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ABSTRACT: The photochemistry of halides in sea spray aerosol, on salt pans, and
on other salty surfaces leads to a formation of reactive halogen species. We
investigated the photochemical formation of atomic chlorine (Cl) and bromine (Br)
in the gas phase in the presence of laboratory-modeled salt pans consisting of sodium
chloride doped with iron(III) chloride hexahydrate (0.5 and 2 wt %). The samples
were spread on a Teflon sheet and exposed to simulated sunlight in a Teflon smog
chamber in purified, humidified air in the presence of a test mixture of hydrocarbons
at the ppb level to determine Cl, Br, and OH formation by the radical clock method.
Driven by the photolytic reduction of Fe(III) to Fe(II), the production rates of the
Fe(III)-doped NaCl salt samples (up to107 atoms cm−3 s−1) exceeded the release of
Cl above a pure NaCl sample by more than an order of magnitude in an initially O3-
free environment at low NOX. In bromide-doped samples (0.5 wt % NaBr), a part of
the Cl release was replaced by Br when Fe(III) was present. Additions of sodium sulfate, sodium oxalate, oxalic acid, and catechol
to NaCl/FeCl3 samples were found to restrain the activation of chloride.

1. INTRODUCTION

Besides the hydroxyl radical (OH), chlorine atoms (Cl) are an
important oxidant in the troposphere, particularly in marine
environments.1−4 Despite the importance of Cl for the ozone
destruction mechanism in the stratosphere,5,6 the multifaceted
role of atomic Cl in the lower part of the atmosphere as a
depletion reagent for ozone or as an initiator of photochemistry
in the early morning was rather underestimated and came into
focus in the last 2 decades.1,7 Newer studies show an impact of
reactive halogen species from the occurrence of nitryl chloride
(ClNO2) even in continental regions.8,9 Chlorine atoms are an
effective consumer of volatile organic compounds (VOCs) and
also influence the cycles of ozone (O3) and nitrogen oxides
(NOX). Among the VOCs, the short-lived greenhouse gas
methane (CH4) is of major interest in climate research to date.
Atomic Cl has a 16 times faster reaction rate constant toward
methane in comparison to hydroxyl radicals at 298 K.10

Moreover, the behavior of the isotope enrichment, δ13C, of
CH4 in the tropospheric background can be ascribed to the
reaction with atomic Cl representing a sink for CH4 of 19 Tg
yr−1 that corresponds to 3.3% of the total CH4.

11−13 Levine et
al.14 suggest that Cl could have been responsible for about 10%
of the glacial−interglacial change in the isotopic composition of
CH4. A main question is therefore to determine and quantify
the sources of atomic chlorine and their dependencies. The
natural processes that are responsible for the activation of
chloride in the liquid or solid phase into a gaseous form are
only partly understood, and decisive inorganic halogen species
(e.g., ClNO, BrNO, ClONO2, BrONO2, ClOH, HOBr) have
not been detected yet in the troposphere,15 although the
dependence on various parameters like pH,16 bromine

content,17 and the concentrations of NOX and O3
18,19 has

been investigated.
High concentrations of reactive halogen species were

observed in sea-salt-influenced environments, such as the
Arctic. For example, Jobson et al. calculated concentrations of
(0.39−7.7) × 104 Cl atoms cm−3 and (0.3−6.1) × 107 Br atoms
cm−3 for 1 day during their campaign at Alert, Northwest
Territories,20 by employing the radical clock technique during
ozone depletion events.17,18,21 Combined with the measured
concentrations of C2−C6 hydrocarbons and their reaction rates
toward Cl and Br given by Jobson et al.,20 this requires
production rates of (0.2−3.6) × 105 Cl atoms cm−3 s−1 and
(0.2−3.3) × 105 Br atoms cm−3 s−1 at least (not considering the
contributions of other trace gases to the total reactivity of the
atmosphere against Cl and Br). Furthermore, several studies
detected reactive halogen species (including the molecular
halogens) on coastal sites of the Arctic3,22−25 above salt lakes
and salt-covered areas such as the Dead Sea, Israel, or the Great
Salt Lake, UT (U.S.A.)26−28 and also in volcanic plumes.29,30

More than a century ago, Eder31 observed a catalytic effect of
iron on chloride activation in solid salt and in the liquid phase
when exposed to sunlight. In particular, the formation of
iron(II) and aqueous Cl2

•− radicals (due to the photo-
decomposition of iron(III) complexes in chloride-containing
solutions) has been manifested by several studies32−36 that
mainly concentrate on the detection of atomic chlorine formed
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in the aqueous phase but also observed the degassing of
chlorine molecules (Cl2) formed via combination of Cl2

•−.37

The speciation and photochemistry in the quasi-liquid
microlayer (QLM) on the salt crystals are decisive for the
halogen release. Depending on the composition of the salt and
the humidity, water adsorbs on the crystals and forms and
modifies the thickness and properties of the QLM.38,39 The
photolytic reduction of Fe(III) to Fe(II) plays a key role in the
photo-Fenton reaction, together with hydrogen peroxide
(H2O2), that is responsible for the reoxidation to Fe(III).
However, the photo-Fenton reaction is inhibited at high salinity
due to the formation of Fe−Cl complexes and the scavenging
of OH radicals by Cl−, both forming the less reactive Cl2

•−

radical anion and lowering the combination of OH• to
H2O2.

