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Abstract--Controlled exposure of ice to a reactive gas, SO2,  demonstrated the importance of the chemical 
composition of the ice surface on the accumulation of acidity in snow. In a series of bench-scale continuous- 
flow column experiments run at four temperatures ( -  1, - 8, - 30 and - 60'~C), SO2 was shown to dissolve 
aru:l to react with other species in the ice-air interfacial region at temperatures approaching the melting 
point of ice. Experiments consisted of passing air containing SO2 through glass columns packed with 100- 
/zm ice spheres of varying bulk composition (0-5/aM H202, and 0-1 mM NaCI), and analysing SO 2 in the 
air and SOl-  in the ice. At all temperatures ( -60  to - I°C), increased retention volumes were found for 
increasing ionic strength and oxidant concentration. At the coldest temperatures and with no NaC1, 
increased retention volumes for - 6 0  vs -30°C are consistent with SO2 uptake by physical adsorption. At 
wanner temperatures, - 8  and - I ° C ,  the observed tailing in the sorption curves indicated that other 
processes besides physical adsorption were occurring. The desorption curves showed a rapid decrease for the 
wanner temperatures, indicating the sorbed SO 2 is irreversibly oxidized to SO42-. Results indicate that 
aqueous-phase reactions can occur below -8°C  (i.e. - 3 0  and -60°C). Results for different salt 
concentrations show that increasing ionic strength facilitates SO 2 oxidation at colder temperatures, which is 
consistent with freezing point depression. One environmental implication is that snowpacks in areas with 
background SO 2, can accumulate acidity during the winter months. As acidity accumulates, the solubility of 
SO 2 will decrease causing a concomitant decrease in the air-to-surface flux of SO2. Modeling dry deposition 
of gases to snow surfaces should incorporate the changing composition of the ice surface. 

Key word index: Sulfur dioxide, dry deposition, ice, snow, hydrogen peroxide, ice-air interface, pre-melt 
layer, laboratory study. 

INTRODUCTION 

Dry deposition is part of the overall a tmosphere-  
surface exchange process and is the result of a net 
balance between the atmosphere-to-surface fluxes and 
the surface-to-atmosphere fluxes. The process of dry 
deposition is usually separated into three steps corres- 
ponding to: (1) atmospheric transport to a quasi- 
laminar sublayer above the surface, (2) transport 
through the quasi-laminar sublayer and (3) deposition 
to the surface. A resistance is associated with each step 
and the flux is determined by a concentration differ- 
ence across the resistances in series. The importance of 
the third resistance, surface interactions, is highly 
dependent on the substance being deposited and the 
condition of the surface. For  SO 2, it appears that the 
surface resistance may be controlled by reactions on 
the surfaces of the ice crystals that comprise the snow. 
Experiments by Valdez et al. (1987) on the uptake of 
SO 2 on natural snow found evidence that the sorbed 
SO 2 oxidized readily. They tentatively identified the 
oxidant as H 2 0  2, as measurable amounts  of H 2 0  2 
have been found in snowpacks worldwide (e.g. Neftel 
et al., 1984; Gunz and Hoffmann, 1990). 

The rates of uptake of reactive gases on ice surfaces 
depend on the chemical composition (i.e. concentra- 
tions of oxidant and ionic strength) and the physical 
characteristics (liquid-like characteristics and surface 
area) of the surface layer. Studies on non-reactive 
gases (NO and SO2 in systems without oxidants) 
suggest that two processes are involved in the sorption 
of gases to ice surfaces (Sommerfeld and Lamb, 1986; 
Clapsaddle and Lamb, 1989; Sommerfeld et al., 1992). 
At temperatures below - 1 0 ° C ,  the amount  of uptake 
increases with decreasing temperature. This is con- 
sistent with physical adsorption of gases on an ice 
surface. At temperatures above - 10°C, the uptake of 
N O  (a sparingly soluble gas) was shown to exhibit a 
temperature dependence that suggested a surface pre- 
melt layer had started to form (Sommerfeld et al. 
1992). 

