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ABSTRACT

This report is a summary of our findings from a two-year study of
the chemical composition of fogwater in California. Fogwater was sampled
at a number of sites with a rotating arm collector, which was developed
in our laboratory and collects representative samples. Field
jnvestigations in the Los Angeles basin, the San Gabriel Mountains, and
the San Joaquin Valley revealed very high ionic concentrations in
polluted fogs, often coupled with very high acidities. Fogs and stratus
in the Los Angeles basin typically had pH values ranging from 2 to 4.
Acidities were not as high in the San Joaquin Valley, mostly because of
scavenging by the fogs of ammonia from agricultural sources. We showed
that fogwater deposits efficiently on surfaces during fog events; this
deposition was observed to be an important pollutant sink during
stagnation episodes in the San Joaquin Valley, but at the same time it
could be an important source of acid input to surfaces in some areas. By
comparing our data to previous case studies of health-threatening
pollution events, we find evidence that suspended "acid fog" can
constitute a hazard to public health.

Insight into the oxidation of S(IV) to S(VI), which is the major
aqueous-phase source of acidity, was gained from field data, laboratory
studies, and model development. Kinetic experiments showed that Hzoszas
an important oxidant at low pH, and we predicted that metal-catalyzed
autoxidation could also be an important source of sulfate. However, we
found that the extreme acidities observed in fogs (below pH 3) require
condensation on preexistent acidic nuclei and scavenging of gaseous
nitric acid. Stabilization of S(IV) in the fog was observed, and this

was attributed to the formation of S(IV)-aldehyde adducts.
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CHAPTER I

A.  RESEARCH OBJECTIVES

As a result of our initial Air Resources Board contract,
"Characterization of Reactants, Reaction Mechanisms and Reaction
Products Leading to Extreme Acid Rain and Acid Aerosol Conditions in
Southern California," we discovered that fog water collected in Los
Angeles and Bakersfield had higher concentrations of major chemical
components than previously observed in atmospheric water droplets. The
pH of fog water was found to be in the range of 2.2 to 4.0 with values
around 3.0 typical. In 1light of these highly interesting findings, we
felt that more research was needed to document the occurrence of acid
fog in urban and non-urban areas. Of special interest was the
interrelationship between smog and fog. In the Los Angeles Basin and
the Southern San Joaquin Valley smog-derived aerosol particles were
predicted to serve as suitable condensation nuclei for the formation of
fog, and in turn as the fog droplets evaporate they should provide
highly reactive surface sites for the catalytic conversion of SO2 during
the day following a fog event. Further research on fog chemistry and
physics was planned to allow us to test various hypotheses about the
primary reaction pathways for accumulation of acidity, nitrate, sulfate
and ammonium ion in atmospheric water droplets. Since submicron water
droplets are difficult to characterize in situ, fog and cloud water
represent ideal systems for the characterization of heterogeneous
reactions.

Specific research objectives were as fo110ws:v

I-1
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10.

11.

To elucidate the fundamental mechanisms for the accumulation of
acidity, sulfate, nitrate and ammonia 1in atmospheric water
droplets.

To establish with a reasonable degree of certainty that an
interrelationship between smog-derived aerosol and fog exists
on a diurnal basis.

To document the occurrence of acid fog in other Tlikely
locations such as Santa Cruz, San Francisco, San Nicholas
Island, Morro Bay, San Diego, and Santa Barbara.

To determine the relative role of below cloud-scavenging versus
in situ transformation processes in clouds for the accumulation
of acidity in raindrops.

To characterize the surface flux during non-precipitation
moisture deposition such as mist, fog and dew.

To construct and calibrate refined fog water <collection
devices.

To develop a laser transmissometer for the measurement of
liquid water content.

To improve and to employ analytical methods for the measurement
of H202, S(1V), and aldehydes in atmospheric water droplets.

To determine the fine aerosol composition before and after a
fog event.

To apply suitable analytical methodologies for the analysis of
gas phase HNO3 and NH3 before, during and after a fog event.

To develop physical, thermodynamic, and kinetic models for fog,

cloud, and rain water chemistry.
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SUMMARY OF MAJOR ACCOMPLISHMENTS, OBSERVATIONS, AND CONCLUSIONS

1.

Fogwater collected at sites in the South Coast Air Basin was
consistently acidic, with pH values typically ranging from 2 to
4, The highest acidities were observed during smog episodes.
The main contributors to the acidity were nitric and sulfuric
acids, with a typical equivalent ratio of 3:1. Secondary
sulfate and nitrate aerosol accounted for over 80% of the
fogwater loading.

Fogwater collected at non-urban coastal sites was usually
acidic (pH range 3 to 7). Impact of emission centers on
distant coastal locations was documented. The low alkalinity
of marine atmospheres make them particularly susceptible to
acidificatfon. Oxidation of oceanic dimethylsulfide could be a
natural source of sulfuric acid.

Stratus clouds collected at 2500' MSL over the Los Angeles
Basin were consistently acidic, pH range 2 to 4. Cloudwater
concentrations were in the same range as those observed in the
basin itself.

Fogwater collected in the Southern San Joaquin Valley was not
consistently acidic; pH values ranged from 2.5 to 7.5.
Millimolar concentrations of sulfate were typically observed,
but high ammonia emissions from 1livestock and cropland
neutralized the acid input. Visalia, which is some distance
from the major emission sources, had alkaline fogwater (pH 6 -
7.5). McKittrick, located in an o0il1 field with 1little
surrounding agricultural activity, had acidic fogwater (pH 2.5
- 4.5).

I-3
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Liquid Water content was the major factor affecting ionic
concentrations in fogs. As the fog formed, droplet growth
diluted the droplets; as the fog dissipated, the droplets
became more concentrated.

Evidence was found for the major processes responsible for the
acidification of fogwater: (i) the scavenging of acidic
precursor aerosol, (ii) the scavenging of gaseous nitric acid,
and (iii) oxidation of reduced sulfur components to suifate.
Conversion of SOZ(g) to sulfate in fogwater does not appear to
proceed faster than 10% hour"1 and therefore cannot account for
the high acidities observed at the beginning of fog events;
however, sulfate production in the precursor air parcel can
lead to sulfuric acid fog condensation nuclei.

Modeling of fogwater chemistry indicated that the high
acidities observed can be explained by either of the three
processes listed above. The main aqueous-phase S(IV) oxidants
were found to be hydrogen peroxide, ozone, and oxygen
(catalyzed by trace metals). Agqueous-phase production of
nitrate was found to be unimportant.

The rotating arm collector designed in our laboratory and used
to sample fogwater was fully characterized. Evaporation of
droplets during all stages of collection was shown to be
negligible. Experimental calibration indicated a lower size
cut of 15-20 microns, Field data show an overall liquid water
collection rate of about 60%. A field intercomparison of
fogwater collectors used by various investigators confirmed
that our sampler collects representative samples.

1-4
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9.

10.

11.

12.

A screen collector (lower size cut 2 microns, sampling rate 20

m3 min'l)

was designed and used in the spring of 1984,
Side-by-side comparison indicates that samples collected with
this collector and with the rotating arm have similar
concentrations.

Concentrations of S(IV) in fogwater were far in excess of those
expected to be in equilibrium with ambient 502(g). Elevated
formaldehyde concentrations suggest the formation of a
formaldehyde-S(IV) complex; kinetic and model studies have
shown that this complex is very stable and that its formation
leads to high aqueous-phase S(IV) concentrations.

Extensive Bakersfield fogwater data indicated an important
removal to the ground of pollutants scavenged by the fog
droplets. This was ascribed.to the short residence time of the
supermicron fog droplets in the atmosphere. In a stagnant
atmosphere this deposition was suspected to alleviate bui]d-up
of suspended particles. On the mountain slopes surrounding the
Los Angeles Basin, such non-precipitating wet deposition was
shown to be a significant source of overall pollutant
deposition.

Concentrations of NH4+, N03' and 5042' in urban fogwater

samples are routinely on the order of 1073 M.
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13,

14.

15.

16.

17.

18.

19.

The relative importance of NO;~ and 5042' reflects their
emission pattern in the vicinity. Nitrate exceeds 3042' by a
factor of 2-3 in Los Angeles where vehicle emissions of NOx are
significant. Sulfate equals or exceeds nitrate in the Southern
San Joaquin Valley where emissions from oil-production
facilities are important.

Concentrations of S(IV) and CH20 in fog and cloudwater on the
order of 10'4_ﬂ_are routinely found in urban areas. Peak
values are about 1073 M.

The solute loading (mass/m3 air) in fog is comparable to that
in the aerosol.

The N03'/SO42' ratio in fog is higher than in the dry aerosol
proceeding the fog, which suggests that gaseous HNO3 is
incorporated into the fog.

Deposition from fog by sedimentation or impaction may be
comparable to rainfall deposition at some mountain sites.
Trees are very efficient collectors and are often bathed with
impacted fogq. Cloudwater impacting on LA mountain-slope
vegetation routinely has a pH close to 3, which may be
injurious to sensitive species.

In addition to formaldehyde, fog- and cloudwater contain a
variety of higher aldehydes. Acetaldehyde and proponal (or
acrolein) often have concentrations comparable to formaldehyde.
Low molecular weight carboxy1ic acids are present in fog and

cloudwater at about 10"4 M. Formic and acetic acid dominate.
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CHAPTER II
IT. OVERVIEW, RESULTS, AND DISCUSSION

Sulfur dioxide (302) and nitrogen oxides (NOX) are oxidized to
sulfate and nitrate aerosols either homogeneously in the gas phase or
heterogeneously in atmospheric microdroplets and hydrometeors(Calvert et
al., 1978; Middleton et al., 1980; Moeller, 1980; Cass and Shair, 1984;
Schwartz, 1984). Gas-phase production of nitric acid appears to be the
dominant source of aerosol nitrate because the aqueous phase reactions
of NOX(aq) are slow at the nitrogen oxide partial pressures typically
encountered in the atmosphere (Schwartz, 1984; Schwartz and White,
1981). Conversely, field studies indicate that the relative
importance of homogeneous and heterogeneous 502 oxidation processes
depends on a variety of climatological factors such as relative humidity
and the intensity of solar radiation (Cass and Shair, 1984; Cass, 1977;
Gartrell et al., 1963; Smith and Jeffrey, 1975; Cox, 1974).

Cass (1977) has shown that the worst sulfate pollution episodes in
Los Angeles occur during periods of high relative humidity and when the
day begins with low clouds or fog in coastal areas, while Cass and Shair
(1984) have reported that nighttime conversion rates (5.8%/hr) for SO2
in the Los Angeles sea breeze/land breeze circulation system are
statistically indistinguishable from typical daytime conversion rates
(5.7%/hr) for the month of July. Zeldin et al.(1976) have reported a
high correlation between relative humidity and sulfate when a marine
layer covers the Los Angeles Basin. They surmized that marine layers
provide an ideal climate for the conversion of sulfur dioxide to

I1-1
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sulfate. On certain days Zeldin et al. found high concentrations of
both ozone and sulfate. A typical high sulfate-ozone day was described
as a day with nighttime and early morning stratus clouds that enhance
sulfate formation, followed by a sunny afternoon with sufficient
radiation for the production of ozone by photochemical reactions. On
these days the inversion strength was > 7 °C with inversion bases
between 250 and 750 m MSL. These results suggest that fog and low lying
clouds may play an important role in the diurnal production of sulfate
in the Los Angeles basin during certain times of the year. Results of
these investigations with the data of Gartrell et al. (1963), Cox
(1974), Smith and Jeffrey (1975), Dittenhoeffer and dePena (1978), Enger
and Hogstrom (1979), Wilson and McMurry (1981), McMurry et al. (1981),
Hegg and Hobbs (1981; 1983), Daum et al. (1984), and Jacob et al.
(1984a) indicate that aqueous-phase oxidation of 802 is a significant
pathway for the formation of acidic sulfate in the atmosphere.

As part of our current research effort, we have characterized the
chemistry of fog, cloud, dew, and rain at selected locations in
California (Waldman et al., 1982, Jacob and Hoffmann, 1983; Munger et
al., 1983; Jacob et al., 1984a). We have reported in the open
1iterature that fog and cloud water often have extremely low pH values
(e.g. 1.7 < pH < 4) and extremely high concentrations of sulfate,

nitrate, ammonium ion, and trace metals. A representative set of values

_reported by Waldman et al. (1982) and Munger et al. (1983) are

illustrated in Figure 1. Of special interest are the high values

observed for 50,7, NO,”, S(IV), CH,0, Fe, Mn, Pb and Cu in the fog
water droplets. These values and their time-dependent changes (Jacob et

al., 1984a) (Figure 2.) indicate that fogs provide a very reactive
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environment for the accumulation of HNO3 and H2504. Concomitant
incorporation of NH3 gas and calcareous dust into the droplet phase
neutralizes some of the acidity. In the pH domain typically encountered
in fogs and clouds (pH 2-7), absorption of SOz(g), HN03(g), H202(g), and
NH3(g) is thermodynamically favorable because of their relatively high
Henry's Law coefficients.

Because of their similarity to clouds with respect to physical
characteristics, fogs are 1ikely to reflect the same chemical processes
occurring in clouds and to some degree in aqueous microdroplets. Cloud-
and fog-water droplets are in the size range of 2 to 50 um whereas
deliquescent haze aerosol will be in the range of 0.01 to 1 um. On the
other hand, raindrops are approximately 100 times larger than cloud and
fog droplets (e.g., 0.1 to 3 mm). In Los Angeles we have found that fog
water was more concentrated in the primary constituents than the
overlying cloud water which was in turn more concentrated than rain
water during overlapping periods of time (see Figure 1la-d).
Furthermore, Hegg and Hobbs (1981) have observed sulfate production
rates in cloud water over Western Washington ranging from 4 to 300% hr'l
and pH values from 4.3 to 5.9. In a Tater study (1982), they reported
even higher sulfate production rates in wave clouds (2 to 1,900 % hr'l)

over a pH range of 4.3 to 7.0. The sulfate production rate measured with

respect to 502 in ambient air appeared to increase with an increase in

~pH. Martin (1983) has shown that the results of Hegg and Hobbs can be

interpreted kinetically in terms of the open phase oxidation of S(IV) by
03 in aqueous solution., Schwartz and Newman (1983) argued subsequently
that because the inherent uncertainties in the conversion rates reported

by Hegg and Hobbs were unduly large, the reported conversion rates were
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statistically indistinguishable from zero (i.e., the reported data
included negative conversion rates due to apparent sulfate loss with
respect to time.) Similar observations were made by our research group
(Jacob et al., 1984a,b) during "Tule" fog episodes in the San Joaquin
Valley in the winters of 1982-1983 and 1983-1984. In Bakersfield, we
found S(IV) conversion rates to be as high as 8%/hr at 0°C; however, a
significant number of negative conversion rates were also observed such
that the mean conversion rate was statistically indistinguishable from
zero (Figure 3). Ancillary evidence, such as the increase in the
sulfate equivalent fraction of the aerosol during the course of a
pronounced stagnation episode supports the general notion of 1in situ
sulfate production during fog and haze episodes in the San Joaquin
Valley (Figure 3b). The observation of negative sulfate production
rates indicates the relative importance of advection and mass transport
in determining the observed fog and cloud water chemistry at a
particular time and location. Current research efforts have been
designed to address these.problems.

Calvert (1984) has pointed out that gas-phase reactions of 502 with
ozone (03), hydroxyl radical (OH®), and hydroperoxyl radical (HOZ') are
too slow to account for the aforementioned rates of sulfate production.
Consequently, the catalytic autoxidation of SO2 in deliquescent haze

aerosol and hydrometeors has been proposed as a viable non-photolytic

. pathway for the rapid formation of sulfuric acid in humid atmospheres

(Hegg and Hobbs, 1978; Beilke and Gravenhorst, 1978; Penkett et al.,
1979b; Kaptlan et al., 1981; Martin 1984). In addition, hydrogen

peroxide (H202) and ozone have been given serious consideration as
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important aqueous-phase oxidants of dissolved 502 as discussed by Martin
(1984). Oxidation by H202 seems to be most favorable under low pH
conditions (pH < 4) because of a rapid rate of reaction and a negative
pH-dependence that favors the facile conversion of HSO3' to sulfate. In
comparison, the metal-catalyzed autoxidation and reaction of S(IV) with
03 tend to proceed more slowly with decreasing pH (Martin et al., 1981).

Limiting factors 1in the autoxidation pathways are the total
concentration of the active metal catalyst and its equilibrium
speciation as a function of pH. Los Angeles fog water contains high
concentrations of iron, manganese, copper, nickel and lead, as shown in
Figure 1d. Of these metals, Fe, Mn and Cu are expected to be the most
effective catalysts for the reaction of S(IV) with molecular oxygen
(Jacob and Hoffmann, 1983; Martin, 1984; Hoffmann and Jacob, 1984).
Observed concentrations of Fe and Mn in fog of 400 M and 15 yM,
respectively, were not unusual (Munger, et al., 1983). Calculations
based on the rate laws presented by Martin (1984) indicate that
meta]-catalé;ed autoxidation may contribute significantly to the overall
sulfate formation rate in atmospheric droplets, particularly in the
range of Fe and Mn concentrations observed in urban fog (Jacob and
Hoffmann, 1983; Hoffmann and Jacob, 1984).

Carbonyl compounds, aldehydes and ketones, influence liquid-phase

sulfur dioxide chemistry through their reactions with SO2 to form stable

. &=hydroxyal kanesul fonates. Aldehydes are ubiquitous contaminants in the

atmosphere. They exist at especially high concentrations (24-58 ng m'3)
in urban environments where vehicular emissions are a significant or
even dominant source (Grosjean, 1982; NRC, 1981). In addition,

aldehydes are generated via numerous pathways from a variety of
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precursors present in both clean and polluted atmospheres. These
include the oxidation of alkanes and alkenes by OH® and 03. Aldehydes
are highly reactive species that decompose rapidly through photolytic
and free-radical reactions. For example, the half-l1ife of gaseous
formaldehyde, CHZO(g), in the atmosphere is fairly short (2-3 hours).
However, dissolution of CH20 and hydration to form methylene glycol,
CHZ(OH)Z, protects it from photolysis. Consequently, atmospheric
droplets offer an ideal environment for sulfonic acid production.

Field measurements have detected formaldehyde at concentrations of
greater than 100 uM in fog- and cloud-water samples collected in
Southern California (Munger et al., 1983; Grosjean and Wright, 1983;
Richards et al., 1983; Munger et al., 1984) (see Figure 4a and b). The
concentrations of acetaldehyde, propionaldehyde, propenal (acrolein),
n-butanal, n-pentanal, n-hexanal, and benzaldehyde occasionally
approached or exceeded that of CH20 (Grosjean and Wright, 1983).
Recent work in our laboratory has shown that formaldehyde, acetaldehyde,
and propanal are present in urban fog water samples at roughly equal
concentrations along with smaller amounts of higher aldehydes. In
addition we have shown that for the Tow-molecular weight aldehydes the
corresponding carboxylic acids are also present and that the aldehydes

may be slowly oxidized upon standing to their respective carboxylic

acids. Furthermore, the presence of CH20 and H202 in conjunction with

~S(Iv) at levels higher than those predicted by gas/liquid solubility

equilibria suggests that hydroxymethanesulfonate (HMSA) production
stabilizes a fraction of S(IV) with respect to oxidation (Richards, et
al., 1983). Equilibrium calculations using available thermodynamic and

kinetic data for the reaction of SO2 and CH20 demonstrate that

I1-11



&
8

L k] R )
m"" L ] -
‘ e
- )
% 1000 [ -
~ . .
8 ann MO I’
b 750- L] a ,’ -
S 2 ° g
- -] 3
o850 © . 7
%SOO- I wd -~ -
€° » P
- . -
2o- § 38 -
[ LI
okZ i 3 1 1
[+ 200 400 600 800 000
CHO (uMOLE I™)
(a)

EQUILIBRILUM S(Iv) CONCENTRATIONS AT 10°C

S000 7 T T -
——— pCH0 10, pHs3
000~ / . PCHg020, pH+3 -
- - pCH;0510,pH=S
™ .| = bers0e0, pHs5
W 30004 and
g /
21
~ 2000 -
/
O‘K——“_'__‘-"&: —. o). —
[} 20 40 [ °7] [ ] 00
Pso. {ppd)
(¢c)

. Figure 4a-~d.

versus observed formaldehyde concentrations.

HENNINGER FLATS 1983

T X T
/o
/
I,
90+ ,, . -
Cad /
k" ,’ o
s /
a /
- O / ° -
4 /
4 ,’ ° . o
204~ ,, '%.“ ] e
I‘ .: s " e
s 0 s o
® wsfis ®
/ot #)% 1 1
0 80 00 150 200
CH0 (uMOLE r
(b)
EQUILIBRIUM S(IV) CONCENTRATIONS AT o*C
m 1 1 ] k]
| e PCHO+ 10, pH23 .
e PCHo0+0, pH=3 -
- — —— pCH,OlIO, pH=S
e waem pCH, 020, pHeS
g 3000 -
2
- 2000
>
"
OO
-]

(d)
(2 & b) Plots of observed aqueous phase S(IV) concentrations

Dashed line

indicates a one-to-one correspondence.
(c & d) Calculated equilibrium relationships for total
aqueous phase S(IV) as functions of P and P .

1I-12



st |

F

elevated concentrations of S(IV) in fog water cannot be achieved without
consideration of sulfonic acid production, HORHSOB' (Munger et al.,
1984) (see Figure 4c and d).

Carbonyl-bisulfite addition products are highly stable in aqueous
solution at low pH, but they undergo facile dissociation under alkaline
conditions. The kinetics of hydroxymethanesul fonate production under pH
conditions characteristic of fog and cloud water has been studied in our
laboratory. Boyce and Hoffmann (1984) found that the formation of HMSA
over the pH range 0.0 to 3.5 occurs by parallel reaction pathways
involving nucleophilic addition of HSO3' and S0,2" to the carbonyl

3
C-atom of formaldehyde as follows:

CHZ(OH)2 <====> CH,0 + H,0 (K

20 + Hy0  (Ky)

. L + -
SO2 H20 <====> H + HSO3 (Kal)

2=

+
<====> H + S0, (KaZ)

HSO;™ + CH,0 ---=> CH,(OH)SO,™ (k;)

2

S03°7 + CHY0 =--=> CH,(07)S0,™ (k

2)

CHZ(O )SO3 + H <====> CHZ(OH)SO3

2y=1.-1 7M~1 1

where k; = 7.90 x 10°M""s™" and k, = 2.48 x 10'M""s™" at 25°C. Under

more weakly acidic conditions (pH > 4), the dehydration of methylene
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glycol (equation KZ) may become rate-determining. Application of the
rate constants and activation energy parameters obtained in the
laboratory to the analysis of the field measurements discussed above
indicates that HMSA formation may account for the occurrence of S(IV) at
elevated concentrations. However, in acid conditions the reaction time
is much longer, which indicates that the HMSA my be present when the fog
forms (Munger et ail., 1984). Examination of preliminary kinetic data
obtained for other aldehyde/sulfur(IV) reaction systems suggests that
the mechanism outlined above can be generalized to describe the
formation of a wide variety of e-hydroxyalkanesulfonates.

In order to develop a comprehensive physiochemical description of
the complex 502 reaction network in atmospheric droplets, rate 1laws,
mechanisms and activation energies are being determined for the various
pathways of sulfur dioxide transformation in aqueous solution. However
at this time complete information has been assembled in only a very few
cases. The mechanism of S(IV) oxidation by hydrogen peroxide is fairly
well understood (Halperin and Taube, 1952; Hoffmann and Edwards, 1975;
Penkett et al., 1979b; Martin and Damschen, 1981; McArdle and Hoffmann,
1983; Kunen et al., 1983;). The reaction proceeds by nucleophilic
displacement of water by H202 on bisulfite ion to form peroxymonosulfite
anion (HOOSOZ'), which rearranges to sulfate under the influence of

specific and general acid catalysis (Mader, 1958; Penkett et al., 1979b;

~McArdle and Hoffmann, 1983). The significance of this latter feature

for open atmospheric systems has been discussed by Jacob and Hoffmann
(1983), Hoffmann and Jacob (1983), McArdle and Hoffmann (1983), Schwartz
(1984), and Martin (1984). The mechanism of reaction between O3 and

S(IV) has not been clearly defined. Nevertheless, there 1is a general
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consensus among several investigators as to the rate, rate law and
pH-dependence of the "uncatalyzed" reaction (Larson et al., 1978;
Harrison et al., 1982; Maahs, 1983; Martin, 1984). Most likely, the
production of sulfate involves a free-radical chain sequence of steps in
which sulfate radical (503') and peroxymonosulfite radical (505') are
intermediates.

For the metal-catalyzed autoxidation of S(IV), there is considerable
ambiguity about the mechanism(s) of reaction. First-row transition-
metal species can catalyze the reaction of aquated sulfur dioxide and 02
through four distinctly different pathways as described by Hoffmann and
Boyce (1983). These mechanisms include: i) thermally-initiated free
radical chain processes involving a sequence of one-electron transfer
steps, ii) heterolytic pathways in which formation of an inner-sphere
metal-sul fite-dioxygen complex occurs as a prelude to two-electron
transfer, iii) heterogeneous catalysis through complexation of HSO3'

and/or 5032'

at the surface of metal oxides and oxyhydroxides in
suspension, and iv) photochemical oxidation initiated by the absorption
of light by S(IV), metal cations, metal-oxide semiconductors, and/or
specific metal-sulfite complexes. Hoffmann and Jacob (1984) have
compared the theoretical kinetic expressions for each type of mechanism
with the empirical rate data obtained in experimental studies of the
catalytic autoxidation of 502.

Quantitative analysis of different reaction pathways for the
transformation of aquated sulfur dioxide in atmospheric droplet systems
has been a major objective of the research conducted in the principal

investigator's 1laboratory for the 1last four years. Available

thermodynamic and kinetic data for the aqueous-phase reactions of 502
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have been incorporated into a dynamic model of the chemistry of urban
fog that has been developed by Jacob and Hoffmann (1983). The fog water
model developed by them is a hybrid kinetic and equilibrium model that
considers the major chemical reactions 1ikely to take place in
atmospheric water droplets. Model results have verified that extremely
high acidity may be imparted to fog water droplets by condensation and
growth on acidic nuclei or by in situ S(IV) oxidation. Based on both
kinetic and equilibrium considerations the important oxidants in the
aqueous phase were found to be 02 catalyzed by Fe(III) and Mn(I1I), H202,
and 03 (See Figures 5 and 6). The results of the model calculations
show that metal-sulfite complexation (both with and without electron
transfer) and a-hydroxyalkylsulfonate formation enhance water droplet
capacity for 302, but did not slow down the net S(IV) oxidation rate
leading to fog acidification. Nitrate production in the aqueous phase
was found to be dominated by scavenging of HNOB(g)‘ Highly acidic fog
water appears to form predominantly from condensation on highly acidic
haze aerosol (i.e. fog condensation nuclei) or scavenging of acidic
gases; in these cases (i.e. pH 1.7 fog at Corona del Mar), in situ S(IV)
oxidation leads to little further acidification of the fog water. In
field situations, the ultimate acidity level in fog depends upon the
degree of neutralization of free acidity by ammonia or by scavenged

alkaline aerosol. In Los Angeles more ammonia is available further

. inland from the coast. This may explain in part why higher fog water

acidities are found along the coast than at inland sites. Similar

observations have been made in the Southern San Joaquin Valley.
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Waldman et al. (1984) have been studying the chemistry and
microphysics of intercepted cloudwater on Los Angeles area mountain
slopes. In 1982 and 1983, the observed pH values of the cloudwater
ranged from 2.06 to 3.87 with the median value below pH 3 (see Figure
7). The equivalent ratio of nitrate to sulfate in cloudwater at
Henninger Flats (elevation 750 m) was close to two, while at the same
site the ratio in rainwater was approximately one. Similarly, the
nitrate/sulfate ratio observed in dry aerosol was lower than that
observed 1in cloudwater; the additional nitrate found in cloudwater
appears to be derived from the scavenging of gaseous nitric acid (see
Figure 8).

