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The uptake of formic (C1), propanoic (C3), butanoic (C4), and pentanoic (C5) acids onto ammonium nitrate
(AN) has been investigated as a function of temperature and relative humidity using a Knudsen cell flow
reactor coupled with FTIR-reflection absorption spectroscopy (FTIR-RAS). The uptake of acetone and
methanol onto AN was also briefly studied. Initial uptake coefficients (γ) were determined over the temperature
range 200-240 K. Formic, propanoic, and butanoic acids exhibited efficient but temperature-dependent uptake
on AN, with larger uptake coefficients observed at lower temperatures. Pentanoic acid was not taken up by
AN under any of the conditions studied. Uptake of acetone and methanol onto AN was observed, but in
insignificant amounts under atmospherically relevant conditions. Infrared spectra revealed that propanoic and
butanoic acids ionized on the surface, despite the fact that the AN films were effloresced. Formic acid reacted
with the AN film to produce ammonium formate and ionized nitric acid. Adding small amounts of water
vapor (4% RH) to the chamber resulted in dramatically increasedγ values for all of the acids. Furthermore,
the IR spectra showed the formation of a liquid layer when propanoic and butanoic acids adsorbed on the
surface at RH) 20% and greater. Liquid water features were not observed at a similar relative humidity in
the absence of the acids. These results show that small organic acids can be efficiently scavenged by AN and
lead to enhanced water uptake under upper tropospheric conditions.

Introduction

Oxygenated organic molecules are now recognized to be
ubiquitous constituents of the troposphere.1 Measurements in
the southern hemisphere have shown that oxygenated organic
molecules are 5 times more abundant than nonmethane hydro-
carbons, and photochemical models are unable to predict their
atmospheric mixing ratios.2 These oxygenated organic molecules
influence the oxidative capacity of the atmosphere through
interaction with photochemical HOx and NOx cycles, which, in
turn, regulate tropospheric O3 production.3,4 In fact, one study
found that HOx production from the photolysis of acetone and
peroxides, such as CH3OOH, can be more important than HOx

production from the reaction of O(1D) with H2O in the upper
troposphere.5 Therefore, it is important to understand the
processes that control the gas-phase concentrations of these
molecules.

On the basis of thermodynamic considerations, Barsanti and
Panchow predict that small, monofunctionalized organic mol-
ecules with vapor pressures larger than∼8 × 10-5 Torr should
not partition significantly into the aerosol phase through
condensation or accretion reactions at 293 K.6 Furthermore,
Khan et al. measured the Henry’s law coefficients of the C1-
C6 monocarboxylic acids at 298 K and concluded that they were
not soluble enough to partition significantly into the aqueous
phase for liquid water contents typical of non-cloud aerosol.7

The Henry’s law coefficients of these acids are generally much
larger than those of other small, monofunctional organic
molecules such as methanol and acetone.8 In light of these

studies, other removal processes, such as rainout and photo-
chemical oxidation, rather than heterogeneous processing on
aerosol particles, should be the dominant sinks of monocar-
boxylic acids and short-chain alcohols and ketones. However,
single-particle MS studies have found that tropospheric aerosol
particles often contain oxygenated organics internally mixed
with inorganic sulfate or nitrate salt.9,10In particular, the formate,
acetate, and propionate ions are often prevalent in the negative-
ion spectra.11 These ions might be fragments of larger oxygen-
ated organic ions or peroxides; however, they might also indicate
the presence of formic, acetic, and propanoic acids in the aerosol
phase.11

Carboxylic acids are one class of oxygenated organics that
have received increasing attention in the literature in the past
decade. They are a large fraction (25%) of the nonmethane
hydrocarbon loading and are prevalent in a both urban and
remote atmospheres.12,13 Formic acid is the most prevalent
organic acid in the gas phase, followed by acetic acid.13 In urban
environments, average mixing ratios of formic acid are 3-6
ppbv14 and can be as high as 20 ppbv.15 In remote rural regions,
the median mixing ratio of formic acid is 5 ppbv and can exceed
10 ppbv.16 In some regions, the mixing ratio of formic acid can
exceed those of HNO3 and HCl.14 Formic and acetic acids are
responsible for a significant portion of the free acidity in
rainwater: up to 35% in North America17 and up to 64% in
more remote regions.18 Formic acid is also believed to be an
important sink for OH radicals in cloudwater, and, as such, it
influences oxidation of other important atmospheric species such
as SO2.19 Levels of propanoic and butanoic acids are lower but
still significant, in the ranges 300-700 and 100-300 ppt,
respectively.20 Acetone and methanol are also present at
significant concentrations in the atmosphere and are believed
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to participate in the NOx and HOx cycles.2 Levels of acetone
and methanol in the free troposphere are on the order of 500
and 700 pptv, respectively.1

Ammonium nitrate (AN) is an important regional air pollutant
in areas where agricultural ammonia emissions mix with urban
HNO3 emissions. AN has been identified as a major constituent
of the aerosol near urban centers such as southern California
and Colorado’s Front Range.21-26 In these areas, AN is often
the dominant aerosol component. For example, in Denver during
the winter months AN has been found to comprise 25% of the
total PM2.5 and to be the single largest contributor to the total
aerosol loading.27 In contrast, ammonium sulfate was only 10%
of the total PM2.5 during the same time period.27 At other
locations along the Front Range, AN was responsible for even
larger portions of the total PM2.5 mass.27 As a regional pollutant,
AN is most important for its affect on visibility reduction in
these areas. Studies have estimated that AN is responsible for
40% of the light scattering in Los Angeles28 and 17% of the
light scattering in Denver.29 The scattering efficiency is related
to the particle size, which, in turn, is controlled to a large extent
by the water content of the aerosol. Therefore, it is important
to understand the hygroscopic properties of aerosols.

