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Using traditional Knudsen cell techniques, we find well-behaved Henry’s law uptake of methanol in aqueous
45-70 wt % H2SO4 solutions at temperatures between 197 and 231 K. Solubility of methanol increases with
decreasing temperature and increasing acidity, with an effective Henry’s law coefficient ranging from 105 to
108 M atm-1. Equilibrium uptake of methanol into sulfuric acid aerosol particles in the upper troposphere
and lower stratosphere will not appreciably alter gas-phase concentrations of methanol. The observed room-
temperature reaction between methanol and sulfuric acid is too slow to provide a sink for gaseous methanol
at the temperatures of the upper troposphere and lower stratosphere. It is also too slow to produce sufficient
quantities of soluble reaction products to explain the large amount of unidentified organic material seen in
particles of the upper troposphere.

Introduction

High levels of methanol (400-800 ppt) have been observed
in the middle and upper troposphere over the Atlantic and Pacific
oceans.1,2 The only available estimate of the global methanol
(CH3OH) budget implies that a significant unknown sink of this
oxygenated species must exist in the atmosphere.1 Possible
interactions between methanol and sulfate aerosols are examined
here to evaluate the roles of solubility and reactivity as sinks
of gaseous methanol in the upper troposphere (UT) and lower
stratosphere (LS).

Organic compounds have been detected in most particles
studied in the UT/LS with the PALMS laser mass spec-
trometrometer.3,4 Identification and quantitation of this organic
material is difficult with present techniques, but Murphy et al.3

report that aerosols sampled in the UT often contained more
organic material than sulfate. Filter samples collected during
the INDOEX mission gave similar results. Novakov et al.5 report
that the organic carbon loading was approximately half that of
sulfate under polluted conditions in the tropical Indian Ocean
region. Resolving the source and composition of this organic
material is important for understanding the physical, optical,
and chemical properties of atmospheric aerosols. At UT/LS
altitudes, possible gaseous precursors for this condensed organic
material include methanol, acetone, and formaldehyde.

Several laboratory studies6-9 have shown that acetone is not
sufficiently soluble (H* ) 104-106 M atm-1) or reactive in
aqueous sulfuric acid (H2SO4) under normal UT/LS conditions
to account for the high levels of condensed-phase organics
inferred from field measurements and laboratory calibra-
tions.3,5,10Similarly, the solubility of formaldehyde (H* ) 105-
107 M atm-1)11,12 is too low for equilibrium uptake to account
for the field observations. However, polymerization and pro-

longed uptake of formaldehyde in aqueous H2SO4 may form
long-chain organic species in acidic particles.11

Here we present measurements of methanol solubility in low-
temperature aqueous sulfuric acid solutions. Further, we evaluate
whether methanol solubility or reactivity in aqueous H2SO4 can
partially explain the imbalanced global methanol budget and/
or the presence of ubiquitous organic material in atmospheric
sulfate aerosols.

Experimental Techniques

The solubility of methanol in aqueous sulfuric acid solutions
was measured using the Knudsen cell technique, which has been
described in detail elsewhere.9,13-15 The apparatus consists of
two Teflon-coated Pyrex chambers separated by a valve, the
lower of which contains∼6 mL of sulfuric acid solution. The
lower chamber is suspended in a cold bath, and several
thermocouples are mounted on the outside of the cell wall to
measure the temperature. When the two thermocouples nearest
the surface of the acid sample were not in agreement, they were
averaged, leading to a temperature uncertainty on the order of
(1 K.

Gaseous methanol is admitted to the upper chamber through
a capillary and exits through a calibrated aperture to a differ-
entially pumped mass spectrometer (Balzers QMG 421C
electron ionization quadrupole system). The total pressure in
the cell is generally kept below∼20 mTorr to maintain
molecular flow conditions. A stable flow of methanol is
established, and water vapor is introduced to match the vapor
pressure of water over the sulfuric acid solution to prevent
changes in the acid composition. To begin an experiment, the
valve separating the two chambers is opened, and methanol is
exposed to the sulfuric acid. The uptake of methanol by the
solution is observed as a decrease in the mass spectrometer
signal, monitored atm/z ) 31 (CH3O+).

The uptake coefficient (γ) is defined as the fraction of incident
molecules which are taken up by the surface. The number of
molecules lost to the surface is measured by the change in flow,
Fo - F, out of the cell upon exposure, whereFo is the flow

* Author to whom correspondence should be addressed at NASA Ames
Research Center, M/S 245-5, Moffett Field, CA 94035. Fax: 650-604-
3625. E-mail: liraci@mail.arc.nasa.gov.

† Current affiliation. NASA Ames Research Center.
‡ Current address. Reed College, Portland, OR 97202.
§ Also at Department of Mechanical Engineering, Stanford University,

Stanford, CA 94305.

4054 J. Phys. Chem. A2002,106,4054-4060

10.1021/jp012332b CCC: $22.00 © 2002 American Chemical Society
Published on Web 04/03/2002



before exposure (molecules s-1) and F is the flow during
exposure.