Cloud droplet capture in the form of intercepted fog appears to be a
seasonally important sink for pollutant emissions in the LA Basin. At
Henninger Flats up to 50% of the total wet deposition of H+, N03', and
504= may be due to cloud interception; low intensity springtime drizzle
accounted for 20% of the deposition measured 1in precipitation. The
intercepted cloudwater that deposited on pine needles was collected and
analyzed. The acidity of the water dripping from trees was very similar
to that of the suspended c¢loudwater. The concentrations of major
chemical components were found to be significantly greater than in the
overlying cloudwater. The additional solute in the drippings is thought

to be derived from previously deposited material and the evaporated

. residue of intercepted cloudwater. Even after rainfall had removed most

of the accumulated residue, the concentrations of major cations such as

Ca2+

and K* showed relative increases compared to suspended cloudwater
samples. These increases may be attributed in part to jon-exchange of

H" for kK and Ca2+ from the pine needles (Tukey, 1970). The potential
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STRATUS CLOUDWATER pH FREQUENCY
HENNINGER FLATS: 1982 & 1983
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Figure 7. Histograph of pH frequency of cloudwater samples at Henninger Flats for
1982 and 1983; volume-weighted average [H*] for rainfall is indicated with arrows.
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cloudwater samples on June 12, 13, and 17, 1982, Measurable drizzle

occurred prior to sampling on June 17; note the drop in solute loading
. and the change in scale (a). :
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for harm to sensitive plant tissue appears to be high given prolonged
exposure to the severe microenvironments observed on the slopes of the
San Gabriel Mountains and in the Angeles National Forest.

During the last year the Caltech rotating arm collector (RAC) was
calibrated using a scale model rotating arm device and a chemically
tagged monodisperse aerosol. Jacob et al. (1984c) have characterized
the performance of the rotating arm collector in great detail. The
rotating arm collector was designed to meet the following criteria:

1. The aerodynamic heating associated with the flow of air
towards the impactor surface must be small enough not to
cause droplet evaporation.

2. The collected droplets must be rapidly sheltered from the
changing air masses to prevent evaporation and chemical
contamination.

3. The lower size cut must be sharp and in the range of 1-10
um, and no sampling biases must be introduced for the
droplets up to at least 50 um.

4. The sampling rate must be high enough to collect
sufficient amounts of sample for chemical analysis while
allowing a reasonable time resolution.
These criteria were met with the exception of criteria 3. Jacob et

al. (1984c) found that the scale model version of the RAC had a particle

size cut of 20 um rather than the desired 1-10 um cut (see figure 9).

“the RAC performs well 1in preserving the chemical integrity of the

collected droplets and provides a high sampling rate; however, it has
the drawback that it does not collect efficiently the smaller droplets
in the fog. This has not proved to be a significant problem in that

preliminary data suggest that there 1is not appreciable variation in
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chemical composition of fog-water droplets with size (Hering and
Blumenthal 1984). Changes in the collector geometry, such as streamline
shaping to reduce drag, would produce a smaller size cut. Jet impactors
and screen collectors are being evaluated as an alternative to rotating
arm collectors.

In June of 1983, five different types of fog/cloud water collectors
were compared under field conditions at Henninger Flats. Collectors
designed by AeroVironment(AV), Caltech(CIT), the Desert Research
Institute(DRI), Global Geochemistry(GGC), and the State University of
New York(SUNY)-Albany were operated simultaneously. The mass and pH of
the samples collected were measured on site while the detailed chemical
analyses were performed by an independent 1laboratory, Rockwell
International. Results of the intercomparison study, sponsored by the
Coordinating Research Council, showed that the Caltech and DRI
collectors performed the best over the broadest range of conditions
(Hering and Blumenthal, 1984). At low 1liquid water content (< 0.03
g m'3), the SUNY-Albany rotating string collector, the DRI jet impactor,
and the Caltech rotating arm collector had reasonable collection rates
with the Caltech collector the highest. The Global Geochemistry mesh
collector and the AeroVironment rotating rod coliector were not

effective in low LWC conditions. With respect to sulfate, nitrate, and

pH values obtained under a wide variety of conditions over 38 hours of

.fog, the Caltech and DRI collectors showed the most consistency and

closest agreement. The SUNY-Albany and the AerVironment collectors
showed the greatest deviatijons from the median values. For example the

slope of the observed [SO4=] vs. median [SO4=] over the range of
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concentration from 100 to 2000 uM for the SUNY, Caltech, DRI,
AeroVironment, and Global Geochemistry collectors, respectively, were
0.69(SUNY), 0.95(CIT), 0.91(DRI), 1.66(AV), and 1.21(GGC). The high
values for the AV and GGC collectors indicate that concentration effects
due to evaporation are significant problems in these collectors. The
low values for the SUNY collector may be attributed to preferential
collection of very large droplets by settling. In the case of nitrate
correlations, the slopes of the observed concentrations vs. the median
values for the same sequence of collectors were found to be 0.83(SUNY),
0.94(CIT), 0.93(DRI), 2.43(AV), and 1.17(GGC). When identical RAC's
were placed at different locations at Henninger Flats the results
correlated quite well. There appeared to be no statistical difference

between the separated collectors (Hering and Blumenthal, 1984).
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Details of the results and interpretations summarized above are
presented in the Appendices I-XII. Research sponsored either fully or
in part by the California Air Resources Board has led to the publication
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CHAPTER TIII

IIT. FUTURE RESEARCH

Over the last three years we have made significant advancements in
our understanding of the acidification of haze aerosol, fog, stratus
clouds, and hydrometeors and of the roles each play in the acid
deposition phenomenon in California. However many problems still need
to be addressed and fundamental questions need to be answered before we
would be at a stage to advise the Air Resources Board and the local Air
Quality Management Districts in terms of possible pollution control
strategies to reduce the levels of acid fog and acid deposition. Some
of the key problems and questions that need to be addressed in the
future are as follows:

1. Fogwater and ground-based cloudwater collectors need to be

refined and automated in order to make them more suitable for

long-term research and for routine monitoring by regulatory

agencies.

We have sampled fogwater with a rotating arm collector designed at
Caltech. Our publication, “Fogwater Collector Design and
Characterization" (APPENDIX X) discusses in detail the characteristics
of this instrument. The rotating arm collector has proven to be a
rugged, reliable device, and we have strong evidence that it collects
fairly representative fogwater samples (Hering and Blumenthal, 1984).
However, the current design presents several problems: (i) the
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instrument is difficult to automate (ii) the lower size cut is higher
than theoretically predicted (iii) and its operation causes some concern
in regard to safety. At this point in our fog and cloud sampling

program, we need to design and construct an optimized instrument. The

" primary aim of future research should be to provide the CARB and other

regulatory agencies with a reliable automated sampler to be used for
routine monitoring of fogwater chemistry, much in the same way as the
acid rain monitoring program currently under way. A second aim is to
allow us to expand our fogwater sampling networks while limiting the
manpower required.
2. The temporal and areal variations of fogwater chemistry need to
be established within well-defined geographical areas. With the
exception of the winter of 1983-84 in the Southern San Joaquin
Valley, we have little knowledge about the evolution and extent of
acid fog in specific locales such as the Los Angeles Basin or the
Santa Barbara Channel area.

With the exception of the winter of 1983-1984 in the Southern San
Joaquin Valley, our sampling efforts have been limited to a single site
during a particular fog episode. In order to fully understand the
spatial and temporal variations of the chémica] composition of fogwater,
we need to be situated at multiple sites during a specific event in a
given location. Results from our intercomparison study of last summer
have shown that two identical collectors placed within 50 meters of each
other gave virtually identical results(Hering and Blumenthal, 1984);
however, we anticipate that more significant variations will be seen as
the distance of separation between collectors is increased. We have
noted in part that the acidity of fogwater in the LA Basin appears to be
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the greatest along the coast. As fog is collected further inland we
find that the acidity is generally less even though the overall chemical
composition is similar. This has been attributed to the greater
availability of ammonia inland than along the coast. Similar variations
were observed during the same event in the Southern San Joaquin Valley
(Jacob et al., 1984b) this past winter. In the SJV, the overall
concentrations and acidity of the fog were the greatest close to the
sources of 802 and NOX; further away from the sources the acidity Tevels
and overall concentrations were significantly lower while the ammonium

ion concentrations were increased.

The locations in California that are most likely to be affected by
the "acid fog" problem are the coastline, along which fogs are frequent
seasonal occurrences, and the near coastal mountain slopes.
Oberlander(1956) has observed that dimpaction of fog droplets on trees
provides most of the water input to the soil in the San Francisco
peninsula. During the summer, coastal stations may report over 50%
foggy days (deViolini, 1974). These fogs are often coupled with land
breeze/sea breeze systems, which recirculate several times the same air
parcels over the shoreline (Cass and Shair,1984). Tracer studies in the
Santa Barbara Channel (Reible et al.,1984) have shown that emissions
from offshore as well as onshore sources may reside several days along
the coast. Other areas impacted by frequent fogs are the San Joaquin
Valley during the winter months and the eastern edge of the Los Angeles
Basin(Riverside/San Bernardino) during the months of August and
September. The Riverside/San Berardino area should prove to be
interesting in that fogs occur there during a time of the year when the
smog levels in Los Angeles are generally at a peak.
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3. What role do the carboxylic acids and sulfonic acids play in fog
acidification and S(IV)/SO2 transport?

In order to ascertain the exact role of carboxylic and sulfonic
acid in the hydrometeor acidification process we must be able to
quantify these acids and their conjugate bases on a routine basis. To
date no specific methods for hydroxyalkanesulfonic acids have been
reported in the literature, however, both alkane and aromatic sulfonates
have been determined Dby chromatographic methods. Normal ion
chromatography has been used to separate methanesulfonate and other
C1-C8 alkanesulfonates and substituted benzenesulfonates (Williams,
1982; Saltzman et al., 1983); conductivity was used for detection of
these compounds. Ion-pair reversed-phase 1liquid chromatography (IPRP
LC) with UV detection has been widely used to separate aromatic
sulfonates (Kraak and Huber, 1974; Wahlund, 1975, Terweij-Groen and
Kraak, 1977; Rotsch and Pietrzyk, 1980; Prandi and Venturini, 1981;
Lagerstrom, 1982). Dionex has recently described a technique referred
to as mobile phase ion chromatography (MPIC) for separation of both
aromatic and alkyl sulfonates. This method uses polymer based
stationary phases rather than silica based materials used in RPIP LC and
conductivity detection after eluent suppression. Both methods of
separation use quaternary amines as ion-pairing agents in the mobile
phase. In order to separate hydroxyalkanesulfonates it is important to
prevent them from breaking down to the aldehyde and bisulfite from which
they formed.. This is possible by maintaining pH in the range where the
sulfonates are most stable; Dasgupta et al. (1980) report that
hydroxymethanesulfonate is most stable at pH 4. Because hydroxyalkane-
sulfonates are not UV absorbing conductivity detection is required.
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Attempts should be made to detect hydroxyalkanesulfonates by either ion
chromatography or MPIC on the model 2020i Ion Chromatograph.

Ion-exclusion chromatography or normal ion chromatography can be
used to determine weak acids. In ion exclusion chromatography the
column excludes strong acid anions, which elute in the void volume, and
weaker acids are separated according to their dissociation constants.
In our previous work with this method we have determined that formic and
acetic acid are the dominant acids in fog, with a small contribution
from propanoic acid and an unknown. Keene et al. (1983) used this
method to determine formic and acetic acid in rainwater. The resolution
of formic and acetic acid is less than ideal on the Dionex ICE column,
however, without use of impractically high concentrations of HCl1 as
eluent. The suppressor columns, which bind C1™ as a silver salt can not
be regenerated, and must be replaced after several hours of operation.
Weak acids can also be separated by normal ion chromatography using
weak eluents (dilute HC03' or 82072') (Dionex, Applications Note 10).
This method would facilitate detection of methanesulfonic acid if it is
present in fogwater (Saltzman et al., 1983). Aliquots should be
preserved with chloroform (Keene et al., 1983) dimmediately after
collection for reliable organic acid determination.

Our preliminary work suggests that in selected California
environments such as the SJV substantial contributions to acidity may
arise from the formation of sulfonic acids and secondarily from
carboxylic acids (APPENDIX XII).

4. What role does dew play as a sink for atmospheric acidity?

Fogs or its counterpart aloft, clouds, have a consequential impact
on atmospheric processes; however, as a ground level phenomenon, fog.may
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be too infrequent or localized to play an important role in the
deposition of pollutants, except on the mountain slopes and the
immediate coastal areas. Dew, on the other hand, is a phenomenon which
is noted frequently at night throughout the coastal plain as well as
inland valleys and mountains. Dew forms on surfaces which cool by long-
wave radiation to a temperature below the ambient dewpoint temperature.
In Southern California, this 1is promoted on a routine basis by the
prevaiiing meteoroliogical conditions: clear nighttime skies, moderate to
calm winds, and a nearby source of moisture,

The role of dew in modifying the deposition of pollutant species is
largely an unknown and needs to be explored more fully. Measurements of
dew flux are far from routine; data on dew composition are even more
rare. Yaalon and Ganor (1968) found dew composition in Israel to be
similar to precipitation at that site. The range of pH for samples was
6.6 to 8.1, Calcium, carbonate and sulfate dominated the ionic
composition. Brimblecombe and Todd (1977) measured sodium and potassium
concentrations in the 100 micromolar range for dew collected from grass.
The K+/Na+ ratio for dew collected on actual grass wés 3 times greater
than for plastic grass surfaces, but it was one-tenth the ratio for dry
blade extractions in distilled water, indicating an intermediate impact
of foliar leaching on dew composition. Anderson (1979), using pH paper,
reported a range for dew pH of 5.0 to 6.7 for dew on-grass and glass
surfaces. He also noted that a relationship seemed to éxist between
measured dew pH (increasing) and minimum, nighttime temperature
(decreasing).

From these and more general consideration, it is likely that dew
occurrence may be important in mediating the impacts that pollutant
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deposition has on receptor surfaces. There are several means by which

it can be expected to impact deposition:

i) (effect on particle deposition efficiency) Surface wetness is
acknowledged to greatly reduce particle rebound and resuspension and,

thus, increases dry depositional flux to collection surfaces.

i1) (dissolution of pollutant gases such as SO,, HNO; and NHj)
The film of dew furnishes a sink for soluble gases. Such dissolution

would be dependent on the pH of the aqueous solution, governed by

preexistent solute.

iii) (dissolution and transformation of previously deposited
material) The repetitive wetting and evaporation of collection surfaces
provides the accumulated material opportunity for further aqueous
transformation. For example, neutralization would tend to retard
volatilization of nitric acid, as would oxidation of dissolved S(IV)
compounds. Also, reactions with the surface material have important
consequences to vegetation, structures, and automobiles in the urban

environment.

iv) (impact on thermal and moisture flux at ground level and on
turbulence) It has been shown that dew occurrence delays or inhibits of
fog formation. Dew depletes the atmospheric humidity. Both these
effects reduce to growth of hygroscopic
aerosol and would be expected to diminish particle sedimentation.

5. Do correlations exist among the standard air quality measurements
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and the resultant fogwater characteristics?
Fogwater monitoring, while still far from routine, has been
performed at a wide variety of locations and times of year in the
Southern California (Waldman et al., 1982; Munger et al., 1983; Jacob et

al., 1984c). From the available data, qualitative correlations of

_precursor air quality and pollutant transport with fogwater composition

are apparent. These have provided simplistic though useful
understandings of their relationship. Most airborne pollutants are
readily scavenged by water droplets, especially particulate nitrate and

sulfate and soluble gases such as ammonia, nitric acid, and

formaldehyde. Thus, fogs and clouds serve as short-lived sinks for

airborne pollutants, altering their chemical and physical dynamics, and
redistributing them.

On one hand, physical-chemical modeling offers a means for
mechanistic prediction of ambient fog acidities and chemical dynamics.
However, air quality data routinely available may not support the
application of a model in all cases. Detailed study of air quality
indicators, meteorological parameters, and trajectory analyses with
regard to fog- and cloudwater data would be of great value. While it
remains obvious that polluted air leads to polluted fogs, it may be
possible to correlate routinely monitored indices with the extent and
intensity of smog-into-fog (and fog-into-smog) transformations.

Such research would entail multidisciplinary study of gas-phase,
aerosol, and droplet processes plus synoptic and mesoscale meteorology.
It would provide refinement of our initial observations. The
development of this type of analysis on a regional basis would be
particular useful to air pollution control agencies which have hitherto

IT1-8



=

it === 45

ey

e

been unfamiliar with and unable to address pollution aspects of fogs and

clouds in coastal California.
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ABSTRACT.

Fogwater collected at both urban and non-urban coastal sites in
California was found to be consistently acidic. The highest
acidities (pH values down to 2) occurred at sites in the Los Angeles
basin or downwind. Concentrations of acidfneutralizing constituents
in coastal air were found to be very low, so that fogs were acidic
even under relatively clean conditions. Chloride loss relative to its
sea salt contribution was observed at sites furthest from

anthropogenic sources.



ety

INTRODUCTION.

s

Recent investigations of fogwater chemical composition in the
Los Angeleé basin (1, 2) have revealed high lonic concentrations and,
often, very high acidities (pH values typically in the range of 2 to
4). Comparable acidities have been observed in low stratus clouds
collected by aircraft over the basin (3) and sampled on the slopes of
the surrounding mountains (4). These high acidities have raised
concern regarding potential damage to materials, vegetation (5),
crops (6), and public health (7). Laboratory data indicate that
conversion of Sox to sulfate can proceed rapidly at the
concentrations found in urban fog droplets (8) and in the precursor
haze aerosol (9). Field studies have proposed evidence for
aqueous—phase sulfate production in the atmosphere (10,11,12,13).

Fogs are frequent seasonal occurrences along the California
coast. During the summer, coastal stations may report over 50% foggy
days (l4). These fogs are often coupled with land breeze/sea breeze
systems, which recirculate the same air parcels several times across
the shoreline (13). Tracer studies in the Santa Barbara Channel (15)
have shown that emissions from offshore and coastal sources may
reside several days along the coast. These humid, poorly ventilated
conditions favor pollutant build-up and sulfate production.

As part of an extensive fog sampling program in California, we
have collected fogwater at a number of coastal sites. Coastal fogs
may be a major cause of sulfate pollution episodes in Southern
California (16). Further, because impaction of fog droplets can be a

significant source of water input to the coastal vegetation (17), the
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chemical composition of the fogwater has important local implicationms
for acid deposition. Recent interest in these problems has been
stirred by federal plans to encourage oil exploration and production

in the outer continental shelf off California (18).

SAMPLING SITES AND METHODS.

Fogwater was sampled with a rotating arm collector (19) at eight
coastal sites and one island site (Figure 1). The sites, and
conditions during sampling, are described in Table 1. Samples were
collected over intervals ranging from 30 minutes to 2 hours, and were
analyzed for major ions and metals following the protocol described
in ref. 1. Concentrations of Na+, K+, Ca2+, and Mg2+ were determined
by atomic absorption spectroscopy on filtered aliquots; at some sites
(Del Mar, Long Beach, Lennox, Morro Bay) we analyzed both filtered
and unfiltered aliquots and did not observe significant differences
in concentrations.

Determination of anions by ilon chromatography revealed
unidentified peaks eluting just before chloride in fogwater samples
collected at some urban sites. When chloride concentrations were
low, a positive interference from these peaks was noted; chloride
concentrations reported are then an upper bound of true chloride
concentrations and are indicated as such. The unidentified peaks
were likely due to organic acids (20,21). We have measured formate
and acetate at concentrations around 10_4ﬂ.in fog samples (J. W.
Munger, unpublished results).

The contributions of different source types to the fogwater
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chemical composition were determined from an emission matrix for
primary California aerosol (Table 2). Concentrations of fly ash and
automobile exhaust were calculated from the concentrations of
vanadium and lead, respectively. Contributions from sea salt, soil
dust, and cement dust were obtained by a balance on sodium, iron, and
calcium, after subtraction of fly ash and automobile exhaust
contributions. Because concentrations of the different elements
analyzed in a sample spread over a wide range, we found that this
apportionment method gave more reliable results than a least-squares
fit of all elemental concentrations to the emission matrix (22).
Secondary sulfate was calculated by subtraction of primary
contributions from the total sulfate concentration. All nitrate was

assumed to be of secondary origin.

RESULTS AND DISCUSSION.

Fogwater concentrations. Table 3 gives liquid water-weighted average

fogwater concentrations for each event; the detailed data set is
available elsewhere (25). Contributions from the different source
types are given in Table 4 in terms of fogwater loadings, which we
define as the mass of material in fogwater per m3 of air. Liquid
water contents were estimated from the collection rate of our
rotating arm collector, assuming a 60% overall collection efficiency
(19). A number of methods have been used in field investigations to
measure liquid water contents in fogs, but none has been reliably
calibrated, and a field intercomparison has revealed systematic

biases between different methods (4). Although the absolute error on
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our liquid water content estimates cannot be ascertained at this
time, we are satisfied that differences in the collection rate
closely follow actual differences in the liquid water content (4).

In Table 5, elemental ratios in fogs are compared to those for
sea salt. The observed Na/Mg ratios were close to that for sea salt;
exceptions were the Long Beach, Lennox, and San Marcos sites, where
.sea salt constituted only a small fraction of the total loading and
significant soil dust contributions of Na and Mg were apparent.
Calcium and sulfate were partly of marine origin, but usually had
larger contributions from dust (calcium) and secondary production
(sulfate). The K/Na ratios were close to that for sea salt at Del
Mar, San Nicholas Island, and Pt. Reyes; soil dust was an important
source of potassium at other sites.

The sites in and around the Los Angeles basin were by far the
most affected by anthropogenic sources (Table 4). The large
contribution from automobile exhaust in the fog samples collected at
Lennox can be attributed to the nearby freeway and airport traffic.
The sulfate-to-nitrate equivalent ratio at Long Beach Harbor was much
higher than that usually observed in the Los Angeles basin (0.2-0.5);
non-sea salt (NSS) sulfate concentrations in the basin are known to
peak in the Long Beach Harbor because of o0il burning by ships (10).

The fogs on 7 and 18 December 1981 at Lennox and 7 December 1983
at Corona del Mar occurred during severe sulfate pollution episodes
in the Los Angeles basin. Average fogwater pH values below 3 were
observed on those nights. On the day following the Corona del Mar
event, all coastal stations of the South Coast Air Quality Management

District recorded their highest 24~hour sulfate concentrations for
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1982, ranging from 23 to 37 ug m >. The prevailing southward
transport of pollutants on the night 6—7 December, 1982 (26) explains
the extremely high acidities observed at Corona del Mar; a second
sample (1 ml) collected as the fog dissipated had a pH = 1.69 (a
value which was later confirmed in the laboratory).

High ionic concentrations and acidities were also found in
samples collected at Del Mar on 8 January 1983 (Figure 2). The NW
winds blowing over Del Mar at the beginning of the sampling period
carried pollutants from Los Angeles:which had been transported
offsﬁore by weak NE winds the previous morning (27). A developing
land breeze led to flow reversal between 1900 and 2000 PST and
advection over the site of inland air from suburban San Diego County.

Sea salt concentrations dropped considerably as the land breeze
developed; contributions from anthropogenic sources also decreased,
although less, as the Los Angeles air was replaced by cleaner air.

Fogwater collected at San Marcos Pass (low stratus), Morro Bay,
Mt. Sutro, and Pt. Reyes contained much less nitrate , NSS sulfate,
and automobile exhaust than fogwater collected in the Los Angeles
basin or downwind. However, except at Morro Bay, all samples were
acidic; fogwater pH ranged from 4.21 to 4,69 at San Marcos Pass, and
from 3.60 to 5.00 at Pt. Reyes. Significant concentrations of metals
and NSS calcium at all siteslshow that the air sampled was of partly
continental origin even under onshore wind conditions. This has
previously been observed in aerosol collected elsewhere along the
California coast (28). Fogwater collected at Pt. Reyes under |
offshore wind conditions (12 Aug. 1983) contained less sea salt, more

soil dust, and more automobile exhaust than fogwater collected on
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other nights under the more usual N-NW wind conditiomns.

Nitrate and NSS sulfate loadings at San Nicholas Island were
higher than those at other non-urban sites, even though impact of Los
Angeles pollutants is very unlikely under the wind conditioms
observed on that night. High concentrations of metals and NSS
calcium indicated that the air over the island was of mixed
marine/continental origin. The relatively high fly ash and low
automoblie exhaust loadings suggest that the high acldity could be
due to advection by NNW winds of a plume from oil drilling operations
off Pt. Conception or emissions from the Morro Bay power plant;
dilution of the plume would be limited by the low mixing heights and
slow horizontal dispersion over the ocean (15). Transport from the
Pt. Conception area over San Nicholas Island has been previously

documented (29).

The acidity of coastal fogs in California. Fogwater was often

extremely acidic in and around the Los Angeles basin; elsewhere,
relatively high "background” nitrate and NSS sulfate concentrations
apparently led to ubiquitous acidiec conditions along most of the
California coastline. Pollutant transport with slow dispersion along
the coast has been well documented (13, 15), and has been attributed
to the dominant NW wind, the sea-breeze/land~breeze circulation
system, the low surface roughness of the ocean, and the persistent
strong inversionms.

Acidities in non-urban coastal fogs were comparable to those
found in fogs sampled in the inland San Joaquin Valley of California,

where much higher nitrate and sulfate loadings were observed (30).
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The non—-neutralized fraction of the acidity,
[H+]/([NO3-]+[(NSS)SO42—]), was typically less than 10% in San
Joaquin Valley fogs (30); in comparison, the non-neutralized fraction
of the acidity was on thé average 257 at San Marcos Pass, 317 at Mt,.
Sutro, and 48% at Pt. Reyes.

Obviously, there is little alkalinity available in the coastal
alr to neutralize acid inputs. Ammonia was found to be the main
acid-neutralizing component in San Joaquin Valley fogs (30). An

5

excess of ammonia (H = 50 E.atm—l, K. = 1.7x10 M at 10°C) maintains

b
fogwater pH above 5. Fogwater below pH 5, as found along the coast,
cannot support gaseous ammonia at equilibrium; ammonia is then
expected to be nearly 100 7 scavenged by the fog droplets. The
relatively low ammonium fogwater concentrations (as compared to
nitrate and sulfate concentrations) show that alkalinity from ammonia
is lacking in coastal air. Soil dust 1s an alternate source of

alkalinity, but the small amount present in the droplets (Table 4)

limits the exteant of H+-neutralizing ion-exchange surface reactions.

2+ and Mg2t, but

These reactions would mostly involve the cations Ca
as mentioned previously we found these ions to be mostly dissolved.
Alkalinity from scavenged soil dust was therefore exhausted.

The low nitrate concentrations observed at Pt. Reyes and Mt.
Sutro on 10-13 August, 1982 suggest a source of acidity especially
rich in sto4. Two likely sources are emission from ships and
oxidation of dimethylsulfide volatilized from the ocean surface.
Non—-sea salt sulfate concentrations of 0.1 - 1 ug m-.3 over the

Pacific Ocean have been attributed to the oxidation of

dimethylsulfide (31), and oceanic dimethylsulfide production has been
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found to be maximum near coasts (32). Rapid photooxidation of alkyl
sulfides in a sunlight~irradiated chamber has been reported (33).
This source of sulfate could therefore possibly be a major

contributor to the acidity at non—-urban coastal sites in Califormia.

Volatilization of HCl(g) from sea salt nuclei. A number of

investigators of marine aerosols have observed chloride loss relative
to its expected sea salt contribution (34,35). These investigators
report chloride losses ranging from 0% (no loss) up to 100%.

Chloride loss proceeds by incorporation of a strong acid in sea
salt-containing aerosol, resulting in pH-lowering and volatilization
of HCl1(g). The strong acids can be HNO, (34) or H,S0, (35,36).
Displacement by N02(g) on NaCl(s) has been found to be effective at
ppm concentrations of NO2 (37).