35,40

The present study deals with the photoinduced formation
and release of Cl2, BrCl, and Br2 from humidified salts (in an
O3-free environment at low NOX), detected indirectly in the
form of Cl and Br atoms. In order to reproduce natural
processes, the effects of several inorganic (Mg2+, Br−, SO4

2−)
and organic (C2O4

2−, C6H6O2) constituents of natural salts are
investigated in this work. In particular, an inhibiting impact of
sulfate on the photo-Fenton reaction is known.34 Moreover,
bromide, which is far easier to oxidize than chloride, stimulates
the activation of chloride.16,17 Even small amounts of bromide
have a high impact on the chloride chemistry, whereas the
impact of bromide on the iron-induced chloride activation is
still unclear and experimentally investigated in this work for the
first time. Hypobromous acid (HOBr) combines with Br− to
form Br2 but may also form bromine monochloride (BrCl) in
the predominant presence of Cl−. Br2 and BrCl are released to
the gas phase, depending on the pH, and are photolyzed by
sunlight to atomic Br and Cl, respectively. Organic compounds
like oxalic acid (H2C2O4) or catechol (C6H6O2) are known to
influence iron ions by complexation41,42 and thus intervene in
the photoproduction of aqueous halogens and OH radicals.43

Additionally, oxalate acts as a scavenger of OH•.44 The iron−
catechol complexes are strongly colored and thus change the
light-absorbing properties of the salt samples.45,46

2. EXPERIMENTAL SETUP AND METHODS
2.1. Smog Chamber and Its Analytical Instrumenta-

tion. Measurements are performed in a cylindrical smog
chamber made of Teflon film (FEP 200A, DuPont) that is fixed
on three aluminum rings of 1.33 m diameter and combines two
widths of the Teflon film to obtain a height of 2.5 m. This leads
to a volume of more than 3500 L (slightly dependent on the
internal pressure) and a surface to volume ratio of 3.8 m−1.47

The whole construction is suspended above an IR filter (2 cm
of deionized water), a UV filter (3 mm of borosilicate glass),
and bifocal reflectors with seven medium pressure arc lamps
(Osram HMI, 1.2 kW each) to reproduce the actinic flux of the
summer sun at 50° latitude.48 Because the lamps have a heat-up
time of 3 min until they attain their full intensity, they were
covered during this time and rapidly uncovered at the
beginning of the experiment.
To replenish the air consumption of the gas analyzers and

warrant the zero air environment, a slight overpressure of 0.5−2
Pa (differential pressure sensor, Kalinsky Elektronik DS1) is
maintained by a continuous flow of hydrocarbon-free zero air
(zero-air-generator, cmc instruments, <1 ppb O3, <0.5 ppb
NOX, <100 ppb CH4) controlled by a mass flow controller
(Tylan FC2910). Before flowing into the chamber, the zero air

is humidified by a three-necked flask that is filled with
bidistilled water and placed on a heater. In this way, the
humidity can be adjusted by the water temperature in the flask.
All experiments in this study were conducted at constant
conditions at 20 °C and 55−60% relative humidity (RH),
which was monitored by sensors (Driesen + Kern DKRF400X-
P) at three levels of the chamber (top, middle, and bottom).
Continuous mixing was achieved by a custom-built fan (made
of PTFE-Teflon), placed directly below the zero air inlet to
achieve mixing times of 3−4 min. Furthermore, the smog
chamber was equipped with an analyzer for NO (EcoPhysics,
CLD 88p), coupled with a photolytic converter for NOX
(EcoPhysics, PLC 860), and with two O3 analyzers (UPK
8001 and Thermo Fisher Scientific 49i). A more detailed
description of the smog chamber and its analytical
instrumentation can be found elsewhere.47,48

2.2. Sample Preparation. The salt pans were prepared by
solving the desired amount of compound in 500 mL of
bidistilled water under gentle warming (below 50 °C) to allow
complete dissolution. In order to obtain a crystallized salt
sample, the turbid brine, containing various brownish iron(III)
species as the hydrolysis product,49 was dried on a Teflon sheet
(FEP 200A, DuPont) in a wide beaker (diameter 225 mm) at
50 °C for at least 70 h under a constant zero air flow. The crust
above the brine was broken every 24 h in order to achieve total
dryness. Afterward, the residue was either milled in a ball mill
(Retsch MM 2, Haan, Germany) or ground in a household salt
mill or used as an untreated polycrystalline salt, depending on
the hygroscopicity and thus the stickiness of the salt mixture.
Each sample was spread on a circular 0.3 m2 Teflon sheet
mounted in the chamber. Before starting the irradiation, the
chamber was flushed for at least 10 h by 30 L/min of
humidified zero air (55−60% RH) in order to provide the
humidification of the salt and to get rid of the inherent air
intrusion during the insertion of the salt pan. The chemicals
used were NaCl ACS (Sigma-Aldrich), MgCl2·6H2O (VWR),
NaBr Suprapur (Merck), Na2SO4·10H2O ACS (Merck),
Na2C2O4 ACS (Alfa Aesar), H2C2O4·2H2O (Merck), C6H6O2
(Merck), and Fe(III)Cl3·6H2O ACS (Sigma-Aldrich).
All in all, a total of 13 salt samples, different in their

composition, were investigated under similar conditions,
whereas some of them were irradiated twice or up to five
times. The pH was determined afterward by adding about 2 g
of the salt to 3 mL of bidistilled water in order to obtain a
saturated solution and a rough estimate of the pH in the QLM
on the salt crystals, especially with respect to relative differences
of the salt samples and the thereby induced complex formation.
Nonbleeding pH indicator strips (Merck, special indicator pH
0−2.5, 2.5−4.5, and 4.0−7.0) were employed, assuming an
uncertainty of ±0.5.