Because the mass spectrometer signal is proportional to the flow
of molecules out of the cell, the signal can be used directly in
the calculation, whereAh is the area of the escape aperture (either
0.018 or 0.049 cm2) and As is the surface area of the H2SO4

sample (5.7 cm2).
As the exposed portion of the acid solution becomes more

concentrated in methanol, the net uptake decreases, and thus
time-dependent measurements ofγ allow for determination of
the solubility. The rate of methanol diffusion into the bulk liquid,
coupled with the overall solubility and any reaction which
occurs, controls the time dependence ofγ according to the
equation (e.g., Kolb et al.,16 Finlayson-Pitts and Pitts15):

where time,t, is given in seconds,cj is the average molecular
velocity ((8kBT/πm)1/2), R is the gas constant,T is absolute
temperature,D is the diffusion coefficient in the condensed
phase,R is the mass accommodation coefficient,k is the pseudo-
first-order rate coefficient, andΓg characterizes any limitation
due to gas-phase diffusion. A plot of 1/γ versus (t-1/2 +
xπk)-1 should be linear with a slope that yieldsH*xD, from
which the effective Henry’s law coefficientH* (M atm-1) can
be extracted if the diffusion coefficient is known. (The Henry’s
law coefficient,H, is defined for physical solvation only, but
in many systems additional processes lead to increased solubil-
ity. Deno and Wisotsky17 report that methanol is 61% protonated
in a 45 wt % H2SO4 solution, indicating that this channel
contributes significantly in all solutions studied here. Thus we
report the effective Henry’s law coefficient, which includes
uptake due to physical solvation as well as any rapid equilibra-
tion which may occur in solution.)

Diffusion coefficients were calculated by the technique of
Klassen et al.:18 D ) cT/η, wherec (cm2 cP s-1 K-1) is a
constant that depends on the solvent and the diffusing species,
andη (cP) is the viscosity of the liquid. For methanol in sulfuric
acid, c was estimated at 6.8× 10-8 using a value of 37 cm3

mol-1 for the molar volume of methanol (Le Bas additivity rules,
Reid et al.19) and the empirical relation of Wilke and Chang.20

Viscosities were calculated from Williams and Long.21

The rate coefficient,k, for methanol reaction with H2SO4 has
been measured at room temperature22,23 and can be estimated
to be on the order of 10-10 s-1 for our experimental conditions.
Values as small as this exerted no discernible influence on the
values of H* obtained, thus the results reported here were
obtained by settingk ) 0. See the Appendix for a discussion
of the literature values and their extrapolation to low temper-
atures, and see the section regarding reaction between methanol
and H2SO4 for a discussion of the sensitivity ofH* to k.

Sulfuric acid solutions were prepared from 95.8% sulfuric
acid (Mallinckrodt) and deionized water (Millipore). The
solutions were titrated and found to have concentrations of 45.3
( 0.4, 60.7( 0.5, and 72.2( 0.3 wt % H2SO4. A magnetic
stir bar in the sulfuric acid solution allowed the sample to be
stirred (g 10 min) between experiments. Gas-phase methanol
(Mallinckrodt) and water were taken from the vapor above liquid
samples which were purified with at least one freeze-pump

cycle each day. The water vapor flow rate was adjusted to give
a partial pressure in the Knudsen cell which matched the vapor
pressure of the sulfuric acid solution. Methanol partial pressures
used were in the range of∼1 × 10-5 to 2 × 10-4 Torr.

As an independent method of measuringH* , we also
performed measurements of the equilibrium vapor pressure of
methanol over CH3OH/H2SO4/H2O solutions of known con-
centrations. The mass spectrometer response for methanol was
calibrated each day using the vapor over a sample bulb of
methanol and a Baratron capacitance manometer attached to
the cell. In this way, the signal recorded by the mass spectrom-
eter during an experiment could be directly converted to an
absolute methanol partial pressure, thus allowing direct mea-
surement of the vapor pressure over the known ternary solutions.
Methanol/acid solutions were prepared at room temperature by
adding a known volume of methanol to the same sulfuric acid
solutions used for the uptake measurements described above,
such that methanol concentrations were 0.20 M in each case.
Immediately after mixing, a sample was loaded into the bottom
of the cell and cooled to∼230 K. Samples were cooled within
20 min of mixing, and all cold temperature measurements were
made within 10 h.

The cell was evacuated, and appropriate flows of both water
and methanol vapor were supplied to prevent the surface layer
from changing composition due to desorption. The use of the
small escape aperture and the addition of CH3OH(g) prevented
condensed-phase diffusion limitations, ensuring that the steady-
state partial pressure observed was equivalent to the equilibrium
vapor pressure, rather than an intermediate pressure established
due to competition between desorption and pumping. The solu-
tion was stirred throughout the experiment to keep the surface
composition the same as that of the bulk. The valve separating
the solution from the mass spectrometer was opened and the
partial pressure was recorded. To confirm that the steady state
partial pressure observed over the solution was truly the equi-
librium vapor pressure, the measurement cycle was repeated
several times with slightly different flow rates of methanol.
Partial pressures slightly larger and smaller than the equilibrium
vapor pressure were tested to ensure that net uptake and desorp-
tion occurred as expected. The effective Henry’s law coefficient
was then calculated from the relationH* ) C/P, whereC is
the solution concentration of methanol andP is the experimen-
tally determined methanol vapor pressure over the solution. This
process was then repeated at several different temperatures.

Results

A representative uptake measurement is shown in Figure 1.
Panel (a) shows the mass spectrometer data as a function of
time when methanol (∼1 × 10-4 Torr) was exposed to 45 wt
% H2SO4 at 221.7 K. The uptake is seen to decrease with time,
as expected for a system where uptake due to solubility
dominates over reaction. Panel (b) shows the inverse of the
calculated uptake coefficient plotted against the square root of
exposure time. From eq 2 withk ) 0, the slope of this line
yields the quantityH*xD. Using the method of Klassen et
al.18 to determine the diffusion coefficientD, the value ofH*
can be extracted. For the experiment shown here,H* ) 1.4 ×
105 M atm-1.