Table 6 is a summary of thermodynamic data regarding the main
reactions involved. If the sea salt particle is solid, the reaction
may proceed by adsorption of HN03(g) and sublimation of HCl(g) from
surface NaCl crystals, or by coagulation of sea salt aerosol with
sulfuric acid or bisulfate droplets. Above the deliquescence point,

volatilization of HCl(g) is given by the position of equilibrium (3).

and HNO

Both H,50 added to a NaCl(aq) aerosol will displace HCI,

4 3

but HNO3 is less efficient than HZSO4 because it is only slightly

less volatile than HCl. Hitchcock et al. (35) infer from field data
that HSOA— does not displace C1 ; however, equilibria (3) and (5)
indicate that a substantial fraction of chloride could be released to

-3

the gas phase at the liquid water contents typical of haze (10”3 gm 7)
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Although volatilization of HCl(g) proceeds effectively in acid
haze, reaction (3) indicates that fog, even acidic, cannot support
HCl(g). This is because of the higher liquid water contents, and
because acidities in fogs are not as high as those reached in haze.
If chloride was lost in the precursor aerosol, it could still be
recovered in the fog by scavenging of HCl(g). Chloride deficiency
with respect to its sea salt contribution in the fog therefore
requires loss of chloride from the frecursor aerosol followed by
removal of the resulting HC1(g) from the air parcel during transport
prior to droplet activation.

The fogs sampled in our study were acidic, and chloride loss in
the precursor aerosol would be expected. However, measured chloride
concentrations were in excess of the sea salt contribution at most of
our sites; this would be due to (i) anthropogenic sources of
chloride, (i1) organic acids interfering with chloride in analysis.
Significant chloride loss was observed in 1 sample from Del Mar
(18%), all samples from San Nicholas Island (12%-35%), and 4 samples
from Pt Reyes (10%-28%). Therefore, chloride loss was observed in
the fogwater only at those sites where long transport of acids over
the ocean was involved. Transport may have led to separation of
HC1(g) from the nuclei, possibly by removal of HCl(g) to the ocean
surface. Because of its high reactivity with surfaces, HC1(g) should

deposit faster than NaCl aerosol.
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CONCLUSION.

Fogwater samples collected at both urban and non-urban sites
along the coast of California were consistently acidic. Apart from
sea salt, the main constituents were sulfuric and nitric acids
(partially neutralized by ammonia). Extremely high acidities (pH
values down to 2) were observed at sites in the Los Angeles basin or
downwind. The acid-neutralizing capacities were found to be much
lower in the coastal air than in inland areas of Southern California,
and insufficient to neutralize even low acid inputs at non-~urban
sites. Chloride loss in fogwater was observed at sites affected by
acids advected from distant sources, even though hydrochloric acid
volatilized by pH-lowering of the precursor sea salt aerosol would be
scavenged upon fog formation. A possible explanation is that HCl(g)

deposits faster than NaCl over ocean surfaces.
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Table 1. Description of sampling sites.

Site Conditions during sampling
Tnversion base@emp. ) surface wind®
-1
(m) o) @s )
Del Mar Coastal lagoon, residential surface 11 moderate N4 shifting
surroundings. Collector set to moderate E
on ground, 800 m from shore.
Corona Residential area. Collector 260 11 calm
del Mar set on pler.
Long Beach Industrial area, ships. Collector 220 10 calm
Harbor set on dock, 10 m from water.
Lemmox Industrial and residential surface 12 INE
area. los Angeles Int'l Airport is (7 Dec. 1981)
2 km W, major freeway is 500 m E. surface 14 1SE
Ocean is 4 km W. Collector set (18 Dec.1981)
on roof of l-story building. 220 10 calm
( 7 Jan. 1983)
San U. S. Navy base, 100 km offshore. 150 14 5 N\WW
Nicholas No impact from local sources. Collector
Island set at 50 m elevation, 400 m from shore.
San Marcos Mountain pass in coastal rarge, 1800 815 25
Pass 700m elevation. No nearby sources.
Morro Bay Rural town at the base of major power 450 11 0-2 W
plant. Agriculture, ranches. Some local
traffic. Collector set 500 m from shore,
on roof of 1-story building.
Mt. Sutro 250 m elevation hill in San 570 12 1w
Francisco. Radio towers, no local
traffic. Ocean is 5 ka W.
Pt. Reyes National Seashore, no nearby 600 12 10-15 N
sources. Collector set at tip (9 Aug. 1982)
of peninsula, 10 m elevation, 420 11-12 10-15 N
50 m from shore. (10 Ag. 1982)
1800 12-14 10-15 N
(11 Ay, 1982)
240 11-14 2 SE

(12 Ag. 1982)

(a) measured by the Mational Weather Service at San Diego, los Angeles, Vandenberg AFB, or Oakland.
(b) measured at the site.
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Table 2.

Na
S
Ca
v
Fe
Pb

(a) data
(b) ref.
(c) ref.

Source concentrations of particulate matter(a).

---------------- % MASS ===—==-cceccamccc——a——aa
sea soil cement fuel o0il automobile
salt dust dust fly ash exhaust
b)

30.6 2.5 0.4 5 0!

2.6 0.1(0) g (B)  15(0) 2(b)
116, 1.5 46.0 1.3 0.02(P)
9% 10 0.006 0 7 0

0 -5(c) 3.2 1.09 6 0.4

10 0.02 0 0.07 40

from ref. 22 unless otherwise specified.
23
24
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- Table 3. Liquid water-weighted average fogwater concentrations.

aieq 17 s 17
ite el o H Nt K M P o o oy sF sy ®lono® (©)
Del Mar 9dn. 8 5 2.8 1410 511 9 781 49 130 61480 469 6 78 0.24
. 18102300
Corona TDec.® 1 2.16 6920 725 71 2860 197 188 10507900 1290 N N 0.11
del Mar 2100-2300

| ngBeach 6dan. & 2 49 127 6 12 79 45 26 21dm 47 w7 0.5
0400-0500

mnox®  7Dec.8l 8 2.9 10 6 12 1610 111 42 178 D»w0 w6 @ 1% 0.3
2305-0810

18Dec. 81 3 2.66 2190 131 30 1280 127 48 150(d)2780 1280 M 178 0.14
2315-0045 (d)

6dan. 8 5 3.63 237 41 8 464 39 18 68/ 365 126 A 68 0.17
0000-0430

in Nicholas 26 Aug. 82 7 3.86 138 6060 148 452 450 1500 5330 1580 1080 11 15 0.052
Island 2115-0755

éin l@s‘cos 20Mg. 83 14 449 321 10 3 97 3 4 19 74 55 2 8 0.43

Pass 2340-1200
%])rro Bay 140ul.8 2 6,17 0.67 746 64 107 120 221 1200 114 214 6 7 0.14
: 0500-0900
3;. Sutro  13Aug. 82 1 3.9 102 648 52 18 93 170 81 8 319 M M 0.05
! 2125-2225
°t.Reyes  9Aug. & 1 3.60 251 30 91 37 242 80 3040 56 1280 10 19 0.0
‘1 2200-0000
: 10Aug. 82 3 4.48 3343146 72 95 153 782 4576 38 463 4 2 0.081
r 0230-1115
; 11Aug. 2 7 3.88 132 498 12 59 27 118 645 36 208 5 3 0.13
| 0200-1155

12Aig. 2 6 469 20 42 16 43 3 10 5 6 54 5 3 0.19
: 0340-0815 :

) date is that of the a.m. samples, or that of the moming following the fog. Time is local time.

) averages for S(IV) and CH20 may be,based on incomplete data sets.

) average liquid water contént (g m ~), calculated from the total volume collected.

) [C1] may be overestimated due to interference from organic acids during analysis. At Del Mar, this uncertainty
is significant only for the last three samples (see text).

(e) 1981 events at Lennox have been previously reported by Minger et al. (1983).

f) stratus cloud.

_ 7_1
(b
(-
" "
| i
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Site

Del Mar
Long Beach

Lennox
7 Dec. 1981
18 Dec. 1981
6 Jan. 1983

San Nicholas
Island

San Marcos
Pass

Morro Bay
Mt. Sutro

Pt. Reyes
9 Aug. 1982
10 Aug. 1982
11 Aug. 1982
12 Aug. 1982

N W~

W

NA: not analyzed.

Metal concentrations were not determined in the Corona del

Mar fog.

Table 3 (continued)

Fe M
354 36
%6 22
1440(2) 37
1330,, , 51
315(P)127
131 93
22 3
192 21
160 10
484 67
276 12
301 10
265 7

(a) average from 6 samples
(b) average from 2 samples
(¢) average from 4 samples

310
152

1180
NA
447

49

23

11
24

67
21
38
26

oMY

NA 111 6
NA 171
M 10 6
NA - NA 13
NA 25(clg
49 99 8
12 6 NA
57 21 3
50 28 NA
87 209 NA
36 66 NA
151 59 NA
48 17 NA



Table 4. Source contributions to fogwater loading.

mass loading (ug m‘3)

: secondary secondary fuel oil autombile
- Site sea salt nitrate  sulfate  soil dust  cement dust fly ash exhaust
q"‘e] Mar 9.0 28 4.9 2.8 0.27 0.023 0.21
)
“Corona del Mar 6.1 54 6.6 0.8
! ng Beach 1.2 3.9 58 0.58 0.45 0.00% 0,095
Lennox
7 Dec. 1981 0.80 0 10 8.6 1.1 0.019 0.62
18 Dec. 1981 1.2 25 9.0 5.7 0.74 0.027
6 Jan, 1983 0.51 3.9 1.0 1.8 0.26 0.012 0.20
an Nicholas Island 23 5.2 4.3 0.55 0.42 0.0074 0.0064
San Marcos Pass 0.3 1.9 1.1 0.27 0.047 0,023
arro Bay 7.5 1.1 1.2 0.97 0.55 0.0086 0.0055
1°t. Sutro 2.7 0.30 0.74 0.22 0.16 0.0033
Pt. Reyes
] 9 Aug. 1982 14 1.8 2.7 0.74 0.21 0.0090
} 10 Aug. 1982 17 0.16 0.95 0.79 0.038 0.0034
i 11 Aug. 1982 5.2 0.28 1.1 1.6 0.020 0.014
12 Aug. 1982 0.54 0.074  0.47 1.6 0.0049 0.013

| ass loadings defined as the mass of material in fogwater per m3 of air. Numbers given are averages for each event.

Contributions from soil dust, fly ash, or exhaust were not determined when the concentrations of their respective tracers

- 'Fe,V,Pb) was missing. When Fe data was missing, all NSS Ca was attributed to cement dust.

)
q
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=
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Site
Del Mar
Corona del Mar
Long Beach
Lennox
7 Dec. 1981
18 Dec. 1981
6 Jan. 1983

San Nicholas
Island

San Marcos

Pass

Morro Bay

Mt. Sutro

Pt. Reyes
9 Aug. 1982
10 Aug. 1982
11 Aug. 1982
12 Aug. 1982

sea salt

Table 5.

Mg2t/Na*

0.25
0.26
0.42
0.65
0.36
0.43

0.25

0.40

0.30
0.26

0.25
0.25
0.24
0.24

0.23

C17/Na*t

1.2
1.4
3.6

Ca2+/Na+

0.096
0.27
0.73

0.16
0.14
0.069
0.049
0.054
0.063

0.043

I-19

Equivalent ratios in coastal fogs.

2=yt
S04~ /Na

0.92
1.8
7.9
14
9.7
3.04
0.34

5.64

0.29
0.49
0.36
0.15
0.42
1.29
0.12

K*/Na*
0.018
0.098
0.20

0.086
0.080
0.026
0.023
0.025
0.039

0.021
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Table 6. Chemical equilibria of the NaCl-H,SO,-HNO,-H.O system.

250, ~HNO5-H,

Reaction Equilibrium constant
1. HNO,(g) + NaCl(s) = HCI(g) + NaNO(s) 3.4 x 10°
2, 2N0,(g) + NaCl(s) = NOCI(g) + NaNO,(s) 2.2 X 10°
3. H'(aq) + C1 (aq) = HC1(g) 5.6 X 107/
4. H (aq) + N0, (aq) = HNO,(g) 4.3 X 1077
5. i (aq) + 8042_(aq) = 150, (aq) 7.8 X 101

Equilibrium constants calculated at 298K from free enthalpies of formation
(38).
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FIGURE CAPTIONS.
Figurel. Fogwater sampling sites (18).

Figure 2. (a)Fggwater concentrations at Del Mar. pH values and liquid water
contents (g m ~, in parentheses) are indicated on top of each data bar.
(b)Source contributions to the fogwater loading at Del Mar; contributions
from soil dust, fly ash, and exhaust were not determined for the last
sample.
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APPENDIX II.

Fogwater Chemistry in an Urban Atmosphere

J. WIiLLIAM MUNGER, DANIEL J. JACOB, JED M. WALDMAN, AND MICHAEL R. HOFFMANN

W. M. Keck Laboratories, California Institute of Technology, Pasadena, California 91125

Analyses of fogwater collected by inertial impaction in the Los Angeles basin and the San Joaquin Valley
indicated unusually high concentrations of major and minor ions. The dominant ions measured were
NO,~, SO,2", NH,*, and H". Nitrate exceeded sulfate on an equivalent basis by a factor of 2.5 in the
central and coastal regions of the Los Angeles basin but was approxlma!ely equal in the eastern Los
Angeles basin and the San Joaquin Valley. Maximum observed values for NH,*, NO, ~, and SO, %~ were
10.0, 12.0, and 5.0, meq ™!, while the lowest pH observed was 2.2, Iron and lead concentrations of over 0.1
mM and 0.01 mM, respectively, were observed. High concentrations of chemical components in fog
appeared to correlate well with the occurrence of smog events. Concentrations in fogwater were also
affected by the physical processes of condensation and evaporation. Light, dissipating fogs routinely

showed the highest concentrations.

INTRODUCTION

Laboratory [Schwartz, 1983; Martin, 1983; Hoffmann and
Jacob, 1983] and field [Cass and Shair, 1980; Cox, 1974; Mc-
Murry et al., 1981; Smith and Jeffery, 1975, Wilson and Mc-
Murry, 1981] studies have indicated that droplet-phase chemis-
try is important in SO, oxidation. Droplet-phase oxidation of
SO, occurs, in part, via the following reactions

Kn
50,(g) = SO,(aq) 1
Kot
SOz(aq) - H+ + HSOg— (2)
Fe(lll)
2HSO,” + O, —— o+ 2HSO, ~ 3
Ka2
HSO,~ = H* + 50,2 @

In Los Angeles, Cass [1975] observed a correlation between
the occurrence of high sulfate aerosol levels during the after-
noon and the presence of coastal fog and low clouds in the
morning. The mean SO, to SO,2~ conversion rate during July
in Los Angeles is 6% hr~! [Cass, 1981], whereas gas-phase
reactions can account for, at most, conversion rates of 4.5%
hr~! [Sander and Seinfeld, 1976]. Morgan and Liljestrand
[1980] reported that light misting rainfalls emanating from low
stratus clouds in Los Angeles resulted in pH values as low as 2.9
with correspondingly high SO,2~ and NO; ~ concentrations.
Waldman et al. [1982] have previously reported pH values near
2.2 in urban fog. Furthermore, Hegg and Hobbs [1981] have
reported S(IV) to S(VI) conversion rates of 4.0 to 300% hr~! in
wave clouds over western Washington.

In addition to its importance as a chemical reaction site, fog
may cxert a significant influence on scavenging and deposition,
on human health, and on vegetation. Fog forms in the ground
layer where gases and aerosols are most concentrated. Because
fog droplets are approximately 100 times smaller than rain
drops, they should be more concentrated than rain, and mass
transfer should not limit the kinetics of fog droplet reactions
[Schwartz, 1983; Baboolal et al., 1981].

In light of these results and the expectation that fog droplets
(or the fine aerosol remaining after fog has evaporated) are sites

Copyright 1983 by the American Geophysical Union.
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for rapid conversion of SO, to SO,2~ we began a study to
characterize the chemical composition of fogwater. Because of
the physical similarity to clouds, fog is expected to exhibit the
same chemical processes occurring in clouds and, to some
degree, aquated submicron aerosols. Information about the
chemistry of fogwater may be applicable to the broader
questions about ambient acid formation and acidic precipi-
tation. The role of fog in the nocturnal chemistry of SO2 has
been examined by Jacob and Hoffmann [1983].

METHODS

Fogwater was collected with a rotating arm collector (RAC),

which was modified from an original design reported by Mack
and Pilie [1975]. A 67.5-cm-long, Teflon-coated steel tube with
10 x 0.95 cm slots milled into opposite sides at each end of the
tube is rotated at 1700 rpm with a 1.5-HP induction motor.
This rotation imparts a relative velocity of ~ 50 m/s to the slots.
Droplets impact in the slots and are driven by centrifugal force
into 30-ml polyethylene bottles attached at the ends of the
arms. During operation, the pivot of the arm is 1.4 m above
ground level. Based upon changes in particle-size distributions
measured with a laser optical particle counter during operation
in a cloud chamber, the RAC was determined to have a lower-
size cut of ~8 um [Jacob et al., 1982]. The bulk of liquid water
in fogs is contributed by droplets larger than 8 um, but droplets
smaller than 8 um may be more concentrated than those that
are actually collected. Consequently, the concentration of
species in fogwater may be slightly underestimated.. With this
design, up to 2 ml min~! of fogwater has been collected during
dense fog and 0.1 to 1.0 ml min ! during lighter fog. Collection
efficiency under these conditions is estimated to be greater than
80%, based on laboratory calibration. We are currently work-
ing on a fog sampler with a lower-size cut in order to
characterize the chemistry of the smaller fog droplets.

SiTE DESCRIPTIONS

Figure ! indicates the sites at which fogwater was collected.
The Pasadena site, which is located on the roof of a four-story
building on the Caltech campus, is in a predominantly residen-
tial neighborhood 25 km north of downtown Los Angeles.
There are no major pollutant sources in the immediate vicinity.
The Lennox site was selected because of its close proximity to
both industrial and mobile pollutant sources and its high fre-
quency of marine fog in late autumn: it is situated on the roof
of a one-story building at a busy intersection within 100 m of a
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Fig. 1. Map of fog sampling sites in Southern California. Los Angeles area sites are indicated on the inset.

major freeway and 6 km from the ocean. Major point sources
near the Lennox site include an oil refinery, power plant, Los
Angeles International Airport, and several other industrial fa-
cilities.

The Oildale site, near Bakersfield, is in an area with higher
sulfur emissions from secondary oil recovery operations and is
subject to extensive fog (‘Tule fog’), which persists throughout
the San Joaquin Valley during the early winter. The sampler
was placed on the roof of an air-quality monitoring station
(about 4 m aboveground). Upland is 60 km NE of downtown
Los Angeles. A steel plant and several other heavy industries
are located within 30 km of this site, which is also on the roof of
an air-quality monitoring station in a residential area.

FoG PATTERNS

In Los Angeles, fog generally occurs during two distinct
periods: November through January and April through June.
At the two inland sites, Pasadena and Upland, fog occurs
sporadically in the night and early morning throughout the fog
seasons. Fogs along the coast tend to form repeatedly for
several nights, lifting for only part of the day. In the San
Joaquin Valley, fog forms for extended periods during the early
winter months and often persists throughout the day.

ANALYTICAL METHODS

The sample-handling and analytical protocol is illustrated in
Figure 2. Analysis of the sample began as soon as collection
ended; measurement of pH and separation of preserved ali-
quots was completed within 30 min. In the field, samples were
stored over ice, then refrigerated when brought back to the

laboratory; pH was determined in the field with a Radiometer
PHM 80 meter. Sulfite was preserved by addition of CH, O at
pH 4 to form hydroxymethanesulfonic acid (HMSA) [ Dasgupta
et al., 1980; Fortune and Dellinger, 1982]; 3,5-diacetyl-1,4-
dihydrolutidine (DDL) formed by reaction of formaldehyde
and acetyl acetone in the presence of NH,* [Nash, 1953] is
stable for at least 7 days [Rietz, 1980]. Sulfite is known to
interfere with this reaction [Nash, 1953], but no correction was
made. Addition of HNO; to achieve a concentration of 0.16 M
was used to stabilize an aliquot for trace-metal analyses. Be-
ginning with the Oildale samples, aliquots were filtered through
0.4-um Nuclepore membranes in the field. Because of extremely
high cation and anion concentrations in fogwater, samples
usually had to be diluted before analysis. With sample dilution,
complete analyses of volumes as small as 5 ml was practicable.
Major cations were determined on a Varian AAS5 atomic
absorption spectrophotometer by using an air-acetylene flame.
Lanthanum was added to the entire aliquot used for AAS in
order to release calcium and magnesium. Ammonium was de-
termined by the phenol-hypochlorite method [Solérzano,
1967]. Anions were determined by ion chromatography (I1C),
using a 3-mM NaHCO,/2.4-mM Na, CO, eluent. Aliquots of
sample were spiked to give the same HCO, /CO,?~ con-
centration as the eluent in order to eliminate the water dip that
interferes with F~ and C1~ peaks. Galloway et al. [1982] sug-
gest that low molecular weight carboxylic acids are present in
rainwater. Considering the high aldehyde concentrations ob-
served in fogwater, it is likely that the corresponding acids are
present as well. If present, these acids would be a positive
interference with fluoride. The absorbance of DDL formed

II-2
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FOG SAMPLE-HANDLING PROTOCOL

ALIQUOT FOR TRACE-METAL

+ HNOj; (TO 1%) DETERMINATIONS (FLAMELESS AAS)
ACID-WASHED Na* K*,Ca®*, Mg2*
BOTTLE - REFR':;ER”ED F—=1 DErEmminaTION (Aas)
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FILTER (INDOPHENOL BLUE)
| SAVE FOR EM, X-RAY,
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FILTER '
HyO-LEACHED - F~,CI7, N0y, S0,2"
BOTTLE REFRIGERATED (ION CHROMATOGRAPHY)
|+ CH07KHP S(IZ)2~ DETERMINATIONS
PRESERVATIVE {DITHIOBIS-NITROBENZOIC ACID)
+ COLOR CH,0 DETERMINATION
™1 REAGENT | (DIACETYL DIHYDRO=-LUTIDIN)

Fig. 2. A schematic flow diagram indicating fog sample-handling protocol and analytical procedures.

from CH,0O was measured at 412 nm on a Beckman Acta III
spectrophotometer.

The preserved solution for S(IV) was injected into the IC and
eluted with 1 mM KHP [Dasgupta et al., 1980]. Because the F~
and Cl1- peaks coeluted with the hydroxymethanesulfonate
(HMSA) using this eluent, the S(IV) in the samples could not'be
directly quantified. Instead, S(IV) was taken as the difference
between the SO, 2~ concentration in the preserved aliquot and
the SO~ concentration in the unpreserved aliquot, measured
by the usual IC methods. The first value would be SO,2~ only,
the second would be the sum of SO,*~ and SO,;2". After

December 7, S(IV) was measured by a colorimetric method,
using 5,5, Dithiobis-(2-nitrobenzoic acid) DTNB [Humphrey et
al., 1970]. Trace metals were determined by flameless atomic
absorption (Varian AA6 equipped with a CRA 90 or Perkin-
Elmer 360 with a HGA 2100). Gas-phase concentrations of
SO,, NO,, O, were made continuously at the Lennox, Upland,
and Qildale sites by conventional instrumental methods.

RESULTS

Table 1 describes the conditions before and during the fog
sampling. Samples from Pasadena were collected both after

TABLE 1. Description of Conditions During and Before Fog Sample Collection
Sampled
Site Date Interval, hr Conditions During Fog Prior Conditions

Pasadena November 15, 1981 2040-0115 Light wind SSW-N; sampled Fair, good air quality.
beginning to end of fog.

Pasadena November 23, 1981 2320-0130 Light S-SE wind; 14°-12°C; Hazy and smoggy.
fog thickened to near
drizzle; sampled beginning
to end of fog.

Lennox December 7, 1981 2305-0840 Light westerly wind; traffic volume Previous night foggy, smoggy
and ambient pollutants began during day, NO, alert called
to increase at 0530; missed (NO, = 0.8 ppm).
first hour of fog, sampled
until fog lifted.

Lennox December 18, 1981 2315-0043 Light westerly wind; sampled from Previous night foggy; high NO,

. beginning of fog; fog fevels during day.
persisted until morning.

Pasadena December 20, 1981 745-845 Light northerly wind; 10°C; fog Previous day was fair,
began before 0700; sampled
until fog lifted

Oildale January 14, 1982 0200-0750 Light southerly wind; 3°4°C, thin Overcast all of preceding
fog. day; dense fog on previous

: _ night.

Pasadena January 17, 1982 2130-2200 Sample collected as fog Smog and haze during the
dissipated. afternoon.

Upland May 14, 1982 06300910 Light and variable wind,

12°C, thin fog.

Low clouds and ground haze
throughout night.
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clean air days and smoggy days. The fogs in Lennox followed
smoggy days. Oildale samples were collected during a period of
extensive and persistent fog in the San Joaquin Valley. Samples
at Upland were collected after dawn, when the haze that had
been present during the night thickened enough to be collected.

The high and low concentrations of major ions, sulfite, and
formaldehyde in fogwater during eight fog events are presented
in Table 2. Concentrations of most ions in the second set of
Pasadena samples, which followed a smoggy day, were higher
than in the first Pasadena fog event. At Lennox the con-
centrations of major ions in fog were even higher than the
Pasadena samples. Some of the fog samples from Lennox con-
tained significant amounts of suspended solids. The greatest
amount was in the final sample taken from the December 7 fog
event during morning rush hour as the fog was dissipating.

The present sampling method does not differentiate between
particles within droplets and particles greater than 8 uym that
are independent of water droplets. Because the minimum size
for activating condensation nuclei in ambient fog is much
smaller than the collector cutoff size, most particles collected in
fog, with the exception of hydrophobic material, can be as-
sumed to be associated with droplets.

A single fogwater sample collected in Pasadena on January
17 had exceptionally high concentrations. The sulfate and ni-
trate concentrations were the maximum values observed in any
fog. Fogwater collected in Oildale also had very high nitrate
and sulfate concentrations as well as the highest NH, *, CH,0,
and S(IV) concentrations. The Upland fog samples were also
characterized by high levels of acidity and acidic anions.

Concentrations of trace metals in the fog samples were also
elevated, as shown in Table 3. During some of the fog events,
metal concentrations varied over an order of magnitude. The
usual pattern was for high concentrations at the beginning and
end of the event. Lead and iron concentrations exceeded 1.0 mg
L~ (0.01 mM) on occasion.

The anion-to-cation ratios were close to unity for most of the
samples, but there were discrepancies in some samples. In light
of the large dilutions necessary to bring high concentrations
down into suitable analytical ranges, the ion balances were
reasonable. There were apparent excesses of cations in some of
the samples that had large quantities of particles present. Cal-
culation of the ion balance by using the concentrations of
cations in filtered aliquots yielded better results. The aliquot for
anions was routinely filtered prior to injection into the IC. This
does not explain the apparent anion deficiency (or cation
excess) in the fogwater samples collected from Qildale. The
inclusion of SO;2~ in the anion sum does not completely make
up the deficit cither, however, sulfite in aliquots from these
samples was not measured immediately. Even though preser-
vation techniques were used, sulfite may be underestimated.
Considering the high concentrations of aldehydes, it is probable
that the corresponding carboxylic acids were present in the
fogwater; this would account for some of the apparent anion
deficiency. Other factors that may contribute to poor ionic
balances are losses of ions to particle surfaces via sorption and
formation of adducts and complexes of indeterminant charge.

2050 1190 637 676

7960
1220-5200 96482 2329-6312 596-4218 321-1816

5625
May 14, 1982 2.88-2.22 13206310

Jan. 17, 1982 225

DiscussioN
Figure 3 presents the ionic composition™ of individual fog

g - samples as a function of time. Concentrations of all jons de-
25 crease sharply during the first few hours of the fogs in Lennox;
é = however, the ionic proportions do not change appreciably. In

most cases, concentrations in the fogwater rose as the fog
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TABLE 3. Ranges of Selected Trace-Metal Concentrations in Fog Samples

ugl™!

Site Date Fe Mn Pb Cu Ni
Pasadena Nov. 15, 1981 90-2,100 18-160 250-270 1-15 2-21
Pasadena Nov. 15, 1981 920-1,770 34-56 1,310-2,540 88-140 814
Lennox Dec. 7, 1981 356-23,700 19-810 820-2,400 9-150 2-52
Lennox Dec. 18, 1981 1,020-2,080 25-81 1,700-2,350 84-1,400 32-54
Pasadena Dec. 20, 1981 340 42 156 — —
Oildale Jan. 14, 1982 240-6,400 97-800 241-366 45401 124-586
Upland May 14, 1982 — 430-570 1,690-2,400 156-185 155-213

Number of samples per event is the same as for Table 2.

dissipated. The short duration fogs, which were usually very
light fogs that resulted in low collection rates, also had high
concentrations. Physical processes of droplet growth by accre-
tion of water vapor, followed by evaporation, appear to ac-
count for this pattern.