In this work, the amount  of uptake of SO2 was 
studied as a function of salt content, oxidant concen- 
tration and temperature of the ice. By studying a gas 
with understood reaction mechanisms in aqueous 
systems (e.g. Hoffmann and Calvert, 1985) over a wide 
range of temperatures, we hypothesized that we would 
be able to determine under what conditions aqueous- 
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phase reactions occurred on the ice surfaces. Data  will 
assist in modeling dry deposition of gases to snow- 
packs and a i r -snow exchange in general. 

METHODS 

Ice spheres of 100-/~m radius were produced using the 
technique of Sommerfeld and Freeman (1988). Briefly, five 
different solutions containing combinations of oxidant 
(HzO2 =0 and 5 gM) and salt (NaCI=0, 10 and 1000 #M), 
were made using deionized water from a Barnstead Nano- 
pure water-purification unit. NaCI was from Fisher Scient- 
ific, ACS certified, and contained 0.4 ppm Fe. H20 2 (30%) 
was a Mallinckrodt Analytical Reagent. The solution, flow- 
ing at rates of 30-50 cm 3 rain-1, was directed through a 
syringe to the tip of a sonic nebulizer. A frequency of 20 kHz 
was chosen to produce 100-#m ice spheres because Perla's 
(1978) calculations indicated that significant changes of the 
specific surface area of ice spheres of this radius of curvature 
take on the order of months. This was important, as surface 
area was assumed to remain constant for the time span of the 
experiments (hours). After the droplets were formed, they fell 
into a dewar flask filled with liquid N2, to ensure quick 
freezing. To reduce risk of contamination (and noise) there 
was a plastic shield around the horn and the dewar. To check 
for contamination, some of the ice from each batch was 
analysed on the ion chromatograph; concentrations of SOl-  
were measured to be 18 + 6 ppb in the blanks. The blank 
concentrations were subtracted from our results. It was 
assumed that no H202 was lost during the freezing process; 
this has been confirmed by a study by Iribarne and Pyshnov 
(1990). There was a 200-#m sieve below the surface of the 
liquid N2 to remove any coarser particles formed when stray 
water drops fell in the flask. The frozen ice spheres were 
packed into glass columns (12.5 cm length, 2.5 cm dia.) that 
had the inside pre-coated with ice, and were subsequently 
sintered at -25°C for at least 3 days to remove regions of 
high negative curvature. The average surface area was 17 
+6mm2mm -3. Pore volumes (i.e. volume of void space 

inside the column) were measured gravimetrically and aver- 
age values are 24.8+0.9 cm~; +indicates 95% confidence 
intervals. 

During the experiment, the ice columns were placed into a 
constant-temperature oven (Despatch model 926D) and ex- 
posed to a constant concentration of SO2. Four temperatures 
were studied: - 1, - 8, - 30 and - 60°C. The experimental 
apparatus is similar to that used by Sommerfeld and Lamb 
(1986; see Fig. 1). Two gas streams SO2 and Air Products 
artificial air, were mixed upstream of the column to achieve 
SO2 concentrations of 89 or 69 ppbv (due to using two 
different cylinders of SO2); mass flow controllers (Matheson) 
were used to control the flow and achieve 600 sccm (as 
required by the detector). This resulted in typical column 
residence times of 2.5 s; experiments lasted up to 6 h. To 
ensure no sublimation or deposition of the ice, the air was 
saturated at the appropriate temperature before mixing with 
SO2 (the SO2 flow rate was approximately two orders of 
magnitude smaller than th~ air flow rate). The valves on the 
apparatus were computer controlled and data were collected 
using the program ASYST. The outflow of SO2 was constantly 
monitored using a pulsed ultraviolet sulfur analyser 
(TECO 43). The sorption limbs of the breakthrough curves 
were obtained by saturating the column with SO2 (saturation 
was defined as when the output concentration equaled the 
input concentration, Co). Then SO2 was desorbed by passing 
SO2-free air through the column; this portion of the break- 
through curve is referred to as the desorption limb. To 
smooth the data, an average was taken of every five data 
points, with the center data point weighted by a factor of two. 
Any instrument bias was then removed, as there was con- 
siderable drift of the SO2 analyser (due to the aging condition 
of the detector), and the data normalized by the input 
concentration (Co). It should be noted that the drift made it 
difficult to identify when Co was achieved. We estimate the 
error could be in the range of 10%. This could result in 
significant errors in calculating the total amount of SO 2 
sorbed from these curves. Good qualitative reproducibility, 
however, was achieved with the breakthrough curves. Quant- 
itative data from the breakthrough curves were less reliable 
because of instability of the SO 2 detector, so we did not 
report retention volumes. 
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Fig. 1. Experimental apparatus. 
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Quantitative data, however, were available for SO,~- 
concentration from chemical analyses of the columns. At the 
end of each experiment, the column was divided into three 
sections; the front and back sections of the column were 
melted and the SO~- concentrations were measured using an 
ion chromatograph (Dionex). The mean concentration was 
used as representative for the whole column. There was some 
evidence of channeling, as sometimes the back section had 
higher concentrations than the front section or vice versa. 
The remaining ice was used to make surface area measure- 
ments using stereological section plane analysis. The section 
preparation and analysis techniques used have been de- 
scribed by Perla (1982), Perla and Dozier (1984) and Perla 
et  al. (1986). 