Table 1 summarizes the exposure data collected for methanol
dissolution into 45.3, 60.7, and 72.2 wt % H2SO4 solutions.
These values ofH* are plotted as the open symbols in Figure
2. Uncertainty in the value ofH* comes from uncertainty inD
(dominated by the(20% uncertainty in viscosity21) and in
determination of the slope through the data in the format shown

γ )
Ah

As
(Fo - F

F ) (1)

1
γ

) 1
Γg

+ 1
R

+
xπcj

4RTH*xD ( 1

t-1/2 + xπk) (2)
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in Figure 1b. The latter is usuallye20%, but for experiments
with sparse or especially scattered 1/γ data, the slope could be
as uncertain as a factor of 2.

Our data shows well-behaved Henry’s law uptake of methanol
in 45-70 wt % H2SO4 in the range of 197-223 K. Solubility
increases with decreasing temperature and with increasing
acidity, with values ranging from 105-108 M atm-1. The
increase in solubility with increasing acidity is consistent with
protonation of methanol by a strong acid.

We have confirmed these data using the independent equi-
librium technique described in the Experimental Techniques
section. From measurements of the vapor pressure over known
ternary CH3OH/H2SO4/H2O solutions, the Henry’s law coef-
ficient can be determined without requiring knowledge of the
diffusion coefficient. These data are reported in Table 2 and
are shown in Figure 2 as the solid points. We see no difference
between these two types of measurements, validating the
estimates ofD and indicating that no significant loss of methanol
occurs at room temperature in the 10-20 min required to load
and cool the sample. Also included in Figure 2 is an extrapola-
tion of the values for methanol dissolution in water measured
by Snider and Dawson24 at 273 and 298 K.

Combining the two types of measurements and doing a least-
squares fit (dashed lines in Figure 2) allows a determination of
the enthalpy and entropy of dissolution.9

whereMsolv is the molarity of water in the solution (mol L-1).

Figure 1. (a) Mass spectrometer signal (m/z) 31) for methanol before,
during, and after exposure to 45 wt % H2SO4 at 221.7 K. Exposure
was begun att ) 0 s. (b) Inverse of the uptake coefficient for the
experiment in part (a), plotted against the square root of exposure time.
The slope of this line givesH*D1/2, according to eq 2.

Figure 2. Effective Henry’s law coefficient as a function of inverse
temperature and acid composition. Data obtained using the uptake
technique are plotted as open symbols; equilibrium measurements are
shown as solid symbols. The dotted line is the solubility of methanol
in water. Dashed lines are best-fits to the data, and the solid lines are
fits with a fixed ∆S ) -134 J mol-1 K-1.

TABLE 1: Experimental Conditions and Measured Effective
Henry’s Law Coefficients for Uptake of Methanol into
H2SO4

H2SO4

T
(K)

H*xD D
(cm2 s-1)

H*
(mol L-1 atm-1)

45.3 wt % 200.4 941 2.6× 10-8 5.9× 106

201.9 799 3.4× 10-8 4.3× 106

210.5 184 9.2× 10-8 6.1× 105

210.7 161 9.2× 10-8 5.3× 105

210.7 222 9.2× 10-8 7.3× 105

212.7 155 1.1× 10-7 4.6× 105

212.7 141 1.1× 10-7 4.2× 105

217.2 115 1.7× 10-7 2.8× 105

217.3 104 1.8× 10-7 2.4× 105

221.5 48 2.5× 10-7 9.5× 104

221.7 70 2.5× 10-7 1.4× 105

221.7 61 2.5× 10-7 1.2× 105

221.8 49 2.6× 10-7 9.6× 104

221.8 43 2.6× 10-7 8.4× 104

60.7 wt % 196.6 1142 3.1× 10-9 2.0× 107

197.5 592 3.7× 10-9 9.7× 106

199.9 2014 5.9× 10-9 2.6× 107

215.1 579 4.7× 10-8 2.7× 106

215.4 385 4.9× 10-8 1.7× 106

217.7 294 6.1× 10-8 1.2× 106

218.1 247 6.4× 10-8 9.7× 105

218.2 413 6.4× 10-8 1.6× 106

222.7 180 9.9× 10-8 5.7× 105

222.8 111 1.0× 10-7 3.4× 105

222.8 148 1.0× 10-7 4.6× 105

72.2 wt % 212.7 3474 4.0× 10-9 5.5× 107

213.1 3714 4.4× 10-9 5.6× 107

221.2 2566 1.5× 10-8 2.1× 107

log H* ) A + 1000B/T (3)
A ) ∆S°/2.303R + log Msolv (4)

B ) - ∆H°/2.303R (5)
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As shown in the upper portion of Table 3, we find∆H )
-62.7, -50.1, and-49.8 kJ mol-1 and ∆S ) -216, -144,
and -113 J mol-1 K-1 for 45.3, 60.7, and 72.2 wt %,
respectively. While the fits to our data are quite good (r2 )
0.96, 0.93, and 1.0), a significant difference exists between the
observed entropy values and the value of-134 J mol-1 K-1

for methanol uptake into water.24 Even though protonation of
the solute occurs17,25and some additional ordering of the solvent
with increasing acidity should result in a more negative value
for ∆S, we do not expect large changes in the entropy of
solvation. For this reason, and because our fits actually give
the largest difference (relative to water) for our most dilute acid
solution, we have also fit the data by fixing∆S) -134 J mol-1