Diiution by droplet growth could take place without any
appreciable change in liquid water content (LWC) if the sedi-
mentation rate was high enough to balance the condensation
rate. Work by Roach et al. [1976] suggests that a significant
portion of the liquid water formed during a fog event is lost,
presumably to ground surfaces. During the periods over which
concentrations were decreasing, collection rates, which arc a
function of LWC, remained constant. Advection of more dilute
fog could account for this as well.

In Figures 4 and 5 the concentration of selected ions, normal-
ized to their initial concentration, are depicted. If physical
factors are responsible, the patterns will be nearly identical for
ions that arc controlled by the same factors or have common
sources. The nearly hundredfold increase in Ca?* and Mg?*,
and the concomitant drop in H* concentration in the final two
samples collected in the December 7 fog at Lennox, coincided
with morning rush hour traffic, which would generate a large
amount of road dust. Concentrations of other ions were in-
creased during that period, as a result of evaporation, but not
to the extent that Ca* and Mg?* increases (25 times their
initial concentrations); [Na*] and [Cl~] increased by a factor
of 5, and [SO,?"], [NO; "], and [NH,*] returned to their
initial concentrations. Acidity was nearly neutralized at the end
of this fog event. In association with the increased [Ca®*] and
[Mg?2*], an increase in suspended particles, [Pb] and [Fe], was
observed at the same time as a rise in CO levels at Lennox,
coinciding with the morning traffic. Transfer of gaseous NH,
into the droplets could account for the increase in [NH, *] and
simultaneous drop in [H*] during the December 7 Lennox fog
event, while the other ions were maintained at constant con-
centrations. However, if the NH, had been present when the
fog formed, it would have been immediately scavenged because
of its high solubility at low pH. Unless there was a local source
for NH,, advective transport must be invoked to account for
the apparent increase in [NH, *].

In Pasadena, [H*] and [NO, "] simultancously increased
while the other ions were decreasing. This may be evidence for
the nocturnal formation of HNO, via the following reactions
[Graham and Johnston, 1978]:

NO + O, NO,; + O, &)
NO, + O, NO, + O, (6)

NO, + NO, N,O; 0]
N,Os + H,0 2HNO, ®)

II-5

Alternatively, the. increase in HNO, could result from scav-
enging or diffusion of fine aerosol to the droplets or by advec-
tion of fog with higher NO, ~ concentrations.

In nearly all the cases the dominant ions in the fog samples
were NO,~, SO.2~, H*, and NH,*, which are the major
components of secondary aerosol in Los Angeles [Cass, 1979].
These ions account for over 90% of the solutes in the initial
stages of the Lennox samples, The highest concentrations were
observed when the fog was preceded by smoggy days. Because
secondary aerosols are effective condensation nuclei [ Barrett et
al.,, 1979], they will exert a considerable influence on the com-
position and concentration in fogwater. When the con-
centration of secondary aerosol is high, the subsequent fogwa-
ter will also have high concentrations. The fraction of NO,~
and SO~ neutralized by NH; (measured in terms of NH, *)
will largely determine the free acidity of the fog that first
deliquesces. In this connection it is noteworthy that the initial
fogwater samples collected at Lennox are the most acidic, and
subsequent samples during the event are progressively more
neutral, while at Pasadena and Upland the converse is true.

If HNO, and NH, were present when the fog initially
formed, they would be scavenged rapidly as well and influence
the fogwater composition [Jacob and Hoffimann, 1983]. How-
ever, the combination of cooler temperatures and higher hu-
midity before the onset of fog will probably force NH, and
HNO; to condense into the particulate phase [Stelson and
Seinfeld, 1982; Stelson, 1982], which can be scavenged via nu-
cleation or diffusion as the fog forms.

Figure 6 is a conceptualization of the condensation/
evaporation cycle for fog droplets and illustrates the link be-
tween fogwater chemistry and the chemistry of smog and haze
aerosol. High atmospheric concentrations of aerosol precursors
appear to result in highly concentrated fogwater. Likewise,
dissipation of highly concentrated fog results in very con-
centrated and reactive aerosol. The high trace-metal content in
fogs would catalyze SO, oxidation. This link between fog and
the subsequent aerosol can be seen in the correlation reported
by Cass [1975] between morning fog and high humidity and
high aerosol sulfate concentrations in the afternoon.

THE RoOLE OF ALDEHYDES IN FOG DROPLETS

Aldehydes are released as primary emissions from combus-
tion sources and are generated photochemically from hydro-
carbons [ National Research Council, 1981]. The peroxide radi-
cal is an important byproduct of these reactions. Aldehydes are
photochemically destroyed, with OH- and HO,- as bypro-
ducts. Intermediates in aldehyde reaction pathways also play a
role in the gas-phase reaction networks of SO, and NO,.

Concentrations of formaldehyde as high as 0.5 mM were
present in the Los Angeles fogwater samples. Other aldehydes,
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Fig. 3. lonic composition as a function of time in sequential fog samples. Sampling interval is indicated by the width of
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such as acetaldehyde and benzaldehyde, are present in the Los
Angeles atmosphere [National Research Council, 1981; Gros-
jean, 1982], and their presence in fogwater samples at com-
parable concentrations has been confirmed by the hydrazone
derivative method [Fung and Grosjean, 1981]. Aldehydes react

II-6

with HSO, ~ according to the following general stoichiometry:
HSO;~ + RCHO=RHOCHSO;"~

The formation constant for the formaidehyde-bisulfite addi-
tion complex, HMSA, has a maximum of about 10° between

®
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Fig. 4. (a-h) Nondimensional concentrations of individual ions in fog collected on December 7-8, 1981, at the Lennox
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sample was not analyzed. Magnesium and sodium, which are not shown, were nearly identical to Ca®* and ClI-,

respectively.

pH 4 and 6 and drops to 10° at pH 9 [Dasgupta et al., 1980].
Stewart and Donnally [1932] observed a similar pattern for the
formation of the benzaldehyde-S(IV) adduct. They also ob-
served an interaction between temperature and pH. At low pH
the temperature dependence of the equilibrium was stronger
than at high pH. Low temperature increased the stability of the
complex. The molar ratio of formaldehyde to S(IV) in the fog
samples ranged from 0.9 to 17. Using Dasgupta’s constants, the
free S(IV) concentration in the fog ranges from 5% to 60% of
the total. The equilibrium partial pressures of SO, and CH,0,
required to achieve the S(IV) and CH,O values measured in the
fogwater, were calculated from the following mass balance
relationships:

[S(IV)] = [SO;(aq)] + [HSO; "] + [SO;*7]
+ 3 [RCHOHSO,-]1+ Y [M,SO,]  (10)
i=1 i=1

[R;,CHO}; = [R,CHO] + [R;,CHOHSO,~]  (11)

where R; CHO represents aldehydes forming sulfonic acid ad-

- ducts, and M; represents first-row transition metals forming

stoichiometric sulfite complexes, Using the appropriate con-
ditional equilibrium expressions for the concentration of the
sulfonic acid adducts of CH,0, CH;CHO, C,H,O, and the
sulfitoiron(IIl) complex, and ignoring other S(IV) adducts and

complexes because of their low potential concentrations, gives

. Knl KannZ KalKnZﬂ
[Sav)] —KHPSOZ(I iR T ey P

) "’ ) (12)

. a1 KuPso,
[R.CHO]; = xu'Pmo(l + —[T{"—]i‘* K) 13)

[Fe(II)]; = [Fe(II)] + [Fe(IINSO, "] (14)

where f§ is the formation constant for an Fe(III) — S(IV) com-
plex; K’ is Henry’s Law constant for R;CHO; K is Henry’s
Law constant for SO,; K,, and K,, are acid dissociation
constants; K,; is the bisulfite adduct formation constant,
Prcuo and Py, are partial pressures.

Substitution of the aldehyde and metal mass balances into
(12) gives

[saviy =

KHPSOz
]
K. K. BIFelIH T
H*1? + a2
[0+ s N T S KoK oK)
KK H'FIRCHOK] o
*E. | +K..,K,.K"Pso,)] 3 .

The appropriate equilibrium constants are given in Table 4,

II1-7
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In the absence of adduct formation the equilibrium partial
pressures of CH,O calculated from fogwater data range from
16 ppb to 76 ppb, which are reasonable values for the Los
Angeles atmosphere [Grosjean, 1982]. Adduct formation would
lower the equilibrium partial pressure. The highest values of
S(1V) found in some fog samples cannot be completely accoun-
ted for by aldehyde and iron-complex equilibria alone. Mea-
sured sulfite is 4-5 times higher than the predicted equilibrium
value, even with Pg,, as high as 30 ppb at the Los Angeles sites
or 50 ppb at Oildale, which are the highest values for those
sites. The lower concentrations of S(IV), however, are com-
parable to the values predicted from equilibrium consider-
ations. Stable organic and inorganic sulfite species in ambient
aerosols have been demonstrated to exist [Izatr et al., 1978;
Eatough et al., 1978]. Aldehydes may play an important role in
the atmospheric chemistry of S(IV) as stabilizers that retard
oxidation of $(IV), and possibly as sources of peroxides and free
radicals through their photochemistry. More data on the alde-
hyde content of the atmosphere are necessary to ascertain their
role in the heterogeneous chemistry of SO,.

NITRATE TO SULFATE EQUIVALENT RATIOS

As is indicated in Figure 7, [NO, 7] in Pasadena and Lennox
was about 2.5 times [SO,2~]; at Oildale and Upland the ratio
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Fig. 5. (a-h) Nondimensional concentrations of individual ions in
fog collected on November 23-24, 1981, at the Pasadena sampling site.
The normalization procedure and scales are described in Figure 4.
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was closer to 1 : 1, The nitrate to sulfate ratios in fogwater differ
markedly from that observed in Los Angeles area rainwater
[Liljestrand and Morgan, 1981]). In rainwater the equivalent
ratio was less than 1 for coastal and central Los Angeles sites
and increased to unity at Riverside at the eastern edge of the
basin. Fogwater exhibited the opposite trend: [NO, ~] exceed-
ed [SO,%7] at the coastal and central Los Angeles sites and
decreased to near one at the most inland site (Upland). Beside
the differences in their source strengths (NO, emissions exceed
SO, emissions by a factor of 2.5 in Los Angeles), there are
important differences in the kinetics of their respective oxida-
tions and scavenging processes, as is discussed by Jacob and
Hoffmann [1983].

SopiuM CHLORIDE RATIOS

As Figure 8 illustrates, most of the fogwater samples had
Na:Cl ratios near that of seawater. There were a few samples
with excess C1~, which may be due to local sources. The highest
excess of C1~ was found in Lennox fog during morning rush
hour, which suggests lead bromochloride salts from automobile
emissions as a possible Cl~ source. Those samples also had
high [Pb]. Two of the samples with excess Na™ were collected
at the beginning of fog events and may be affected by soil and
dust. However, the other samples with excess Na* were ex-
tremely acidic. Reaction between marine aerosol and acidic
gases or aerosol may be volatilizing HCI in the fog or the
preceding aerosol as suggested by Eriksson [1960] and Hitch-
cock [1980]. The resulting fog would be deficient in C1~.

COMPARISON TO OTHER DATA

Fog and cloudwater ionic concentrations as high as in some
of these samples have been observed previously (see Table 5).
At many of the sites, pH values were in the range 3 to 4, but
none were as low as the most extreme values for the Los
Angeles area fogs. The concentration ranges for the cations
Na*, K*, Ca%*, and Mg** in other regions overlap with the
concentration ranges observed in Southern California. The ex-
treme values reported here, which were found in light fogs and
in the Lennox sample that was laden with particles, are some-
what higher. Ammonium concentrations are comparable, but
the extreme values observed in this study are about 10 times the
maxima for previously reported data. Sulfate concentrations
are comparable to other reported values, while nitrate con-
centrations are considerably higher in the California fogs,
which is to be expected because of the dominance of NO,
emissions. Furthermore, high concentrations of HNQ,, which
can be easily scavenged by fogwater, have been measured in the
Los Angeles atmosphere [ Appel, 1981].

Dense smog as a precursor gave rise to the most highly
concentrated fogwater in Los Angeles. Other areas of the world
subject to intense air pollution may also prove to have highly
concentrated fogwater. Although ionic composition in the 1952
London fog was not measured, approximate calculations based
on SO, emission rates, measured SO, concentrations, droplet
residence time, and liquid water content [Wilkins, 1954q, b}
gives SO, 2~ concentrations of 11 to 46 meq 1™ *. For compari-
son, the extreme value measured during the winter of 1981~
1982 in Southern California was Smeq ™!

IMPLICATIONS

Highly concentrated fogwater can have several important
environmental effects. Sedimentation and impaction rates of
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FOG: LINK BETWEEN ATMOSPHERIC AND WATER CHEMISTRY

Aerosol Formation
from Gas Phase Nucleation

Growth by Water
Condensation
on Existing Nuclei

Further

HAZE/AEROSOL
Evaporation

Dilution

FOG DROPLET Dissolution of

Gaseous Components
eq. NOx » 502, NH3.

Concentration
by Evaporation

i

PR R

J— foiiniinn

Chemical Conversions
and
Deposition to Surfaces

TEMPERATURE

RELATIVE
HUMIDITY

Fig. 6. A schematic diagram depicting the temperature and humidity dependence for fog formation and the apparent link

between atmospheric gas phase and water phase chemistry.

TABLE 4. Equilibrium Constants Applicable to S(IV) and Aldehyde Chemistry

K, AH° 298,
M or M atm™! keal mol Reference
Kn
S04 = 50,4y 1.245 —~6.247 Sillén and Martell [1971]
'
80,4, F H* 4+ HSO, "~ 1.290 x 10~2 —4.161 Sillén and Martell [1971]
K
HSO,~ = H* +S0,*" 6014 x 10-® -223 Sillén and Martell [1971]
Ky
CH,0,, = CH,0,,, 63 x 10° - Ledbury and Blair [1925]
Kat
CH,0,, + HSO,~ = CH,OHSO," ~10° — Dasgupta et al. [1980]
s
Fe?* + S0O,2~ == FeSO,* =100 — 10'® — Carlyle [1971]; Hansen et al. [1976]
K, .
C,H,0 + HSO, - = C,H,OHSO," ~10° — Stewart and Donnally [1932]
Kas
C,H,O + HSO,~ = C,H,OHSO," =10° —

by extrapolation
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Fig. 7. Plot of nitrate and sulfate equivalent concentrations in fogwa-
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fog droplets will be greater than for dry gas and aerosol. Roach
et al. [1976] have calculated that up to 90% of the liquid water
condensed during a fog event may sediment out on the ground.
When winds accompany fog, interception of droplets by veg-
etation is also a major depositional pathway [Schlesinger and
Reiners, 1974; Lovett and Reiners, 1982]. Measurement of rain
and dry deposition fluxes alone may not adequately account for
atmospheric loadings in regions where fog is frequent. Surface
wetness from fog deposition may enhance deposition of SO,
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Fig. 8. Plot of sodium and chloride concentrations. Dashed line indi-
cates the NaCl ratio in seawater.
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and subsequent oxidation to SO,2~ (with a possible involve-
ment of trace metals) [ Lindberg et al., 1979].

Fogwater deposited on leaf surfaces is highly efficient in
leaching ions from the leaves [Tukey, 1979] and may result in
some plant injury. Experiments with acid mists show plant
injury occurring at pH levels around 3 [Jacobson, 1980], which
is typical of fogwater in parts of Southern California. Damage
to building materials and metal surfaces is also possible from
deposition of acidic fog. Corrosion of statuary and building
materials has been observed in several locations throughout the
world. The role of fog in this damage is not known, although
research [ Metropolitan Museum of Art, 1979] on the Horses of
San Marco (ca. 100 B.C.) in Venice, Italy, indicates that fog and
high SO, concentrations have resulted in significant damage
during the last 50 years.

Historically, fogs have been implicated in a number of severe
pollution episodes that caused increased human mortality [En-
vironmental Protection Agency, 1971]. The most notable of
these is the infamous London Fog of 1952 [Wilkins, 19544, b],
which caused 4000 excess deaths during the 5-day episode and
12,000 deaths over 4 months. Further research is needed to
ascertain whether the fog caused mortality or was merely a
consequence of the severe inversion conditions that caused a
build up of toxic air pollutants, which were the true agents of
mortality. Previous analysis [Larsen, 1970] suggested that
these deaths correlated well with the product of gas-phase SO,
and particle concentrations; however, sulfuric acid mists have
been implicated [ Wilkins, 1954a, b].

CONCLUSION

Fogwater in Southern California provides a propitious envi-
ronment for the scavenging of particulate and gaseous forms of
S(IV), S(VI), N(V), and N(—III); for the subsequent conversion
of S(IV) to S(VI); and for the concomitant production of aci-
dity. Unusuaily high concentrations of SO,2~, NO;~, NH,*,
and H* were observed. The highest concentrations were ob-
served during fog events preceded by smoggy days. Acidity
caused by NO;~ and SO,2~ precursors was neutralized to
some extent by scavenging of NH; and calcareous dust.

The physical processes of condensation and evaporation,
along with scavenging and subsequent chemical conversion of
reactive gas-phase components, appear to mutually control the
temporal trends in fogwater composition. The apparent cyclical
relationship between the occurrence of smog and fog in the Los
Angeles basin is a manifestation of this phenomenon. The late
night and early morning fogs, which form more readily in a
particle-laden atmosphere, appear to accelerate and enhance
smog production, visibility reduction, and particulate sulfate
levels during the subsequent day. This relationship can be
dubbed the smog-fog-smog cycle. .

Clearly, more research is needed to elucidate the mechanisms
by which fog-processed aerosols become highly reactive sites
for daytime photochemical transformations. The role of alde-
hydes and transition metals in the transport and transforma-
tion of S(IV) in atmospheric water droplets needs to be ex-
plored more intensively. Furthermore, given the millimolar
concentrations of some of the metal ions in urban fog, the effect
of metal ion catalysts on important chemical transformations
(e.g., S(IV) to S(VI)) needs to be considered more carefully in the
development of quantitative air quality models for urban
airsheds.
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TABLE 5. Summary of Fog and Cloud Water Compositions

peq 17!
Location Date Type* pH 50,2~ NO,~ cl- Na* K* Ca®* Mg** NH,* ' Reference

Mt. Washington, N.H. 193040 CF  30-59 4.2-1100 0-34 Houghton [1955]
Nantucket, Mass. 193040 MF —  285-2600 650-5750 Houghton [1955]
Brooklin, Maine 1930-40 F 3563 95-770 0-140 Houghton [1955]
SW of London 1960 Ct 4472 40 19 94 95 13 66 25 22 Oddie [1962]
Germany, Baltic Sea  1955-65 MFt 38 1860 900 1740 1500 240 750 2335 Mrose [1966])

Harz Mtn. 1955-65 CFt S.1 775 450 205 295 85 220 710 Mrose [1966]

nr. Dresden 1955-65 UFt 4.2 3300 380 585 3180 2100 Mrose [1966]
Kiev, USSR Dec. 1964 C 34-54 400-2060 17-200 115-325 80-215 30-130 40-535 16-160 235-1300 Petrenchuk and Drozdova [1966]
Mt. Noribura, Japan  July 1963 CF 34-43 230-1250 50-350 75-230 45-165 55-85 115-260  Okita [1968)
M. Tsukaba, Japan Nov. 1963 CF 5.6-6.5 360-2065 11-75 295-1270 180435 154 110-965  Okita [1968]
Puerto Rico Nov-Dec. 1967 C 49-54 75-190 150—19_75 20-90 35-400 Lazrus et al. [1970]
Nova Scotia Aug. 1975 MF 54470 14-235 880-1240 43-50 38-69 42-77 9-72 Mack and Katz [1976]
Coastal California Sep—Oct, 1970 MF 77490  24-235 96-1235  78-945 11-23  9-100 23-175 0-580 Mack et al. [1977]
Whiteface Mtn, NY.  Aug. 1976 CFt 36-39 52-140  140-215 1.7-3.1 23-11 1320 10-20 22-6.1 32-89 R. A. Castillo et al. (unpublished manuscript, 1980)

Aug. 1980 CF 3240 32-806 7-192 i-14 1-7 1-6 4-197 Falconer [1981]

Los Angeles, Calif. Jan. 80 C

*Type of sample: F = fog; C = clouds aloft; CF =

tMean values of samples
$Range of mean values; otherwise range of samples

4668 5-400 0-445 1-760 2-50 1-70 0-230 Hegg and Hobbs [1981]

intercepted clouds; MF = marine fog; UF = urban fog
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Kinetics and Mechanisms of the
Catalytic Oxidation of Dissolved
Sulfur Dioxide in Aqueous
Solution: An Application to
Nighttime Fog Water Chemistry

Michael R. Hoffmann
Daniel J. Jacob

Sulfur dioxide can be oxidized to sulfate aerosols either homogeneously in the
gas phase or heterogeneously in atmospheric microdroplets [1-3]. Field studies
indicate that the relative importance of homogeneous and heterogeneous processes
depends on a variety of climatological factors, such as relative humidity and the
intensity of incident solar radiation [4-9].

Cass {5] has shown that the worst sulfate pollution episodes in Los Angeles
occur during periods of high relative humidity and when the day begins with
low clouds or fog in coastal areas, while Cass and Shair [4] have reported that
nighttime conversion rates (5.8%/h) for SO; in the Los Angeles sea breeze/land
breeze circulation system are statistically indistinguishable from typical daytime
conversion rates (5.7%/h) for the month of July. Liljestrand and Morgan [10],
in their study of rainfall in the Los Angeles basin, have reported that light, misting
precipitation events resulted in low pH values (e.g., pH 2.9) and correspondingly
high SO%~ and NO3 concentrations.

Results of these investigations along with the results of other investigators
[6-9,11-13] indicate that aqueous-phase oxidation of SO; is a significant pathway
for the total transformation of SO,.

Waldman et al. [14] characterized the chemistry of winter fogs in the Los
Angeles basin; they reported that nighttime fog water has extremely low pH values
(e.8., pH 2.2) and extremely high concentrations of sulfate, nitrate, ammonium
ion and trace metals. Observed ranges reported by Waldman et al. [14] are summa-
rized in Table 1. Of special interest are the high values observed for SO?~, NOj,
S(1V), CH 0, and Fe, Mn, Pb and Cu ions in the fog water droplets. These values
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and their time-dependent changes [14] indicate that nighttime fogs provide a very
reactive and complex environment for the incorporation and transformation of
SO; and NO; to their acidic products, H,SO, and HNOs. Concomitant incorpora-
tion of NHj gas and calcereous dust into the droplet phase results in the partial
neutralization of the generated acidity. Later sections of this chapter will diszuss
models for the detailed thermodynamic speciation and possible reaction kinetics
that lead to sulfate and nitrate prodaction in these droplet systems.

Because of their similarity to clouds with respect to physical characteristics,
fogs are likely to reflect the same chemical processes occurring in clouds and, to
some degree, in aqueous microdroplets. Cloud and fog water droplets are in the
size range 2-100 pm, whereas aqueous microdroplets will be in the range 0.01-1
pm. On the other hand, raindrops are approximately 100 times larger than cloud
and fog water droplets (e.g., 0.1-3 mm). In the Los Angeles study, Waldman et
al. [14] found that fog water was more concentrated in the primary constituents
than was the overlying cloud water, which was in turn more concentrated than
rain water during overlapping periods of time. These results suggest that fog and
low-lying clouds may play an important role in the diurnal production of sulfate
and nitrate in the Los Angeles basin during certain times of the year when the
meteorological conditions are propitious for fog and cloud formation. Furthermore,
Hegg and Hobbs [15]) have observed sulfate production rates in cloud water over
western Washington that ranged from 4.0 to 300%-h-! and pH values from 4.3
to 5.9. The sulfate production rate appeared to increase with an increase in pH.
Similar pH values and sulfate levels were observed in stratus clouds over the Los
Angeles basin [15].

Historically, fog events have been correlated with severe pollution episodes
in which elevated concentrations of SOz and particulate acrosol have been observed
(16). During many of these extended fog periods excess deaths were recorded
[17-21]). The London fog of 1952 was particularly bad in this regard. For example,
during the London fog of 1952 the daily mass emission rate of SOz has been
estimated to be 1.82 X 10° g, the affected area to be 1.3 X 10° m3, the height of
the inversion layer to be 150 m and the liquid water content at 1.23 X 102 g
[22). Given the daily observed increase in the gas-phase SO, concentration of
0.18 ppm and an established droplet residence time cf 0.25 days [18], the sulfate
concentration of the fog water can be estimated to be approximately 11.0 meq-
L™t with an apparent conversion rate of 12.5%-h-1, This estimated value can be
compared to the sulfate ranges observed in the Los Angeles fog water, which
were 0.8-3 meq-L~'. However, the London fog lasted for five days while the Los
Angeles fogs of 1981-1982 persisted for no more than eight to ten successive
hours.

As pointed out in Chapter I, gas-phase reactions involving hydroxy radical
oxidation of SO, are too slow to account for the very high transformation rates.
Alternatively, the catalytic autoxidation of SO; in aqueous microdroplets has been
suggested as a nonphotolytic pathway for rapid production of sulfuric acid in
humid atmospheres [22-30]. In addition, H,0; and O; have been given serious
consideration as the major oxidants of dissolved SO; as discussed in Chapters 2
and 4. Oxidation by H;0O;, seems to be most favorable because of its exiremely
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high rate of reaction [31-34] and its pH dependence which favors the reaction
at low pH. In comparison, metal-catalyzed autoxidations tend to exhibit decreasing
reaction rates with a decrease in pH [27). Similarly, the reaction rate of Oy with
S(IV) decreases with a decrease in pH.

Limiting factors in the metal-catalyzed pathways will be the total concentra-
tion of the active metal catalyst and its speciation as a function of pH. As shown
in Table I, Los Angeles fog water has high concentrations of Fe, Mn, Cu, Ni
and Pb ions. Of these metals, Fe, Mn and Cu are expected to be the most effective
catalysts for autoxidation of S(IV) [27,34]. The highest observed concentrations
for Fe and Mn were 424 and 14.8 pM, respectively, while the average Fe and
Mn concentrations in Los Angeles fog water were observed to be 51.6 and 1.7
pM, respectively. For comparison, Thornton [35] has reported that the worldwide
mean concentrations for Fe in urban, rural and remote rainfall are 4.5, 3.1 and
0.13 pM, respectively. In many calculations of the droplet-phase SO, oxidation
rate [2,36-39], the assumed Fe concentrations range from 1 to 360 uM and the
assumed Mn concentrations range from 1 to 37 pM. At the upper range of the
concentration scales, metal-catalyzed reactions may play an important role in the
overall SO; oxidation rate in light of the rate laws discussed in Chapter 2. The
role of metal ion speciation and kinetic models for fog water chemistry will be
discussed later in this chapter.

To translate laboratory results on the kinetics of various pathways for SO,

‘oxidation in aqueous systems to atmospheric droplet systems, detailed rate laws,

mechanisms, activation energies and ionic strength dependencies should be deter-
mined. In only very few cases has this complete information been assembled. How-
ever, in the case of metal-catalyzed systems, there are numerous discrepancies
among investigators concerning the detailed kinetic information [15]. Metal-cata-
lyzed autoxidations can proceed via four distinctly different mechanistic pathways
[40). These include a thermally initiated free-radical chain reaction involving a
series of one-electron transfer steps, an inner-sphere metal-sulfite complexation
pathway involving a series of two-electron transfers, a surface complexation pathway
involving metal oxides and oxyhydroxides in suspension, and photoassisted path-
ways in which the oxidation is initiated by absorption of light by S(IV), metal
ions, metal oxide surfaces or a specific metal-sulfite complex. The details of these
different reaction pathways will be discussed in the next section of this chapter.

The mechanism of the oxidation of S(IV) by hydrogen peroxide is fairly
well understood [31-33,41,42}. This reaction proceeds via nucleophilic displacement
of HyO; on bisulfite (HSO;3) ion and is catalyzed by specific and general acid
catalysis. The significance of this latter feature for open atmospheric systems has
been discussed in Chapters 2 and 4. On the other hand, the mechanism of the
oxidation of sulfite by ozone [32,43] and its various catalytic influences are less
well understood. Most likely, the reaction with ozone proceeds via a free radical
mechanism involving the sulfite radical and peroxymonosulfite radical species [32].
The details of the polar pathway involving H.O; and the radical pathway involving
Oj will be presented in the next section. This discussion will be followed by presenta-
tion of a fog water chemistry model that will incorporate and test the various
reaction pathways for an open nonphotolytic system.