2.3. Quantification of Cl, Br, and OH by the Radical
Clock Method. Once gaseous Cl2, BrCl, and Br2 molecules
were present, they were rapidly photolyzed to atoms by the
solar simulator in our setup (JCl2 = 1.55 × 10−3 s−1, JBrCl = 7 ×
10−3 s−1; JBr2 = 1.7 × 10−2 s−1).47 To quantify the
concentrations of Cl, Br, and OH in the gas phase, the radical
clock method50,51 was applied after smoothing the observed
time profiles of the hydrocarbons48 and was extended to
bromine atoms when bromide was involved. This was achieved
by monitoring the depletion of an inert dilution standard (n-
perfluorohexane, PFH) and the consumption of selected
hydrocarbons (HCi), namely, 2,2-dimethylpropane (DMP),
2,2-dimethylbutane (DMB), 2,2,4-trimethylpentane (TMP),
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and toluene (Tol), every 15 min by gas chromatography, GC
(Siemens Sichromat 2), using an Al2O3-PLOT column with 50
m, employing a temperature gradient of 50 °C/min to heat
from 160 to 200 °C after 3 min of runtime, using 0.25 mL/min
He as the carrier gas, a flame ionization detector (FID), a
custom-built liquid nitrogen cryotrap enrichment for focusing
the samples with a sampling flow of 100 mL/min for 3 min, and
a Nafion dryer. The dilution flow (to maintain the overpressure
and replenish the consumption by the gas analytics) was
typically 5 L/min, leading to a mean residence time of 12 h of
the gas in the chamber. The degradation of the HCi in
combination with the respective rate constants of their
reactions with Cl (kCl,i), Br (kBr,i), and OH (kOH,i) (Supporting
Information, Table S1) allows us to compute time profiles for
Cl, Br, and OH by solving the system of i differential equations
according to eq 1 after fitting an appropriate analytical function
to the profile of each HCi.

− = +

+
t

k k

k

d[HC]
d

[Cl][HC] [Br][HC]

[OH][HC]

i
i i i i

i i

Cl, Br,

OH, (1)

Dividing by [HC]i separates the variables (eq 2) and allows us
to identify the contribution of each radical to the consumption
of the HCi after integration

− = + +
t

k k k
d ln[HC]

d
[Cl] [Br] [OH]i

i i iCl, Br, OH, (2)

Due to the use of four different HC species i to determine
three unknown variables, the system is overdetermined. The
single results are arithmetically averaged, and the standard
deviations allow us to obtain a statistical uncertainty of the

result. The steady state of the radicals and atoms, formed by the
photochemical processes and consumed by the HCs and their
degradation products, delivers concentrations that inversely
depend on the initial amount of the HCi injected (if wall loss
and reactions with CH4, O3, and other constituents are
neglected), forming a total reactivity of the system toward the
respective radical (∑i kX,i[HC]i; X = Cl, Br, or OH). The total
production, QX, during the time τ can be calculated by
equalizing the source and the sinks, assuming a photostationary,
steady state (d[X]/dt = 0)

∫ ∑=
τ

Q k t[HC] [X] d
i

i i t tX 0
X, ,

(3)

Adopting the initial HC concentrations, [HC]i,0, and the rate
constants of their reactions with the radical X as a constant total
reactivity of the chamber contents toward X over the time of
the experiment allows us to calculate a maximal value of X.
Such an approximation assumes that the reactivity of the
reaction products is the same as the reactivity of the HCi, which
is only valid in the early stage of each experiment at low
consumption of the hydrocarbons. By using actually measured,
dilution-corrected [HC]i values and neglecting any X reactivity
of the products, a minimal value of QX can be calculated.

3. RESULTS AND DISCUSSION

Salt compositions, treatment, reactivity of the system, resulting
Cl and Br sources, and the determined OH concentrations of
the 18 performed experiments are listed in Table 1.

3.1. Data Assessment and Evaluation. The development
of the gas chromatograms during experiment #6.2 is illustrated
in Figure 1.