K-1 (solid lines in Figure 2). This yields enthalpies of-45.1,
-48.0, and-54.5 kJ mol-1 for methanol uptake into 45.3, 60.7,
and 72.2 wt % H2SO4 solutions (bottom portion of Table 3).
The increasingly negative values of∆H in more concentrated
acid are due to an increasing degree of protonation. The
magnitude of the change seen here is similar to that reported
for acetone in aqueous H2SO4 solutions.9

The fits for the 72 and 61 wt % solutions are well within the
error limits, but the fit for 45 wt % shows a larger deviation
from the data. This is most evident at the ends of the temperature
range studied, where we have fewer measurements. Because
the set of enthalpies determined with the fixed entropy is based
on a physical understanding of the solvation processes, we
recommend using it and∆S) -134 J mol-1 K-1 for reasonable
extrapolation outside the experimental temperature range. The
best-fit parameters given in the top of Table 3 may be reasonable
for interpolation within the range of temperatures studied here,
but we have no physical explanation for why the entropy of
dissolution into 45 wt % H2SO4 (-216 J mol-1 K-1) would be
distinctly different from that of dissolution into both water and
61 wt % H2SO4, which show values fairly similar to each other

(-134 and-144 J mol-1 K-1, respectively). The molality of
H2SO4 varies from 8 to 26 mol kg-1 over the range 45-72 wt
%, and any acid-dependent enhancement of solubility should
be present for all solutions reported here. Thus, we believe the
parameters derived with a fixed entropy are the best representa-
tion of the data. Within the estimates of our uncertainty, this
third-law approach does not disagree with the data, and we
believe it is a more correct interpretation of a small data set
with obvious scatter.

Table 3 gives the coefficients needed to determine the
effective Henry’s law coefficients for the uptake of methanol
into 45, 61, or 72 wt % H2SO4 solution at UT/LS temperatures.
The molarity of water in the solution,Msolv, was calculated with
a solution density estimated at 215 K.26 To calculate methanol
solubility in H2SO4 solutions other than those studied here, the
value ofA can be calculated according to eq 4, andB can be
found from the following relation:

wherem is the molality of the H2SO4 solution (moles H2SO4

per kg H2O). Although the quadratic functional form has no
explicit physical rationale, it fits the limited data extremely well,
including the value ofB ) 2.27 for water from the data of Snider
and Dawson.24

Slow Reaction between Methanol and H2SO4

It has long been known that primary alcohols will react with
concentrated H2SO4 to form mono- and dialkyl sulfates,22,27-29

so it is necessary to consider reaction as a parallel uptake process
which may influence our solubility measurements at low
temperatures. Few quantitative reports exist for methanol-
sulfate “esterification,” but the available data22,23are summarized
in the Appendix. In this section we show that our data suggest
k e 3 × 10-5 s-1.

Uptake Experiments. From inspection of the last term in
eq 2, it can be seen that reaction will compete (∼10%) with
uptake due to solubility whenxπk g 0.1(t-1/2). For the uptake
experiments presented here,t-1/2 g 0.03 (t generallye 1225
s), so we can examine the time dependence of our data for
evidence of reaction wherek > ∼3 × 10-6 s-1. Figure 3 shows
the data from an uptake of methanol on 72 wt % H2SO4 at 213
K plotted against (t-1/2 + xπk)-1 with different assumed
values fork. When k ) 0, this format is identical to that in
Figure 1b.

Previous studies suggestk ∼ 10-10 s-1 under our low-
temperature conditions (see Appendix), and the lower data set
shows the observed 1/γ values plotted against (t-1/2 + xπk)-1

when k ) 1 × 10-10 s-1. As expected, the slope of a linear
least-squares fit through the data (solid line) is indistinguishable
to three significant digits from that obtained whenk ) 0 (not
shown). The initial 36 s of data are omitted, as they may deviate
from the theoretical line due to volume expansion in the cell.30

If we assume no temperature dependence to the reaction
between methanol and sulfuric acid, we can obtain a more
conservative test of the Henry’s law coefficient obtained. A new
set ofx-values can be calculated by settingk ) 3 × 10-4 s-1,
the room-temperature value observed by Vinnik et al.23 The
observed values of 1/γ are plotted against thesex-values in the
top data set of Figure 3 (top and right axes). This assumed value
for k has begun to degrade the linearity of the original data set,
and further increasingk only magnifies the disparity between
the data and the theoretical linear dependence. The threshold
for linearity is approximatelyk e 3 × 10-5 s-1 (not shown); at

TABLE 2: Experimental Conditions, Observed Methanol
Vapor Pressures, and Effective Henry’s Law Coefficients for
Equilibrium Measurements

H2SO4 [CH3OH]
(mol L-1)

T
(K)

vapor pressure
(atm)

H*
(mol L-1 atm-1)

45.3 wt % 0.20 202.6 6.2× 10-8 3.2× 106

205.0 9.5× 10-8 2.1× 106

210.4 2.6× 10-7 7.8× 105

214.5 4.4× 10-7 4.6× 105

218.1 7.5× 10-7 2.7× 105

222.0 1.6× 10-6 1.2× 105

225.8 1.2× 10-6 1.6× 105

60.7 wt % 0.20 209.5 8.1× 10-8 2.5× 106

215.1 1.5× 10-7 1.3× 106

221.4 2.9× 10-7 6.8× 105

227.9 5.7× 10-7 3.5× 105

72.2 wt % 0.20 216.3 5.5× 10-9 3.6× 107

220.2 9.2× 10-9 2.2× 107

225.2 1.7× 10-8 1.2× 107

230.5 3.1× 10-8 6.5× 106

TABLE 3: Thermodynamic Parameters for Methanol in
Aqueous Sulfuric Acid

∆H° (kJ
mol-1)