M = ! ol o . 7 PR P

S(1IV) OXIDATION MECHANISMS
1. Metal-Catalyzed Pathways for Oxidation

Reactions of the triplet ground state of molecular oxygen with singlet ground
state reductants such as SO, proceed slowly because they involve changes in spin
multiplicity and a large degree of bond deformation or alteration in the formation
of products. In many cases, the reactions of O; with organic and inorganic reduc-
tants can be accelerated in the presence of transition metal ions and their complexes.
In particular, the first-row transition metal ions have been shown to be particularly
effective as catalysts for autoxidation [44]. Catalysis by first-row transition metals
may occur homogeneously or heterogeneously in the liquid phase. If the catalytic
center involves a soluble metal ion or complex, the reaction can be classified as
a homogeneous process; however, if the catalytic center involves a metal surface
such as an oxide, oxyhydroxide or sulfide solid, then the reaction can be classified
as a heterogeneous process in the liquid phase. Transition metal ions such as
Co(II), Co(111), Cu(ll), Fe(lI), Fe(III), Mn(1I), Ni(1I), V(IV) (as VO?**) and their
soluble complexes have been shown to be effective homogeneous catalysts [44],
while solid surfaces such as Fe;O, [45), TiO; {45}, CdS [45]), ZnO {45], FEOOH
{37), Co(OH), [46), V.05 [47], MnO; [48] and MnOOH (48] have been shown
to be effective heterogeneous catalysts for certain redox reactions.

Numerous attempts have been made to characterize the kinetics and mecha-
nisms of metal-catalyzed autoxidation of S(IV) in aqueous solution; however, these
studies have been characterized by inconsistent reaction rates, rate laws and pH
dependencies [27,40,44,49]. In this section, postulated mechanisms and their result-
ing theoretical rate expressions will be examined critically. In general, the homoge-
neous reaction mechanisms can be broken down into three general categories:
(1) free radical chain mechanisms involving a sequence of one-electron transfer
steps following a thermal initiation; (2) polar mechanisms involving inner-sphere
complexation and two-electron transfer steps; and (3) photoassisted mechanisms.
These mechanisms, their rate expressions and the empirical rate laws will be com-
pared for consistency.

a. Free Radical Chain Reactions
Oxidation of S(IV) in aqueous solution proceeds according to the following simple
stoichiometry:

H,080¢ - + 0.5 0; — H,SO2 " )

where n varies from 0 to 2 depending on pH. Bickstrém [50] proposed that the
reaction of Equation ! involves a chain mechanism in which a metal ion, M™%,
of appropriate oxidation state initiates the radical sequence as follows:

initiation Mr* 4 SO3- —= Min-D+ + SO3 (0))
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propagation  SO3 + O, LR SOz 3)
propagation SO + SO2- — SO~ + SO3 @
oxidation  SO3- +S03- — 2502- )
[ 2505 . 5,02 ©
termination { SOF +$OF — §,03" + 0 m
| 505 +50; b, 5,08 +20, ®

where the initiation step involves a one-electron reducible metal ion as the catalytic
initiator [for a truly closed catalytic sequence, M™~1* must be oxidized back to
Mp=+), the propagation steps involve SO3, SO; and SO?~ (peroxymonosulfite ion)
as reactive intermediates, the oxidation step is invoked for stoichiometric reasons,
and the termination steps result in the production of dithionate, a frequently ob-
served but low-yield product.

Theoretical rate expressions for the overall stoichiometric reaction (Equation
1) (i.c., the summation of Equations 2-5) can be derived readily from the appropriate
* differential equatlons describing the total rate of appearance or of dlsappearance
of each species involved in the mechanism provided that the steady-state approxima-
tion is used. For example, assuming that the chain mechanism involves Equations
2-5 and Equation 6 as the termination step the following rate expression can be
derived [51].

-d[SO"]/ dt = d[SO%")/dt = k,[SO%"][M"*] 9)
+ ko(2k1/ks)*3[M=+105[SO2-]°5[0;) (

Since the sulfite chain reaction has a chain length of ~50,000, according to
Bickstrom [50], the long chain length approximation can be invoked (i.e, vp/
vy >> 1 or the ratio of the rate of propagation to the rate of initiation is very
large) and Equation 9 can be rewritten as:

—d[SO%"}/dt = k'[M"*]°5[SO%~]°5[0;] (10
Whel’e k'= kz(2k,/k5)°-‘
Different theoretical rate expressions can be obtained if assumptions are made

about the nature of the rate-determining propagation step and the corresponding
termination step. In addition, the steady-state and the long chain length approxima-

il 21 ATy = ) BRUEAT |

Table II. Theoretical Rate Expressions Obtained from the Biickstrém [50)
Mechanism for Various Termination Steps®

Rate
Termination Step Coefficient, k a B v
ks ka(2k,/kg)'2 1/2 172 |
ke (2kskaky/ke)*/2 172 1 172
ks ka(2k,/kq)t '3 172 32 0

*a, 8, and ¥ represent the reaction orders for the reaction rate given by the
generalized rate expression —d[SO3~)/dt = k[M=*|*[SO}~JA[O,].

tions for a free radical, closed-sequence catalytic [51,52) process can be used to
simplify the algebraic manipulations. Theoretical rate expressions obtained with
these procedures are listed in Table II [25,26,37,46,53-60).

The theoretically derived rate expressions can be compared to the empirical
rate laws reported by other investigators (Table III). Perusal of this list indicates
a considerable lack of agreement among these investigators as to the specific reaction
orders; in particular, few empirical rate laws agree with the derived rate expressions
shown in Table II. The empirical rate laws observed by Barron and O'Hern [66),
Chen and Barron [58] and Bengtsson and Bjerle [60] at constant pH are in general
agreement with the third rate expression of Table I1. However, later results reported
by Sawicki and Barron [59] using a thin-film reactor system contradicted earlier
results reported by Barron and co-workers [58,66). Most often the various investiga-
tors concur that the reaction order in oxygen is zero. However, it should be pointed
out that an oxygen dependence in many cases was overlooked by using pseudo-
order conditions in oxygen or, in other cases, mass-transfer limitations may have
resulted in an apparent zero-order oxygen dependency. The first and second rate
expressions of Table II show a nonzero reaction order in oxygen and a half-order
metal ion dependence, whereas most investigators report a first-order metal ion
dependence and a zero-order oxygen dependence. Nonetheless, many of these inves-
tigators cite the Bickstrom [50] mechanism as a logical sequence of elementary
reactions that is adequate to explain their empirical observations. Clearly, in many
cases it appears to be inadequate. Finally, a caveat to this comparison is that
few investigators used similar analytical and kinetic methodologies and fewer used
identical concentration and pH ranges. As a result the lack of agreement is some-
what understandable and may suggest that parallel mechanistic pathways are fol-
lowed which will result in complicated multiterm rate laws.

In most kinetic studies of the metal catalyzed autoxidation of S(IV), SO}~
has been identified as the reactive form of S(IV). If this is indeed the case, the
apparent pH dependencies in part can be expressed as follows:

[SUV)] = [H,0+S0s] + [HSO5] + [S02"] )
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Table I11. Empirical Rate Laws Reported by Various Investigators for
the Metal Catalyzed Autoxidation of SO,-*

Mnrt a B Y A Reference
Mn32* 2 0 0 53
2 0 0 -1 Chapter 2°
1 1 0 1 Chapter 2%
1 1 0 1 54
<1 <1 0 55
. 1 1 0 56
Fe3* 1 1 0 1 37
1 2 0 1 25
1 12 ? 2 26
1 1 0 -1 Chapter 2
2 2 0 I/n 57¢
1 1 1] 1/n 57¢
Co** 172 352 0 58
172 ? 2 59
Co?t 172 372 0 -1 60
1 1 1 61
2 1 1 | 62
172 1 0 1/n 63°
172 32 0 64
Cu2+ 1 1 0 172 65
172 372 0 66
172 372 0 46
1 1 0 56

*a, f3, v, and A represent the reaction orders for the reaction rate given by
the generalized rate expression —d[SO3-J/dt = k[M~*][SO3-|8[O,]"[H* ]2

® Multiterm rate law.

¢ Multiterm rate law where n =0, 1 or 2.

[H;0-50,] = [HSO3] + [H*] (12)
[HSO5) =2 [H*] + [S0%] (13)
[SAV)] = [S02"] (%{% + [—2—? + 1) (14
Substitution into Equation 10 gives
;g% = KIMISAVIP04) ([w]2 + Kli{lnli], n K.,K.,) (19

Alternative free-radical mechanisms have been postulated [67,68]. Hayon
et al. [67] observed the formation of the sulfate radical ion, SO7, during the flash
photolysis and pulse radiolysis of oxygenated sulfite solutions, and they found no
firm evidence for SO;. If the flash photolysis experiments employed by Hayon et
al. [67] truly give insight into more moderate energetic conditions anticipated in
thermal reactions, the following mechanism can be postulated:

initiation M+ + SO —Ls M-+ 4§03 an
SO + 0; — SO; (18)

propagation  SOj + SO3- —- 07 + SO2- (19)
SO; + S03- —++ 502~ + 503 @0)

(SO7 + S0; — 5,08~ + 20, e

termination 4 SOF + SO; — §,02- + O, @2)

- -k -
(SO; + 807 — 5,07 23

This mechanism is similar in many respects to the Bickstrom mechanism with
the exception of the inclusion of the sulfate radical ion as a reactive propagation
intermediate.

Once again, theoretical rate expressions can be derived from the mechanism
above using the steady-state approximation, the long chain length assumption,
and the assumption that the rate of initiation is equal to rate of termination at
steady-state (i.e., v; = v when d[SO3]/dt = d[SO{}/dt = d[SO:)/dt = 0). The
resulting equations are listed in Table IV. Regardless of the basic assumptions,

Table IV, Theoretical Rate Expressions Obtained from the Hayon
et al. [67) and Schmittkunz [68] Mechanisms®*

Termination Rate
Mechanism Step Coefficient, k a B b4
Hayon et al. ks * ke(2ky ko) 2 172 32 0
Hayon et al. ks or kj ki(2k,/kq) 12 172 3/2 0
Schmittkunz Kz ks(2k}/kq2)t/3 1/2 1 172

*a, B, and ¥ represent the reaction orders for the reaction rate given by the
generalized rate expression —d[SO2-)/dt = k[M"*]°[SO3-15[0s]".
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the mechanism of Hayon et al. [67] yields a single rate expression in which there
is a half-order dependence on the metal ion concentration and a three-halves-
order dependence on sulfite. The same result is obtained if the k2 step is assumed
to be the rate limiting propagation step.

The mechanism proposed by Schmittkunz [68] postulates two separate chain
propagation sequences resulting from two different initiation steps. The first se-
quence is similar in form to the Bickstrom mechanism and the second involves
03, HOy, -OH and H: as chain carriers. The postulated mechanism is:

J MLy~ + 0, —s Mr*Lin-1- 4+ OF 29
initiation
- K3!

| O3 + H* == HO;" (25)

[ OH- + SO~ —*+ 502 + -OH @6)
propagation { +OH + SO —*,502- + H- @n

| H- + 0,25 HO,- (28)
termination  2HO,- — H,0; + O; ©29)

‘here M**L2~ is a metal(M)-ligand(L) complex of appropriate charge, x-n, and
K., is the acid dissociation constant for the hydroperoxyl radical/superoxide acid-
base equilibrium. The second radical pathway involves SO3, SO and SO; as
chain carriers accordingly:

MLy~ + 50— MOD*Lg~ 4+ 503 (30)
SO + 0, —+ 50 ah

SO; +501- -4 502- 4+ 507 62)

$O7 +502- —% 503 + SO2- G3)
2503 —%, 5,02~ + O, (4)

This two-part overall mechanism indicates that there are two transition states
and, consequently, a two-term rate law. The rate expression obtained with the
methods used above is

serens - : : P ey Foaean P e

d[SOF")/dt = Zke(ki/2k1a)**[M=*L3™*]05[0,]05[502-] 35
+ 2ki(ky/ 2kp)*S[M** Ly 1jos[s02-]"4 33)

In this case, pH dependencies in terms of the acid base chemistry of SOx(aq)
have been ignored. A complete analysis valid over broad pH ranges requires consid-
eration of the roles of SO,-H,0, HSO3, SOyH0* and HSO;- as reactive species.
Larson et al. [29] used a hybrid mechanism involving two distinct chain propagation
sequences with superimposed acid-base equilibria to obtain a rate expression that
agreed moderately well with their empirical rate law.

b.  Polar Mechanisms Involving Inner Sphere
Complexation

Nonradical, polar mechanisms for metal-catalyzed autoxidation of SO.(aq) have
been proposed [25,40,55,56,69). The common features of the mechanisms include
inner-sphere complexation of the catalytic metal by sulfite as a prelude to electron
transfer, subsequent binding of dioxygen by the resulting metal-sulfito complex,
and finally electron transfer via successive two-electron transfers as opposed to a
series of one-electron transfer, chain propagation steps.

Catalytic Effect of Mn2*, Bassett and Parker [69] found that Mn2* salts had a
pronounced catalytic effect on the rate of sulfite autoxidation with almost complete
suppression of dithionate formation; that the nature of the Mn?* counterion (i.e.,
S0%~ or CI7) strongly infiuenced the reaction rate due to competitive complexation;
and that a similar catalytic sequence was observed for Co(lI) and Ni(Il) salts.
Based on these observations they proposed the following polar mechanism:

Mn?+ +so;-,_k——1_—a__-'anso<; (36)
MnSOg + SO3- “"Tk—"." Mn(SOW}- 6N
Mn(SO5)2- + O; ._:——'T—a_ Mn(SO4):02- 8)
Mn(SO;),03- ;';‘—;Mnﬂ + 2501 (39)

A theoretical rate expression can be derived from this sequence of elementary
reactions using the vector method of King and Altman [70]. In this procedure
the mechanism is written in a cyclic form that represents the closed nature of
the catalytic cycle for the overall reaction. The number of intermediate complexes
is readily identified and the concentration of each form of the catalyst can be
shown to be proportional to the sums of the terms that are obtained from the
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elementary reaction steps which individually or in sequence lead to the specific
form of the catalyst. The number of rate constants (or products of individual
rate constants and concentrations of species in excess) must be one less than the
number of species in a particular cycle. The steady-state approximation is applied
to the sresultant equations for each reactive intermediate and the final rate expression
is obtained by substitution into a designated rate-limiting step. Using this procedure,
the following rate expression is obtained:

d[SO37] _

dt
kMn?*],[SO3 J2[0:] (40)

Ka + Ks[04] + Kc[SO3] + Kp[SOF~1[04] + Ke[SOF ] + [SOFJ{O:]

where Ka= K;'K;'(K;' + ky/ks)
Kp= Kf‘ ke/ka
Kc=K;! (5! +ko/ks)
Ko =k/ks + kv/k,

Ke=Kj? + ki/ks
[Mn3*}, = initial manganese concentration
K, K2, K3 = equilibrium constants for reactions 1, 2 and 3, respectively

This cumbersome expression can be simplified for certain limiting cases if assump-
tions are made about the magnitude of individual terms, as shown in Table V. It

Table V. Rate Expressions for Limiting Cases of the Bassett and
Parker [69] Mechanism®

d[S0s7] _

VETTa

kiMn2*},[SO3 12[0]
K + Kg[0a] + Kc[SO37] + Kp[SO37][04] + Ke[SO3]* + [SO3-[0,]

Dominant Term

in Denominator a B y
A 1 2 |
B 1 2 0
C 1 i |
D | 1 0
E 1 0 |
[SO%-140,] 1 0 0

*a, B, and y represent the reaction orders for the reaction rate given by the
generalized rate expression = d[SO}-}/dt = k[M=*]°[SO2-]8[0,]".

JEammy
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should be emphasized, however, that these limiting cases are idealizations and
that intermediate cases generally would be expected.

From laboratory studies of S(IV) oxidation in aqueous aerosols, Matteson
et al. [55] reported that the following rate law was adequate to account for their
environmental observations under certain conditions:

vo = — (d[Hg(:t- so,])o -

Here the concentration of S(IV) is expressed as [H;0-SO3] to reflect the condition
of high acidity employed in the study. Equation 41 can be reduced to

k[Mn?*],[H20-80;),
|[H20' SOz]o + k’[Mn’*]o +K

@“n

Vo= k" [Mn’+]o[SOz]o (42)
for the initial rate when K >> &,[H;0:80;], 4+ k'[Mn3+],. Indication of such
behavior based on aerosol conversion experiments has been observed [22,28]. Similar
kinetic behavior has been reported by Ibusuki [54] and in Chapter 2 for low concen-
trations of S(IV). These results have been summarized in Table VI.

Complexation by Fe(lll). Freiberg [71] has proposed a polar catalytic cycle involv-
ing inner-sphere complexation of sulfite by Fe(111) as a prelude to electron transfer.
His hypothetical mechanism, which was postulated in an effort to obtain an empiri-
cal rate law consistent with the experimental data of other investigators (Table
VII) is as follows:

H,0-50, =% H* + HSO; (43)

HSO; == H* + SOz~ @4)

Fe(OH)** + H* 25 Fest + H,0 45)

Fe* + HS0j w== Fe(HSO;)’* (46)

Fe(HSO5)** + 507" = =L = Fe(SOn)zH° @7

Fe(SOs);H° + 0 == Fe(SO,)zHO" ——- Fe(OH)** +2HSO;  (48)
Fe(SO5)H® + Fe™* + H;0 — 2Fe?* + HSO; + HSO; +H*  (49)

Equation 49 represents direct oxidation of S(IV) by 2Fe(IIl) to produce S(VI).
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Table VI. Empirical Rate Laws for Mn?*-Catalyzed Autoxidation of S(IV) in Aqueous Solution

Rate (v =—d[S(IV)]/dr) Rate Constant Conditions Reference
v=Lk[Mn*][SAV)][H*] k=255t pH 0-0.2 Chapter 2
[SAV)] <10~ M
T=250C
v = k[Mn**]{HSO;] k=5X10% M1 pH 3-7.5 54
T=25C
v =k[Mn™J[H*]" k=475 pH 0-2 Chapter 2
[SAV)] <10 M
T=25C
- kzk][Mﬂ""][SOm)] ki, = 2.4 X 10° mmol~!-min~—}-cm™3 pH <2 55
v ki[SOsaq)] + ksk'[Mn2*] + ka2 + ks k'=ncm®m-3 droplet study
’ k2 =0.22 min™? n = aerosol volume
ky= 10 min™? '
_ [Mn*)3SO,)2* k= 1.32 X 10~ M-1.571 [Mn?*], = 1-100 p.M y?)
° 7 ky[Mn2* ]2 + k,[SO.)22 ky=3.2X 10~ M-15? [SO] ~ 10 uM
v =k[Mn2*]JL7-2 k=5—8 X102 M~1.571 T=3C 73
pH 2.4-33
v = k[Mn>*][H*]~! k=8 X 10-¢ M-min™! T=10C 74
pH 1.4-20
[SAV)] =6 X 10~ M
v =k [Mn?*]2[H*] ky=4.7s! T=25C Chapter 2
+ k [Fe>*]J[SAV)][H*]? k:=0.82s"1 pHO0-3
1.7 X 10[Mn3*]25 Synergistic term [SAV)]> 10+ M
X (1 T X0+ [Fe(lll)]) [Mn>*]=10"* M
) [Fes*]> 1 pM

Table VII. Empirical Rate Laws for Fe’* Catalyzed Autoxidation of S(IV) in Aqueous Solution

Rate (v=—d[S(IV)]/dt) Rate Constant Conditions Reference
v = k[Fe(1ID][SAV)][H*]* k=0.82s"1 pH0-3 Chapter 2
[SAV)] > 10~ M
v = k[Fe(IID}{S(IV)] k=100 M-1s1 pH 4-8 37
[Fe(QID] ~ 1 pM
{Sav)} ~ 1 mM
v=k[Fe(IID][SAV)Iv=RH*)=[H*]"Y) k=8X102 M 15! pH<4 26
(pH 4) T=20C
k=80 M-is? SO, electrode
(PH 3)
v=k[Fe(IID}[SAV))? pH25 26
T=20C
SO: electrode
v = k[Fe(IID][SAV)J?[H+*]? k=40 M-1572 pH 1.5-3 74
T=10C
[FedID] > 10 M
[SAV)}> 10« M
v=k,[Fe*][H*]"! X (1 — kao[Fe?*}/2k,s[0z]) No constants Derived from 75
reported postulated
mechanism
[Fe(lID)] >> [S(V)]
pH~0.6
o= kilFe(ID]A[SO3 J2 k=36X108M-s T=10C 57
“IF 2-], + k[SO2- k2=25X100"M-s! pu=12M
[Fe(UIDISOZ 1, + ka{SO7] ko= 4.5% 105 M-s!  pH 1.3-3.3

+ ko[Fe(HID][SOZ]

[Fe(II)) <10~ M
[savl<io: M

II1-8
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Freiberg [71] assumed that Equation 47, the formation of an iron-sulfito
complex of 1:2 stoichiometry, was rate-limiting in the catalytic sequence of Equa-
tions 43-48. With this assumption, and use of the steady-state hypothesis, Freiberg
[71) derived the following overall rate expression:

d[SO"] _ kika(2k3ki[O;] + ks[Fe3*D[HSO;][Fe?*][SO; ]

dt k-1 (k-2 + k3[Oz] + ks([Fe?*]) (50)
Since
[SO2-] = Ka.[HSO5V/[H*] = K41 K,2[SO2(aq)l/[H*] (51)
Equation 50 was then expressed as
d{S0i") _ K+Kii[Fe'*][SO.(aq)]?
a [H*P ¢
where
=i o
Equation 50 can be recast in terms of [SO37] as follows:
P04 tresiisoz pine) en)

where k'=Ky /K%

Since the rate-limiting step (Equation 47) presumably involves the slow substi-
tution of a second SO%- to the coordination sphere of Fe(H,0); HSO32*, there should
be no observed kinetic dependence on [O;]. In addition to a sequence of two-
electron transfers involving oxygen as the oxidant, oxidation of S(IV) directly by
Fe3* via successive one-electron transfers is predicted thermodynamically (Equation
49) in acidic solution:

H30 + 2Fe(11I) + SO;- H,0 —= S0%~ + 4H* + 2Fe(1l)
AG® = —115.97 k¥-mol~?

(59

However, due to the extremely slow rate of oxidation of Fe(Il) to Fe(Ill) at low
pH [48] a loss of apparent catalytic activity would be predicted if Equation 49
were a predominant pathway in the Fe(1I1)/0./SO; system, unless Fe(Il) also

. exhibits catalytic activity in a fashion similar to Mn(II), Co(11), Ni(II) and Cu(lII).
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In addition to direct oxidation of S(IV) by Fe(III) to produce SO3- {S(VI)},
dithionate S;03" {S(V)] can be produced according to the following stoichiometry:

250, H20 + 2Fe(111) — 8,02~ -+ 4H* + 2Fe2*(1l)
AG® = —38.6 kJ-mol-

(56)

The kinetics of this reaction have been studied by Pollard et al. [76]; they have
proposed the following mechanism:

Fe(i1l) + SO, H,0 :—"——' Fe(Il) + HSO;+ + H* 7
2HSO5+ — % H,S,04 (58)

HSO;+ + Fe(Ill) —% Fe(II) + SO + H* (59)
SO + Hy0 — H,SO, (60)

where k,=27X 1074 M-1=4"1

Likewise, Karraker studied direct oxidation of S(IV) by Fe(11I) under the conditions
of [Fe(IlD)}, > [S(IV)], and proposed the following mechanism involving initial
complexation of Fe(III) by HSOj5:

Fe(I1I) + HSO3 == Fe(HSO,)** 1)
Fe(HSO5)* — Fe(Il) + HSO;- ©2)

HSO,+ + Fe(I) —» Fe(1Il) + HSO; 63)

H:0 + HSO,* + Fe(lll) — S02- + Fe(Il) + 3H* (64)

where k, and ka/ky were estimated from kinetic data to be 7 min~* and 22, respec-
tively. Further evidence for the formation of discrete iron-sulfito complexes as a
prelude to electron transfer has been cited [57,77-80]. Additional work by Carlyle
and Zeck [81] suggests that the following noncatalytic mechanism provides a path-
way for direct oxidation of S(IV):

Fes* + H,0 s FeOH* + H* (65)
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Fet* + HSO; —% FeSO{ + H* (66)
FeSOf — Fet* + 503 (67)
FeOH?* + SO; — Fe?* + HSO; (68)
H.0 + FeSO§ + SO — Fe?* + HSO; + HSO5 (69)
where
———d[z(t'v)] = 2K'[Fe(1IN)]? (70)

k' = 1.7 X 10-[HSO5 J/[H*]*[Fet*] + (5.7 X 10-5{HSO3]2/[H*][Fe*]
X (1/0.19+[s0;) (7D

Catalysis By Culll). Direct oxidation of S(IV) by Fe(Il]) is sensitive to catalysis
by Cu(ll) [76,81,82). In general, the catalytic cycle would proceed accordingly:

g Fe(I1T) + S(IV) == Fe(II) + S(V) (72)
(o]
T 25(1V) — S,02" (73)
= "
Fe(I11) + S(V) —» Fe(II) + SO3- (74)
Cu(ll) + S(V) — Cu(l) + SO (75
Cu(l) + Fe(III) —= Cu(ll) + Fe(Il) (76)

Equations 72-76 may constitute an important alternative catalytic cycle for oxida-
tion of S(IV) to S(VI). As shown in Table I, fog and cloud water droplets have
significant levels of Fe and Cu. At these levels, Cu(Il) catalysis of the Fe(I1I)-
S(IV) reaction may contribute to the overall conversion of SO; in the droplet
phase. According to Carlyle and Zeck [81], the catalytic rate of oxidation of S(IV)
is given by:

_—d[i(t'—v)] = 2k"[Fe(IID)) an

where

k" = [Cu?*][HSO3][H*} X l/(l4.l[Fe’*j + 2.2[Cu3*] + 0.8[{Cu?*]?/[H*]) (78)

The reaction sequence of Equations 72-76 is an example of a redox reaction that
is accelerated by a catalyst that exists in more than one oxidation state. Catalysis
in this case is due to the fact that Equations 75 and 76, which involve the Cu(11)/
Cu(I) couple, are fast relative to Equations 72 and 74. The net result is the apparent
catalysis of the overall reaction given in Equation 55.

In the case of catalysis by Cu*, Lunak et al. [56] proposed that autoxidation
of S(IV) proceeds via a two-electron polar pathway as follows:

Cu* + SOI- =L CuSO5 19
CuSO; + SOI- = Cu(SOs)3" (80)
Cu(SO) + 03 =2 Cu(S04):08" @
Cu(so,),og- . cu* + 2502 (82)

where K;= 1078
K, = 10708

The rate law (Table VIII) that results from this mechanism is identical in form
to that presented in Equation 40 for catalysis by Mn3*,

In the scheme proposed by Lunak et al. [56], Cu?* is reduced rapidly to
Cu* by SO%; Cu* then acts as the active catalytic center when complexed by
excess S(IV) in solution. These investigators established a relative order of catalytic
activity as follows:

Fe(II) ~ Co(II) > Mn(II) ~ Cu(I)} ~ Cu(II) >> Fe(Ill) ~ Co(III) >> Ni(II) (83)

Unfortunately, Lunak et al. [56] failed to report the pH at which these studies
were performed.