To determine physical properties of the snow columns (i.e. 
dispersion), breakthrough curves were obtained for some of 
the ice columns using NO gas. Our previous results indicate 
that NO behaves similar to a conservative tracer (Sommer- 
feld et al., 1992). 

RESULTS 

Both breakthrough curves for SO 2 and oxidation- 
product (SO~-) concentration are used to interpret 
temperature and snow composit ion effects. Temper- 
ature dependence of sorption of SO2 on ice is shown in 
Fig. 2. Shown are concentration vs time sorption 
curves for three ice compositions at four temperatures 
( - 1 ,  - 8 ,  - 3 0  and -60°C) .  All three compositions 
show the same temperature pattern with minimum 
sorption at - 30°C (typically, - 1 > - 8 > - 30 < 
-60°C) .  The shape of the sorption curves changes 
with temperature. Two key features of the sorption 
curves are: (1) number of pore volumes before measur- 
able amounts  of SO2 leaves the column and (2) 
the time it takes to approach equilibrium (C/Co = 1). 
Curves at the warmer temperatures ( -  1 and - 8°C) 

show a slow approach to equilibrium, as indicated by 
pronounced tailing. At the colder temperatures ( - 3 0  
and - 6 0 ° C )  there is a delayed onset of the sorption 
curve, then a much faster approach to equilibrium, 
with the curves having close to a classic sigmoidal 
shape. In addition to the temperature dependence, 
comparing the three sets of curves illustrates the effects 
of changing the ice composition. In Fig. 2a, curves for 
all four temperatures reached equilibrium by 800 pore 
volumes. Addition of 10 #M NaCI delayed equilib- 
rium attainment to over 1000 pore volumes for - I°C 
(Fig. 2b). Presence of an oxidant delayed equilibrium 
for all temperatures, with equilibrium not being reach- 
ed for - 1 and - 8 ° C  within 1500 pore volumes (Fig. 
2c). 

Figure 3 illustrates experimental reproducibility at 
three temperatures with and without H202.  The sorp- 
tion curves at - 1 ,  - 8  and - 3 0 ° C  were highly 
reproducible. There were, however, some problems in 
reproducibility at - 60°C. At that temperature, the O- 
rings that seal the column became brittle, and small 
leaks were more frequently observed. The effect of 
leaks was to displace the location of the sorption 
curves, not to change the shape of the curve. 

These curves indicate that the largest change in the 
shape of the sorption curve occurs between - 30 and 
- 8 ° C ,  from a more sigmoidal shape to a non-sym- 
metrical shape for higher temperatures. The effect of 
adding H 2 0  2 can be seen as the difference between the 
two sets of curves for - 1 and - 8°C (Figs 3a and 3c). 
Without  H202, there was a slower approach to equi- 
librium than would be expected from physical adsorp- 
tion to a solid surface at the warmer temperatures. 
This could be due to slow uptake and diffusion into 
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Fig. 2. Sorption limbs of SO 2 breakthrough curves at four temperatures on ice mixtures 
containing (a) deionized water, (b) 10/~M NaC1 and (c) 10 pM NaCI and 5 #M H20 2. 
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Fig. 3. Sorption limbs of SO2 breakthrough curves showing reproducibility both with and 
without H202 on ice containing (a) 10 pM NaC1 at - I°C, (b) 10/~M NaC1 at -8°C, (c) 
10/zM NaC1 and 5/~M H202 at --30°C and (d) 10/~M NaC1 and 5#M H202 at -60°C. 