∆S° (J
mol-1 K-1)

Msolv (mol
L-1)

B A m(mol
kg-1)

water -43.4 -134 55.6 2.27 -5.26
45 wt % -62.7 -216 43.1
61 wt % -50.1 -144 34.2
72 wt % -49.8 -113 26.7

45 wt % -45.1 -134 43.1 2.35 -5.37 8.45
61 wt % -48.0 -134 34.2 2.51 -5.47 15.76
72 wt % -54.5 -134 26.7 2.85 -5.58 26.50

B ) (6.19× 10-4)m2 + (5.44× 10-3)m + 2.267 (6)
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larger assumed values ofk, deviation of the data from the
expected linear form becomes apparent.

Three possible explanations for the observed curvature when
the data is plotted against (t-1/2 + xπk)-1 for k > 3 × 10-5

s-1 are the following: (a) eq 2 is not the correct theoretical
form for the present data, (b) the data are incorrect, or (c) the
rate coefficient for reaction between methanol and sulfuric acid
is less than 3× 10-5 s-1. The treatment described by eq 2 is
commonly employed, and because we can achieve linearity with
k < 3 × 10-5 s-1, we discount the first possibility. As to the
second explanation, the Knudsen cell technique and this
apparatus in particular have been shown to produce reasonable
results for both solubility and reactivity measurements,9,30,31and
thus we have no reason to suspect the data to be entirely at
fault. Therefore, we believe that examining the data in this
manner indicates that the rate coefficient for reaction of
methanol with aqueous sulfuric acid at these temperatures is<
3 × 10-5 s-1.

We have tried to fit our data to eq 2 to solve forH*, k, and
an intercept, but multiple solutions are possible within the scatter
of the data. For example, the data shown in Figure 3 can be fit
nearly indistinguishably with any of the following sets of
values: 5.5× 107, 0, and 0.093; 5.4× 107, 1 × 10-7, and
0.093; 5.4× 107, 4.5 × 10-7, and 0.092; 5.2× 107, 1.1 ×
10-6, and 0.093; among others.

The large uncertainty ink indicates that its value cannot be
determined well using this approach. Conversely, the value
determined forH* will not be significantly different for values
of k e 3 × 10-5 s-1. Whenk ) 3 × 10-5 s-1, the determined
effective Henry’s law coefficient is approximately 30% less than
the value determined withk ) 0. Therefore, within the bounds
of k we can establish from our data, the value ofH* extracted
from the observations varies by only 30%. Such a reduction in
H* implies only a 2 kJ mol-1 (0.5 kcal mol-1) reduction in the
free energy of solvation. Recall that the value ofk expected at
these temperatures is actually much lower (∼10-10 s-1) than
our upper bound (see Appendix), suggesting that the true value

of H* is indistinguishable from that determined withk ) 0 (see
discussion of Figure 3 above).

It is desirable to extract the mass accommodation coefficient,
R, from the intercept () 1/Γg + 1/R) of the fit to the data plotted
as in Figure 1b. If the “resistance” due to gaseous diffusion is
taken to be negligible in the molecular flow regime, we findR
for methanol uptake into aqueous H2SO4 to be <0.1. In fact,
the majority of our calculatedR values fall at or below 0.025,
but we cannot explain the observed variation, thus we hesitate
to ascribe too much physical meaning to the intercept values.

Equilibrium Experiments. Although our data suffers no
complications from reaction at low temperatures, it is expected
that the reaction has a temperature dependence32 which may
lead to interference at room temperature. In contrast to the
uptake measurements which were performed entirely at low
temperature, our equilibrium experiments did involve a short
period of time at room temperature after the methanol was mixed
into the H2SO4. During the 10-20 min required to mix the
solution, load the cell, and quench to cold temperatures, less
than 5% of the initial methanol could have been converted using
k ) 4.5 × 10-5 s-1 from Deno and Newman22 for 70 wt %
H2SO4 at 298 K. Our estimated threshold for detection of
methanol loss is∼10-15% in these absolute measurements,
so no influence of reaction will be detected with this technique.

To further confirm the slow rate of reaction between methanol
and H2SO4, a 0.20 M solution of methanol in 72.2 wt %
H2SO4 was allowed to react at room temperature for prolonged
periods of time before cooling and measuring the vapor pressure.
After the solution was mixed, one sample was cooled, and the
vapor pressure was measured at 222 K. The remainder of the
solution was then allowed to react at room temperature for
several days, and the vapor pressure was measured at low
temperature at several intervals. As a comparison, the same
experiment was performed with a similar solution of acetone
in aqueous sulfuric acid. No loss of acetone was detected over
5 days, consistent with the observation of Klassen et al.9 that
Keq∼ 10-6 M-1 for the dimerization of acetone to form mesityl
oxide. In contrast, after 140 h the methanol vapor pressure (and
thus its solution concentration) had decreased to approximately
half its original value, as expected under the experimental
conditions based on the value ofKeq ) [CH3OSO3H][H2O]/
[CH3OH][H2SO4] ) 2.3 given by Deno and Newman.22 This
experiment confirms that reaction does happen at room tem-
perature, even though it is too slow to interfere with our
measurements.

