 1-2

281

stopped completely. The sulfur-producing reac-
tion was observed to proceed rapidly when light
was present, going essentially to completion
within the three-second residence time of the
reactor. In a recent study Blackwood (1970)
utilized a flow reactor to reproduce these
qualitative results for dilute mixtures of NO,
and H,S. Further investigation with a stirred-
vessel system, however, indicated that the
reaction was slower than anticipated. There
were indications also that the system was in-
sensitive to visible light and almost totally
homogeneous in nature. This highly para-
doxical behavior is without explanation at the
present time.

There is some fragmentary circumstantial
evidence supporting the concept that -reac-
tion(s) (4) may indeed be important to the
global sulfur balance. The recent finding that
substantial quantities of submicron aerosol
particles (down to and below 0.01 u) in the mid-
troposphere (cf. Junge, 1972), certainly indi-
cates that trace-gas reactions may be import-
ant in aerosol generation here. Although this
implies nothing with specific regard to NO,~
H,S (or related) reactions, it does indeed indi-
cate that they could occur. More direct evi-
dence in this regard is given in the discussion
of tropospheric H,S behavior by Junge (1963).
Although his general analysis was limited by
the quality of H,S measurements that existed
at the time, his observation of constant H,S
levels along the countryside which dropped
markedly as urban areas were approached is
probably a valid one. Such behavior fits in
well with reaction (4), which suggests that
atmospheric H,S levels should be reduced
whenever concentrations of NO, are increased.
Additional evidence in support of reactions (4)
is given by the noted occurrence of elemental
sulfur in air-filter samples and by the qualita-
tive observation that NO has an odor-redueing
effect on trace levels of H,S and mercaptans in
ambient atmospheres (cf. Haagen-Smit, 1967).

From this analysis we conclude that agood
possibility exists that reaction(s) (4) play an
important, perhaps dominant, role in the
tropospheric removal of H,S and its organic
homologs. Additional experiments involving
the measurement of the associated reaction
rates under appropriate conditions of con-
centration and illumination would be of high
interest in this regard.
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HEKOTOPLIE HEJJABHUE U3MEPEHUA CKOPOCTEW OKMUCIEHNA
H,S I UX CIEOCTBUA NJISI ATMOCOEPHON XUMHUN

Ofwmee MHeHHWe, 4YTO SHAUNTENbHBE (paKIuu
cepel B arMmocdepe NOCTYNAIT €CTECTBEHHBIM
myteM C NOBEPXHOCTH 3eManm B Qopme cepo-
BOZOpONa W/UIM eT0 OPraHMYeCKUX TOMOJOTOB,
MofpasyMeBaeT YT0 pa3pyNIeHHEe dTHX BEUIECTB
B atmocdepe HOIDKHO GHITH AOBONBHO ORICTPHIM
npoueccom. OKEANOCH, YTO OKUCTEHHWE BTUX
BELIeCTB aTMOC(HepHEIM 030HOM MOJMKHO FaBaTh
CYLIECTBEHHBI BRIAX B HTO paspyllexue, n
onyGIMKOBAHHEE [0 CHX IOP DKCIEPUMEHTANb-
Hble [aHHBE HA CaMOM Jeje YKasbBalT Ha
OBICTPEIE CKOPOCTH OKMCJIEHWMA OB30HOM, CO-

OTBETCTBYIOIME BPEMEeHAM MKH3HH IOPAIKA
YacOB B THIUYHHIX TPOMOCHEPHHIX YCIOBUAX.
B nmanmoit crarbe O6CYKHAIOTCA HEKOTOpLIE
maunbHelimwe usMepeHuss peaknumm H,S c o30-
HOM, KOTOpbIe He COTIACYIOTCA C TPEABIAYIAMY,
HIpencKaselBasg THINYHBE BpeMeHa Ku3HEM H,S
MOPAAKA MECANeB, YTO CAMIIKOM JOJT0, U4TOOBI
5Ta pearuus GHIIA CYIIECTBEHHBIM MEXaHUBMOM
uX yhoaneHus u3 arMocepsl. OTU PeE3yIbTATH
TAaKMKEe yHasHBAOT, 9To pearuus H,S ¢ ozomom
DOIKHA HPOTEKATh ORHOPORZHO B arMmocdepe,
npuveM KaTajJgmdeckne sQerTH UTpaioT Maryio
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UAN HUKAKYI DPONb. PeakIWA MpPOTEeKaeT Tep-
MUYECKH, & CBET B BHUIMMOM WHTepBaie He
BJHsET 3aMETHO HA €€ CKOPOCThb. OTH N3MepeHNs
YKA3EBAIOT, YTO HEKOTODHI MeXaHusM (HiIn
MeXAHUBMEI) WHOW, 4eM OB0HM3AIUA, OIHKEH
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6blTH OTBETCTBEHHHIM 34 paspylIieHHe KOMIO-
HEHT, CONepHamux cepy. B oume crarpu o6-
CYMIATCA HEHOTOPHE BOBMOKHEIE MeXa-
HUBMBL.