The mechanistic interpretation of Lunak et al. [56] is in direct opposition
with the kinetic observations and mechanisms proposed by other investigators
[46,65,66). These investigators favor the free radical pathway of Equations 2-8
in which the Cu?*/Cu* redox couple acts as an one-electron acceptor

Cu?* + 803~ — Cu* + SO;3 (84)

However, using the estimated value of E° (—0.89 V) for the SO} /SO; redox
couple and the E° (0.15 V) for the Cu(II)/Cu(I) couple, it can be shown that
Equation 84 is thermodynamically unfavorable, since Ey° for this reaction is —0.74
V (AG® = 71 kJ-mol~") [85). This fact tends to support the hypothesis that the
Cu(Il)-catalyzed reaction proceeds via the formation of copper-sulfito complexes,

Ptz £y [T BN Fom e oy [ P oy



-ITI

T TET Y [ECEESSE [ ESwsisin PR . o pE—

Table VIII, Empirical Rate Laws for Cu?*-Catalyzed Autoxidation of S(1V)
in Aqueous Solution

Rate (v =—d[S(IV)]/dt) Rate Constant Conditions Reference

v=(k+k[Cu*D[SOF]  k =13X 10251 pH, =87 65
ke =2.5X 10° M-1s=!  [Cu?*],> 100 M
Cu(OH).(s)
T=25C

v =05 k[Cu** ]SO}  ki=12X100 M5! pHTI 66
E. =76 kI-mol™!
T=25C

v =0.5 k,[Cut*]"2[SO ]2 pH 8.5 46
E. = 78.2 kJ-mol~!
T=25C
[Cut*} =1 uM

v=k[Cu?*][SO?"J/[INHIB] k=73X10* M5! INHIB= 56
2-propanal
T=20C
[Cu2t] =10 pM
pHB.S

v = k[Cu?*][SO?"] k=23 Mg pH 4-12 83
(pH > 12) T=25C
1-10 M (NH,OH)

S v= k[Cut*][SO%-] ' 84

which react subsequently with oxygen as suggested originally by Titoff [83] and
confirmed later by the results of Reinder and Vles [82].

Metal lon Redox Couples, Metal ion redox couples that would be suitable for
1 & oxidation of S(IV) to S(V) (i.e., Equation 2) and for initiation of a chain
reaction (Equations 2-8), are Co(III)/Co(II) (Table 1X), Mn(III)/Mn(II) and
Y(V)/V(IV) with E° values of 1.82, 1.5 and 1.0 V, respectively [85]. The Fe(I11)/
Fe(II) couple with an E° of 0.77 V would be insufficient for one-electron production
of SOj3. Likewise, initiation of a chain reaction by Equation 24, involving a first-
row transition metal redox couple, will be thermodynamically unfavorable as shown
below. For example, two appropriate half-reactions:

0.+ H* + 1 == HO," (E° = —0.13) (85)
Fe(Il) == Fe(II1) + & (E° = —0.77) (86)

can be combined to give an initiation step as envisioned by Schmittkunz [68):

FruEsesy

Table IX. Empirical Rate Laws for Co(i11)/Co(lI)-Catalyzed Autoxidation of S(1V)

Rate (v=—d[S(IV)}/dt) Rate Constant Conditions Referen
v = k[Co(ID)][SOZ"][0:) k=1.5X 10" M-2.5-t T=20C 61
pH 8-9.2
[Co(ID) < 0.1 pM
[SAV)) €001 M
_ kifC0*],[S037}{O] k, = 1.96 X 10° M-2.5-1 T=20C 86
T 1+ kg[S0%] ks =4.74 X 10251 pH 8-8.3
v = k[Co(H,0)3*]/7[SO2- '3 No constant reported E, = 73.15 kJ-mol~? 58
pH 9-9.7
v =k[Co?*]'12[SO-JP/a[H*] k~1X 1035 T=130-60C 60
k[H*]"! = 10°-10* M-1.s-t  pH 6-7.5
[Cor*]o <3 pM
[SUV)], <1 mM
v = k[Co(II)L,0,][SO3%-] k=13X 10! M-t.g-! T=22C 87
E, = 112.4 kI-mol-?
v =K, [(Co(IDLe)O:ASUVII[H*]!  ky = 6.2 X 104 M-1.57 T=25C 62
p=05M
pH0.5-1.3
Fe(II) + O; + H* === Fe(I1I) + HO;* 87
E°=—09

AG® = 86.7 kJ-mol™!

However, from AG® it is evident that this is an unfavorable process. Similarly,
the other one-electron couples involving the soluble metal ions of Co, Mn, Cu
and V are unfavorable for the above free radical initiation step.

c. Catalysis by Specific Metal-Ligand Complexes

Hoffmann and Boyce [40] have studied kinetics and mechanisms of autoxidation
of dissolved sulfur dioxide over the pH range of 4.5~11.0 in the presence of Co(1l),
Fe(11), Mn(1I), Cu(II), Ni(II) and V(IV)-4,4',4" 4 " -tetrasulfophthalocyanine com-
plexes. Phthalocyanine ligands are macrocyclic tetrapyrrole compounds similar
in structure to porphyrins that readily form square planar complexes in which
- the metal atoms are located in the plane of the phthalocyanine ring. Certain metal-
phthalocyanine complexes, such as cobalt tetrasulfophthalocyanine [Co(Il)-TSP]
are known to actively bind dioxygen and to serve as reversible oxygen carriers
[88,89). Because of their refationship to naturally occurring organic macromole-



cules, coupled with their high stability, catalytic specificity and oxidase-like activi.ty.
metal-phthalocyanine complexes have been shown to be suitable models for studying

the catalytic effects of trace metals in aqueous systems [90].
The rate law reported by Hoffmann and Boyce [40] for Co(II)-TSP at pH

6.7 was:
~d[S(AV))/dt = k'[Co(11)-TSP]* 2[S(IV)] (89)
and at pH 9.4:
—d[S(AV))/dt = k*[Co(11)-TSP]{SUV)] %90)

where k' =1.62 M~i/3g}
k"= 1.83 X 10° M~1-g™?

Based on additional experimental observations and kinetic data reported by
Boyce et al. [91), a two-clectron transfer, bisubstrate complexation pathway was
postulated. The mechanism, which can be classified as an ordered ternary-complex
mechanism in the terminology of Laidler and Bunting [92], is as follows:

(Co(11)-TSP)i~ = 2Co(I)-TSP*- on

E Co(II)}-TSP*- + SO %so,cqn):rsw- | ©2)
SO,Co(I1)- TSP+~ +o..i"—_iT~so.Co(m)-mpo.-«- ©3)
SO§'+SO.Co(lll)-TSP0:~"%SO,CO(HI)—'I‘SPO.-SO{' o4)

H,0 + SO,Co(I11)-TSPO;- S8~ —2+ SO,Co(II)}TSPO§™ + HiSO,  (95)
SOSCo(1I)} TSPOS- + 2H* —» SO,Co(I1)- TSP~ + H;0; 96)
H,0, + S0 —% 501~ + H,0 ©7)

This general reaction scheme is depicted graphically in Figure 1. -
Equation 92 represents the formation of the reactive monomeric catalytic

center, SO;Co(1I)-TSP*-, from the dominant dimeric form of the catalyst in solu-

tion. This sequence of events is consistent with observed spectral changes that
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Figure 1. Schematic representation of the proposed catalytic reaction mechanism
starting with the Co(II)-TSP sulfito complex as the active catalytic center.

Reaction procedes via the formation of a ternary dioxygen adduct and results in
the formation of hydrogen peroxide as an intermediate reduction product of oxygen.

indicate a shift in the dimer-monomer equilibrium (Equation 91) on complexation
of the added substrate in an axial coordination position on Co(lI) either above
or below the plane of the phthalocyanine complex. Complexation of Co(II)-TSP
by SO%- in an axial coordination site enhances the subsequent complexation of
dioxygen as written in Equation 93. Carter et al. [93] studied reversible binding
of dioxygen by Co(1I) complexes of the general form, Co(1I)-(L)B, where L is a
quadridentate planar ligand and B is an axial ligand, and they concluded that as
the wr-clectron donating ability of B increased the electron density on the cobalt
atom would be enhanced; this in turn results in a greater #-bonding electron
flow from cobalt to oxygen. Rollman and Chan [94] reported that the imidazole
complex of Co(ll)-TSP rapidly complexed Oj, whereas the pyridine complex did
not. Similar enhancements of the binding of dioxygen by Co(II)-TSP when com-
plexed by an appropriate axial ligand have been reported {90,95,96). In addition,
studies of the catalytic properties of heme have shown that an axial ligand trans
to dioxygen affects both the formation constant and the reversibility of oxygen
transfer [89,97].



vl=1ll

Electron spin resonance (ESR) studies [94,95] on Co(I1)-TSP/0O; complexes
have been shown to be consistent with the formulation of the complex as Co(Il])-
TSPO;. The intermediate complex given in Equation 93 is considered to be a
mixed-ligand Co(I1I) complex with a superoxide ion (Oz) and a sulfite ion bound
frans to one another in axial coordination positions. In the proposed mechanism,
the O, adduct reacts with an additional SO%~ ion to form a ternary complex as
indicated in Equation 94. This complex, in turn, undergoes a rate-limiting two-
electron transfer from the second bound sulfite to the coordinated dioxygen-Co(II)
system to form a SO; bound to a Co(Il)-peroxide complex. The attached SO,
hydrolyzes rapidly to give a coordinated H,SO,, which readily dissociates from
the complex. After protonation, the coordinated O3}~ is released as H,0;. This
intermediate H;0; reacts with another molecule of SO~ to form SO?%- via an
additional two-electron transfer in the final step. Hydrogen peroxide was identified
positively as a reaction intermediate in this system using three different analytical
procedures [98-100].

Schutten and Beelen [98] have observed directly the formation and accumula-
tion of H;O; as an intermediate reduction product of Q; in Co(II)-TSP—catalyzed
autoxidation of 2-mercaptoethanol in water. Davies et al. [62] have reported, on
the basis of 180 tracer experiments, that approximately half of the oxygen transferred
to sulfite comes from a superoxo- complex, (NH;)s Co(II1)-Oz-Co(II)NH3*. The
other half presumably comes from water. A compatible conclusion as to the origin
of oxygen in the oxidized sulfite was reported by Holt et al. [101], who have
shown conclusively that the *O content of the product sulfate for metal-catalyzed
autoxidations of SO2~ was linearly related to the 'O content of water, and that
at least three of the four oxygen atoms in the sulfate products were isotopically
controlled by the solvent water (the remaining atom of oxygen coming from Q).
Finally, Yatsimirskii et al. [87] found strong evidence for complexation of sulfite
by the Co(II)-dioxygen complex, Co,(L-histidine)O,, as a prelude to electron trans-
fer from S(IV) to O;. In total, these results are consistent with the mechanism
postulated in Equations 91-97.

The theoretical rate expression, that results from the above mechanism, was
obtained by standard procedures [92]; it has the form:

p=ZdSAV)] _ _ K'[SOsCo(I)-TSP¢~|1{SO5™)[0,]
dt Ka + K5[0z] + Kc[SO3] + [02][SO37)

98)

where k' = (kskq)/(ks + ko)
K = [ki(k-1kz + k-ska)}/[kika(ks + k)]
Ka = [ke(k-2 + kj))/[kz(ks + k)]
K¢ = (kako)/[ki(ks + ko))

When the monomer-dimer equilibrium of Equation 91 is considered, Equation
98 can be rewritten as:

_ _ KK'(Co(ID-TSP)§]"/2[SO3"]{O2]
Ka + Kp[O5] + Kc[SO27] + [0,])[SO27)

(99)

where  K'= BK}/?[s02-] when [SO2-], >> [(Co(I)-TSP){],

Equation 99 can be simplified for the experimental conditions [0;] >> [SO2-]
such that Ka[Oz] >> Ka, Kc[SO?7]

= KKI(Co(I)-TSP){" 1450} ]

Ks + [SOF] (190
Two extremes can be considered for Equation 100. If Kg >> [SO37],
v = k'BKY[(Co(11)-TSP);"1'/}[SOF"K5! (1o1)
and if [SOZ) >> Ks,
v = k'BK4/2[(CO(I1)-TSP)3"}*/*[S0%"] (102)

The theoretical rate expressions for the limiting cases given in Equations
101 and 102 can be compared with the experimentally observed rate laws for
pH 6.7 (Equation 89) and pH 9.4 (Equation 90). At pH 6.7 a half-order dependence
on the catalyst concentration is observed, whereas Equation 101 predicts a half-
order dependence on the dimeric form of Co(II)-TSP. Since, at pH 6.7, the dimer
is the dominant catalyst species in solution, a half-order dependence on total added
catalyst is consistent with the assumption that the monomer is actually the active
form. Nonintegral reaction orders arise frequently in polar reactions when the
principal reactive species is derived from the dissociation of a dimer [102]. At
pH 9.4, a first-order dependence on the catalyst concentrgtiT is observed. This
result is consistent with the kinetic formulation above if the dimeric form of the
catalyst is no longer the dominant species. Cookson et al. [95] see evidence for a
shift in the monomer-dimer equilibrium toward the monomer wiWh an increase
in pH. If this is the situation, the prior equilibrium can be neglected. Consequently,
the theoretical rate expression would show a first-order dependence in catalysts
as indicated in Equation 98.

Davies et al. [62] and Yatsimirskii et al. [87] have studied the oxidation of
S(IV) by the p-superoxo dimers, (NH;)sCo(HI)O.Co(II)(NH,)3* and (L-histidine);
Co(I11)O,Co(1I)(L-histidine);. Two mechanisms are possible for these systems. In
these mechanisms the p-superoxo complex, which can be symbolically written as
(CoL,)20s, is the active catalytic center and it reacts either via a two-electron
transfer sequence:

(CoL.),0; + 502~ 22% S02- + Co(IT)Ly + Co(IV)L,O (103)
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Co(IV)L,0 + SO}~ — S03~ + Co{Il)L, (104)
Co(I1)Ln + Oz = Co(III)L,,07 (105)
Co(IINL,03 + Co(IDL, = (CoL4):0, (106)

or via a one-electron transfer sequence:

(CoLn)20; + 803~ — (CoL,).0z + 8O3 (107)

(CoL.,)20z7 + SO3 — CoL,,03~ + CoL,, + SO, (108)
SOs + H,0 = 2H* + S03-

2H* + CoL,,03~ = CoL,, + H;0, (109)

Anast and Margerum {103] have reported that copper(I1I)-tetraglycine reacts
rapidly with sulfite in two reversible one electron steps to give copper(II)-tetragly-
cine and aquated SO,, which hydrolyzes to sulfate as follows:

YT-111

Cu(Ill{H-,Gy)" + SO2- —k."= Cu(II(H-3Gy)*- + SO;5 (110)
-k
Cu(lIY(H-3G4)" + 505 == Cu(I)H-sG)*" +S0s (111)
-2
SO; + H,0 — 2H* + SO%- 12

In the presence of oxygen, Anast and Margerum [113] have proposed that
the sulfite radical anion reacts with oxygen to give the peroxymonosulfite radical,
SO5, which in turn oxidizes the Cu(II) back to Cu(III)

SO; +0;—S0; (113)

Cu(IT}(H-3G,)?*~ + SO; — Cu(III}(H-G,)~ + SO?- (114)

H20 + 2Cu(ID(H-3G¢)?~ + 8O3~ — 2Cu(III)(H-sGs)~ + 803~ + 61‘!' (115)

This mechanism is an example of an induced catalytic reaction in which the Cu(I11)/
Cu(Il)-tetraglycine couple catalyzes the autoxidation of sulfite to sulfate, which

can be described by the simple overall stoichiometry of:

2502 + 0, A6 055 (116)

Values for ky, ko/k-y and k-2/ks were reported to be 3.7 X 10¢ M ~13-1, 1.66
and 177 M -4, respectively. In this reaction system, the oxidation of SO2- by O,
promotes an induced oxidation of Cu(lI) to Cu(lIl) via an autocatalytic process
in which there is a net gain in Cu(IH)(H-3G¢)~ when Cu(I1)(H-3G,)?~, O; and
SOZ- are present initially.

An induced oxidation mechanism of this type represents a conceptual alterna-
tive to a free radical chain sequence (Equations 2-8), even though SO3 and SOj
are postulated as reactive intermediates. Induced reactions occur when a relatively
fast reaction between two substances (A -+ B — P) forces an otherwise slow reaction
(A + C — P’) [103]. According to Edwards [104], the phenomenon of induced
reactions provides a method for identifying unstable intermediates in reaction mech-
anisms; in this particular case, the unstable intermediate would be SO3. Although
similar to the free radical scheme of Equations 2-8, the above mechanism involves
the regeneration of the initiator, Cu(IIl), whereas the Bickstrom scheme does
not.

d.  Synergistic Catalysis

Barrie and Georgii [39] and Chapter 2 reported that an apparent synergism exists
between Fe¥* and Mn?* in the catalytic autoxidation of S(IV). Barrie and Georgii
[39] noted that the addition of either Fe3* or Fe?* to an equimolar solution of
Mn?* in the presence of S(IV) and oxygen resulted in nonlinear increase in the
absorption rate of SO;. The net effect of adding iron was to increase the reaction
rate tenfold. Chapter 2 examines this apparent synergism in greater detail, and
finds that the mixed catalyst system exhibited an overall oxidation rate that was
greater than the linear sum of the individual metal-catalyzed rates. This effect
was quantitatively described in Chapter 2 with the following multiterm rate law
obtained by an empirical force-fit of experimental data:

-d[i(tlv)l = K[Mn®]2[H*}"! + k' [Fe(D][SAIV)][H*] ! a1

+ k" [Fe(ID] M J[SAV)I[H*]-1/(K + [Fe(lID])

Existence of a multiple-term rate law indicates that two or more transition states
of different composition are involved in parallel in the overall reaction {102,105,106].
Furthermore, each term in the rate law gives the empirical composition and electric
charge of the transition state for the rate-determining step for that particular parallel
pathway (with the exception of chain mechanisms) [105,106].

With these fundamental rules of kinetics as guidelines, mechanisms for each
term in the above rate can be proposed. Neither Chapter 2 nor Barrie and Georgii
[39] proposed a hypothetical mechanism for the Fe-Mn synergism; therefore, mecha-
nisms are suggested here for each term.

At the concentration levels used in Chapter 2, catalysis by Mn2* alone exhibits
a simple second-order rate law in [Mn?*] with zero-order dependencies on [S(1V)]



and {O;] as indicated in Equation 117. A mechanism consistent with the above
term would be:

prior equilibrium Mn?* + H,0 == —T MnOH* + H* (118)
:::e‘if::z‘;‘“'“g MnOH?* + Mn?* T‘ MnOHMn®* (119)
Mn;OH™ + HSO5 === Mn;OHSO} + H* (120)

Mn;OHSO{ + HSO5 v Mn,OH(505); + H* (21

MnOH(SO5); + O = Mn;OH(505):03 (122)

Mn;OH(S05),05 —*» Mn,OH?3* + 2503~ (123)

where  ki/k-y = K§ (= 1071924 gt = 0.5 M and T = 25 C) [107]

ko/k-2 = 10¢ (at . = 0.5 M and T = 25 C) [107]

[}

= With the assumption that Equation 119 constitutes the rate-limiting step in the

LB mechanism and that ks > k-3, the following rate expression can be derived:
_—d[sav)]

v= g = kaKiMnd [

(124)

This rate expression agrees well with the first term of the empirical rate law.
For the second term of the rate law, the following mechanism can be postu-
lated:

o oertion™8  Fo(IIl) + HSOF o= FeSO{ + H* (125)
o " Fe(IDS(IV)OF =i Fe(IDS(V)O$ (126)
Fe(I)S(V)O§ + HSO5 == Fe(IS(V)O)(S0s) +H*  (127)
Fe(II(S(V)OKSOs)™ + O; = Fe(II)S(V)OSO)0F  (128)
Fe(II)(S(V)0:)(S0:)05 —2> Fe(V)(S0,)0* + SO- (129)

SNl I2F T2 = ey PR PR e

Fe(V)(S05)0* —24 Re(III) + SO3- (130)

In this mechanism, the first step, which involves the slow complexation of Fe3*
by HSOj is rate determining; consequently, the theoretical rate expression that re-
sults is as follows if it is assumed that [H*] = Kg (i.e., ~ pH 2) and k; >> k-4

_—dsavy] _ ka.n
dt

[Fe*[SAV)[H*] (131

where  [S(IV)] = [HSO;3] + [H;0-S0,]

Ka = [H*][HSO5)/[SO(aq)]

The overall kinetic coefficient kops = k7K,1/2 can be estimated from known kinetic
data on ligand substitution [108,109]. Using the water exchange rate constant
[110] for Fe3*, kex = 102 s-! and a calculated ion-pairing constant [111], K, == 1
M -1 for the Fe**:HSOj ion pair, a value for k; (~10® M ~1.s7!) can be obtained.
At p = 0, K, = 0.0123. Using these values, the estimated value of ko, is 0.62
s"tat T =25 C, pH 2 and p = 0. This value can be compared to the value of
0.82 s~! reported in Chapter 2. However, if k, is estimated from the value of the
overall second-order rate constant [112] for the complexation of Fe3* by SO%-
(k; = 1 X 1(?), the value of k., would be predicted to be 6.2 s™! at 25 C, pH
1.8 and p = 0. These estimates can be made in this fashion because the second-
order rate of ligand substitution has been shown to be controlled most often by
the water exchange rate of the central metal and to be relatively independent of
the nature of the ligand [113].

" The third term of the rate law indicates that Fe(III), Mn(II) and S(IV) are
brought together in the transition state. One possible mechanism that would result
in such a combination involves the formation of a reactive Mn(IV) intermediate
from the interaction of the ferryl ion-sulfite complex [114] with Mn2* as follows:

2H* + Fe(V)S05)0* + Mn(ll) % Fe(IIDSOF + Mn(IV) + H,0  (132)

H20 + Mn(IV) + HSO3 u, Mn(II) + HSO; + 2H* (133)
where the rate-limiting step is the two-electron oxidation of Mn(Il) by Fe(V).
The activation energy for this mechanism should be significantly less than the
two previous pathways. This conclusion is consistent with the low apparent activa-
tion energy reported by Barrie and Georgii [39] for the synergistic effect of Fe3*
on the catalysis by Mn?*,

Alternatively, a one-electron oxidation of Mn2* to Mn** could be envisioned:

Kis

Fe(V)SO;0* + Mn?* — Fe(IV)SO;0 + Mn%* (134)
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This would be followed by a chain sequence (Equations 2-8) initiated by Mn3+:

Mn®* + HSO; % Mn?* + HSOy; (135)

The redox potential of the Mn¥*/Mn?* couple (E° < 1.5 V) is sufficient to promote
the one-electron oxidation of S(IV) to S(V)(E®° = 0.9 V) and truly initiate a radical
chain sequence. The rate law for this process would be one of the general forms
given in Tables I1 or 1V. This latter mechanistic possibility could readily explain
the nonlinear concentration effects observed in Chapter 2 and by Barrie and Georgii
{39].

Finally, a third possibility, involving the formation of mixed hydroxy-bridged
complexes of Fe(I11) and Mn(II), can be considered.

Ky

FeOH?** + Mn?* —= Fe(OH)Mn** | (136)
Fe(OH)Mn** + 2HSO5 = Fe(OH)Mn(S0;); + 2H* (137)
Fe(OH)Mn(SOsy); + O; = Fe(OH)Mn(S0,);0: (138)
Fe(OH)Mn(S03);03 — Fe(OH)Mn** + 2507~ (139)

The rate expression obtained from this mechanism would have the following form
if complexation of HSO5 by the hydroxy-bridged species is assumed to be rate
limiting:

v = k'[Fe(1IN][Mn(ID][SIV)][H*]~* (140)

Similar expressions involving the concentrations of Fe(I1I), Mn(II) and S(IV) are
obtained for the other mechanisms given above. The rate expression of Equation
140 is not exactly of the form shown in Equation 117, but it does reflect some
of the essential features.

2. Photoassisted Catalysis

a. Homogeneous Processes

The catalytic effect of light [50,62,115-125] on autoxidation of dissolved SO; has
been acknowledged for years as an alternative mode of initiation of the chain
reaction sequence given in Equations 2-8. UV irradiation of sulfite/bisulfite systems
is thought to produce an aquated electron [62,121] and a sulfite radical ion:

h I
S02- —— 503 + €uq

A transient electronic absorption maximum at A = 700 nm has been assigned to
the solvated electron and a similar transient maximum at A = 260 nm has been
assigned to the SOj3 radical ion. The aquated electron decays by reaction with
O; or HSO5 to produce a superoxide ion or sulfite ion and a hydrogen atom,
respectively. However, only Lunak and co-workers [126-128] have systematically
explored the possibility of metal-catalyzed photooxidation of sulfite, even though
the phenomenon of homogeneous metal-assisted photooxidation/reduction pro-
cesses has been reported previously for Fe(1lI) and Cu(tI)-ligand systems [128-
135},

The preliminary work of Lunak and Veprek-Siska [126] has shown a distinct
photoassisted catalysis by Fe(1II) at wavelengths higher than the cutoff for absorp-
tion by sulfite and bisulfite ion in aqueous solution. Quantum yields were shown
to depend on the wavelength of irradiation and the concentration of Fe(IIl) in
the system. They have proposed that a quantum of light is absorbed by a ferric-
sulfito complex, thereby initiating the catalytic cycle through photoreduction of
Fe(I1I) to Fe(II). In the absence of added Fe(I1l), the photochemical autoxidation
of sulfite above A = 300 nm did not proceed to a noticeable extent. A mechanism.
consistent with their findings would be:

Fe(OH)$~™* + HSOj3 == Fe(OH),SO{-»* + H* (141)
Fe(OH),SO-m* + HSOy = Fe(OH)(SOs) V- + H (142)

Fe(III{OH)n(SO,)p+1- LA *Fe(II{OH).(SO3)}(SOy )t~ (143)
*Fe(I1)}(OH)n(SOs}(SO;* )2+~ == Fe(II}OH),.S03~ + SO3 (144)
or

Fe(II(OH)n(SO3)+ 1~ + O3 = Fe(HIYOH)n(SOy), O+ 1)~ (145)

Fe(IHOH),(SO5);04+ 0~ — SFe(II(OH)(SONP*  (146)
2H* + *Fe(III{OH)n(SO) 0~ = Fe(IIIOH)?-™* + 2HSO;  (147)

After photoinitiation, autoxidation would proceed via a free radical chain
after Equation 86 or by inner-sphere electron transfer as shown in Equations 145-
147.

Lunak and Veprek-Siska [127] also report that photoinitiated autoxidation
of sulfite is influenced by the presence of Mn(II) at trace levels (1021010 M)
and that Cu(lI) [125] does not exhibit a photocatalytic effect. On the other hand,
Hoffmann and Boyce [40] have reported that cobalt(II)tetrasulfophthalocyanine
catalyzed autoxidation of S(IV) is strongly influenced by visible light in the range
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of 300400 nm. They have interpreted their results in terms of formation of singlet
oxygen due to a ligand-to-metal charge transfer absorption.

b.  Heterogeneous Processes

A primary source of iron, manganese, zinc, titanium and other metals found in
aerosol systems is from combustion of coal. These metals will be released to the
atmosphere in their highest oxidation states in the form of metal oxides such as
Fe;03, MnO;, ZnO and TiO;. Taylor and Flagan [135] and Ouimette and Flagan
[136] found direct evidence for significant mass fractions of Fe;0, in submicrometer
particle size fractions of fly ash from a coal-fired combustor and from ambient
aerosol. ' '

Barrie and Georgii [39] have used average values of Mn and Fe in urban
aerosols of 0.2 and 1 pg/m3, respectively, and an average liquid water content
of 0.1 g/m3 to estimate that the soluble concentration in the aqueous phase is
on the order of 10 pM. In making these estimates they assumed that 25% of
the total Mn was soluble and 10% of the total iron was soluble. The remaining
solid phases are likely to exhibit some catalytic activity [137-141}.

Frank and Bard [45] reported that Fe;0; (hematite) surfaces catalyze photoas-
sisted autoxidation of HSO5 to HSOj. Irradiation at 400 nm of an oxygenated
bisulfite solution with suspended Fe;O, particles resulted in a rapid conversion
of S(IV) and S(VI), whereas in the absence of light no conversion of sulfite to
suifate was observed. A sequence of stoichiometric reactions that offers one possible
explanation for photoassisted catalysis on a metal oxide (semiconductor) surface
is:

Fei0s + 2hv 2%, (Fe,05) + 2p* + 2¢- (148)
H,0 + HSO;5 + 2p* “2™%, HSO; + 2H* (149)
0, + 26~ + 2H* 222, 1.0, (150)
H,0; + HSO;5 2% HSO; + H,0 (151)

where  p* = charge vacancy created by the photoassisted excitation of an electron

from the valence band of the metal oxide to the conduction band

Excited electrons in the conduction band and positive holes in the valence band
migrate to the surface (presumably without recombination), where they react, re-
spectively, with oxygen and bisulfite to produce hydrogen peroxide as the reduced
product and bisulfate as the oxidized product.