Atmospheric Implications

In the atmosphere, the ratio of methanol found in the
condensed phase to that remaining in the gas phase can be
calculated fromRaq/g ) H*LRT, where L is the volume of
condensed material (aerosol or cloud droplets) per volume of
air.33,34 Given the small volume of sulfate aerosol particles
present in the upper troposphere and lower stratosphere (L ∼
10-13 cm3 aerosol/cm3 air15,35), equilibrium uptake due to
solubility alone will not provide an appreciable sink for gaseous
methanol (e 0.02%).

Heterogeneous reaction between methanol and sulfuric acid
does occur and may provide a pathway for accumulation of
organic species in ambient particles. If formed, mono- and
dimethyl sulfate (CH3OSO3H, CH3OSO3CH3) are significantly
more soluble than methanol in H2SO4 (H* ∼ 1010 - 1011 M
atm-1, estimated from Hansen et al.36), leading to possible
accumulation of organic sulfates in stratospheric particles. At
12 km with T ) 219 K and∼10% ambient relative humidity

Figure 3. Inverse of the uptake coefficient for methanol on 72 wt %
H2SO4 at 213 K plotted against (t-1/2 + xπk)-1 with different
assumed values fork. The lower data set (bottom and left axes) assumes
k ) 1 × 10-10 s-1, while the upper data set (top and right axes) uses
k ) 3 × 10-4 s-1. The solid lines are linear fits to the data and are
meant to highlight the curvature of the upper data set. See text for
discussion.
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(RH), such as might be seen in the tropics37 outside regions of
convective influence or at higher latitudes where 12 km is above
the tropopause, sulfuric acid aerosols would have a concentration
near 60 wt %.38 An estimate ofk ∼ 10-12 s-1 indicates the
reaction is much too slow to occur on atmospheric time scales
at cold temperatures commonly found at this altitude, even under
the dry conditions illustrated here. At higher relative humidity,
the aerosols will take up additional water and become more
dilute, reducing the rate further.

However, at warmer temperatures, the rate could be faster.
At ∼ 5 km with T ) 267 K and RH) 30%, unneutralized
sulfuric acid aerosols would have a composition of ap-
proximately 50 wt %, andk could be as large as∼10-8 s-1.
Drier conditions, such as in the layers with relative humidity
as low as 5% sometimes seen during the INDOEX field
mission39 or in midlatitude tropopause folds,40 would generate
aerosols of∼67 wt % H2SO4 andk ∼ 10-7 s-1. Presuming the
equilibrium solution concentration of methanol is maintained,
this leads to a rate of∼10-12 mol L-1 s-1 for the buildup of
organic products in aerosol particles. If dry, reactive conditions
were maintained for 3 days, solution concentrations of CH3-
OSO3H could reach∼1.5 × 10-6 M, or approximately one
molecule per particle. Clearly, that concentration is too low to
suggest that monomethyl sulfate is the dominant organic species
detected by field measurements. Thus, if the estimates of rate
coefficients made here are correct, the formation of CH3OSO3H
from methanol reaction in aqueous sulfuric acid solution is
unlikely to be the source of the ubiquitous organic material
observed in sulfate aerosols in the UT/LS.3,5

To verify that uptake and reaction are also too slow to deplete
gaseous methanol, we find an effectivekhet for loss from the
gas phase due to reactive uptake:

whereJ is the flux of molecules to aerosol surfaces (molecule
cm-2 s-1) and S is the surface area density (cm2 particle per
cm3 air). UsingD ) 9 × 10-7 cm2 s-1 andk ) 1 × 10-7 s-1,
the reacto-diffusive length (l ) xD/k) is found to be 3 cm. As
this is much larger than the typical sulfate particle radius (r )
0.1 µm), methanol will diffuse throughout the particle and
reaction will take place in the entire volume. Thus, assuming
the accommodation coefficient (R) is unity, the steady-state
reactive uptake coefficient is calculated from

wherer is the particle radius andk is the solution-phase rate
coefficient discussed above. Therefore,

with H* ) 2.4× 104 mol L-1 atm-1, T ) 267 K,k ) 1 × 10-7

s-1, r ) 10-5 cm, andS) 2 × 10-8 cm2 cm-3,35 khet ) 3.5×
10-15 s-1. This value is much smaller than the rate coefficient
for the dominant gas-phase loss via reaction with OH (k ) 7 ×
10-7 s-1 when OH) 1 × 106 cm-3 and kII (267 K) ) 7 ×
10-13 cm3 molecule-1 s-1),41 indicating very little contribution
of this heterogeneous reactive process to the overall loss of
methanol from the gas phase. Thorough treatment due to the
large reacto-diffusive length relative to particle size42 and a

possible value ofR < 1 will further reduce this rate for the
heterogeneous loss of methanol via reaction with H2SO4.

Conclusions

The effective Henry’s law coefficient,H* , for methanol in
sulfuric acid solutions has been measured over the range 197-
231 K. For solutions between 45 and 72 wt % H2SO4, solubility
increases with decreasing temperature and increasing acidity,
with values ranging from 105 to 108 M atm-1. A parameteriza-
tion is given (eqs 3, 4, and 6, with∆S ) -134 J mol-1 K-1)
for calculation of the temperature-dependentH* as a function
of sulfuric acid composition.