Because of the low volatilities and high water solubilities of
dicarboxylic acids, their effects on the hygroscopicity of
inorganic salts have been extensively investigated.30-34 In
contrast, there are only a few studies on the effects of
monocarboxylic acids on the hygroscopicity of inorganic
salts.35,36 In a previous report, we investigated the uptake of
acetic acid onto AN films as a function of temperature and
relative humidity and examined its effect on the water content
of the AN film.35 In this article, we extend the previous study
to include all of the C1-C5 monocarboxylic acids. We also
briefly examine the uptake of acetone and methanol onto the
AN films. We compare the behavior of these molecules to our
previous results and look for correlations between the uptake
behavior and the physical properties of the organic compounds.

Experimental Section

Experiments were conducted in a high-vacuum stainless steel
Knudsen cell equipped for FTIR-reflection absorption spec-
troscopy (FTIR-RAS). This apparatus has been described in
detail previously.37 Using this instrument, the gas phase is
probed with mass spectrometry while the condensed phase is
simultaneously monitored with FTIR-RAS. Water vapor partial
pressures are monitored with a Baratron capacitance manometer.
AN films are synthesized in situ by vapor deposition of HNO3

onto a gold substrate followed by neutralization with NH3. Film
deposition and the general experimental procedure have been
detailed previously.35 The spectra of the resultant films match
literature spectra of crystalline AN.38 There is no evidence of
liquid water in the spectra of the AN films.

Initial uptake coefficients (γ) and coverages (θ) were
calculated from the MS data. Uptake coefficients are calculated
according to eq 1

whereSis the MS signal at the point of interest,S0 is the original
MS signal,Ah is the calibrated area of the escape orifice (0.19
cm2), and As is the surface area of the substrate (5.07 cm2).
The number of molecules taken up by the film is determined

by integrating the area under the uptake curve and multiplying
this area by a calibration factor. The calibration factor is
determined from the relationship of the MS signal to the
Baratron. Briefly, variable amounts of the pure gas are leaked
into the chamber while the gas pressure and the MS signal of
a representative ion (e.g.,m/z 74 for propanoic acid) are
simultaneously recorded. A plot of the MS signal against the
Baratron pressure is linear over several orders of magnitude. A
linear regression forced through the data yields the calibration
factor. Coverages are then obtained by dividing the uptake by
the surface area of the substrate. Coverages are converted
monolayer units (ML) by dividing the absolute coverage by the
monolayer density. The monolayer density was calculated from
the liquid density as previously described.35 In all calculations,
the geometric surface area of the gold substrate (5.07 cm2) was
used to approximate the surface area of the sample.

Bulk experiments to estimate the room-temperature deliques-
cence relative humidity (DRH) values of select ammonium/
organic acid salt combinations were also conducted. In these
experiments, ammonia/organic acid salt mixtures were dried
under a vacuum and then exposed to varying RHs in a glass
vacuum line until deliquescence was visually observed. The RH
was set by varying the temperature of a known composition of
sulfuric acid/H2O solution that had been degassed by several
freeze-pump-thaw cycles. The RH above the sulfuric acid
solution was measured with the Baratron and verified using the
AIM model and the known acid composition.39-41 Ammonium
formate and ammonium acetate were obtained commercially
and used without further purification. Ammonium propionate
was synthesized by bubbling anhydrous ammonia gas through
a solution of ACS grade propanoic acid. The product was then
purified by recrystallization in ethanol and dried on the vacuum
line before use. Ammonium butyrate was also synthesized, but
it rapidly decomposed back to ammonia and butanoic acid under
laboratory conditions; therefore, it was not tested. This method
of determining the bulk DRH was adopted over methods
previously used in our laboratory to avoid interferences caused
by the high vapor pressures of ammonia and organic acid above
the salt crystals.31,42

Results and Discussion

Relevant physical constants of each trace gas studied are listed
in Table 1.7,8,43 As can be seen, we have investigated the role
of functional group and carbon chain length on the uptake
properties. The significance of the physical properties of the
molecules in predicting their uptake behavior is discussed in
detail in subsequent sections.

