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ABSTRACT: Dissolution of iron from mineral dust particles greatly
depends upon the type and amount of copresent inorganic anions. In this
study, we investigated the roles of sulfate, chloride, nitrate, and perchlorate
on the dissolution of maghemite and lepidocrocite in ice under both dark
and UV irradiation and compared the results with those of their aqueous
counterparts. After 96 h of reaction, the total dissolved iron in ice (pH 3
before freezing) was higher than that in the aqueous phase (pH 3) by
6−28 times and 10−20 times under dark and UV irradiation, respectively.
Sulfuric acid was the most efficient in producing labile iron under dark
condition, whereas hydrochloric acid induced the most dissolution of the
total and ferrous iron in the presence of light. This ice-induced dissolution
result was also confirmed with Arizona Test Dust (AZTD). In the freeze−
thaw cycling test, the iron oxide samples containing chloride, nitrate,
or perchlorate showed a similar extent of total dissolved iron after each
cycling while the sulfate-containing sample rapidly lost its dissolution activity with repeating the cycle. This unique phenomenon
observed in ice might be related to the freeze concentration of protons, iron oxides, and inorganic anions in the liquid-like ice grain
boundary region. These results suggest that the ice-enhanced dissolution of iron oxides can be a potential source of bioavailable iron,
and the acid anions critically influence this process.

■ INTRODUCTION

Iron is an essential but limiting nutrient to marine organisms
in about 30% of the open ocean (HNLC; high nutrient low
chlorophyll).1−3 Among 16 Tg of iron deposited to the open
ocean each year, only a small portion of it (i.e., around 0.02 to
1 nM) is in a form bioavailable to marine organisms.4 This lack
of bioavailable iron is mainly caused by the low solubility of ferric
ion, which is the most stable form at pH 8, and also by removal
through adsorption on sinking particles.5,6 The major source of
iron in the open ocean is the atmospheric deposition of mineral
dust aerosols, which accounts for 95% of the atmospheric iron
budget.4,7 Aeolian dust aerosols undergo various chemical and
physical weathering processes that enhance their solubility and
thus provide bioavailable iron upon deposition to the open
ocean. Extensive laboratory, field, and model studies have been
carried out to investigate the factors controlling iron dissolution
processes and these include the effect of light, pH, organic and
inorganic ligands, and the characteristics (e.g., source, size, struc-
ture, etc.) of iron-containing dust.7−10

Reactions in the ice matrix can undergo different pathways
compared to the aqueous counterparts. Although an apparent
frozen material seems completely solid, it may contain some
amount of liquid when frozen above its “eutectic point”.11,12

This liquid content exists between solid ice crystals and is often
referred to as “liquid-like boundary” or “ice grain boundary”.

In this ice boundary region, solutes, protons, and dissolved gases
can be extremely concentrated (i.e., freeze concentration effect),
which provides a unique reaction environment that is very dif-
ferent from the normal aqueous media.13−15 For example, nitrite
oxidation has been reported to be accelerated by 105 times upon
freezing.13 It is interesting to note that even the exothermic hy-
dration of 2-oxopropanoic acid to 2,2-dihydroxypropanoic pro-
ceeded down to 250 K in ice.16 Our recent studies found that the
dissolution of iron oxide particles can be greatly enhanced upon
freezing both in the dark and under photoirradiation because of
the freeze concentration effect of protons, iron oxides, and organic
ligands in the grain boundaries.17,18 A similar ice-enhanced dis-
solution was also observed for manganese oxide.19 The extent of
iron (or manganese) release depended on the presence of light,
pH, freezing temperature, surface area of iron oxides, and the type
of organic ligands present.
Iron-containing atmospheric dust particles are one of the most

efficient ice nuclei in forming cirrus clouds.20−22 The presence of
atmospheric dust facilitates the ice formation (i.e., heterogeneous
freezing) at relatively low humidity and high temperature compared
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to a condition in which ice can form in the absence of any nuclei
(i.e., homogeneous freezing).23,24 Recent studies also indicate that
ice residues frequently contain organic/inorganic compounds
from anthropogenic or natural sources.25 In the aqueous phase,
these compounds can influence the dissolution of iron by forming
mono- or multidentate complexes between the ligands and the
iron oxide surface.6,8,26 Therefore, iron oxides trapped in atmo-
spheric ice might undergo unique chemical and physical reactions
in the presence of these ligands.
In this study, we investigated the roles of inorganic acid