Using the measured solubilities, we find thate 0.02% of
gaseous methanol will partition into UT/LS aerosols. Subsequent
reaction of methanol with sulfuric acid is too slow to enhance
this uptake appreciably. Thus, the interaction of methanol with
sulfate aerosols will not deplete gas-phase CH3OH or produce
significant quantities of condensed-phase organic material.
Neither the imbalance in the global methanol budget nor the
origin of organics in UT/LS aerosols can be explained via the
interaction of methanol with sulfate particles. Further study is
clearly necessary for the resolution of these issues.
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Appendix: Previous Kinetic Studies of Methanol
Reaction in Aqueous H2SO4

Vinnik et al.23 reported nuclear magnetic resonance studies
of the kinetics of methanol reaction with D2SO4 at 298 K. They
found that the rate of esterification increased with increasing
acidity, with the first-order rate constant at 71 wt % equal to
2.8 × 10-4 s-1. This is consistent with the previous work of
Deno and Newman22 and Clark and Williams.32 The former
found a second-order rate constant of 69× 10-7 s-1 (mol/1000
g solution)-1 for equimolar methanol in 70.4 wt % H2SO4 at
298 K (k1 ) 4.5 × 10-5 s-1) and 30× 10-7 s-1 (mol/1000 g
solution)-1 (k1 ) 1.8 × 10-5 s-1) for ethanol under identical
conditions. Clark and Williams32 did not study methanol, but
their value for ethanol in 70 wt % H2SO4 at room temperature
(k ) 4.3 × 10-5 s-1) is comparable to that of Deno and
Newman.22

In addition, Clark and Williams32 measuredkethanolat 273 K,
allowing some estimate of the temperature dependence to be
made. Using theirA-factor and activation energy for reaction
of ethanol in 70 wt % H2SO4 (A ) 0.1 × 1013 s-1; E ) 22.3
kcal mol-1), we can estimate the rate of methanol esterification
under our most reactive low-temperature conditions (72 wt %
H2SO4, 221 K). For∼70 wt % H2SO4 at 221 K, ethanol in
H2SO4 should have rate constant of∼ 9 × 10-11 s-1. Using
Deno and Newman’s22 ratio of 4.5:1.8 for methanol:ethanol rates
suggestsk e 2.3× 10-10 s-1 for methanol in our experiments.

Very recently, Kane and Leu43 reported values closer tok )
0.1-10 s-1 for CH3OH in 65-80 wt % H2SO4 solutions. The
evidence presented by those authors for reaction of methanol
with sulfuric acid at low temperatures is the lack of complete
desorption of methanol from their coated-wall flow tube after
exposure to a sulfuric acid sample. In our studies, we have

rate) khetng ) JS)
γngcjS
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occasionally monitored desorption following uptake, and we find
that a single desorption burst which decays to levels near
background can be followed by successive bursts if the system
is allowed to reequilibrate (isolated from pumping) between
cycles. From this observation, we suggest that diffusion limita-
tions and depletion of the surface layer of Kane and Leu’s
H2SO4 solutions may have influenced the amount of methanol
detected.

For their highest concentrations of H2SO4, it is also possible
that reaction occurs during the heating ramp. As temperature is
increased, the solubility of methanol decreases and more
desorption should occur, as was observed. However, the reaction
rate is also increased.32 Estimates ofk ) 9.3× 10-5 s-1 for 81
wt % andk ) 1.9× 10-3 s-1 for 93 wt % H2SO4 at 273 K32,22

would give 1/e lifetimes of ∼100 and∼10 min, respectively.
In these cases, the length of the ramp used (∼15 min withT g
273 K) and subsequent observation time (∼20 min) could allow
a measurable fraction to react as the temperature was increased.

For these two reasons, we believe that the “fraction desorbed”
reported by Kane and Leu may not necessarily indicate reaction
of methanol in H2SO4 at the uptake temperature.

References and Notes

(1) Singh, H.; Chen, Y.; Tabazadeh, A.; Fukui, Y.; Bey, I.; Yantosca,
R.; Jacob, D.; Arnold, F.; Wohlfrom, K.; Atlas, E.; Flocke, F.; Blake, D.;
Blake, N.; Heikes, B.; Snow, J.; Talbot, R.; Gregory, G.; Sachse, G.; Vay,
S.; Kondo, Y.J. Geophys. Res.2000, 105, 3795.

(2) Singh, H. B.; Kanakidou, M.; Crutzen, P. J.; Jacob, D. J.Nature
1995, 378, 50.

(3) Murphy, D. M.; Thompson, D. S.; Mahoney, M. J.Science1998,
282, 1664.

(4) Murphy, D. M.; Thomson, D. S.Geophys. Res. Lett.2000, 27, 3217.
(5) Novakov, T.; Andreae, M. O.; Gabriel, R.; Kirchstetter, T. W.;

Mayol-Bracero, O. L.; Ramanathan, V.Geophys. Res. Lett.2000, 27, 4061.
(6) Duncan, J. L.; Schindler, L. R.; Roberts, J. T.J. Phys. Chem. B

1999, 103, 7247.
(7) Imamura, T.; Akiyoshi, H.Geophys. Res. Lett.2000, 27, 1419.
(8) Kane, S. M.; Timonen, R. S.; Leu, M.-T.J. Phys. Chem. A1999,

103, 9259.
(9) Klassen, J. K.; Lynton, J.; Golden, D. M.; Williams, L. R.J.