Table 1. Salt Compositions, Irradiation Times, Total Initial Reactivity of the HCs in the Chamber against Cl and Br, Cl and Br
Concentrations, and the Resulting Minimum and Maximum Cl and Br Sources (neglecting or considering degradation
products, respectively), and OH Concentrations

experiment
no.a composition (weight [g])

irradiation
time [min]

initial Cl/Br
reactivity (s−1)

Cl/Br concentration
(105 radicals cm−3)h

Cl/Br − source QX
(1010 atoms h−1 cm−3)

OH concentration
(106 radicals cm−3)h

#1 NaCl (100)b 738 114 ∼5.8 4.1−4.2 ∼6
#2 NaCl (95), MgCl2·6H2O (5)b 760 62 ∼9.1 1.9−2.0 ∼10
#3 NaCl (99.5), NaBr (0.5)b 474 60/0.0022 ∼8.5/∼4084 1.6−1.7/2.6−3.1 ∼4.5
#4 NaCl (98), Na2C2O4 (2)

b 590 44 ∼1.8 2.7−2.8 ∼6.2
#5 NaCl (98), C6H6O2 (2)

c 432 41 n.d.e n.d.e ∼1.8
#6.1 NaCl (98), FeCl3·6H2O (2)c 30 73 ∼300f >79−500f n.d.g

#6.2 NaCl (98), FeCl3·6H2O (2)c 341 151 ∼18 63−89 ∼6.8
#7.1 NaCl (99.5), FeCl3·6H2O (0.5)c 300 284 ∼6 52−57 ∼3.1
#7.2 NaCl (99.5), FeCl3·6H2O (0.5)c 235 231 ∼390 130−230 ∼17
#7.3 NaCl (99.5), FeCl3·6H2O (0.5)c 306 195 ∼2.4 14−15 ∼1.5
#7.4 NaCl (99.5), FeCl3·6H2O (0.5)c 274 111 ∼6.2 19−21 ∼3.5
#7.5 NaCl (99.5), FeCl3·6H2O (0.5)c 165 86 ∼2.5 7.2−7.6 ∼4
#8 NaCl (93), FeCl3 (2)·6H2O, Na2SO4·

10H2O (5)b
311 71 ∼1.9 5−5.2 ∼3.5

#9 NaCl (97.5), FeCl3·6H2O (2), NaBr
(0.5)b

666 353/0.0088 ∼1.5/∼10195 11−12/27−32 ∼4.5

#10 NaCl (96), FeCl3·6H2O (2), Na2C2O4
(2)d

214 235 ∼0.8 6.7−6.9 n.d.e

#11 NaCl (96), FeCl3·6H2O (2), C6H6O2
(2)d

220 297 n.d.e n.d.e ∼4

#12 NaCl (96), FeCl3·6H2O (2), H2C2O4·
2H2O (2)d

129 85 ∼5.1 13−15 n.d.e

#13 NaCl (91), FeCl3·6H2O (2), Na2SO4·
10H2O (5), H2C2O4·2H2O (2)c

308 90 ∼0.5 1.4−1.5 ∼2.6

aIn chronological order; two digits indicate multiple irradiations of the same sample. bMilled. cGround. dUntreated. eBelow the detection limit. fHCs
disappeared within 30 min. gCannot be distinguished from Cl. hMean over the first hour.
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The peaks are manually integrated using the Chemstation
software (HPCHEM-Agilent/Rev. B.04.03-SP1). The resulting
peak areas of each measurement are corrected for dilution by
the signal of the inert standard, PFH, and are shown in Figure
2.

The application of the (bi)exponential fit functions displayed
in the figure in combination with eq 2 leads to smoothed time
profiles for the Cl and OH concentrations (Br is below the
detection limit in this experiment) that are shown in Figure 3.
Due to the Cl-dominated HC depletion and the low HC
reactivity toward OH, the OH evaluation is errorprone and

partly shows high uncertainties compared to the result of Cl.
Equation 3 allows us to calculate the total source of Cl and OH
(and Br if present). This principle was applied for the data
evaluation of each experiment and led to the respective results
that are discussed in the following sections.
Instead of using (bi)exponential functions, the application of

sigmoidal fit functions to the HCi time profiles may be more
appropriate in certain cases. On the other hand, the fit function
does not make a difference in the resulting Cl production rates
for a large Cl production and an almost immediate depletion of
the HCi. Some experiments instead show a delayed HCi
depletion that results (when applying sigmoidal functions) in
an apparent increase of the production rate mainly in the first
30−40 min and a subsequent decrease similar to the
(bi)exponential result. These various tendencies in the first
30−40 min (depending on the fit functions) may be considered
as an effect of the limited time resolution (3 min cryotrap
enrichment and 15 min for each total run) and an
inhomogeneous mixing during the sampling time (3−4 min
mixing time). However, the resulting total sources (over more
than 60 min of the experiment) differ by 20% in extreme cases
at most.
For typical [HC]i concentrations of 10 ppb (∼2.5 × 1011

molecules cm−3), the approximate detection limit of the
method for the radical concentrations is for Cl atoms 104

molecules cm−3, for Br atoms 109 molecules cm−3, and for OH
106 molecules cm−3, leading to detectable production rates,
dQX/dt, of about 10

6 molecules cm−3 s−1 for Cl, 108 molecules
cm−3 s−1 for OH, and 1011 molecules cm−3 s−1 for Br,
depending on the various reactivities of the HCs that differ in
this range. For example, when Cl is present at significant levels,
a 3 orders of magnitude higher Br concentration is needed to
detect a contribution to the depletion of the HCi. The
detection limit and its uncertainty are characterized, for
example, by the duration of the cold trap enrichment (currently
3 min) that limits the time resolution, by various wall loss rates
compared to PFH, and by the fit functions that are applied to
the profiles of each HCi.
Alternatively to the evaluation method described above