Similar, but less effective, photocatalytic effects have been reported by Frank
and Bard [45] for other semiconductor materials such as TiO;, CdS and ZnO.

However, results for CdS and ZnO are obscured by the fact that at low pH (pH
~3) these solids dissolve to a certain extent; thus, any apparent photocatalytic
effects may be due to dissolved metal species rather than due to inherent properties
of the semiconductor material.

Faust and Hoffmann [142] studied photocatalytic autoxidation of HSOj3 on
synthetic Fe;0, suspensions at pH 2.5; they report that the presence of Fe;Oy
particles results in a slight rate enhancement as compared to the corresponding
homogeneous photocatalytic system.

Childs [143] and Childs and Ollis [144] have addressed some of the fundamen-
tal considerations that are required to ascertain whether a heterogeneous photoreac-
tion is truly photocatalytic according to Equations 148-151 or stoichiometrically
photochemical. In a stoichiometric photochemical reaction, the observed conversion
of sulfite to sulfate in irradiated systems may result from (1) direct photoactivation
of an adsorbed sulfite on the surface; (2) a surface-prompted reaction of sulfite
photoactivated in solution; (3) a noncatalytic reaction of the Fe,Oy surface with
the adsorbed sulfite; or (4) homogeneous catalysis by Fe(II1)/Fe(I1) leached from
the Fe,0; surface. These questions remain to be resolved in the case of iron-catalyzed
systems.

1t is apparent [37,58,65,83,86) that the rate of autoxidation of S(IV) is most
rapid in the concentration-pH domain where metal hydroxides are the dominant
species such as Ni(OH);, Co(OH)y, Cos0,, FeOOH, Fe(OH); and Cu(OH),. For
example, Brimblecombe and Spedding [37] have proposed that the oxyhydroxides
FeOOH (a-FeOOH, B-FeOOH, y-FeOOH) would be effective initiators for the
production of SO3 (since E°(FeOOH) = 0.91 V) as follows:

H* + FeOOH,) + SO3~ — Fe(OH).) + SO5 (152)

Fe(OH);) + SO5 — FeOOH,) + SO~ + H* (153)

Soot particles have been shown to be effective catalytic surfaces for autoxida-
tion of S(IV) by Brodzinsky et al. [138], Chang et al. [139] and Benner et al.
[145] although Cohen et al. [140] reported that the apparent catalysis by ambient
fly ash particles was due to Fe(Ill) leached into aqueous solution. Furthermore,
soot and powdered activated carbon surfaces provide moderately effective sites
for adsorption of trace metals and these adsorbed metals may in turn be the active
catalytic centers.

Ambient soot contains a significant level of polynuclear aromatic hydrocar-
bons (PAH). Certain PAH have been shown to be photosensitizers for the produc-
tion of singlet oxygen, which will in turn react electrophilically with an oxidizable
substrate rather than through a free radical pathway [146). A sensitizer, such as
PAH, is a molecule that ‘can absorb a quantum of light and then transfer this
energy to a second substrate. For example, benzophenone is an efficient producer
of 10; (’ Ag) [141):

l(c.,m,),c:=o-36:ﬁn(c.;m,),c= 0* (154)
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}(CgHj):C = O* — ¥(CeH;),C = O* (155)
3(CsHs)2C = O* + 203 — (CeHy),C =0 +'0, (156)
Mn(SOy)2" + 10, — Mn3* + 2503~ (157)

which in turn could oxidize S(IV) to S(VI) by a sequence of two-electron transfers.
Energy transfer from an excited triplet state sensitizer to *O: {Equation 156) to
give 10; is a spin-allowed process [146]).

Fridovich and Handler [148] have shown that photosensitized dye molecules
such as methylene blue and flavin mononucleotide are effective catalysts for autoxi-
dation of S(IV); however, their early work was interpreted in terms of a free
radical sequence rather than through production of 'O; as follows:

158
dye D, dye*® (158
dye* + HSO5 — dyeH + SO3 (159)
dyeH + 0, — dye + HO,- (160)

Later work by McCord and Fridovich [149] showed that the autoxidation of S(IV)
as catalyzed by dimethy! sulfoxide was inhibited by superoxide dismustase. This
result indicates that HO,- was a likely intermediate. However, in metal-catalyzed
reactions, superoxide dismutase had no effect. In light of more recent work [150],
the reaction observed by Fridovich and Handler [148] most likely involved the
production of 10,. Srinivasan et al. [150] have shown that irradiated solutions of
the dye rose bengal produce both O3 and !0, which are quickly consumed by
SO2- at pH 7.8. They have estimated that 77% of the active oxygen generated
is 10, and 23% O3.

Additional work by Srinivasan et al. [150] has shown that irradiated solutions
of Ru(2,2' bipyridyl)2+ produce Oz, which leads to rapid oxidation of S(IV)

Ru(bipy)?* —» *Ru(bipy)?* (161)
*Ru(bipy)?* + O — Ru(bipy)** + Oz (162)
O7 + H* = HO; (163)

HO;- + HSO; = 503 + H;0, (164)

Much work remains to be done on photocatalytic systems in aqueous systems
to ascertain the role of condensed-phase photochemistry on total S(IV) conversion
rates. If photoassisted pathways are shown to be important under ambient condi-

L=y

tions, differences between nighttime and daytime conversion rates may have a
plausible explanation.

3. Oxidation by Hydrogen Peroxide, Ozone and
Nitrous Acid: Catalytic Influences

As indicated in Chapters 2 and 4, hydrogen peroxide appears to be a potentially
important oxidant in atmospheric droplets because of its favorable Henry's law
constant (Ky = | X 10° M-atm™), its rapid oxidation of S(IV), and its relative
insensitivity to pH changes in an open two-phase system. Hydrogen peroxide is
generated in the gas phase by the recombination of hydroperoxyl radicals, in the
aqueous phase as an intermediate in metal-catalyzed autoxidations, and at air-
water interfaces due to photoinduced redox processes [151]. Measurements by
Kok and co-workers {152-155] indicate that steady-state aqueous-phase concentra-
tions can be as high as 50 pM.

The kinetics of oxidation of S(IV) by H;O; have been studied [31-33,41).
Mader [41] determined that over the pH range of 8-13 the rate of oxidation of
S(IV) was characterized by a multiterm rate expression as shown in Table X.
The first term accounts for uncatalyzed oxidation, the second term for general
acid catalysis, and the third nominally for specific acid and other forms of unspeci-

Table X. Emrpirical Rate Laws for the Oxidation of S(IV) by Hydrogen Peroxide

Rate (v =—d[S(IV)}/dD) Rate Constant

E= s (R | [ ISR o

Conditions  Reference

v = ko{H;0,){S02"] ko =02 M-t T=25C 41
+ ko[H*J[H;PO;][H,04][SO?"] kp=L7X 100 M35t p=10M
+r. Ea(ko) = 63.5 kJ-mol~? pH 7.9-12.8
v = k[H*][H,0,]{SAV)) k=27X100 M35t T=12C 31
{(H*)/([H*] + K.)) K=13X10° M35t p=10M
+ K'[H.PO7])[H,0,][SAV)] pH 4-8
([H*)/((H*] + K.))]
v =k[H:0,][HSO; J{H*]*7 k=246 X108 M1s-t T=20C 32
+ k,[H,0,]{HSO;)[CH;CO,H] (pH 4.6) p=02M
ki = k[HLO,][H*]*7 + k[H,0:)[HA] k.=1.9X 10¢ M-25-! pH4-8
Ea(k;) = 24.9 kJ-mol—?
(pH 4.6)
_ k[H:0,}[HSO3}{H*] k=56X100M-1st T=25C 33
K+ [H*] K=01M pH0-3
B (variable)
v k{H;0,){H,0-50;] k=83X100 Mg T=25C 33
K +[HY] K=0IlM pH0-3
E, = 28 kJ-moi~! p (variable)
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fied catalysis. In addition to phosphate buffer catalysis, Mader observed carbonate
and arsenate were effective as general acid catalysts. Mader offered no mechanistic
interpretation of his kinetic results.

Earlier, Halperin and Taube [42] had suggested that the oxidation proceeded
through the formation of a peroxymonosulfurous acid intermediate, which was
followed by an intramolecular rearrangement to give sulfate and water. Their con-
clusions were based on double-isotope labeling experiments that showed that both
of the labeled oxygens of H'*OOH were incorporated to the product sulfate,
even though the stoichiometry of the reaction requires the net addition of one

oxygen atom.

H;0; + H,0-50, — 2H* + 803~ + H,;0 (165)
H'*0"*0OH + H,0-SO0; — HO,5'*0'*OH + H,;0 (166)
HO,S!200H — 2H* + SO*03- (167)

In a subsequent kinetic study of this reaction, Hoffmann and Edwards [31] found
definitive evidence for both general acid and specific acid catalysis. They reported
the following two-term rate law for the pH range of 4-8:

ST 1,0, SAVINHYTH) + Koo

d (168)

+ KHANHO:)[SAV)]([H*)/([H*] + Ka2)}

K.z = second acid dissociation constant
[S(IV)] = sum of the concentration of sulfite and bisulfite within the pH
range of 4-8
HA = weak acids used over this pH range as buffers

where

The first term of the rate law reflects the contribution of specific acid catalysis
and the second term reflects the contribution of general acid catalysis to the overall

rate.
Two alternative mechanisms that are consistent with the observed rate law

and the isotopic labeling resulits of Halperin and Taube [42] are:

b |
H* + SOI- = HSO; (169)
0—
_ K.\
HSO5 + Hi0y === S~ 0OH + H;0 (170)
. .

R sy ' - - 1 H 1

0—
\5.00H + HA =5~ H,80, + A~ an

o’

where HA = H,0* or a suitable weak acid such as phosphate, citrate, pivalate,
acetate or phthalate ’

According to this mechanism, the reaction occurs via a nucleophilic displacement
by H;O: on sulfur of HSO;5 to form a peroxymonosulfurous acid intermediate
(Equation 170), which then undergoes a rate-determining rearrangement to HSOj;
assisted by HsO* or HA. Alternatively, a mechanism in which there would be
an equilibrium protonation of the bisulfite followed by a proton transfer to A~
can be written as:

-1
H* + 502" =2, HSO; A7)
HSO; + HA —= H,0-50, + A~ (173)
AN
A- + H,0; + H;0-50; —— \S.00H + HA + H,0 (174)
slow (/
o
N\s.00H "’id HSO; (175)

In this sequence, Equation 174, a termolecular step, in which A-, H;0; and
H,0-S0; react to form peroxymonosulfurous acid, is rate-determining. In the first
alternative mechanism (Equations 169-171), HSOg3 is the reactive species of S(IV),
and in the second mechanism (Equations 172-175) H;0-SO; is predicted to be
the reactive species. The work of Martin and Damschen [33] appears to verify
that HSO3 is in fact the reactive S(IV) species and that the mechanism of Equations
169-171 is valid over a broad range of pH (i.e., 0-8).

Penkett et al. [32] studied peroxide oxidation kinetics over the pH range
4.3-8.2 using acetate, citrate, phosphate and Tris buffers to maintain pH. They
confirmed the role of these weak acids as general acid catalysts. However, Penkett
et al. report a hydrogen ion dependence of [H*]®7 over the pH range of 4-6 as
noted in Table X. On the other hand, Martin and Damschen [33] report a first-
order dependence on H* over the pH range of 1-3 and a reciprocal dependence
below pH 1. This switch in pH dependence supports the notion that HSOs is
the reactive form of S(IV) in solution.

For the pH range of 1-5, Martin and Damschen [33] expressed the rate
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law in a form that is convenient for application to open atmospheric systems as
follows:

=BV g3 100 (H,041,0-504 (176)
or
——-———_d[i(tlv) ] = 8.3 X 10°Py,0,Ku.n0,P30,Kn.50, a77)

The concentrations of Hz02 and H;0-SO; are expressed in terms of the products
of their respective Henry’s law constants and partial pressures. They also report
that the oxidation reaction is apparently insensitive to the effects of metal catalysis
(Fe** and Mn?*) and organic inhibitors (hydroquinone, toluene, pinene and hexene).

However, in the case of H;0; Fe?* and Cu?* would be the most likely
metal ions to exert a catalytic effect on the reaction rate since these metals are
well known initiators of the Fenton's reagent reaction [156-158]):

Fe?* + H,0; — FeOH?* + HO* (178)
Cu?* + H;0, — CuOH?* + HO- (179)
H* 4+ HO- + HSO5 — HSOs* + H;0 (180)

If oxygen were present in the reaction system a free radical pathway could be
initiated by Equation 180 and proceed via Equations 3-8 or 18-23. Additional
propagation steps can be envisioned to occur as follows:

HO: + H;0;, — HO;* + H,0 (181)

HO,- + HSO; — HSO7 + HO- (182)
Future work on the H,0:-S(1V) reaction system should address the possibility
of catalysis by Fe(1l) and Cu(lI).

There are few reports of catalytic influences on the oxidation of S(IV) by
ozone. Barrie [159] has found that Mn2* promotes the oxidation of S(IV) by ozone
in aqueous droplets. In the absence of Mn?*, gas-phase ozone alone failed to enhance
SO, absorption rates in the aqueous phase. Chapter 2, in the section on ozone
oxidation kinetics, reports no apparent catalysis due to Fe3*, Mn?*, VO?* or Cu?*;
however, Harrison et al. [43] reported that additions of Mn?* and Fe3* at concentra-
tions of 10 puM resulted in enhancements in the observed oxidation rates by factors
of approximately 2 and 6, respectively. Addition of competitive complexing agents
(phosphate or citrate) inhibits the apparent catalytic process. A maximum in cata-

Py = 5 Moz

lytic influence occurred at pH 4.5. This behavior suggests that ferric-sulfito and
manganous-sulfitoc complexes play a role in the oxidation process.

Os + HSO; I:i-’ HSO; + O, (183)
n

Furthermore, Harrison et al. [43] indicate that the rate of oxidation increases
linearly with an increase in Fe3*. These results are summarized in Table XI.

Penkett [160] has proposed the following initiation of a radical mechanism -
to account for oxidation by ozone:

20,4+ OH-— HO: +0; + 20, (184)

HO- + HSO5 — HSO;- + OH~ (185)

The bisulfite radical of Equation 185 would proceed to react according to Equations

. 3-8, thereby completing the free radical sequence of the Backstrom mechanism.

Based on isotopic tracer experiments, Espenson and Taube [162] concluded
that in acidic solution the reaction between ozone and sulfur dioxide could occur
via a simple bimolecular process in which two atoms of oxygen are transferred
from ozone to sulfur dioxide or via a radical reaction involving reactive intermedi-
ates or via both pathways in parallel. In basic solution, they concluded that the
free radical pathway was more likely even though more than one oxygen atom
was transferred from ozone to sulfite.

wble XI. Empirical Rate Laws for the Oxidation of S(IV) by Ozone
ate (v=—d[S(IV)})/dt) Rate Constant Conditions Reference
= k[OsJ[HSO35][H*] 08 k=145+0.7 X 108 M-08.5"2 pH 1-5 32
T=25C
= kPoKn,o,[HSOs][H*]-02 k=4.4 X 104 M98.51 pH 4-7 29
Kuos = 1.23 M-atm~! T=25C
= k[Os][SAV)I[H*]0¢ k=1.9 X 104 M-°8.g-1 pHO-3 Chapter 2
T=25C
= k,[HSO5][0,] + ka[SO-]J[0s] ks =3.1 X 108 M~3.572 pH 0-4 160
kg=2.2X 10° Mg} T=25C
Ba.s = 46 kJ-mol™?
By = 43.9 kJ-mol?
= k[Fe** S(IV)][Os][H )" kovs = 6.8 X 10 M~L-min~t-ppm~ T=295K 42
pH 4-6

[Fe**] 2 10 pM

sy f .y ye m =7y — P



If a polar pathway were to occur as suggested by Espenson and Taube [162],
a likely mechanism would be as follows:

0/ \0
0,3+ H,0:-80;— > < +H0 (186)
O< >0
S + H;0 — HSO; + H* + O (187
/ \ 2 2 )

Catalysis by Fe3* and Mn?* may proceed through an initial metal sulfite complex
followed by attachment of ozone to form a ternary complex.

v Fe3* + H,0 =x*'_- FeOH?** + H* (188)

H FeOH?* + HSO;3 ..-K—-‘_L. Fe(OH)SO3 + H* (189)
H

lﬁ : Fe(OH)SO3 + O; Fe(OH)S0,0° (190)

Fe(OH)SO503 =, FeOH?** + 805 1+ 0, (191)

Finally, S(IV) in aqueous systems can be oxidized readily by N(III) and
N(V) species in the form of nitrite, nitrous acid and aquated nitrogen dioxide.

Nitrous acid will oxidize S(IV) in acidic solution according to the following
stoichiometries:

2HNO; + H,0-S0; — SO}~ + 2NO + 2H* + H;0
AG® = —160 kJ-mol !

(192)

2HNO; + 2H,0-S0; — 2807~ + N.O + H,0 + 4H*
&G° =-43] kJ-mol!

(193)

Martin et al. [163] determined that the reaction was first-order in N(II1), S(IV)
and H*, and insensitive to catalysis by Fe’*, Mn?* and VO?* in the absence
of Oz.

=d[SAV)]

= KIHNO:L{SAV)IH] (199

where [HNO;}y = [HNO;) + [NO;])
k=142 M 25!

They found that N;O was the principal product at low pH.
Oblath et al. [164] found at higher pH (pH 5-7) that hydroxylamine disulfo-
nate formed according to the following stoichiometry:

NO; + 2HSO3 — HON(SO;)3- + OH- (194)

Ross et al. [165] observed that a significant fraction of HNO; is converted to

NO according to Equation 192 at higher acidities. They found that, in the presence

of O, an apparent catalytic cycle involving NO is established. The stoichiometric
equations for this sequence are as follows:

4NO(aq) + O, + 2H,0 — 4HNO; (195)

2HNO; + H;0-80;: — 2NO(aq) + H* + HSO7 + H;0 (196)

Latimer [85] suggested the following mechanism for the reduction of nitrous acid
by S(IV):

HONO + HS05 — HSO,NO + OH- (197)
H;0 + HSO;NO — NOH + HSO; + H* (198)
2NOH — N0 + H,0 (199)

NOH + HONO — 2NO + H,0 (200)
HSO3;NO + HSO; — HON(SOs)j~ + H* (201)

Oblath et al. [164] suggest the following mechanism:

HONO + HSO35 = NOSO5 + H,0 (202)
NOSOj5 + HSO5 = HON(SOs)}~ (203)
NO; + S;0}~ = ON(S0s)}- (204)
H* + HONO = NO* + H,0 (205)
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NO* + HSO; = NOSO; + H* (206)

which involves the formation of a nitrosonium ion, a fairly stable ionic species.
In acid solution, aquated nitrogen dioxide (N(IV}O,(aq)) readily dimerizes
to form nitrogen tetroxide, as reported in Chapter 4 and by Gritzel et al. [166):
2N02(8q) = N204(8Q)
Ka=7X 10t M

207

Nitrogen tetroxide, in turn, is a moderately strong oxidizing agent [84] with E°
values of -+1.07 and +1.03 V, respectively, for the following reactions:
NzO, + 2H* 4 2e~ = 2HNO, (208)

N;O, + 4H* + 4¢~ = 2H,0 + 2NO (209)

Takeuchi et al. [167] reported that the reaction of S(IV) with NOx(aq) proceeds
rapidly according to the following stoichiometries and rate laws:

20H- + 2NO,(aq) + SO2- — H,0 + 2NO; + SO3- (210)
:Li?ﬂ = k;[NO4(aq)][S02") @1)
H,0 + 2NO; + HSO; 2, 314+ + HSO7 + 2NOz @12
_—d[z—(tﬂ = k;[NO(aq)][HSO5] @13)

where t=25°C
k;=6.6 X105 Ml.g"!
ka= 15X 10* M~15?

Nash [168] described the role of Fe(Il) catalysis in the above reactions in the
nanomolar range.

As pointed out in Chapter 4, translation of the above rate laws for closed
systems to open atmospheric systems requires that the concentrations of the impor-
tant gases be expressed in terms of the product of the appropriate Henry'’s law
constant times the observed partial pressures. In the case of HNO, and NO,,
their respective Henry's law constants are 49 and 0.01 M -atm™2, These moderate
values of Ky indicate that the partial pressures of each gas-phase species will
determine to a large extent the contribution of the above pathways to the overall
rate of S(IV) oxidation.

B.

]

EQUILIBRIUM SPECIATION MODELS

To use the preceding kinetic information reliably in dynamic models of SO, transfor-
mation in the atmosphere, detailed chemical speciation in aqueous solution for
reductant, oxidant and catalysts must be determined. Using data collected on the
concentrations of chemical constituents in fog, cloud and rain water, equilibrium
speciation models can be developed readily with the aid of the computer programs
REDEQL?2 and SURFEQL. Both REDEQL?2 and SURFEQL are general-purpose
programs for computation of multiple, simultaneous chemical equilibria involving
acid-base, oxidation-reduction, precipitation-dissolution, complexation-dissociation
and adsorption-desorption reactions [169-172]. As an example of the applicability
of equilibrium models, we will consider the potential role of iron-sulfito complexes
and sulfonic acid derivatives in increasing the apparent capacity of an aqueous
droplet system for S(IV); the levels observed in fog and cloud water reported
in Table I appear to be above those predicted by the observed partial pressures
of SOz.
Total S(IV) in the aqueous phase is given by:

SUV)r = [SOzlus + (HSO5] + [SO] )
B K, . KK,
S(IV)r = KuPso, (l + ] + [H"]’) (215)
= (14 i op) @16
S(IV)r = KuPsoy/a0 (217)

where Ky = Henry’s law constant
K, = first acid dissociation constant for H;O-SO;

K3 = second acid dissociation constant for HgO S0,

Using the appropriate values for Ky, K, and K; [107], total {S(IV)] can be calculated
to be approximately 1 peq-L=? at 16 ppbv SO; and pH 3. However, if the reactions
of S(IV) with Fe** and CH,0 are considered the following expressions are valid:

K
HSOj + CH;0 = HOCH,SO; (218)
Kq
Fe>* + SO2- = FeSO} (219)
S(IV)r = [SO.Jaq + [HSO;] + [SO3-] + [HOCH,SO;] + [FeSO;]  (220)
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[CH.0] + ——'([Ll(j]'f‘ [Fe=+])

In this case, for Ky = 105 M~! and K, = 1012 M-, the [S(IV)]r will be in the
range of 100-600 p eq-L~! at 16 ppbv SO; and pH 3 if the observed concentrations
of CH;0 and Fe are used as initial input values and approximate values for the
equilibrium concentrations of CH,O and Fe®* are determined iteratively.

These computations can be performed readily using SURFEQL. To illustrate
the applicability of this modeling approach, a sensitivity analysis on the value
for K, was performed. Carlyle [77] has reported a value of K, = 10° while Hansen
et al. [173] report a value of K, = 10'®, The actual value may lie somewhere
between these two values.

Metal-sulfite complexes are notably strong compared to the corresponding
metal-sulfate species, e.g. 82(Hg(S01)27) = 10%; B:(Hg(80,)3") = 10 Results
are shown in Figure 2. These results suggest that, if K, > 109, 50% of the total
iron in a system initially 0.1 mM in Fer will be complexed at FeSO3 over the
pH range of 2-4. Furthermore, if K, 2 10, the computer model predicts that
all of the Fe will be found as the species FeSO}. Similar computations can be

3+ 2-
Fe' + SO3 == FeSO,*
[Fe];= 01 mM
[st] =10 mMm K210
100 |-
Fe(OH);
FesOs"
_8 Fe3*
x Fe(OH);
T': FeCt2*
-E- 10" | HOCH,S03
i
(o]
[72]
&
~ 'olz

Figure 2, Speciation of Fe(III) vs pH in aqueous solution as a function
of the stability constant of FeSO$ as determined with SURFEQL.
Other species that form are listed on the right side of the figure.

i =iy - [ LR

i p—— —
S(I¥) SPECIATION
HOHO'+ HSO3™ = HOCHaS03 HOCH, 503 (K=10%)
29V &
'00 [ FeSO,-O ‘B, s 'o|2)
MnSO 3 (B,=10%)
80 -]
E ] HOCH, SO, [S(N)]T- 1.0 mM
73 [HeHO )y = 1.0 mM
5 7 [Fel; =00 mm
(= 40 i [Mn]; = 0.t mm
? SO, Ha 0
20 [— FeSO;" MnSOQ
oAy, e N N

Figure 3. Speciation of S(IV) vs pH for the conditions on the far right of the
figure as determined by SURFEQL.

performed on Mn?* and HCHO. Figure 3 shows the total speciation for S(IV)
over'the pH range of O to 6 given the conditions listed on the right side of the
figure.

In aqueous aerosol systems, important factors to consider are the nature
and roles of dissolved organic molecules that can act as competitive complexing
agents for metals. For example, liquid-phase autoxidation of benzaldehyde produces
benzoic acid, which can act as a suitable complexing agent (e.g., pKa = 3.97,
logB,1 = 1.51 for Cu(C;HgO,)*) and a similar oxidation of 2-hydroxybenzaldehyde
to 2-hydroxybenzoic acid produces even a stronger potential ligand (e.g., pKa =
2.78, logfBy = 10.13 for Cu(C;HeO)*). The presence of complexing agents of
this type and organic reductants will accelerate the dissolution of Fe,03 and MnOy,,
which are the likely sources of soluble iron and manganese in aerosol systems.
As shown by Cohen et al. [40], the catalytic activity of soot-derived aerosols corre-
lates well with the total iron released to the liquid phase. To illustrate this effect,
oxalic acid/oxalate was added to the computation illustrated in Figure 2 at a
concentration of 1.0 mM. Results are shown in Figure 4 for the effect of 1:1,
1:2 and 1:3 ferric oxalate complexes with log8, = 7.5, logB; = 13.64 and log8;
= 18.49 on the equilibrium distribution of FeSO;}. The net effect of the addition
of oxalate was to lower the percentage contribution of FeSO} as a function of
pH for a given stability constant. This effect is due to competitive complexation.
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Figure 4. Speciation of Fe(III) perturbed by iron(I1I)oxalato
complexes as a function of pH and stability constant (3;) of the
FeSO4.

An additional effect that was not considered here is the possible formation of
mixed ligand complexes of Fe®*, S(IV) and oxalate.

As indicated above, certain metal-catalyzed autoxidations of sulfite proceed
via the formation of discrete inner-sphere complexes between the reductant, SO2-
and the catalyst as a prelude to electron transfer. Few metal-sulfite stability con-
stants have been determined because of the thermodynamic instability of sulfite
toward oxidation in oxic systems; however, those that have been reported [107]
are significantly larger than the corresponding constants for metal-sulfate complexes
as shown in Table XII. Sulfite can form complexes by forming a bond either

Table XII. Comparison of Stability Constants® for Metal-Sulfito and
-Sulfato Complexes at 25.0 C :

Metal m log B (SOF°) ® log B (S02°)
Ag* 0 AgSOy, 5.6 0 AgSOq, 1.3
Cd2+ 1.0 Cd(S0,)3", 4.2 1.0 Cd(S0yF, 1.6
Hg?* 1.0 Hg(80,);7, 24.1 0.5 Hg(804)%, 2.4
. Ce* 0 CeSOt, 8.0 0 CeSOt, 3.6
Fe3t 0.1 FeSOf{, 18.10 0 FeSOf, 4.0
Fe?* 0 FeS03, 2.2
uoz+ 1.0 U080y, 5.3 1.0 U0,S0,, 1.8
Cu* 1.0 CusSO;3, 7.8
Cu* 1.0 Cu(S0s)5-, 8.7
Cu?* 0 CuS0g, 24

¢ All constants reported in this table were taken from Smith and Martell {106},
except the stability constant for FeSOf.
® Hansen et al. [172).
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through sulfur [174,175] or through oxygen [176-178] whereas sulfate is restricted
to bond formation through oxygen. Part of the increased metal-sulfite bond stability
may be due to the availability of low lying *“d” orbitals on sulfur for pw-dmwr and
dw-dw metal to ligand backbonding. In addition to this added stability, sulfite
can readily form bidentate [179] and bridging complexes with bond formation
through two oxygen atoms or through an oxygen and sulfur.