the aqueous phase. There were trace levels of Fe 
present in the NaC1, so this slow uptake could also be 
due to Fe-catalysed oxidation of SO2. The presence of 
H20  2 increases the time needed to approach equilib- 
rium even further; slow uptake is thought to be due to 
oxidation and eventual depletion of H202 at the 
surface. At colder temperatures (e.g. -30°C,  not 
shown), the presence of H202 does not change the 
shape of the curves, suggesting that there is a change in 
sorption mechanism between - 3 0  and -8°C.  

The shape of the sorption curves was not affected by 
dispersion in the columns. Sorption curves for NO on 
some of the same ice columns used for SO2 are shown 
in Fig. 4. Compared to SO2 curves, the NO curves 
exhibit a very sharp front; i.e. the rise in C/Co from 0 to 
1 occurs within 10 pore volumes. Typical retention 
volumes for the NO experiments were 7.5 to 8.5 pore 
volumes, showing increasing retention with decreas- 
ing temperature consistent with Sommerfeld et al. 

(1992). 
To determine system losses (wall losses, etc.) an 

empty column of 5-cm length was used in place of the 
sample column. The measured retention volume was 
45 pore volumes for -8°C.  This represents an upper 
limit for system losses, since the introduction of an 
empty column changed the gas flow pattern in the 
column significantly. Previous experiments with NO 
in empty tubes indicated that experimental artifacts 
associated with the change in flow regime gave artifi- 
dally high retention volumes (Sommerfeld, unpub- 
lished data). This retention volume was small relative 
to the total retention volume at - 8 ° C  for columns 
with ice spheres containing salt and oxidant. 
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Fig. 4. Sorption limbs of NO breakthrough curves at 
four temperatures on ice containing 5 ~M H202. 

Representative full sorption and desorption curves 
are shown in Fig. 5 for two temperatures for ice 
containing 1 mM NaCI and 5 #M H20 2. The sorption 
and desorption curves show opposite trends with 
temperature. The sorption curve shows more tailing at 
the warmer temperature; there was more tailing in the 
desorption curve at - 60°C. At - 60°C, the sorption is 
more reversible in the presence of H20  2, indicating 
much less oxidation of SO2. There is very little desorp- 
tion at - I ° C ,  indicating that most of the SO2 is 
sorbed irreversibly, i.e. it is oxidized. 

Analyses of the amount of SO 2- formed gave a 
lower limit for SO2 uptake. The amount of SO2 taken 
up by the ice, determined by melting the ice and 
measuring SO~- concentrations, showed the same 
trends with respect to temperature and ice composi- 
tion as did the sorption curves except for - 6 0  and 
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Table 1. Production of SO42- as a function of ice composition 
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Ice composition 

SO~- H202 
Temp. formed consumed 

(°C) (gm -2 × 10-7) * (%) 
No. 

of runs 

Dcionized H20 - 6 0  
l0 #M NaCI - 6 0  
1 mM NaC1 - 6 0  
5 #M H202 - 6 0  
5 #M H202 and 10 #M NaCl - 6 0  
5/zM HzO 2 and 1 mM NaCI - 6 0  

Deionized H20 - 30 
10 #M NaC1 - 3 0  
1 mM NaCI - 3 0  
5 #M H202 -- 30 
5/zM H20 2 and 1 mM NaCI - 30 

Deionized H20 - 8 
10 #M NaC1 - 8 
1 mM NaCI - 8  
5 #M H 2 0  2 --8 
5 #M H202 and 10 #M NaCI - 8  
5/zM H202 and 1 mM NaCI - 8  

Deionized H20 - 1 

10 #M NaC1 - 1 
1 mM NaCI - 1 
5 #M H20 2 -- 1 
5 #M H20 2 and 10 #M NaCl - 1  
5 #M H202 and 1 mM NaCl - 1 