(when Br is not involved), one may integrate eq 2 and divide it
by kOH to solve the system graphically by exponential fits of the
HC data for each measurement51

∫ ∫
τ−

= +
τ τ

k

k k t t

ln([HC ( )]/[HC] )/

/ [Cl] d [OH] d

i i i

i i

,0 OH,

Cl, OH,
0 0 (4)

This leads directly to time-integrated Cl and OH concen-
trations that are responsible for the measured HC depletion for
each time of the sampling, whereas the initial fits of the HCi
profiles lead to smoothed results for ∫ [Cl] dt and ∫ [OH] dt.
Figure 4 compares the two evaluation methods based on

experiment #6.2, where the resulting concentrations of the HC
fit were integrated over time and plotted against the directly
obtained, time-integrated results of the linear regression
method. The absolute values and the time profiles are in very
good agreement, except for the varying uncertainties that are
caused by the statistical uncertainty of the combination of six Cl
and OH results, each obtained by two HCs on the one hand
and the standard error of one linear regression on the other
hand.

3.2. Blank Experiments with Iron-Free Salt Pans. In
order to investigate the effects of Fe(III) enrichment in a salt

Figure 1. Evolution of the gas chromatograms from experiment #6.2
(2 g of FeCl3·6H2O/98 g of NaCl), showing the peaks of DMP, PFH,
DMB, TMP, Tol, and an unidentified reaction product.

Figure 2. Dilution-corrected time profiles of the integrated HC peak
areas from experiment #6.2 (2 g of FeCl3·6H2O/98 g of NaCl).

Figure 3. Resulting time profiles for the gaseous Cl and OH
concentrations in the 2 g of FeCl3·6H2O/98 g of NaCl experiment
#6.2.

The Journal of Physical Chemistry A Article

dx.doi.org/10.1021/jp508006s | J. Phys. Chem. A XXXX, XXX, XXX−XXXD



sample, blank experiments were conducted by using iron-free
salts. Except for the catechol sample, all blank samples were
milled and thus featured a finer grain size and a larger specific
surface as compared to the ground and untreated samples.
Figure 5a and b presents the Cl and Br production rates

(dQX/dt) and the corresponding Cl and Br sources (QX)
resulting from the blank experiments with pure NaCl
(experiment #1) and with added NaBr (experiment #3). The
graphs start where the irradiation of the sample was started (t =
0 min). The lower and upper margins of the bars represent the
minimal and maximal values of dQX/dt and QX, as described in
section 2.3. The negative minimal and maximal uncertainties
are drawn as thinner error bars for dQX/dt. Most measurements
for Cl and Br from the blank samples are close to the detection
limit and therefore show a large uncertainty. Further blank
measurements include magnesium chloride, sodium oxalate,
and catechol (experiments #2, #4, #5) and are shown in the
Supporting Information.
For the pure NaCl sample, a source of atomic Cl of (4.1−

4.2) × 1010 cm−3 was detected for the first hour, corresponding
to production rates of (0.8−1.5) × 107 cm−3 s−1 (see Figure 5a
or Table 1). Excluding the Fe(III)-induced chloride and
bromide activation, this Cl2 release can possibly be attributed to
bromide impurities in the salt (Br−: ≤0.01%, according to the
specifications of the manufacturer Sigma-Aldrich S9888,
≥99.0%) and to the observed NOX impurities contained in
the zero air and introduced due to the inherent air intrusion

during the opening of the chamber required to change the salt
samples. For such high Cl/Br ratios, bromide mainly induces
the activation of chloride by the formation of BrCl16 that is
released into the gas phase and rapidly photolyzed in our
system (JBrCl = 7 × 10−3 s−1). The simultaneously produced Br
atoms are below the detection limit due to the low reactivity of
the HCi toward Br. Assuming the release of Br atoms to be
comparable with the detected Cl source and combining this
assumption with the effect of bromide enrichment on the
crystal surface,52 a trace impurity of 0.01% may be sufficient to
be responsible for the detected Cl atoms.
Furthermore, there is the possibility of a direct activation by

the heterogeneous reaction of NOX trace impurities with the
solid salt to subsequently release ClNO,53 which could be
photolyzed in our system to form Cl atoms (JClNO = 1.8 × 10−3

s−1) or be hydrolyzed to form HCl and HONO and thus
induce an enhanced OH production.54 In the presence of O3
(leading to N2O5 from NOX), ClNO2 could be formed53 that is
more stable against hydrolysis18 and can be photolyzed to form
Cl and NO2 (JClNO2 = 2 × 10−4 s−1). This summarizes the
activation of Cl via uptake of, for example, NO2, N2O5, and O3
on the deliquesced salt, and concomitant release of photo-
lyzable precursors.38,53 Throughout the experiments, typical O3
and NOX concentrations remained below 15 ppb (∼3.8 × 1011

molecules cm−3) and 2 ppb (∼5 × 1010 molecules cm−3),
respectively, whereas a slight O3 formation was observed in the
course of the irradiation.
The resulting OH concentrations mainly ranged between 106

and 107 molecules cm−3, as shown in Table 1. In our system,
gaseous OH is mainly produced by NOX impurities in the zero
air. The ongoing well-known photochemical cycle produces
nitrogen monoxide, which may reduce HO2 radicals, which
originate from the oxidation of hydrocarbons. Furthermore,
NO can form O3 via RO2 and finally OH from photolysis of O3
in the presence of water vapor. The known storage of NOX in
the FEP film and release under UV irradiation, mainly in the
form of HONO,55 can also form OH (JHONO = 1.5 × 10−3 s−1).
The contribution of the CH4 impurity in the zero air (50−