Based on simple lincar free energy correlations, reasonable estimates for the
stability constants of Fe?*, Mn?*, Cu?* and Ni?* complexes with sulfite can be
made using the data given in Table XII. With this information, models for the
speciation of fog water (Table I) can be constructed with the aid of SURFEQL.
These computations are particularly important in the case of Fe3* since it can
exist as a solid (Fe(OH); or FeOOH) over a broad range of pH. Results of a
speciation model for the chemical constituents and concentrations listed in Table
I are illustrated in Figure $ for Fe3*, S(IV), Mn?* and Cu?*. Iron(I11) above pH
4 is predicted to occur exclusively as amorphous Fe(OH),; below pH 4, Fe* is
complexed by SO3~ (logB, = 12) and by F-. Only a small fraction of total iron
appears as free hexaquo iron(III). This fraction increases at pH <2,

Copper and manganese speciation are relatively straightforward. At the micro-
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Figure 5. Speciation of Fe(Ill), S(IV), Cu(II) and Mn(Il) in fog water as a function of
pH. Input values were the high values for all measured components listed in Table 1. (log
By [FeSO{] = 12 and log B, (MnSOg} = 8.)
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molar concentration levels given in Table I, both Cu?* and Mn?* occur as soluble
species over the pH range 1-6. Copper(1l) forms amino complexes to some extent
at pH >4. Manganese(Il) is found primarily as a sulfite complex (logB; = 8) at
pH 4-6 and as a free hexaquo metal at pH <4,

The speciation of S(IV) is of great interest. Bisulfite readily forms sulfonic
acid derivatives, a-hydroxyalkanesulfonic acids (also known as bisulfite addition
compounds) [180), as indicated in Equation 218, with aldehydes and ketones. Since
relatively high levels of formaldehyde (Kx = 6.3 X 10 M-atm~!) (Chapter 4)
and other aldehydes have been found in fog and cloud water in Los Angeles,
the formation of these addition complexes must be considered in kinetic or thermo-
dynamic model development. Dasgupta et al. [181] have established a conditional
stability constant for the formation of a-hydroxymethanesulfonic acid of approxi-
mately K = 1048 over the pH range 2-6. This constant can be used in the equilibrium
computation. Results shown in Figure 5 for S(IV) indicate that the sulfonic acid
derivative will be the predominant S(IV) species over a broad range of pH. Of
secondary importance below pH 4 are FeSOJ, HSO; and H,0+S0O;, respectively.
The occurrence of S(IV) as stable sulfonic acid derivatives may retard the net
oxidation of S(IV) to S(VI). Dasgupta et al. [181] and Fortune and Dellinger
{182] have found that addition of CH;O to sulfite solutions stabilizes S(IV) as
hydroxymethanesulfonic acid (HMSO), and that HMSO was not significantly de-
graded and oxidized to S(VI) for at least one month.

In conclusion, equilibrium speciation models will prove to be an invaluable
tool in determining the detailed chemistry of atmospheric water droplets when
sufficient time is available for reactions under consideration to be in a steady-
state or approximate equilibrium. The kinetic and mass transport limitations for
these approximations have been discussed [170,183). In the next section, the models
discussed above will be interfaced with a kinetic model for nighttime fog water
chemistry.

FOG WATER CHEMISTRY MODEL
1.  Background

Fog and cloud droplets form by condensation of water vapor on the activated
cloud condeusation nuclei (ACCN) in the atmosphere and grow by accretion of
water vapor. The soluble components of the ACCN on which the droplets form
dissolve in the droplet and provide an initial chemical loading. As the droplets
grow, they absorb gases from the atmosphere, and liquid-phase reactions occur
within.

During fall and winter 1981, water from nighttime fogs in the Los Angeles
basin were sampled and analyzed (Table I) [14]. The results of this study highlighted
the efficiency of fog droplets as scavengers of air pollutants in the boundary layer;
extremely high concentrations of sulfate ions, as well as nitrate and ammonium

[ ES o

ions, were routinely found. The Log Angeles basin is a highly polluted region,
and the sulfate levels observed could be attributed to (1) scavenging by nucleation
of the large primary sulfate ACCN; (2} scavenging by diffusion of the smaller
secondary sulfate aerosol particles; and (3) absorption of atmospheric SO; and
subsequent liquid-phase oxidation to S(VI).

As discussed above, several pathways for the heterogeneous S(IV) — S(VI)
oxidation scheme must be considered. The most important oxidants appear to be
H;0,;, Os and O, catalyzed by the Fe** and Mn?* present at less-than-millimolar
concentrations in the aqueous droplets. Hydrogen peroxide and ozone are both
absorbed from the gas phase according to their respective Henry’s law equilibria;
Fe3* and Mn?* originate from fly ash and soil dust ACCN on which the droplets
have condensed. The object of this section is to present a dynamic model for the
water chemistry of nighttime urban fogs with which the contributions of the various
oxidation mechanisms to the total S(VI) concentrations in fog water can be evalu-
ated.

A number of rain and cloud water chemistry models have been proposed
in recent years. Adamowicz [184] modeled the chemistry of pure raindrops falling
through a well mixed polluted layer with uniform and constant concentrations
of SO,;, CO; and NH;. He assumed that the aqueous-phase oxidation of S(IV) to
S(VI) occurred exclusively through iron-catalyzed oxidation by O, according to
the kinetic expression of Brimblecombe and Spedding [37]. Mass transfer at the
surface of the drop was modeled with two-film theory, which Baboolal et al. [185]
have since shown to be unsatisfactory in that it ignores the forced convection
inside and outside the falling drop, which greatly enhances the rates of mass transfer.
Durham et al. [186] added NO; to the gas phase and considered O; to be the
only liquid-phase oxidant, which greatly underestimates S(VI) formation rates.
Easter and Hobbs [187] modeled cloud water chemistry by using a wave cloud
model, an open atmosphere with trace concentrations of CO,, SO; and NH,, and
a rudimentary S(IV) oxidation rate consisting of a simple first-order dependence
on sulfite.

In the model presented here, the chemistry is more detailed than in the
above models; recent evaluations for reaction mechanisms, rate constants, activation
energies and thermodynamic data are used. ACCN chemistry and gas-phase reac-
tions are included to simulate the coupling between gas-phase, liquid-phase and
aerosol chemistries. The system is considered closed because of the significant
depletion of trace gases due to absorption by the fog droplets, which would make

. the assumption of an open system very inaccurate. Also, the physical processes

relevant to droplet chemistry are examined more rigorously than in the previous
models; as shall be shown, restriction of the model to nighttime fogs allows one
to account for these physical processes in a simple but fairly realistic manner,
whereas in rains and clouds, the large temporal and spatial scales involved make
detailed analysis exceedingly difficult. The proposed model is a potentially useful
tool for prediction of fog water chemistry, even though the present discussion
will mostly be limited to S(IV) aqueous-phase oxidation processes.
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2. Model Developménl

a. Gas-Phase Chemistry

At nighttime the gas-phase chemistry is considerably simplified over that in the
daytime because of the absence of sunlight and thus of the associated photochemical
reactions. In the absence of OH, O*P) and CH,0, radicals, which disappear
rapidly after sunset, SO, gas-phase oxidation is very slow [188] and negligible on
the time scales of a fog event. Although oxidation by ozone of organics (especially
olefins) may be important, it will not be considered at the present time. Gas-
phase chemistry is assumed to be limited to NO, oxidation, which proceeds through
the following mechanism [189,190]:

NO + 03— NO; + 0, k; = 3.38 X 10% exp(—1450/T) (222)
NO; + 03— NO, + O3 k2= 1.76 X 102 exp(—2450/T) (223)
NO + NO; — 2NO, ky =2.94 X 10¢ (at 25 C) (224)
NOj + NO; — N,0s —2-24, JHNO3 K, =7.35 X 10° (at 25 C) (225)
No data are given for the activation energies of Equations 224 and 225; a doubling
of the reaction rates for a 10° C increase in temperature is assumed.

The kinetics of the hydrolysis of N;Os, which involves both water vapor

and the fog droplets, is not well understood. The essential work in this problem
area has been reviewed [191]. Hydrolysis of N,Os appears to occur much faster
at the surface of aerosol particles than homogeneously in the gas phase. In the
presence of fog droplets the reaction is probably very fast, because of the large
droplet surface area and the possibility of heterogeneous hydrolysis. Therefore,
this step is assumed to be instantaneous. Reactions 222-225 yield a system of
differential equations that is readily solved by a fourth-order Runge-Kutta routine.
The overall reaction rate is essentially limited by the slow rate of oxidation of
NO,.

b.  liquid-Phase Chemistry

Droplet chemistry is determined primarily by ACCN chemistry and by absorption
and subsequent aqueous-phase reactions of atmospheric gases. Gases are absorbed
and react in the droplet according to the equilibria listed in Table XIII. The
temperature dependence for all the equilibrium constants in Table XIII is deter-
mined by the Van't Hoff equation;

AH° /1 1
InKy = InKgs.15 — -
ART= MRame1s = g (T 298.15)

(226)

Table XIII. Equilibria and Thermodynamic Data Considered in Fog Water Model [10,
32,196,197}

AG°35.18 AH%354 5 Kiag)
Reaction (keal-mol~1) (kcal-mol 1) (M-atm=1 or M)
H.O(1) = H* + OH~ 19.093 13.345 1.008 x 10-14
CO,(g) + H0(1) = H.COs(1) 2.005 —4.846 3.390 X 10
H.CO4(1) = H* + HCO3 8.687 1.825 4.283 < 1077
HCO;j = H* + CO}~ 14.09 155 4.687 X 1018
NH,(g) = NHy(1) —2.41 —8.17 5.844 x 10!
NHy(1) = NH} + OH~ 6.503 8.65 1.709 X 10-3
SO4(g) == SO4(t) —0.130 —6.247 1.245
SO,(1) = HSO; + H* 2.578 —4.161 1.290 X 10~
HSO; = S0} + H* 9.850 —2.23 6.014 X 108
HNOy(g) = H* + NO3 —8.92 —-17.46 3.460 x 108
H,0,(g) = H;0:(1) —14.5 7.1 X 104
0,(g) = Os(1) —5.04 9410

It is interesting to note that at the pH commonly encountered in fogs (pH 2-6)
all of the gaseous nitric acid and ammonia are absorbed by the droplets because
of their acid-base chemistries in the liquid phase. For other gases absorption is
limited.

Oxidation of S(IV) in the droplet is allowed to proceed along the major
pathways discussed previously. The important oxidants are H;O; and Os; oxidation
by dissolved O; may also be important if catalyzed by Fe?* and Mn?*, for which
the catalytic synergism noted in Chapter 2 is considered. Oxidation by NO, and
by O; catalyzed by trace metals other than Fe3* and Mn?* is ignored for the
present time.

Speciation of Fe and Mn within the droplets may control their catalytic
effectiveness. Fe and Mn are effective catalysts as long as they are dissolved (as
free ions or complexes in solution); however, their catalytic properties are totally
altered if they occur as solid phases. Surface catalysis may occur, but this possibility
will not be considered here. The distribution of Fe and Mn species inside the
fog droplets was obtained from typical values for the concentration of all major
components of Los Angeles fog water with SURFEQL [172]. The results were
shown in Figure 5. Mn?* remains totally in solution at the pH values found in
fog water, but Fe** starts to precipitate as Fe(OH); above pH 4. At pH values
above 5 no Fe?* remains in solution; therefore, high pH values quench the iron-
catalyzed S(IV) oxidation mechanism. Total soluble Fe3*, y, is given by the following
relationship:

y = *Kgo[H*PagFer
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where y is the dissolved fraction of the total iron in the system, *Ksg is the solubility
product constant for Fe(OH)-5 (S), and ay is defined as follows:

ao = (1 + Bi[F"J* + Bu[F~] + B5[SO5"] + *Ku/[H*] + *K;[H*])~

For all oxidation reactions the reaction rates and activation energies are
chosen from the expressions suggested in Chapter 2 for atmospheric models, with
speciation for Fe3* added.

C.  Physical Description

The model presented here uses a closed-box approximation. At t = 0, under condi-
tions determined by the ambient saturation, size distribution and chemical composi-
tion of the CCN, water droplets suddenly form and grow subsequently by accretion
of water vapor. Scavenging of the smaller aerosol particles by diffusion to the
surface of the droplet is not included in the model.

The possible limitation of S(IV) oxidation reactions by mass transfer has
been discussed [185,188,192,193]. Seinfeld [188] indicated that the liquid-phase
chemical equilibria of concern are established very quickly and thus do not induce
any rate limitations in the system. Schwartz and Freiberg [192,193] showed that,
for stationary droplets smaller than 50 um, the rate was limited by the chemical
oxidation rates. Baboolal et al. [185] extended this analysis by showing that for
the few fog water droplets larger than 50 um that exhibit a significant sedimentation
velocity (as opposed to the smaller quasistationary droplets), forced convection
both inside and outside the droplet enhances significantly the rates of mass transfer
as calculated for stationary droplets. Because of this enhancement the diffusion
rate still is faster than the S(IV) oxidation rate. Therefore, the chemical changes
in fog droplets are most likely limited by the specific reaction rates.

Because fogs are generally localized events and occur on time scales of a,
few hours, usually under low wind conditions, no consideration of long-term trans-
port of condensing/evaporating droplets was included in the model; also, evolution
of the droplet spectrum through coagulation can be neglected since mass transfer
does not limit the reaction kinetics. Droplet growth can simply be accounted for
by the input of a time-dependent liquid water content (LWC), which is measured
experimentally. Thus a reasonable physical description of the system in the model
can be limited to the input of temperature and of a time-dependent LWC,

d. Mathematical Formulation

At time t = 0, droplets are assumed to suddenly condense in an atmospheric
“closed box™ containing ACCN and trace atmospheric gases; the instantaneous
formation of these droplets is associated with a certain LWC. This LWC may be
made to vary with time following either experimental observations or theoretical
predictions [194]. In the results presented here, LWC will be taken to be constant.
When the droplets form they receive an initial chemical loading from the water-
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soluble fraction of the ACCN, immediately absorb atmospheric gases according
to Henry's law and the liquid-phase equilibria of Table XIII are established. The
concentrations of the species at equilibrium are obtained by solving the electroneu-
trality equation for a closed system (see appendix for details of the calculation).

Formation of S(VI) in the liquid phase is calculated over small time increments
At by a forward finite-difference technique:

d[S(VD)]

[S(VDl+at =I[S(VD]: + ( § (T)ox) At (228)

After each time step, changes in gas-phase concentrations from fresh emissions
and NO, oxidation are calculated, and the electroneutrality equation is solved to
obtain the new equilibrium concentrations for the species in the system.

Time increments are taken as At = 2 X 10~¢ n (minutes) where n is the
time step number; this expression allows for a better resolution at the beginning
of the fog event, where chemical changes are rapid. The use of smaller time steps
did not change the calculation results.

4. Results and Discussion
The model was designed to interpret the results of the 1981-1982 fog sampling
program [14] and to shed light on the relative importances of the various liquid-
phase S(IV) oxidation mechanisms in ambient fog droplets. The present discussion
will be limited to the latter point, in light of the fog water data collected in the
Los Angeles basin [14] and the permanent atmospheric chemistry records of the
Air Quality Management District.

The following pre-fog nighttime gas-phase concentrations were assumed for
all model runs: .

CO; = 3.3 X 10° ppb,
NO = 100 ppb,

NO; = 50 ppb,

. NH; =15 ppb,

¢« HNO; =3 ppb, and
SO; =20 ppb.

In cases H and 1, different levels and emission rates for NO and NO, are considered.
Gas emission sources per liter of basin air were taken to be

»  Oyo=0.1 ppb-min-t-L-1,

¢ 8y, =0.01 ppb-min~t-L-,

* 850, = 0.05 ppb-min~!-L-!, and
* O, = 0.005 ppb-min~1-L%,
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Concentrations of gas-phase ozone at night range from 0 to 30 ppb. There is
some evidence of nighttime diffusion of ozone from the upper atmosphere down
to the boundary layer as ozone is depleted near the ground by gas-phase oxidation
reactions [195]; this source term will be ignored for now. Because NO is usually
in excess of O, the additional ozone would merely oxidize part of the excess
NO and thus have little effect on the droplet chemistry.

Hydrogen peroxide levels are poorly documented, and the reliability of the
few existing measurements has been questioned; a concentration range of 1-5 ppb
will be assumed. Hydrogen peroxide is not considered to be an important oxidant
for nighttime gas-phase NO, chemistry.

A major feature of the Los Angeles fog water as shown in Table I is the
high levels of trace metals. The model calculations were performed for the ranges
observed, which are 20-200 peq-L-! for Fe>* and 1-10 peq-L™* for Mn?**- For
all runs a typical value of 20 was taken for the Fe/Mn ratio in equivalents. Table
XIV gives concentration conditions imposed on the model calculations.

Calculations were first made under conditions typical of Los Angeles fog
with a temperature of 10° C, a LWC of 1 g-m~3, prefog conditions of 1 ppb H;04
and 10 ppb O and trace metal levels in the droplets of 100 peq-L~! for Fe and
5 peq-L-? for Mn. Synergism between Fe and Mn was considered for S(1V) oxida-
tion, and the ACCN were assumed to be NaCl or some other neutral aerosol.
The results of the calculations are shown in Figure 6.

A basic feature of S(IV) nighttime oxidation is that the strong oxidants (Hs04
and O,) are not resupplied to the atmosphere in the absence of the daytime photo-
chemical reactions. As seen in Figure 6, 10 min after fog formation, H;0, and
O, no longer contribute to S(IV) oxidation because they have been totally depleted
from the atmosphere, H.0, by S(IV) liquid-phase oxidation and 0, by (1V) liquid-
phase oxidation and NO, gas-phase oxidation. Hydrogen peroxide is an efficient
liquid-phase oxidant because it is very soluble in water, has rapid oxidation rates
at low pH, and is not depleted at a significant level by gas-phase oxidation reactions.
On the other hand, Os is poorly soluble; its rate for oxidizing S(IV) drops dramati-
cally as pH decreases; and it reacts quickly with NO in the gas phase to form
NO;. Hydrogen peroxide is thus a very effective oxidant for S(IV) in ambient
fog water, whereas oxidation by Oy is relatively insignificant,

In addition, it is apparent from the model calculations that rapid reaction
of Oy with NO not only prevents liquid-phase S(IV) oxidation by Oy but also
gas-phase NO, oxidation by Oy, which is the rate-limiting reaction for the formation
of nitric acid at night; thus, there is no nitrate formation during a nighttime fog
event (although the fog water may have a high nitrate concentration because of
the scavenging of nitrate particles and of the prefog gaseous nitric acid).

Finally, the most striking result of the calculations is the dominating role
of metal-catalyzed oxidation, which accounts for more than 90% of the S(VI)
formed in the liquid phase four hours after the beginning of the fog event. Unlike
H,0; and O, there is an infinite supply of O, and concentrations of Fe and
Mn in Los Angeles fog water are high enough to make O, an cffective oxidant.
Although the corresponding oxidation rates exhibit an inverse dependence on H*
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Figure 6. Sulfate formed, pH and total S(IV) for the fog water as a function of time
after fog formation, under conditions typical of the Los Angeles atmosphere (case A): 20
ppb SO, 10 ppb Oy, 1 ppb H;0: in the pre-fog gas phase, metal aqueous-phase concentrations
of 100 peq-L~! Fe** and 5 peq-L~! Mn?*.

concentration, dissolution of the ferric hydroxide precipitate below pH 4 maintains
oxidation rates at a high level at the low pH values characteristic of Los Angeles
fog water. Even at the lowest concentrations of metals found in the fog water
(Case B, Figure 7) and in the absence of synergism between Fe and Mn catalytic
effects (Case C, Figure 7), metal-catalyzed oxidation is still the major source of
S(VI) formation.

It should not, however, be concluded from the above results that H;O; is
only a minor contributor to S(IV) oxidation. Because no reliable method exists
for measuring gas-phase H;0;, its levels in the atmosphere are uncertain; at concen-
trations higher than the | ppb considered in Case A it may be an important
oxidant. This is illustrated by Case D (Figure 8), where a pre-fog H,O; level of
5 ppb is assumed; the contribution of H;0, to S(IV) oxidation is then important,
and dominates oxidation processes until two hours after fog formation. High levels
of H;0; also slow down the metal-catalyzed oxidation kinetics because of the
abrupt pH drop associated with the rapid quantitative depletion of H;O,.

Temperature dependence of the chemical composition of the droplet was
studied by raising the temperature in Case A from 10 to 25 C (Case E, Figure
8). At this higher temperature the oxidation rates are higher, but the solubilities

(R s YRsES) g FromsLatey =l P oo—- 1 ‘ - |

of the gases are lower. These opposite effects make the system rather stable to
changes in temperature. Comparing Cases A and E 4 h after fog formation, some-
what more S(VI) has been produced at the higher temperature (700 pmol-L™! at
25° C vs 520 pmol-L-? at 10 C) while the pH is slightly lower (2.9 at 10° C
vs 3.05 at 25° C). Oxidation of S(IV) by ozone becomes totally unimportant at
25° C, as ozone is even less soluble than at 10 C.

The effect of droplet “background” acidity was investigated by calculating
the chemical content of the droplets in Case F of acid ACCN (1 pmol-m~? of
HNO;) and in Case G of basic ACCN (1 pmol-m™? of NaOH). These cases yielded
“initial pH values” of 3.03 and 6.50, respectively; the calculated results are shown
in Figure 9 (cases F and G). The effects of the pH changes are damped by the
slow S(IV).metal catalyzed oxidation rates at low pH, and after 4 h, the pH
values are reasonably close at 2.90 and 3.15, respectively. However, six times more
sulfate is formed in the initially “basic” droplet. A main feature of this latter
case is that the high initial pH allows for a much higher rate of S(IV) oxidation
by O,, which then becomes a major contributor to S(IV) oxidation.

In urban air, the levels of NO at dusk are generally higher than those of
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Figure 7. Sulfate formed and pH for the fog water as a function of time afler fog formation,
when Fe3* = 20 peg-L~! and Mn?* = | peg-L~? (case B) which are the lows observed

in the Los Angeles fog water, or when no synergism for iron- and manganese-catalyzed
oxidation mechanisms is considered (case C).
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Figure 8. Sulfate formed and pH for the fog water as a function of time after fog formation,
when H;03 = § ppb in the pre-fog gas phase (case D), or when the temperature is 25 C
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O,, and the gas-phase oxidation of NO by Oj; depletes all the Oy from the system.
However, it may happen that ozone will be in excess of NO; in that case, after
the oxidation of all the NO to form NO,, there will be ozone available to oxidize
both NO; in the gas phase to form nitric acid and S(IV) in the liquid phase to
form S(VI). Figure 10 illustrates the chemical behavior of the fog under conditions
of Case H, where ozone is in excess of NO. Comparing the results to those of
Case A, one observes a slight increase in the ozone contribution to the S(IV)
liquid-phase oxidation, but mostly a large amount of nitrate formed. After NO
is depleted, the slow gas-phase oxidation of NO; to HNO, thus becomes the domi-
nant pathway for ozone removal from the system. Less sulfate is then formed
because of the drop in pH due to the incorporation in the droplet of the nitric

- acid. It is interesting to note that under conditions of a NO,-free atmosphere

(Case I, Figure 10) one does not observe an increase in the production of S(VI)
by ozone as compared to Case H; this shows that production is not limited by
competition from gas-phase NO, oxidation but rather by the inefficacy of ozone
as a liquid-phase oxidant for S(IV) in low pH solutions. It is observed from the
model calculations that there is no oxidation of S(1V) by ozone below pH 4 regard-
less of the NO; concentrations.

Overall the results of this dynamic model reveal some important features
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Figure 9. Sulfate formed and pH for the fog water as a function of time after fog formation,
when condensation takes place on HNOs ACCN (case F), or on NaOH ACCN (case G).

of S(IV) liquid-phase oxidation in the fogwater of polluted atmospheres. They
are:

1. The main contributor to S(VI) formation in the aqueous phase at night is
metal-catalyzed oxidation of S(1V). This conclusion may be challenged be-
cause of the lack of definitive data for H,O; concentrations in the atmosphere,
which makes our estimated value of 1 ppb no more than an educated guess;
it still appears that metal-catalyzed oxidation is more important in polluted
atmospheres than has been hitherto recognized.

2.  S(IV) oxidation by ozone is insignificant because of a combination of slow
oxidation rates at low pH, poor ozone solubility and depletion of ozone in
the gas phase by oxidation of NO.

3.  S(IV) oxidation by H,O; is very rapid, but is limited by the amount of
H,0; originally present in the system. )

4.  Precipitation of ferric hydroxide at pH 4, with the accompanying loss (0
modification) of its catalytic properties, requires that Fe3* speciation be taken
into account in the development of atmospheric water chemistry models.

5.  If the level of NO is higher than that of O,, there is no nitrate formation
in the fog. If it is lower than that of Os, O3 will first oxidize NO very
quickly to form NO; and then slowly oxidize NO, to form NOs, which
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Figure 10, Sulfate formed, pH and nitrate for the fog water as a function of time after
fog formation when ozone is in excess of NO (case H), and sulfate formed under conditions
of a NO,-free atmosphere (case I).

will then react to produce nitric acid. The rate of S(IV) oxidation by ozone
in such a system is not limited by the amount of NO; in the atmosphere
but by the pH of the fog water. Below pH 4 it is insignificant.

5. Conclusion

In heavily polluted atmospheric water droplets, such as those found in urban
fogs, the model presented here shows that metal-catalyzed S(IV) oxidation is a
significant contributor to formation of S(VI) in the liquid phase, and apparently
is more important than oxidation by H,O,. Under conditions typical of the Los
Angeles area, liquid-phase oxidation of S(IV) to S(VI) is found to account for
sulfate concentrations in the range of 5 X 10~¢ mole-L™! 4 h after fog formation.
Waldman et al. [14] found sulfate concentrations ranging from 5 X 107% to
2 X 1073 mole-L™! in the fog. Direct comparison of our calculated values with
the field data is difficult, since Waldman et al. did not measure the LWC of the
fogs they studied; nevertheless, it appears clearly that absorption of SO followed
by liquid-phase oxidation is an important mechanism for explaining the sulfate
concentrations in polluted fog water.

The present model needs to be refined further; the main limitations now
are the failure to include organic complexing agents and reductants and the rather
simplistic treatment of the formation of complexes. Absorption of formaldehyde
followed by formation of its sulfite complex (HOCH,SO;) must be considered in
an advanced model; including this complex and others requires the use of multidi-
mensional calculation routines such as SURFEQL to obtain the equilibrium concen-
trations of the species in the droplet.
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APPENDIX: THE ELECTRONEUTRALITY EQUATION

The ionic species in the fog droplets must satisfy the following electroneutrality
equation:

[H*] + [NH] + [Na*] + 3[Fe*] + 2[Mn#*] = [OH-] + [HCO;]
+ 2[CO2-] + [HSO;] + 2{S02"] + 2[S0%-] + [NO;) + [CI']

where the iron and manganese complexes have been omitted for now to allow
the equation to be solved by the one-dimensional Newton’s method. Fe3* and
Mn?2* are assumed to be introduced in the liquid phase through ACCN containing
FeCly and MnCl,.

In the closed two-phase system considered here the mass balance equation
for component A can be written:

=P
Ar=pr 1T LIAGY)

where P, = atmospheric partial pressure of A
[A(aq)] = concentration of A in the liquid phase (where A may be dis-
tributed among different species)
L = LWC (liters of water per liters of air)
A= total double-phase concentration of A in a liter of air (note that
L <<1); a constant for the system

For sulfur(IV), for example,
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From Table XIII:

[SO:(1)]
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[HSO3][H*]
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In this manner the electroneutrality equation can be rewritten:
[NH;},

Kgll((giﬂ*])

KsK¢[H*]

Kw 1
RT + L(Ks +

[H*] + + [Na*] + 3[Fe**] + 2[Mn2*)

_ Kw . KiKs KKK,
=T Tt T Fe

Sr

1 K:Ks . K:KKp
RT + L(K1 +— [HY) + [H? )

2KKsK, Sr

H*)? 1 ( K';Kg
RT —+L{K;+ [H]
K, ([NOs,
[H*] l LK
RT [H"]
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+ 7

4

=

+2[S0F ]+ — +[CI1]

which is of the form f([H*}]) = 0 and is readily solved by Newton's method.
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