γ )
Ah(S0 - S)

AsS
(1)

TABLE 1: Physical Constants of Trace Gases Studied in
This Work

gas
MW

(g/mol)
BPa

(°C)

water
solubilityb

(g/mL) pKa
c

Hd

(mol/atm‚L)

methanol 32 64.5 miscible 219.8
acetone 58 56.2 miscible 53.5

formic acid 46 100.5 miscible 3.75 5530
acetic acid 60 118 miscible 4.76

propanoic acid 74 141 miscible 4.86 5502
butanoic acid 88 164 miscible 4.83 4227
pentanoic acid 102 187 4.97 4.84 2232

a Reference 43.b Data for pentanoic acid from reference 62. All other
data from reference 8.c Reference 8. Data for formic acid at 293 K.
Data for other acids at 298 K.d Data for acids at 298 K from reference
7. Other data at 298 K from reference 43.
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Figure 1 illustrates calibrated MS traces for the uptake of
propanoic acid onto AN under various conditions. These data
are representative of the uptake behavior observed in this study.
Vertical lines in Figure 1 indicate the points in the experiment
when the AN film was exposed to and isolated from the trace
gas. As was the case with acetic acid, we observe three distinct
uptake behaviors in this study: saturated uptake (trace A),
unsaturated uptake with partial recovery (trace B), and unsatur-
ated uptake with no recovery (trace C).35 Saturated uptake (trace
A) is marked by recovery of the MS signal to its original level
prior to isolation of the film from the gas phase. Saturated uptake
was observed for methanol and acetone under all conditions
studied and for the carboxylic acids atT > 210 K. Unsaturated
uptake with partial recovery (trace B) is marked by a recovery
of the MS signal to a level slightly below its original level prior
to isolation of the film from the gas phase. The MS signal
subsequently recovers to its original level when the film is
isolated from the gas phase. Unsaturated uptake with partial
recovery was observed for the carboxylic acids at 200 K. Uptake
did not fully saturate at 210 K in half of the experiments for
each species of carboxylic acid. However, the initial uptake
coefficients for a particular species at 210 K were similar,
regardless of whether uptake saturated. Unsaturated uptake with
no recovery (trace C) is marked by no recovery of the MS signal
prior to isolation of the film from the gas phase. Unsaturated
uptake with no recovery was observed in the carboxylic acid
experiments when water vapor was added to the chamber. A
more detailed discussion of these behaviors was published
previously.35 Blank experiments were conducted in which no
AN film was deposited onto the gold substrate. In these
experiments, no change in the MS signal was observed upon
opening or closing the cup. This indicates that no uptake
occurred on the gold under conditions identical to those used
in experiments.

Figure 2 shows the initial uptake coefficients obtained for
the uptakes of acetone, formic acid, propanoic acid, and butanoic
acid on crystalline AN as a function of temperature. Error bars
at the 95% confidence limit have been added to the formic acid
and acetone data. Error bars for the other acids, which have
been omitted for clarity, are similar in magnitude to the formic
acid error bars. Also shown for comparison are data for the

uptake of acetic acid onto AN under similar conditions.35 For
all experiments shown, no additional water vapor was introduced
into the vacuum chamber. As seen in Figure 2, the uptake of
the C1-C4 monocarboxylic acids onto AN is much more
efficient across the entire temperature range than the uptake of
acetone. All of the uptake coefficients increase with decreasing
temperature. The initial uptake coefficients for the C2-C4 acids
are the same within error and vary fromγ ) 0.062 at 200 K to
γ ) 0.002 at 240 K. However, theγ values of the C2-C4 acids
are roughly 3 times greater than theγ values of formic acid,
which range fromγ ) 0.02 at 200 K toγ < 0.001 at 240 K. At
200 K, theγ values of C2-C4 acids approach the literature value
of γ ) 0.067 for the uptake of acetic acid onto water at 273 K
and exceed the literature value ofγ ) 0.047 for formic acid
uptake onto water at the same temperature.44 In the Atmospheric
Implications section of this work, we show that theseγ values
are sufficiently large that uptake of the acids onto crystalline
AN can compete with other removal processes. Previous results
showed that theγ values for acetic acid uptake onto AN are
independent of the acetic acid partial pressure.35 We have
confirmed that this is also true of butanoic acid uptake onto
AN. Therefore, we assume thatγ is independent of pressure
for all molecules discussed in this work, although they have
not all been explicitly tested.

The uptake of methanol was below the detection limit ofγ
) 1 × 10-3 for temperatures above 180 K. The uptake of
pentanoic (C5) acid was below the detection limit over the
temperature range 200-240 K. These low values ofγ indicate
that the heterogeneous loss of methanol and pentanoic acid onto
AN is slow and unlikely to compete with other removal
processes.

Coverages of the acids on the AN films were also determined.
The coverages of the acids ranged fromθ ) 50 ML at 200 K
to θ ) 2 ML at 240 K. However, saturated uptake was never
observed at 200 K and was observed in only half of the
experiments at 210 K. Therefore, the stated coverage at 200 K
represent the amount of acid taken up after 1000 s of exposure
and is limited by the dose and uptake coefficient. Nevertheless,
the coverages of all the acids are at least several monolayers,
indicating a significant amount of organic can partition onto
dry AN. Uptake of acetone saturated under these conditions.
The saturated coverages for acetone were much smaller than

Figure 1. Mass spectral data obtained for propanoic acid adsorption
onto AN. Traces A and B show the uptake of propanoic acid onto AN
in the absence of additional water vapor at 220 and 210 K, respectively.
Trace C shows the uptake onto an AN film at 210 K and 39% RH.
Vertical lines have been drawn att ) 0 s and att ) 1000 s to shown
when the substrate was exposed to and isolated from the gas-phase
acid. Traces have been offset for clarity.