100 ppb) and of the O3 formation during the experiment to the
total Cl and OH reactivity in the system is lower than 5% for
both radicals during the entire experiment and therefore
neglected in the evaluation. Concerning Br, the reactivity of O3
(formed during the experiments) can possibly influence the
evaluation of the production rates and sources with respect to
the low HC reaction rates toward Br. However, the Br-induced

Figure 4. Time-integrated quasi-stationary Cl and OH concentrations
derived from experiment #6.2 by the biexponential HC fit method
described in section 2.3 (circles) in comparison to the evaluation
proposed by Zetzsch and Behnke (diamonds).51

Figure 5. (a,b) Production rates of Cl and Br [atoms cm−3 s−1] and the integrated total Cl and Br source [atoms cm−3] during the blank experiments
#1 and #3 (corresponding figures for the experiments #2 and #4 are shown in the Supporting Information). The salt compositions are given in the
figures. The lower and upper margins of the bars represent the minimal and maximal values. For the production rate, the negative minimum and the
positive maximum uncertainties are included as thin error bars.
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O3 destruction recycles Br via BrO and HOBr and thus does
not represent a final sink. At least during the first hour of the
experiments, where the HC and O3 reactivities are comparable
and O3 starts to form, the resulting Br concentrations are
significant.
All experiments show a general trend to lower production

rates with progressing irradiation time. A simple explanation for
this tendency could be the evaporation of water from the QLM
on the salt due to the radiative heating of the salt pan by the
solar simulator, thus diminishing the mobility of the halide ions.
This may cause a surface “passivation” when the available halide
ions have been consumed.38

Despite the hygroscopic properties of MgCl2 and the
possibly more pronounced QLM,56 a comparison of the Cl
yields from the NaCl sample with the MgCl2 sample shows a
lower Cl2 release. Also, the addition of 2 g of sodium oxalate led
to lower Cl activation with respect to pure NaCl. Catechol
(that is very soluble and acts as a reducing agent) strongly
inhibits the Cl2 formation and shows a Cl production rate
below the detection limit. Except for toluene, the depletion of
the injected HC mixture was hardly observable; thus, the
resulting Cl production rate and total Cl source could not be
detected because no suitable fit function could be found for the
alkanes.
The effect of bromide on a NaCl sample was observed by

adding 0.5 g of NaBr to 99.5 g of NaCl. A Br source of (2.6−
3.1) × 1010 cm−3 was detected in the first hour, whereas the Cl
source did not show a marked difference to the pure NaCl salt.
During crystallization, bromide was enriched on the surface
with respect to chloride;52 thus, the molar Cl/Br ratio and the
resulting ratio in the QLM will probably be lower than the
measured ratio in the saturated liquid phase (Cl/Br = 150)
where much more water was used (section 3.4). Additionally,
the activation mechanisms favor the production of Br2 instead
of BrCl at these Cl/Br ratios,16 explaining the high Br source
(Figure 5b). For example, Hirokawa et al.57 and Mochida et
al.58 found that the heterogeneous Br2 formation through the
uptake of O3 on sea salt is much more effective, whereas a Cl2
release was not observed in these studies. Oum et al.59

proposed that gas-phase OH radicals can heterogeneously
produce Cl2 and Br2 from sea salt.56,60,61 The uptake of OH on
salt solutions and subsequent release of Br2, BrCl, and Br2 have
been investigated by Frinak and Abbatt,62 Park et al.,56,60,61 and

Nissenson et al.63 in detail. As O3 (10−20 ppb, 2.5−5 × 1011

molecules cm−3) and OH radicals (106−107 molecules cm−3)
are formed during irradiation in our experiments, these
mechanisms would explain the observed Cl and Br sources.
On the basis of the steady-state concentrations of atomic Cl

measured by Buxmann et al.47 above a 0.33 g of NaBr and 100
g of NaCl salt mixture, one can calculate Cl production rates of
(1.3−1.8) × 107 cm−3 s−1 for the experiments with 200 ppb
ozone at 67% RH. In comparison, our production rates vary
from (0.4−1.7) × 107 cm−3 s−1. The given BrO production
rates of 10−30 ppt/s (and thus the Br production),
corresponding to (2−7) × 108 BrO atoms cm−3 s−1 at standard
conditions, seem to be much higher in the work by Buxmann et
al.47 than that in our study, where (2−8) × 106 Br atoms cm−3

s−1 were detected in experiment #3. However, these results are
difficult to compare due to the high ozone concentrations, the
lower NaBr content, and the higher RH.