2.0 1 
7.9 1 

17.7 1 
15.8+8.1 9 3 
25.5 14 1 
22,6 22 1 

6,3_+ 1.1 4 
3.7 2 

24.8 2 
26.4 _ 1.8 15 4 
45.6 _ 20.9 31 3 

11.6__ 1.1 5 
14.3+8.6 3 
55.0 + 11.2 3 
84.7 _ 13.2 59 5 
82.3+35.3 53 3 

111.44-11.3 81 3 

18.6+2.0 5 
26.34-11.1 4 
53.54-17.2 4 

109.4 _ 6.5 68 5 
86.1 71 2 

133.3+21.4 92 3 

* + Represents 95% confidence intervals. 
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Fig. 5. Sorption and desorption limbs of SO 2 breakthrough curves for ice 
containing 5 #M H202 and 1 mM NaCI at - 1 and - 60°C. The vertical dotted 

lines indicate when desorption started. 

- 3 0 ° C  (Table 1, Fig. 6). Mos t  points  represent  the 
average of several experiments  (the n u m b e r  of ex- 
per iments  are given in Table  1). At - 6 0  and  - 3 0 ° C ,  
SO 2-  values significantly underrepresent  the a m o u n t  
of SO 2 sorbed,  as significant amoun t s  of SO2 desorbcd 
at these tempera tures  (Fig. 4). The gas-phase concen- 
t ra t ion  (69 vs 89 ppbv) did not  affect the a m o u n t  of 
SO~-  formed. 

In the case where there was low NaC1 (10 #M) and  
deionized water, the da ta  are noisy, bu t  the average 
concent ra t ion  between the two ice composi t ions  indi- 
cates tha t  there was cons tan t  SO 2-  format ion  at - 60 
and  - 30°C. A sharp  increase in format ion  at  - 1 and  
- 8°C, however,  was observed. Fo r  the higher  concen-  
t ra t ion  of NaC1 (1 mM),  the t rend with tempera ture  

was the same with and  wi thout  H202,  a l though  there 
was a larger a m o u n t  of SO 2-  formed when H 2 0 2  was 
present.  At - 6 0  and  - 3 0 ° C  with 1 m M  NaCI, the 
a m o u n t  of S O ~ -  formed was significantly higher  than  
the other  ice composi t ions,  with an  exponent ia l  in- 
crease i n  S O  2 -  concent ra t ion  between - 6 0  and  
- 8°C. Between - 8 and  - I°C, however,  SO~-  con- 
cent ra t ion  was not  a function of temperature.  In the 
ice with H 2 0  2 only, there was an  exponent ia l  increase 
with tempera ture  over  the whole range. These results 
indicate tha t  oxidat ion occurred at  all temperatures.  
At tempera tures  of - 3 0 ° C  and  above,  increasing the 
ionic s t rength  had  little effect on  SO~-  for format ion  if 
H 2 0  2 is present,  bu t  strongly influenced SO2 uptake  
in its absence. This  may be due to two effects: (1) 
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Table 1. 

increase in the depth of the disordered layer and (2) 
oxidation catalysed by trace amounts of Fe(III) in the 
NaCl. 

There was little SO 2 degassing at the warmer tem- 
peratures ( - 1  and -8°C).  Thus, the chemical ana- 
lyses of SO 2- should reflect the total amount of SO2 
taken up. At lower temperatures, however, it under- 
predicts the total amount. However, there is an in- 
consistency between the sorption curve results in 
estimating SO 2 uptake and those from the chemical 
analyses of SO 2-. The sorption curve results all gave 
lower total sorption values than the chemical analyses; 
this is attributed to the uncertainty in determining C O . 

The stoichiometry of the SO 2 oxidation reaction 
allows the calculation of the upper limit of H20 2 
depleted (i.e. assuming a l : l  stoichiometry). These 
results are shown in Table 1. The calculation shows 
that up to 90% of the H20 2 was consumed at - I ° C  
with 1 mM NaC1. At -60°C,  with no NaCI present, 
only 5% or less of the H20 2 was consumed. 