anions on the dissolution of iron oxides in ice under both dark
and UV irradiation. Atmospheric dust particles can often be
coated with high concentrations of sulfate, chloride, and nitrate
in the acidic deliquescence layer on the surface.27,28 Moreover,
many studies have reported the coexistence of these inorganic
anions and dust particles in atmospheric ice residuals.21,22 To
better understand the roles of inorganic acid anions in producing
bioavailable iron in ice, we conducted dissolution experiments
with maghemite and lepidocrocite in both aqueous and ice phases
in the presence of sulfate, chloride, nitrate, and perchlorate.

■ MATERIALS AND METHODS
Materials. Maghemite (Aldrich, BET surface area 36 m2/g),

lepidocrocite (LANXESS Corp, 75 m2/g), and Arizona fine test
dust (Power Technology Inc., ISO 12103-1 A2 test dust) were
used as received for iron oxide dissolution experiments. Arizona
test dust (AZTD) is typically composed of 2−5 wt % of Fe2O3 and
has been used as a reference material for mineral dust. Detailed
information on AZTD can be found at www.powdertechnologyinc.
com. Inorganic acids such as sulfuric acid, hydrochloric acid, nitric
acid, and perchloric acid were all purchased from Aldrich and were
diluted with ultrapure (18 MΩ cm) deionized water as desired.
Experimental Procedures. A total of 50 mL of 0.2 g/L

iron oxide suspension was prepared in ultrapure (18 MΩcm)
deionized water and sonicated for 3 min for better dispersion.
After sonication, pH of the iron oxide suspensions was adjusted
with H2SO4, HCl, HNO3, or HClO4. The initial pH condition
was mainly adjusted to 3 in order to mimic a low pH atmospheric
aerosol environment. Five mL of this suspension was placed in a
quartz tube, sealed with septa, and put in a merry-go-round
photolysis reactor in the ethanol bath set at −5 °C. The
temperature of the ethanol bath was then gradually lowered to
−20 °C (with a rate of 0.5 °C min−1) to prevent the breakage
of the tubes. A 100-W mercury lamp (Ace Glass Inc.) surrounded
by a pyrex jacket (transmitting λ > 300 nm) was immersed in
an ethanol (transparent to the irradiation of λ > 300 nm) bath
for uniform irradiation. The UV light intensity incident on the
immersed quartz tube reactor was estimated to be 3.0 × 10−4

Einstein min−1 L−1 (λ > 300 nm) by ferrioxalate actinometry.17

For dissolution experiments under dark condition, 5 mL of the
iron oxide suspension was placed in a conical tube (15 mL) and
put in an ethanol bath cooled at −20 °C or kept at ambient tem-
perature (20−25 °C) for aqueous samples. After each reaction
time (i.e., 24, 48, 72, 96 h), sample tubes were thawed in warm
water (40 °C) for further analysis. The thawing process was
completed within 10 min and the thawed samples were filtered
with a 0.45-μm filter to remove particles prior to the analysis of
dissolved iron. The reprecipitation of dissolved iron was negligible
within this time of the sample treatments. In the case of freeze−
thaw cycling experiments, the experimental procedure was the
same but the temperature of the ethanol bath was adjusted
repeatedly between 25 °C and −20 °C every 12 h for 4 days. After
each cycle, the sample tubes were withdrawn and analyzed.