3.3. FeCl3·6H2O-Containing Salts. Once dissolved in the
aqueous phase, Fe(III) forms light-absorbing complexes with
available ions and water molecules. The speciation mainly
depends on salt composition, pH, and ionic strength in the
solution and has a significant influence on the photoinduced
radical formation. In the Fe(III)/water system, the main
complexes are Fe(H2O)6

3+ and Fe(H2O)5OH
2+ at low pH,

whereas in the presence of chloride anions, the more
photosensitive Fe(H2O)5Cl

2+ and Fe(H2O)4Cl
2+ complexes

become important.33,36 For convenience, coordinated water
molecules (H2O)x will be omitted in the following. Photolysis
of these complexes leads to OH and Cl radicals according to
reactions R1−R4.

ν+ → ++ + •hFeOH Fe OH2 2 (R1)

ν+ → ++ + •hFe(OH) FeOH OH2 (R2)

ν+ → ++ + •hFeCl Fe Cl2 2 (R3)

ν+ → ++ + •hFeCl FeCl Cl2 (R4)

Table 2 summarizes the main reaction pathways in chloride-
dominated media and their forward (k+) and backward (k−)
reaction rate constants. In the preponderant presence of
chloride, OH• and Cl• will predominantly be scavenged by Cl−

to form the intermediates ClOH•− and Cl2
•−, respectively

(Table 2, equilibria R5 and R7). Depending on the pH,

Table 2. Rate Constants for Reactions and Equilibria Involving Cl•, ClOH•−, Cl2
•−, and OH• Radicals (given for zero ionic

strengths)

reaction k+(forward) (M
−1 s−1) k−(backward) (s

−1) no.

+ ⇌• − •−OH Cl ClOH 4.2 × 109 6.0 × 109 R564

+ ⇌ +•− + •ClOH H Cl H O2
2.4 × 1010 1.8 × 105 R664

+ ⇌• − •−Cl Cl Cl2 7.8 × 109 5.7 × 104 R764

+ ⇌ +• •− −Cl Cl Cl Cl2 2 1.4 × 109 R864

+ → +•− •− − −Cl Cl Cl Cl2 2 3 3.1 × 109 R965

⇌ +− −Cl Cl Cl3 2 K = 1.8 × 10−1 M−1 R1066

+ → +• + − +Cl Fe Cl Fe2 3 5.9 × 109 R1167

+ → +•− + − +Cl Fe 2Cl Fe2
2 3 1.4 × 107 R1268

+ → + +•− + − − +ClOH Fe Cl OH Fe2 3 1.3 × 108 R1367

+ → +• + − +OH Fe OH Fe2 3 2.7 × 108 R1469

+ →• •OH OH H O2 2 5.2 × 109 R1569
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ClOH•− can dissociate to Cl• (Table 2, equilibrium R6) that
again produces Cl2

•−. Thus, the photolysis of FeOH2+ and
Fe(OH)2

+, primarily producing OH•, finally forms Cl2,
70 which

is able to degas according to its physical solubility (Henry’s law
constant at 298 K: 6.2−9.5 × 10−2 M atm−1).71 However, the
photolysis reactions R3 and R4, which directly produce Cl• and
finally lead to a degassing of Cl2, are much more effective based
on the absorption cross sections and quantum yields.72,73 The
degassing of Cl2 slows down with increasing pH when the
hydrolysis to the poorly degassing hypochlorous acid (ClOH)
is favored between pH 4 and 7 (Henry’s law constant at 298 K:
2.6−9.3 × 102 M atm−1).71 The high concentration of Cl− and
the subsequent scavenging of the radical intermediates Cl• and
OH• (R5 and R7, Table 2) will outmatch the reactions R11,
R14, and R15 (Table 2), involving Fe2+ and H2O2.

70 Solely,

Fe2+ may become a sink for Cl2
•− with advanced photolytic

reduction of Fe3+ after long irradiation times.
In comparison to the blanks, the addition of FeCl3·6H2O

generally led to an increase in the observed gaseous Cl except
for samples where sulfate was involved. The production rate
showed a downward trend similar to that of the blank
experiments. The reason is not only the drying out of the
sample but also the formation of iron(II) via photoreduction
(reactions R1 and R3) that becomes a sink for the radical
intermediates Cl•, ClOH•, and OH• or even directly reacts with
Cl2

•− (Table 2, reactions R11−R14), inhibiting the further
formation of Cl2.

37 However, the reactions with Cl− (Table 2,
reactions R5 and R7) will dominate because Cl− in the QLM is
constantly provided by the bulk sample and the concentration
is not expected to change significantly during irradiation.

Figure 6. (a−d) Production rates of Br and Cl [atoms cm−3 s−1] and the integrated total source of Cl and Br [atoms cm−3] during the FeCl3·6H2O
experiments #6.2 (a), #8 (b), #9 (c), and #12 (d) (corresponding figures for the experiments #7.1, #10, and #13 are shown in the Supporting
Information). The lower and upper margins of the bars represent the minimal and maximal values. For the production rate, the negative minimum
and the positive maximum uncertainties are included as thin error bars.