Geophys. Res.1999, 104, 26.
(10) Middlebrook, A. M.; Thompson, D. S.; Murphy, D. M.Aerosol

Sci. Technol.1997, 27, 293.
(11) Iraci, L. T.; Tolbert, M. A.J. Geophys. Res.1997, 102, 16099.
(12) Jayne, J. T.; Worsnop, D. R.; Kolb, C. E.; Swartz, E.; Davidovits,

P. J. Phys. Chem.1996, 100, 8015.
(13) Golden, D. M.; Spokes, G. N.; Benson, S. W.Ange. Chem., Int.

Ed. Engl.1973, 12, 534.
(14) Tolbert, M. A.; Pfaff, J.; Jayaweera, I.; Prather, M. J.J. Geophys.

Res.1993, 98, 2957.

(15) Finlayson-Pitts, B. J.; Pitts, J. N., Jr.Chemistry of the Upper and
Lower Atmosphere; Academic Press: San Diego, 2000.

(16) Kolb, C. E.; Worsnop, D. R.; Zahniser, M. S.; Davidovits, P.;
Keyser, L. F.; Leu, M.-T.; Molina, M. J.; Hanson, D. R.; Ravishankara, A.
R.; Williams, L. R.; Tolbert, M. A. Laboratory Studies of Atmospheric
Heterogeneous Chemistry. InProgress and Problems in Atmospheric
Chemistry; Barker, J. R., Ed.; World Scientific Publishing Co.: River Edge,
NJ, 1995

(17) Deno, N. C.; Wisotsky, M. J.J. Am. Chem. Soc.1963, 85, 1735.
(18) Klassen, J. K.; Hu, Z.; Williams, L. R.J. Geophys. Res.1998, 103,

16197.
(19) Reid, R. C.; Prausnitz, J. M.; Poling, B. E.The Properties of Gases

and Liquids, 4th ed.; McGraw-Hill: New York, 1987.
(20) Wilke, C. R.; Chang, P.AIChE J.1955, 1, 264.
(21) Williams, L. R.; Long, F. S.J. Phys. Chem.1995, 99, 3748.
(22) Deno, N. C.; Newman, M. S.J. Am. Chem. Soc.1950, 72, 3852.
(23) Vinnik, M. I.; Kislina, I. S.; Kitaigorodskii, A. N.; Nikitaev, A. T.

Bull. Acad. Sci. USSR1987, 2447.
(24) Snider, J. R.; Dawson, G. A.J. Geophys. Res.1985, 90, 3797.
(25) Almstead, N.; Christ, W.; Miller, G.; Reilly-Packard, S.; Vargas,

K.; Zuman, P.Tetrahedron Lett.1987, 28, 1627.
(26) Myhre, C. E. L.; Nielsen, C. J.; Saastad, O. W.J. Chem. Eng. Data

1998, 43, 617.
(27) March, J.AdVanced Organic Chemistry, 3rd ed.; John Wiley &

Sons Inc.: New York, 1985.
(28) Williams, G.; Clark, D. J.J. Chem. Soc.1956, 1304.
(29) Salomaa, P.; Kankaanpera¨, A.; Pihlaja, K. Electrophilic attacks on

the hydroxyl group. InThe Chemistry of the Hydroxyl Group; Patai, S.,
Ed.; Interscience Publishers: London, 1971; Part 1.

(30) Williams, L. R.; Golden, D. M.; Huestis, D. L.J. Geophys. Res.
1995, 100, 7329.

(31) Tolbert, M. A.; Rossi, M. J.; Golden, D. M.Geophys. Res. Lett.
1988, 15, 847.

(32) Clark, D. J.; Williams, G.J. Chem. Soc.1957, 4218.
(33) Aumont, B.; Madronich, S.; Bey, I.; Tyndall, G. S.J. Atmos. Chem.

2000, 35, 59.
(34) Seinfeld, J. H.; Pandis, S. N.Atmospheric Chemistry and Physics;

John Wiley & Sons: New York, 1998.
(35) Bauman, J. J.; Russell, P. B.; Geller, M. A.; Hamill, P.J. Geophys.

Res.2002, in preparation.
(36) Hansen, L. D.; White, V. F.; Eatough, D. J.EnViron. Sci. Technol.

1986, 20, 872.
(37) Selkirk, H. B.J. Geophys. Res.1993, 98, 8591.
(38) Carslaw, K. S.; Clegg, S. L.; Brimblecombe, P.J. Phys. Chem.

1995, 99, 11. http://www.hpc1.uea.ac.uk/∼e770/aim.html.
(39) Ackerman, A.; Heymsfield, A. Personal communication, 2001.
(40) Browell, E. V.; Danielsen, E. F.; Ismail, S.; Gregory, G. L.; Beck,

S. M. J. Geophys. Res.1987, 92, 2112.
(41) DeMore, W. B.; Sander, S. P.; Golden, D. M.; Hampson, R. F.;

Kurylo, M. J.; Howard, C. J.; Ravishankara, A. R.; Kolb, C. E.; Molina,
M. J. Chemical Kinetics and Photochemical Data for Use in Stratospheric
Modeling, Eval. 12; Jet Propulsion Laboratory: Pasadena, CA, 1997.

(42) Hanson, D. R.; Ravishankara, A. R.; Solomon, S.J. Geophys. Res.
1994, 99, 3615.

(43) Kane, S. M.; Leu, M.-T.J. Phys. Chem. A2001, 105, 1411.

4060 J. Phys. Chem. A, Vol. 106, No. 16, 2002 Iraci et al.