Analysis. The dissolved iron was determined colorimetri-
cally after filtering the suspension samples through a 0.45-μm
filter. For ferrous (Fe2+) analysis, 2 mL of 1,10-phenanthroline
and 1.5 mL of ammonium acetate buffer were added to a 5-mL
conical tube containing 1.5 mL of the sample. The same
samples were also analyzed for the total dissolved iron (Fetot =
Fe2+ + Fe3+) by adding 100 μL of hydroxylamine hydrochloride
for ferric reduction to ferrous. After an hour, absorbance of the
samples was measure with a UV/visible spectrophotometer
(Libra S22, Biochrom) at 510 nm. ζ-Potential and hydrodynamic
diameter of the iron oxide samples were measured using an
electrophoretic light-scattering spectrophotometer (ELS 8000,
Otsuka). The extent of aggregation of iron oxides was analyzed
with TEM. The TEM samples were prepared using a freeze-
drying method to minimize a possible effect of drying process on
the aggregation state of the iron oxide particles. One drop of iron
oxide suspension containing the acid anions (i.e., Cl− or SO4

2−)
was applied to a TEM sample grid, frozen at −80 °C, and then
dried in a freeze drier for 12 h prior to TEM analysis.

■ RESULTS AND DISCUSSION
Anion Effects on Iron Oxide Dissolution in Ice under

Dark Condition. Figure 1 compares the production of total

dissolved iron from the dissolution of maghemite (a) and
lepidocrocite (b) in the presence of various acid anions both
in the ice and aqueous phases. The dissolved iron concentra-
tion was markedly enhanced in the ice phase for all types of
acids used, while a negligible concentration of dissolved iron was

Figure 1. Production of total dissolved iron from (a) maghemite
(γ-Fe2O3) and (b) lepidocrocite (γ-FeOOH) under dark condition
in the presence of various inorganic anions after reaction in water
(25 °C) and ice (−20 °C) . Experimental conditions: pHi = 3 (±0.05),
[iron oxide] = 0.2 g/L.

Environmental Science & Technology Article

DOI: 10.1021/acs.est.5b04211
Environ. Sci. Technol. 2015, 49, 12816−12822

12817

www.powdertechnologyinc.com
www.powdertechnologyinc.com
http://dx.doi.org/10.1021/acs.est.5b04211


observed in the aqueous phase. In the absence of light (Figure 1),
most of the dissolved iron was in the ferric form, which indicates
a nonreductive dissolution.18 The iron dissolving efficiency of the
inorganic anions was in the order of sulfate > chloride > nitrate ≈
perchlorate. After 96 h of reaction of maghemite in ice, the
samples with sulfate and chloride yielded the highest concen-
trations (45(±13) μM and 31(±8) μM, respectively) of total
dissolved iron, while nitrate and perchlorate produced much
lesser amounts (8.4(±1) μM and 13 μM, respectively). In the
aqueous phase, approximately 1 μM of labile iron was released
with all types of inorganic anions. This ice-induced iron dis-
solution was also observed for lepidocrocite (Figure 1b) and
AZTD (Figure 2). The extent of iron dissolution in ice was

dependent upon the initial acid anion concentration in the
sample. With increasing the concentration of sulfate and chloride
(i.e., up to 10 mM), the dissolved iron increased (Supporting
Information (SI) Figure S1). Another factor that might influence
the dissolution rate is the surface area of iron oxide samples.
Although a higher dissolution rate is expected with a higher
surface area, lepidocrocite (of which BET surface area is twice as
large as that of maghemite) exhibited a lower dissolution rate than
maghemite (compare Figure 1a vs 1b). This implies that other
factors such as the crystallinity and inorganic acid anion are more
critical in determining the dissolution rate.
The accelerated dissolution of iron oxides in ice under dark

condition can be related to the “freeze concentration effect’’
of iron oxides, protons, and inorganic anions in the liquid-like
ice grain boundary region. Studies showed that dissolved ions
are distributed unequally between the ice and aqueous phases
when freezing. This inequality develops an electric potential
(so-called “freezing potential”), which induces OH− or H3O