Figure 2. Initial uptake coefficients (γ) obtained for the uptake of
trace gases onto crystalline AN films. Error bars at the 95% confidence
limit have been added to the formic acid and acetone data. Error bars
for the other acids, which are omitted for clarity, are well represented
by the magnitude of the formic acid error bars.
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those for the acids, ranging fromθ ) 0.14 to θ ) 0.02 ML
from 190 to 210 K. At temperatures above 210 K, the coverage
dropped below the detection limit ofθ ) 0.01 ML. These small
equilibrium coverages indicate that AN is unlikely to be a
significant sink of acetone in the atmosphere. The lower
coverage of acetone relative to the acids is likely due to the
fact that the uptake of acetone is physical in nature whereas
the uptakes of the acids are reactive, as discussed in subsequent
sections.

The IR spectra of the reaction products of the various organic
acids and the AN films are shown in Figure 3. The lowermost
spectrum is of AN and is shown for reference. As can be seen
in Figure 3, the spectrum of the formic acid reaction products
is markedly different from the spectra of the C2-C4 reaction
products. Throughout this investigation, the reaction of formic
acid with the AN film was distinctly different from that of the
other acids. IR spectra relevant to formic acid uptake onto the
AN films will be examined in more detail later in this
manuscript. The most noticeable change in the spectra of the
C2-C4 acid reaction products is the strong peak from 1580 to
1550 cm-1. We have attributed this peak to the stretching mode
of the carboxylate ions.45 We note that this peak red shifts by
∼10 cm-1 for each additional CH2 unit added to the molecule.
Spectral features indicative of un-ionized acid molecules are
absent from the spectra.45 A weak feature is also present at 1708
cm-1 in these spectra. We have attributed this peak to the
bending mode of the H3O+ ion based on its intensity and on
literature spectra.46 The CdO stretching mode of the un-ionized
acids also absorbs here, so it is possible that a small number of
molecules remain physisorbed to the surface in the molecular
state.45 However, this peak does not shift with increasing carbon
chain length as would be expected if it were the CdO stretching
mode signature. Therefore, we believe that the 1708 cm-1 peak
is actually the H3O+ ion stretch and that no molecular acid is
present.

To extend the atmospheric relevance of this study, experi-
ments were conducted at a constant temperature of 210 K as a
function of relative humidity. During these experiments, the AN
film was isolated from the chamber, and water vapor was added
to the chamber and allowed to reach equilibrium with the walls
as determined with the Baratron. Relative humidity was
calculated by referencing this water vapor partial pressure to

the saturation vapor pressure of water, as determined using the
Wexler expression.47 In select experiments, the AN was exposed
to the water vapor for several minutes before being isolated
from the chamber atmosphere. These experiments yielded results
identical to those obtained in experiments in which the AN film
was not preexposed to water vapor. The organic acid of choice
was then added and monitored with the MS, and experiments
were conducted as before.

Figure 4 shows theγ values obtained for each acid as a
function of increasing relative humidity at 210 K. As seen in
Figure 4, all of theγ values increase rapidly as a function of
relative humidity, and some reach a plateau at RH> 20%. This
plateau corresponds to the upper limit of detection forγ of the
instrument. All of theγ values determined in this study approach
or exceedγ ) 0.1 at RH> 20%. In the free troposphere, RH
rarely drops below 20%. These largeγ values indicate that the
uptake of the acids onto the film at atmospherically relevant
relative humidities is efficient, with∼10% of the collisions
resulting in reaction. In fact, these values exceed theγ
determined for the uptakes of acetic and formic acids onto pure
liquid water droplets at 273 K.44 In the Atmospheric Implications
section, we present calculations suggesting that uptake of the
C1-C4 acids onto AN might be a dominant removal pathway
for the acids.

The most dramatic effect of the addition of water vapor during
these experiments was to shift the uptake regime from saturated
to unsaturated with no recovery regime. This shift occurred at
RH ) 4%. At this point, essentially all of the acid flowing into
the chamber is taken up onto the AN film. Again, coverage
under unsaturated conditions is limited only by the dose and
uptake coefficient. For similar doses, the coverages of the
monocarboxylic acids increased by factors of 5-25 when RH
was increased from RH< 0.1% to RH) 40%. A small number
of experiments were run over longer time scales (4000 s) without
any indications of saturation. The coverage data again indicate
that significant amounts of these carboxylic acids can partition
into the aerosol phase under atmospherically relevant RHs.