DISCUSSION 

For aqueous-phase reactions to occur on ice sur- 
faces, the surface must have liquid-like properties or 
liquid water must be present. Near the melting tem- 
perature of ice, a disordered layer is formed. This has 
been called the surface pre-melt layer or quasi-liquid 
layer. Considerable evidence supports the presence of 
this layer at temperatures as low as -10°C,  but its 
thickness and bulk properties are not well defined (e.g. 
Kvilividze et al., 1974; Golecki and Jaccard, 1978; 
Beaglehole and Nason, 1980; Ocampo and Klinger, 
1983; Nenow, 1984). Furthermore, the effect of high 
levels of impurities on the surface of the ice crystal on 
this layer are not known, but high concentrations of 
impurities may disrupt the crystal structure. 

Temperature, ionic strength and presence of oxi- 
dant all affected SO2 uptake on ice spheres. A general 
trend can be observed in the breakthrough curves and 

SO 2- data; the sorption of SO 2 increased with rising 
temperature for all ice compositions above - 30°C. At 
-60°C,  breakthrough curves indicated an increase in 
SO2 sorption; the SO 2- concentration did not echo 
this trend, but it represents a lower limit due to 
desorption. The effect of oxidant and salt concentra- 
tion can be seen as higher SO 2 uptake for 1 mM NaCl 
and 5/~M H202, both with and without NaC1 present 
at all temperatures greater than -30°C.  At - 3 0 ,  - 8  
and - I ° C ,  the uptake was up to three-fold greater 
with H 2 0 2  than without for 1 mM NaCl. An increas- 
ing thickness of the surface pre-melt layer with in- 
creasing ionic strength is consistent with freezing- 
point depression and increased SO 2 uptake. 

Liquid water can be present in snow at temper- 
atures below 0°C due to freezing-point depression 
from the presence of solutes. Surface curvature may 
result also in an equilibrium temperature between ice 
and liquid water that is lower than 0°C (Colbeck, 
1980). Due to curvature, essentially all of the liquid 
water in stable grain clusters (at temperatures both at 
and below 0°C) should be in the veins or fillets 
(Colbeck, 1979). Furthermore, concentrations of sol- 
utes might be expected to be high in the areas where 
water resides. Mulvaney et al. (1988) have shown 
evidence that solutes are concentrated in triple junc- 
tion points of ice particles. 

The shape of the breakthrough-curve sorption 
curves varied with temperature, from a nearly sigmoidal 
shape at -60°C to a gradually more non-symmetrical 
shape as the temperature increased. Non-symmetrical 
shapes have been attributed to rate-limiting chemical 
or physical processes (e.g. van Genuchten and Wier- 
enga, 1976; van Genuchten and Dalton, 1986). Based 
on our NO data where only reversible adsorption is 
observed, simple physical adsorption for the SO 2 
system can be ruled out. At - I ° C ,  the desorption 
curve showed an abrupt decrease in concentration 
once the SO 2 was turned off. When H 2 0 2  is present, 
S(IV) should be oxidized to S(VI) on the surface and 
thus cannot be desorbed. At -60°C  the sorption 
curve was more symmetrical and the sorption and 
desorption curves had similar shapes. The desorption 
curve showed more tailing than at the higher temper- 
atures, showing more desorption of the SO2. This is 
because much less of the sorbed SO 2 was oxidized to 
SO, 2- and can thus be desorbed. 

The results from both the breakthrough curve 
shapes and the production of SO 2- indicate an effect of 
surface pre-melting on the chemical properties of the 
ice surface down to -30°C.  This supports th~ obser- 
vations of Sommerfeld and Lamb (1986) on SO 2 
sorption on ice as a function of temperature. In 
contrast, other theoretical and experimental work 
suggest that the surface disorder is not important 
below about -10°C  (Hobbs, 1974). The difference 
may be the result of the different methods used to 
detect the surface characteristics. It may also be the 
result of an influence of the composition of the ice 
used. The addition of solutes to the surface pre- 
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melt layer would increase its equilibrium thickness 
and thus lower the temperature at which it is detect- 
able. 