+

to be preferentially accumulated in the ice grain boundary
region resulting in a pH change.29 For example, NaCl induces
the accumulation of OH− ions (pH increase) in the liquid-like
boundary region through the preferential incorporation of Cl−

ions in the ice matrix (i.e., negative potential in the ice side and
positive potential in the liquid side) while Na2SO4 may have
the opposite effect (inducing pH decrease).30,31 However, in our
study, the presence of iron oxides makes the chemistry more
complex since the iron oxides, which contain amphoteric surface
hydroxyl groups, can buffer the change of pH to some extent.
It seems that the freezing-induced accumulation of protons32,33

and anions can enhance the interfacial iron dissolution processes
(eqs 1 and 2) in the ice grain boundary region. The increased

proton mobility in frozen media could be an important factor
in the dissolution process. Proton mobility in a frozen media has
been reported to be comparable to or even greater than that in
the liquid counterpart.34 As expected, the initial pH had significant
influence on enhancing the total dissolved iron in ice, and the iron
dissolution was higher at lower pH (SI Figure S2), which should
be ascribed to the proton-assisted dissolution (eq 1).

≡ − + → ++ +Fe OH H Fe H OIII 3
(aq) 2 (1)

≡ − + +
→ ≡ +

→ +

− +Fe OH L H
Fe L H O

[Fe L] H O

III

III
2

III
(aq) 2 (2)

Because the pH of all other dissolution experiments was con-
trolled at pH 3 in this study (Figure 1), the observed difference
in the iron dissolution rate with different acid anions should be
ascribed mainly to the effect of the anions, ligand-promoted dis-
solution (eq 2). The presence of anion ligands may modify the
dissolution process of iron oxides depending on their strength
and mode of adsorption on the solid oxide surfaces.
The nonreductive ligand-promoted dissolution of iron oxides

is initiated by the adsorption of inorganic ligand on the iron
oxide surface. This weakens the Fe−O bonds and the ferric
complex is detached from the iron oxide surface to be dissolved
into the bulk solution (eq 2). Many studies have reported metal
oxide dissolution promoted by sulfate and chloride. In particular,
sulfate can strongly adsorb on oxide surfaces by displacing the
surface hydroxyl groups and forming monodentate or bidentate
complexes6,35,36 with surface iron.37 Being a divalent ion, sulfate
tends to show stronger affinity on iron oxide surfaces and
also promote more proton adsorption compared to monovalent
anions.37,38 Therefore, sulfate can extract labile iron from iron
oxides more efficiently compared to monovalent ions.32,38 The
ice-enhanced release of labile iron in the presence of sulfate
was also confirmed with AZTD, which is a reference material
for mineral dust (Figure 2). Different types of monovalent ions
also show disparate affinities on iron oxide surfaces. Among
the monovalent ions, studies showed that chloride accelerates
the dissolution of iron by forming strong complexation with ferric
species and by directly coordinating to the solid oxide surface. In
contrast, perchlorate and nitrate adsorb on the surface by forming
weak outer-sphere complexes and are therefore considered inert
electrolytes compared to sulfate and chloride.6,26,37,38 In the ice
grain boundary regions, sulfate, chloride, and protons can be con-
centrated, leading to both ligand- and proton-assisted dissolution
of iron. Moreover, the enhanced protonation of the iron oxide
surface in the grain boundary increases the positive surface charge
density, which further facilitates the electrostatic attraction of
negatively charged chloride and sulfate anions.6,26

Anion Effects on Iron Oxide Dissolution in Ice under
UV Light. Iron oxide dissolution experiments were also per-
formed in the presence of light to investigate the solar irradi-
ation effect, and the results are shown in Figure 3. In the ice
phase, the production of both total dissolved iron and ferrous
ion was markedly enhanced in the presence of light compared
to the dark dissolution, which implies that a photoreductive dis-
solution mechanism is operating in this case.17 This trend was also
confirmed with the dissolution from AZTD in the presence of
sulfate (Figure 2). It should be noted that, under irradiation, the
order of iron dissolution efficiency of the inorganic acid anions