As before, examination of the IR spectra of the condensed
phase provides insight into the reaction process. The spectra of
the acid reaction products and an AN reference spectrum, all at
RH ) 40%, are shown in Figure 5. The AN spectrum at RH)
40% is identical to that at RH< 0.1%, indicating a lack of
water uptake by the pure AN film at this RH. As was the case
with adsorption onto the crystalline films, peaks were observed
to grow in the IR spectra of the C2-C4 reaction products from

Figure 3. IR spectra of reaction products of AN and the gases studied
in this work. Spectrum A shows crystalline AN at the beginning of the
experiments. Spectra B-E show AN after exposure to formic, acetic,35

propanoic, and butanoic acids, respectively, at 200 K. Spectra have
been offset for clarity.

Figure 4. Initial uptake coefficients obtained for the uptake of trace
gases onto AN at 210 K as a function of RH.
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1580 to 1550 cm-1. Again, these peaks are characteristic of
carboxylate ion stretches.45 The H3O+ ion bending mode is also
observed in these spectra at 1708 cm-1.46 However, the most
dramatic changes in the IR spectra at 40% RH are the broad
peaks centered around 3400 and 700 cm-1. These peaks are
characteristic of the OH stretch and libration, respectively, of
liquid water. These features are completely absent from the
reference spectrum of AN at the same relative humidity in the
absence of the organic acids. From these spectra, it is clear that
the adsorption of the organic acids increases the liquid water
content of the AN film.

To better quantify the effects of the organic acids on the water
content of the films, the integrated area of the OH stretching
region of liquid water (3750-3450 cm-1) is plotted as a function
of relative humidity for each acid in Figure 6. These integrated
areas have been normalized to the AN 0% RH point. As seen
in Figure 6, there is no change in the liquid water region of the
spectrum when the AN film is subjected to increasing relative
humidity in the absence of the acids. This observation is
consistent with a trajectory on the lower side (deliquescence

branch) of the AN hygroscopic growth curve. The deliquescence
of RH of AN has been reported to be 62% at room tempera-
ture,48 and a thermodynamic model predicts that the DRH
increases rapidly as temperature decreases.49 In light of these
two facts, it is not surprising that liquid water features are absent
from this spectrum at 40% RH. However, the water content of
the AN film increased dramatically as the organic acids were
taken up by the film. The effect was most dramatic for the
uptake of acetic and propanoic acids. Assuming that the area
of this peak is linear with respect to the liquid water content of
the film, the uptake of propanoic and acetic acids enhanced the
AN film’s liquid water content by a factor of 14 at 40% RH.
Assuming that the oscillator strength for the water OH stretch
is constant in the various acid/AN/water solutions, the uptake
of butanoic acid enhanced the water content of the film by
roughly half as much as the uptake of acetic and propanoic acids.
The uptake of formic acid onto the AN film did not increase
the film’s liquid water content.

As seen in Figure 5, the IR spectra of the reaction products
of formic acid appear markedly different from the spectra of
the C2-C4 reaction products. Several IR spectra detailing the
reaction of formic acid with the AN film are shown in Figure
7. Spectrum A shows the AN film before exposure to the formic
acid. Spectrum B shows the reaction products on the same film
after 1000 s of reaction time at 40% RH. By comparison with
the other reaction product spectra (Figure 5), one can see that
there are more peaks present in this spectrum and that the peaks
are much sharper in appearance. Furthermore, the peaks
associated with liquid water are absent. Spectrum C shows the
subtraction of spectrum A from spectrum B. In this subtraction
spectrum, one can see that there are now negative peaks in the
NH stretching region at 3263 cm-1, in the NH bending region
at 1454 and 1488 cm-1, and in the nitrate stretching region at
1392 cm-1. These negative peaks show that the AN film is being
consumed in the reaction. Spectrum D shows a film of
ammonium formate prepared by condensing formic acid on the
gold substrate and neutralizing it with gas-phase ammonia. A
comparison of spectra D and B shows that crystalline am-
monium formate is produced when formic acid is taken up by
the AN film. There is no evidence for the formation of molecular

Figure 5. IR spectra of the reaction products of AN and the gases
studied in this work. All spectra were recorded after 1000 s of exposure
of the gas at 210 K and∼40% RH. Spectrum A shows the AN film.
Spectra B-E show the AN film after uptake of formic, acetic,35

propanoic, and butanoic acids, respectively. Spectra have been offset
for clarity.

Figure 6. Integrated area of the liquid water stretching region from
3750 to 3400 cm-1 as a function of RH and trace gas. Areas have been
normalized to the 0% RH point of ammonium nitrate and were
determined after 1000 s of trace gas exposure at 210 K.

Figure 7. IR spectra detailing the reaction of formic acid with AN at
210 K and 40% RH. Spectrum A shows the AN film at the start of the
experiment. Spectrum B shows the reaction products of formic acid
and AN after 1000 s of exposure at 210 K and 40% RH. Spectrum C
shows the subtraction of spectrum A from spectrum B. Spectrum D
shows a reference spectrum of ammonium formate prepared in the
chamber from gas-phase precursors.
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nitric acid in the spectrum. Instead, we see changes in the nitrate
stretching region. Unfortunately, ammonium formate also
absorbs in this region of the IR, making further conclusions
about the nature of the substrate/nitrate interaction difficult. We
tracked the nitric acid signal during the reaction with the MS
and observed that nitric acid is not released into the gas phase
as the reaction proceeds. However, if the flow of formic acid is
turned off and the film is heated, HNO3 desorbs into the gas
phase at a temperature of approximately 240 K. No release of
nitric acid to the gas phase is observed under these conditions
for pure AN films. Indeed, the vapor pressure of nitric acid
above an AN film is negligibly small, 2× 10-9 Torr, at 240
K.50 In light of these observations, we hypothesize that nitrate
is initially present in some weakly bound state that is destabilized
upon heating, releasing nitric acid into the gas phase.