In the case of H202, an additional liquid phase may 
also be present on the grain surfaces. Gigu~re and 
Geoffrion (1950) show a phase diagram in which a 
liquid solution of an H 2 0 - H 2 0  2 addition compound 
(suggested to be H20  2 • 2H20 ) in water is stable down 
to a eutectic point at -53°C.  They suggest that 
separate solid phases exist for H20 and H202-H20  
addition compound form below the eutectic point. 
Upon melting H20 /H20  2 mixtures, H20 2 gas is 
evolved, perhaps because the H20 2 is so distorted in 
the crystal structure. This suggests that the H20 2 is 
excluded from the bulk ice during metamorphism and 
is relocated on the grain boundaries. Results of SO 2- 
formation at - I ° C  indicate most of the H20 2 was 
consumed during the experiment (Table 1). This would 
be possible only if the majority of the H202 is found 
on, or could readily move to, the reacting surfaces of 
the ice particles (i.e. at grain boundaries). 

The chemical composition of the ice surface de- 
pends on the partitioning of chemical species between 
the ice crystal structure and the surface during crystal 
growth or metamorphism. During rapid formation of 
ice, impurities should be distributed throughout the 
grain; slower growth or metamorphism should result 
in concentration near the surface. This is because the 
presence of an impurity would cause a greater lattice 
strain in the crystal than it would at a grain boundary 
(which is more disordered). Preliminary results sug- 
gest even freezing in liquid N 2 results in grain-scale 
concentration gradients (Petersen, 1990). Oxidants 
may also be concentrated on the ice surface. For 
example, the partitioning ratio of H20 2 between ice 
and water is 0.01 (Sigg et al., 1987). 

The partition ratio of NaC1 between ice and water is 
in the range 10-3-10 4 (Gross, 1968; Gross et al., 
1975). Thus, NaC1 will also be excluded from the ice 
lattice during the freezing and metamorphic processes. 
Results by Bales (1992) suggest that freezing 200-#m 
droplets in liquid N 2 is "slow" and results in poly- 
crystalline spheres with only small grain-scale concen- 
tration gradients. The experimental results demon- 
strate that oxidation reactions can occur down to 
temperatures of -60°C  in the presence of NaCI, 
suggesting that there should be a significant fraction of 
the total NaC1 on the reacting surfaces. 

There were some severe problems associated with 
detector drift that degraded the accuracy of quantitat- 
ive analyses from the breakthrough curves. The in- 
consistency of the total adsorption determined from 
the breakthrough curves compared to the amount 
converted to SO~- is not adequately explained. It is 
most likely the result of the drift problems in the SO2 
detector that make the estimation of the equilibrium 
attainment time difficult. However, the existence of 
this inconsistency leaves a question concerning the 
accuracy of the data. The good qualitative agreement 
provides good evidence for the basic conclusion 

concerning the different adsorption mechanisms, de- 
pending on the physical and chemical conditions. We 
believe the conclusions to be valid although the num- 
bers may be subject to some uncertainty. 

CONCLUSIONS 

Our results show that at temperatures at above 
-8°C,  the ice surface can be modeled as an aqueous 
phase, even at low ionic strengths resulting from SO2 
uptake onto ice made from deionized H20. At and 
below - 30°C, physical adsorption apparently domin- 
ates. Oxidation of SO2 by H20 2 can occur at all 
temperatures studied. However, availability of oxi- 
dant near the surface is greater at higher temperatures. 
At - I°C most of the oxidant is apparently accessible 
for reactions in the surface layer. 

To put these results in the context of dry deposition 
onto snow, the phenomenon that we are studying is 
the role of surface resistance in controlling rates of dry 
deposition of reactive gases to snow. The results show 
that snow exposed to background levels of SO 2 can 
accumulate acidity and ionic species on the particle 
surfaces. The location of the ionic species and acids on 
ice particles would facilitate the development of an 
ionic pulse during the early stages of snowmelt, which 
has been observed in the Sierra Nevada (Williams and 
Melack, 1991) and other locations. The concentra- 
tions used in this study were higher than found in most 
natural settings. In general, higher SO2 concentrations 
should lead to higher deposition velocities (Bales et al., 
1987), however, the total SO 2 deposited will be highly 
dependent on the amount of available oxidant and the 
characteristics of the pre-melt layer. Our results also 
show that a simple constant surface resistance is not 
sufficient to model the deposition of SO 2 to snow. The 
composition of the snow, the temperature, and the flux 
from the atmosphere compared to the reaction rate on 
the ice surface may affect the value of the surface 
resistance. These parameters must be taken into ac- 
count in dry deposition modeling. 
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