Figure 2. Comparison of total dissolved iron and ferrous ion from
AZTD (Arizona test dust) between water (25 °C) and ice (−20 °C)
under dark and UV irradiation. Experimental conditions: pHi = 3 ±
0.05 (adjusted with H2SO4), [AZTD] = 2 g/L, reaction time 48 h.
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decreases in the order of chloride > sulfate > perchlorate > nitrate,
which is different from that in the dark condition.
The photoreductive dissolution of iron oxide in ice can be

largely explained by two mechanisms: the photoexcitation of
surface iron complexes (e.g., ligand-to-metal charge transfer39−41)
and the bandgap excitation of semiconducting iron oxides.17 As
for the first case, the surface complexation of ligands promotes
the photodissolution of iron.39−41 In the absence of ligands, sur-
face coordinated water or hydroxyl groups donate an electron to
surface ferric ion producing surface-bound ferrous species,42 which
should be subsequently detached from the surface. The concen-
tration of inorganic anions such as sulfate and chloride in the ice
grain boundary region should promote their surface complexation,
which subsequently accelerates the iron dissolution. On the other
hand, the semiconductor model is based on the bandgap excita-
tion of iron oxide with generating electron−hole pairs in the oxide
lattice. The photogenerated conduction band (CB) electrons
reduce the surface ferric ions (eq 3), while the holes can be
scavenged by electron donors present in the surface region.

≡ − + → ≡ − →− +Fe OH e Fe OH FeIII
cb

II 2
(aq) (3)

Among inorganic acid anions, chloride may react with the
photogenerated valence band (VB) holes (Cl− + hvb

+ → Cl•:
E0(Cl•/Cl−) = 2.2 VNHE) to enhance the overall photoreductive
dissolution of iron oxide, which may explain why the photo-
dissolution of maghemite was the most efficient in the presence
of chloride (see Figure 3). The VB edge potential of maghemite
is positive enough to oxidize chloride ion to chlorine radical
(Evb(maghemite) = 2.6 VNHE).

43 This explanation is supported

by the data shown in Table 1. Although the photoproduction of
total dissolved iron in ice was highest with chloride, the produc-
tion of Fe(III) was highest with sulfate (as in the dark dis-
solution in Figure 1). Note that the photogeneration of Fe(II)
is outstanding with chloride compared with other anions, which
supports the role of chloride as a hole scavenger. The highest
efficiency of maghemite/chloride system for the photodis-
solution can be explained by the semiconductor mechanism
where chlorides serve as a hole scavenger. Although this semi-
conductor mechanism has been suggested as not effective
because of the fast charge recombination in iron oxide,44,45 the
ice system where the hole scavengers (e.g., chloride) can be
highly concentrated in the ice grain boundary may be different
from the aqueous system. Moreover, the iron oxide particles are
excluded from the ice crystals and extensively aggregated in the
grain boundary region.17 This agglomeration of semiconductor
nanoparticles (iron oxide) may facilitate the charge-pair sepa-
ration by electron hopping through the particle grain bound-
aries when they are trapped in the frozen phase.17,46

An alternative explanation for the higher photogeneration
of Fe(II) in the presence of chloride is the photoactivity of
Fe(III)−Cl complex that leads to the generation of ferrous ions.
Once ferric ions ([FeIII(H2O)5(OH)]

2+ or simply FeOH2+) are
dissolved through eqs 1 and 2, they can be complexed with chloride
ions (eq 4). These Fe(III)−Cl complexes ([FeIII(H2O)5Cl]

2+ or
simply FeCl2+) are photoactive at UV and visible regions to reduce
ferric to ferrous ion.7,47 At the low pH condition, the dominant
species in the presence of chloride are FeCl2+ and FeCl2

+ with
FeOH2+ being present only in very low level. FeCl2+ can be pho-
toreduced under solar irradiation (eq 5), which is twice as active as
the photoreduction of FeOH2+ (eq 6). Such complex formation of
FeCl2+ should be more favored in the ice grain boundary region
(where ferric ions and chlorides are concentrated) with facilitating
the photogeneration of Fe2+ ions. Both the iron complex model
and the semiconductor excitation model can explain the higher
photoproduction of Fe(II) in the presence of chloride.

+ + →

+ =

+ − + +

−K
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where values of K and Φ are from ref 48.

Figure 3. Photoirradiation-induced production of (a) total dissolved
iron and (b) ferrous (Fe(II)) ion from maghemite under UV irradia-
tion in the presence of various inorganic anions after reaction in water
(25 °C) and ice (−20 °C) . Experimental conditions: pHi = 3 (±0.05),
[γ-Fe2O3] = 0.2 g/L.