The IR observation of nearly complete ionization of these
acids on the AN film is somewhat surprising. The pKa’s of the
carboxylic acids studied in this work at room temperature are
listed in Table 1. We are unaware of any measurements of the
pKa’s of these acids over the temperature range studied in this
work. However, temperature-dependent dissociation constants
(Ka’s) are available in the literature over the temperature range
273-333 K for formic, acetic, propanoic, and butanoic acids.51-54

These data show thatKa decreases slightly with decreasing
temperature below∼296 K. If extrapolation of this trend below
the measured range is valid, the small values ofKa suggest that
much of the acid should remain in its molecular form, even at
low temperature. Furthermore, the uptake of formic acid, which
dissociates to a greater extent than the other acids, was
significantly less efficient than the uptake of the other acids.
Therefore, to reconcile the IR observations with the available
thermodynamic data, reactions in addition to ionization must
occur on the surface of the AN film.

In light of the spectral evidence and the dependence of all
the carboxylic acidγ values on RH, we hypothesize that eq 2
represents the overall chemical reaction taking place when the
monocarboxylic acids are taken up by the AN film.

Formation of the ammonium/carboxylic acid salt in the crystal-
line state was observed only in the case of ammonium formate.
When the C2-C4 monocarboxylic acids were taken up by the
AN film, we observed the formation of their respective
carboxylate ions. Therefore, we believe that for these acids the
crystalline salt is a short-lived intermediate and reaction 2 is
immediately followed by reaction 3

We note that no liquid water features are observed in the IR
spectra of the reaction products in the absence of additional
water vapor (Figure 3); therefore, we believe that the am-
monium/organic salts are present in a thin, metastable aqueous
layer overlaying crystalline AN under low-RH conditions. In
this case, the (l) phase indicator after the water in eq 2 is meant
to signify surface-adsorbed water. No bulk liquid water is
associated with the ammonium/organic salt system under these
low-RH conditions. In the case of formic acid, the adsorbed
nitrate and hydronium ions can then recombine to form nitric

acid and water, which is released into the gas phase upon
heating, as shown in eq 4.

To confirm the plausibility of eq 2, we calculated its heat of
reaction from the heats of formation of the products and
reactants. The heats of formation of many of the reaction
products are available in the literature.8,55The heats of formation
of H3O+ and NO3

- were determined from the heat of ionization
of nitric acid56 and the heats of formation of water and nitric
acid.8 All relevant thermodynamic quantities are listed in Table
2. Using the heats of formation listed in Table 2, we calculate
that ∆Hr ) -12.3 kJ/mol for the reaction of formic acid with
AN. Similarly, ∆Hr ) -6.4 kJ/mol for the reaction of acetic
acid with AN. These calculations show that the reactions of
acetic and formic acids with AN, as shown in eq 2, are
thermodynamically favorable. Furthermore, the formic acid
reaction is slightly more exothermic than the reaction of acetic
acid with AN. Unfortunately, the heats of formation for the
ammonium salts of propanoic and butanoic acids are unavail-
able, so we are unable to calculate the thermodynamics for the
reaction of these gases with AN.

In the absence of water, the reactions of formic and acetic
acids with AN, as shown in eq 5, are endothermic

and the amount of surface-adsorbed water limits the uptake.
There are reports in the literature supporting the existence of
such layers of surface-adsorbed water on inorganic salts below
their DRH.57-60 Once all of the available water is consumed,
the uptake is no longer thermodynamically favorable and halts.
Thus, saturated uptake is observed on the crystalline AN films
in experiments in which water vapor is not added to the
chamber.

When additional water vapor is added to the chamber, liquid
water features grow into the IR spectra as the C2-C4 acids are
taken up by the AN film. Although the DRH of pure AN is
above the experimental RH, it is clear from the spectra that the
DRHs of the AN/C2-C4 acid reaction products are lower than
the experimental RH. No liquid water features were observed
in the IR spectra when formic acid was taken up by the AN
film. Therefore, we believe that the ammonium salts formed
from reaction of the C2-C4 acids with AN are deliquescent
under the experimental conditions whereas the ammonium salt
of formic acid is not.

To test this hypothesis, we measured the bulk deliquescence
relative humidities of several ammonium salts relevant to this
work at 298 K. The results of these measurements are reported

RCOOH(g)+ H2O(l) + NH4NO3(s) f

NH4RCOO(s)+ H3O
+(aq)+ NO3

-(aq) (2)

NH4RCOO(s)98
H2O

NH4
+(aq)+ RCOO-(aq) (3)

TABLE 2: Heats of Formation Used in the Thermodynamic
Calculations Presented in the Text

species ∆Hf (kJ/mol)

H2O(l) -258.8a

HNO3(l) -174.1a

HCOOH(g) -378.7a

CH3COOH(g) -432.2a

NH4NO3(s) -365.5a

NH4HCOO(s) -568.2b

NH4CH3COO(s) -616.6b

NO3
-(aq)+ H3O+(aq) -446.3c

a Reference 8.b Reference 55.c Calculated from∆Hf values of water
and nitric acid and the heat of ionization of nitric acid.∆Hi ) -13.4
kJ/mol at 273 K for nitric acid.56

H3O
+(aq)+ NO3

-(aq)f HNO3(l) + H2O(l) f

HNO3(g) + H2O(g) (4)

NH4NO3(s) + RCOOH(g)f NH4RCOO(s)+ HNO3(l) (5)

6692 J. Phys. Chem. A, Vol. 110, No. 21, 2006 Shilling et al.



in Table 3, along with the water solubility and∆Hsol for each
salt. Because literature values are available for the DRH of AN,
these data can be used to validate the accuracy of our method
for determining the DRHs of the salts. As can be seen in Table
2, we obtained a DRH of 62% for the pure AN solution. This
value is in excellent agreement with the literature value of 62%
at room temperature.48 The room-temperature DRH values for
all ammonium/organic acid salt systems determined in this work
are lower than that of AN. In addition, the DRHs of ammonium
acetate and ammonium propionate are lower than the highest
RH studied in the uptake experiments (∼40%), whereas the
DRH of ammonium formate is above this value. Therefore, to
first order, the hypothesis that the uptakes of acetic, propanoic,
and butanoic acids on AN produce deliquescent salts is
confirmed. Similarly, these results confirm that the ammonium
formate produced from the reaction of formic acid and AN
should remain crystalline under the conditions studied herein.
It is of note that the water solubility of the salts alone is a poor
predictor of hygroscopicity.

The above DRH data were collected at 298 K. The thermo-
dynamic model of Tang and Munkelwitz predicts that the change
of a salt’s DRH with temperature is a function of its water
solubility and latent heat of solution, as shown in eq 6

where DRH(Tm) is the measured room-temperature DRH,R is
the gas constant,n(T) is the water solubility of the salt, and
∆Hsol(T) is the salt’s heat of solution.61 The DRHs of the salts
at 210 K can thus be estimated from the parameters listed in
Table 3. Using the room-temperature value of the solubility,
we calculate that the DRH of ammonium acetate is 31% at 210
K. The DRH of ammonium formate is greater than 100% RH
at 210 K. Note that the solubility is also temperature-dependent
and should scale with the heat of solution. Thus, the DRH of
ammonium acetate should be even lower than 31% at 210 K.
This is in agreement with our observations of liquid water
features in the spectra recorded during the uptake of acetic acid
onto AN at RH) 20% and greater. Literature values for the
heats of solution for the other carboxylic acid/ammonium salts
are unavailable, so we are unable to conduct similar calculations
for these salts.

It is somewhat surprising that pentanoic acid (C5) was not
taken up by the AN film under any of the conditions studied in
this work. The Henry’s law coefficient for pentanoic acid, shown
in Table 1, is more than an order of magnitude higher than that
of acetone, for which a small amount of uptake was observed.
Furthermore, large quantities of butanoic acid, which has only
one fewer CH2 unit, were taken up by the film. The pKa’s for
the C2-C5 acids are approximately equal (Table 1), so pentanoic
acid should ionize to the same degree as the shorter-chain acids.
The C1-C4 monocarboxylic acids are all reported to be miscible

in water.8,62 However, the water solubility of pentanoic acid is
reported to be 4.97 g/100 g of H2O.62 The low water solubility
and long hydrycarbon chain of pentanoic acid might prevent it
from initially adsorbing to the surface. Alternatively, the
thermodynamics of the overall reaction might be unfavorable
once the hydrocarbon chain reaches a threshold length. The∆Hr

values for the uptakes of formic acid and acetic acid onto AN
are given in the preceding paragraphs. In the case of these two
carboxylic acids, the heat of reaction becomes less exothermic
as the carbon chain length increases. Unfortunately, no literature
data are available for the heats of formation for other mono-
carboxylic acid/ammonium salts. It is likely that the stability
of these salts decreases with increasing hydrocarbon chain
length. Indeed, we observed that ammonium butyrate decom-
posed back into ammonia and butanoic acid under laboratory
conditions. Furthermore, the stability of the acids increases with
increasing chain length.8 Therefore, we believe that it is
reasonable to conclude that the thermodynamics of the reaction
of pentanoic acid with AN are unfavorable, preventing its uptake
onto the film.

A molecule’s water solubility and Henry’s law coefficient
have been used to identify organics that are likely to partition
into the aerosol phase.62 Although this seems useful for some
organics compounds, such as the short-chain dicarboxylic acids,
it is clear from our data that there are notable exceptions.
Therefore, we conclude that water solubilities or Henry’s law
coefficients alone are poor predictors of monocarboxylic acids’
ability to partition into the AN films. Instead, it seems that the
detailed chemistry must be taken into account, most importantly,
the properties of possible reaction products.