Table 1. Photo-Dissolution of Iron (Fe(II) + Fe(III)) from
Maghemite in Ice in the Presence of Various Inorganic Anionsa

dissolved iron (μM)

anion type Fe(II) Fe(III) total Fe

SO4
2− 9.8 ± 0.7 (11%)b 80.0 ± 0.4 89.8 ± 1.1

Cl− 70.0 ± 3.0 (54%) 60.2 ± 0.6 130.1 ± 3.6
NO3

− 14.2 ± 1.7 (30%) 33.2 ± 0.8 47.4 ± 0.9
ClO4

− 27.8 ± 3.3 (35%) 51.0 ± 5.7 78.9 ± 2.4
aExperimental conditions: [γ-Fe2O3] = 0.2 g/L, pH 3, reaction time
96 h under UV irradiation at −20 °C. bPercentage of Fe(II) in the
total dissolved iron.
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On the other hand, in the presence of nitrate that is a very
weak complexing ligand, the reductive process can be suppressed
by a strong oxidant (i.e., •OH) produced by the photolysis of
nitrate.50,49 Similarly, Fe(III)−sulfate complexes may also have
photochemical properties suppressing the reduction of ferric to
ferrous ions.7 The adsorption of sulfate on iron oxide surfaces
replaces OH groups,37 which are known to reduce ferric ions.42

Accordingly, sulfate that showed the highest iron dissolution in
the dark also produced the highest amount of Fe(III) under the
photoirradiation but the lowest amount of Fe(II) (see Table 1).
This indicates that the Fe(III)−sulfate complexes retard the photo-
reduction of ferric species as was also observed in case of the
photodissolution of α-FeOOH.7

Simulated Freeze−Thaw Cycling Process. Iron oxide
particles may undergo a series of freeze−thaw cycles in the
natural environment. To simulate the freezing-induced weath-
ering process, the iron oxide suspensions were frozen and then
thawed for repeated cycles and were analyzed for total dissolved
iron after each process (Figure 4). After the first 12 h of reaction

in ice, a significant amount of dissolved iron was observed for all
types of acid anions, as expected. For the next 12 h, the samples
were maintained in an aqueous phase by raising the temperature
from −20 to 25 °C. After 12 h in a thawed state, approximately
half of total dissolved iron was reduced from its initial value for
all types of anion samples. This should be ascribed to the precip-
itation of ferric ions which have a low solubility at pH 3.51

During the four successive freeze−thaw cycles, the iron dissolution
and precipitation showed a reversible behavior (i.e., dissolution
upon freezing and reprecipitation after thawing) in the presence of
chloride, nitrate, or perchlorate. It seems that the number of the
freeze−thaw cycles has an insignificant influence on the steady-

state level of dissolved iron with these acid anions. However,
the sulfate system showed a markedly different behavior. In the
presence of sulfate, the behavior of iron dissolution and pre-
cipitation was irreversible and the freezing-induced dissolution
of iron was significantly reduced after the first freeze−thaw
cycle and gradually decreased with repeating the cycle. As a
result, the iron dissolution with sulfate was the lowest after the
fourth cycle among the compared samples while the presence
of sulfate induced the highest level of dissolved iron after the first
cycle.
This unique iron dissolution profile obtained in the presence

of sulfate might be ascribed to the difference in the extent of
aggregation of maghemite particles. Table 2 shows the ξ-potential

and the dynamic light scattering (DLS) measurements of
maghemite at the initial stage and after 6 h reaction in ice and
aqueous phase, respectively. In the presence of sulfate, the initial
ξ-potential of maghemite was the lowest (14 mV) among 4 types
of inorganic acid anions and the hydrodynamic diameter was
the largest both before and after the reaction in the aqueous and
ice phase. In particular, the size of sulfate-containing iron oxide
agglomerates after reaction in ice was about 5 times larger than
those of chloride-, nitrate-, or perchlorate-containing iron oxide
sample. This extensive aggregation of iron oxide particles caused
by sulfate was also confirmed by TEM images (see Figure 5).