Finally, we analyzed the data with a precursor-mediated
adsorption model as described in previous publications to
determine∆Hobs and∆Sobs values.35,44Briefly, the quantity ln-
[γ/(1 - γ)] is plotted against the reciprocal of the temperature.
As shown in eq 7,∆Hobsand∆Sobsare extracted from the slope
and intercept, respectively, of a line fit through the data plotted
accordingly.

We note that the values for∆Hobs and ∆Sobs represent the
difference in enthalpy and entropy between the transition state
for species moving into the chemisorbed state from the
physisorbed state and the transition state for physisorbed species
moving to the gas phase.63 Figure 8 shows theγ data plotted
according to eq 7 and the linear regression fits for each trace
gas. The values of∆Hobs and ∆Sobs extracted from these fits
are reported in Table 4. As seen in the table, many of the values
are approximately equal with the exception of the∆Hobsvalues
for acetic acid and butanoic acid. As seen in Table 3,∆Hobs for
acetic acid is∼50% higher and∆Hobs for butanoic acid is
somewhat lower than the∆Hobs values of the other gases. It is
likely that these values reflect on the interaction of the
hydrocarbon chain with the ionic lattice. As the hydrocarbon
chain becomes longer, movement of the carboxylate ions into
the AN film is increasingly disruptive of the AN lattice structure.
The values of∆Sobs follow a similar trend in magnitude,
indicating increasing disorder of the chemisorbed carboxylate
ions with increasing hydrocarbon chain length. Again, this could
indicate an increasing disorder of the resultant lattice structure.

Atmospheric Implications

The main removal mechanism for organic acids is thought
to be rainout, as removal rates with respect to photolysis13 and

TABLE 3: Water Solubility, ∆Hsol, and DRH at 298 K for
Ammonium Salts Studied in This Work

salt
water solubilitya

(g/100 g of H2O)
∆Ηsol

a,b

(kJ/mol)
DRH at 298 K

(% water)

NH4NO3 213 25.69 62c

NH4CHOO 143 27.2 47
NH4CH3COO 148 -2.38 36
NH4C2H5COO 40

a Reference 8.b Data for ammonium formate calculated from solubil-
ity data available on NIH toxnet database.43 c Literature value of the
DRH of AN is 62%.48

ln DRH(T) ) ln DRH(Tm) + 1
R∫Tm

Tn(T) ∆Hsol(T)

T 2
dT (6)

ln( γ
1 - γ) ) -

∆Hobs

RT
+

∆Sobs

R
(7)
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reaction with OH64,65 are low. If we assume an AN aerosol
surface area of between 16 and 550µm2/cm3, we can calculate
the lifetimes of the various acids with respect to heterogeneous
removal from ourγ values. Values of the AN surface area are
derived from tropospheric measurements of AN aerosol21 as
described in previous work.35 Using theγ values of formic acid
determined in this work, which were lower than those of the
other acids, we can estimate a lower limit for the lifetime with
respect to heterogeneous removal. On the dry AN film, we
obtainedγ ) 0.01 at 210 K. Under these conditions, the lifetime
of formic acid in the kinetic limit is between 56 min and 35 h
for the high and low limits, respectively, of the AN surface
area. A similar calculation for formic acid at 210 K and 20%
RH yields a heterogeneous lifetime of between 8 min and 5 h.
These lifetimes are short compared to the lifetime of several
days to weeks for removal by reaction with OH.64,65Therefore,
we conclude that heterogeneous removal of these monocar-
boxylic acids can compete with these other removal mecha-
nisms, even on crystalline AN.

We have shown that small, oxygenated organics can partition
into the aerosol phase even under conditions of low RH. No
correlation existed between the partitioning and a single
thermodynamic property of the molecules. In the case of the
monocarboxylic acids, it seems likely that the properties of the
reaction products drive the partitioning and that the detailed
chemistry of the system needs to be considered. However, this
behavior was observed only for the monocarboxylic acids, which
constitute only a fraction of the total non-methane hydrocarbon
(NMHC) atmospheric mixture. For nonreactive species such as
acetone and methanol, water solubility and the Henry’s law
coefficient do correlate with uptake behavior.

The uptakes of propanoic and butanoic acids dramatically
enhanced the water content of the film. Liquid water features

were observed to grow into the spectra at RH) 20% and greater
when these acids were taken up by the film. These features were
not observed in the absence of the acids. Therefore, AN aerosol
that has been exposed to these acids might contain liquid water
at lower RH than would the pure aerosol.

The reaction of formic acid with the AN film produced
weakly bound HNO3 and ammonium formate, which did not
deliquesce. The nitric acid that was produced in this reaction
desorbed from the film at 240 K. The vapor pressure of nitric
acid above solid AN at 240 K is negligibly small.50 Therefore,
the reaction of formic acid with AN might represent a pathway
for the revolitalization of HNO3 at relatively low temperatures
and might lead to the redistribution of NOy.
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