On the other hand, the iron oxide samples containing other acid
anions showed much less change in the hydrodynamic size and

Figure 4. (a) Temperature variation profile and (b) the accompanying
production of total dissolved iron from maghemite (γ-Fe2O3) during the
freeze−thaw cycling experiment under the dark condition. Aqueous
phase maintained at 25 °C and ice phase at −20 °C. Experimental
conditions: pHi = 3 ± 0.05, [γ-Fe2O3] = 0.2 g/L.

Table 2. Properties of Maghemite before and after Reaction
in Water and Icea

ζ-potential (mV) hydrodynamic diameter (nm)

anion type initial initial aqb iceb

SO4
2− 14 ± 0 1303 ± 137 1934 ± 10 3127 ± 28

Cl− 44 ± 1 512 ± 18 672 ± 30 696 ± 42
NO3

− 43 ± 2 451 ± 29 497 ± 61 624 ± 0
ClO4

− 52 ± 4 503 ± 112 420 ± 26 574 ± 47
aExperimental conditions: [γ-Fe2O3] = 0.2 g/L, pH 3, reaction time
6 h under dark condition at 25 °C and −20 °C. bHydrodynamic
diameter measured after 6 h of reaction.

Figure 5. TEM images of maghemite particles in the presence of
(a) chloride and (b) sulfate after 6 h reaction in the ice phase (−20 °C)
under dark condition. Experimental conditions: pHi = 3 ± 0.05,
[γ-Fe2O3] = 0.2 g/L.
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the agglomeration after the freeze−thaw cycle. Being a divalent
anion, sulfate has a high affinity for positively charged iron oxide
surface and subsequently reduces the positive surface charge
more efficiently than other monovalent anion.37,38 This is reflected
in the lowest zeta-potential of maghemite in the presence of sulfate
(see Table 2). In addition, the freeze concentration of divalent
sulfate ions within the ice grain boundary region highly enhances
the ionic strength, which induces the aggregation of iron oxide
particles more efficiently than monovalent ions. As a result, the
electrostatic repulsion force between iron oxide particles is weakest
in the presence of sulfate and therefore the largest agglomerates
are formed.35,37 The iron oxide particles are forced to be aggre-
gated in the confined space of ice grain boundaries but might be
deaggregated after thawing. However, the presence of sulfate seems
to stabilize the state of agglomeration as shown in Figure 5b. The
large aggregates reduce the number of active surface sites eventually
diminishing the dissolution rate.52,53

Environmental Implications. The present study demon-
strates that the presence and kind of inorganic acid anions can
critically influence the freezing-induced dissolution of bioavail-
able iron from mineral particles both in the dark and under
photoirradiation. The ice-enhanced dissolution of iron oxides in
the dark condition was most efficient in the presence of sulfate,
whereas the dissolution under the photoirradiation was the
highest in the presence of chloride. During the freeze−thaw
cycle, the presence of sulfate facilitated the aggregation of iron
oxide particles with gradually reducing the iron dissolution
efficiency. Iron-containing dust particles in the atmosphere can
be transported long-range and undergo multiple freeze−thaw
cycles.14,54 In the presence of acid anions, the pH of iron-
containing aerosols may decrease to pH 1−2.54 Thus, acidic
aerosols containing inorganic anions have been suggested as a
source of bioavailable iron.7,8 This study showed that the extent
of iron dissolution is markedly enhanced in the ice phase in the
presence of sulfate or chloride. Therefore, any changes in the
anthropogenic and natural emissions of sulfur- and chlorine-
containing compounds, which are the precursors of inorganic
anions in the atmosphere, might be related with modifying the
freezing-induced dissolution of iron-containing atmospheric
aerosols. The freezing-induced dissolution of iron oxides is
suggested as an important source of bioavailable iron that will
eventually influence the ocean carbon cycle upon deposition to
the open ocean.1,4 Further laboratory studies and field obser-
vations should be carried out to investigate and assess the effects
of various inorganic and organic ligands on the freezing-induced
dissolution of iron oxides in cold environments such as the upper
atmosphere and polar regions.
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