Figure 7. (a,b) Cl production rates [atoms cm−3 s−1] detected in the repetitive irradiation of the 0.5 g of FeCl3·6H2O/99.5 g of NaCl sample
(experiments #7.1−7.5) in comparison with the blank run on pure NaCl (experiment #1) (a) and the resulting total Cl source [atoms cm−3] for the
same experiments (b).
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The 2 g of FeCl3·6H2O/98 g of NaCl salt pan (experiment
#6.1) showed an enormous Cl2 release and consumed all of the
injected alkanes totally within the first 30 min of irradiation.
Due to the restricted time resolution with only two

measuring points, the Cl source can only be estimated. The
injected amount of HCs was increased for the next experi-
ments. In experiment #6.2, the same sample as that in #6.1 was
used, resulting in an up to 30 times higher production rate of Cl
with respect to a pure 100 g of NaCl salt pan (see Figures 5a
and 6a) without considering the additional effect of the
probably smaller specific surface of the ground FeCl3·6H2O-
containing samples and the reuse of the sample that had already
been exposed to the simulated sunlight for 30 min. The total Cl
source in the chamber increased up to (6.3−8.9) × 1011 atoms
cm−3 during 60 min of irradiation. Assuming that (without
recycling) each Fe(III) species produces one Cl atom that leads
to a degassing of (1/2)Cl2 molecule, at least a portion of 0.05−
0.07% of the added Fe(III) is involved in the photoproduction
of Cl2. A reduction of the FeCl3 hexahydrate fraction in the salt
from 2 to 0.5 g in 99.5 g of NaCl (experiment #7.1) led to a
slight decrease in the production rate and the total Cl source of
only (5.2−5.7) × 1011 atoms cm−3 during the first 60 min (see
Figure 7a,b or Figure S2a in the Supporting Information). The
enhanced activation can be attributed to the iron-induced
chlorine release mechanism as described above. Furthermore,
the drop in pH due to the FeCl3·6H2O addition causes a shift
in the speciation and supports the formation of the photo-
sensitive FeCl2

+ and FeCl2+ complexes as well as the degassing
of Cl2 (see section 3.4).
To investigate possible regeneration effects and check if the

Cl source can become exhausted, experiment #7.1 was repeated
five times without a change of the sample after dark periods of 1
night for experiments #7.1−7.3, of 1 week between #7.3 and
#7.4, and of 3 nights between #7.4 and #7.5 without irradiation.
A systematic tendency toward a lower Cl activation or an
increased source after longer regeneration times are hardly
noticeable (Figure 7a,b). Rather significant is the systematically
higher Cl production rate (107−109 cm−3 s−1) and thus the
elevated Cl source in each run in comparison with the pure
NaCl sample (0.8−1.5 × 107 cm−3 s−1). Each resulting Cl
source was at least above 1011 cm−3 after 100 min compared to
(5.8−5.9) × 1010 cm−3 for the blank experiment with100 g of
NaCl.
The addition of sodium sulfate and catechol to the 2 g of

FeCl3·6H2O/98 g of NaCl mixture hindered the chloride
activation drastically (Table 1 or Figure 6b). In both cases, the
color of the sample changed to yellow and black, respectively,
indicating a complex formation during the sample production
process because sodium sulfate and catechol are usually
colorless, although it does not seem to be in agreement with
the speciation in chloride-dominated media (section 3.4). The
observed yellow salt complexes in the sulfate sample are able to
reduce the light intensity in the spectral region that is important
for the photolysis of the Fe(III)−Cl complexes. The produced
ferrous ions in reactions R1 and R3 prefer to form the stable
FeSO4 complex with the available sulfate ions (log K = 1.35)74

and thus interrupt the regeneration of Fe2+ to Fe3+.
Furthermore, SO4

2− and HSO4
− ions can act as scavenger for

Cl• and OH•, producing sulfate anion radicals, and inhibit the
formation of Cl2.

34 Thus, sulfate is able to strongly inhibit the
radical production and Cl2 release, as is observed in experiment
#8 (Figure 6b). The Cl source is quantified to be even lower
than that of the pure NaCl sample despite the same treatment

(both milled). The inhibiting effect of catechol is even more
intense and led to a Cl production rate below the detection
limit, as compared to the blank experiment where only catechol
(2 g) and NaCl (98 g) were present. Here, the well-known
rapid redox reduction of Fe(III) to Fe(II) may play a decisive
role, oxidizing catechol via quinone to muconic acid and finally
in a few hours to CO2.

75

Two effects were observed for the Na2C2O4(2 g)/FeCl3·
6H2O(2 g)/NaCl(98 g) mixture. As discussed in section 3.4,
oxalate forms a stable and dominant complex with Fe(III) that
diminishes the Fe(III)−Cl complexation and thus the direct
activation of chloride. Moreover, sodium oxalate shifts the
sample pH to a less acidic range, where FeCl2

+ starts to be
reduced and the Cl2 release is restricted by the formation of
hypochlorous acid. Experiment #12 (Figure 6d) demonstrates
the sensitivity to the pH by the use of oxalic acid instead of
sodium oxalate, resulting in a more acidic pH of about 5. Due
to this change, the Cl source in the first 60 min slightly
increased from (6.7−6.9) × 1010 to (13−15) × 1011 cm−3.
According to Zuo and Hoigne,́76 the photolysis of the Fe(III)−
oxalate complexes leads to a formation of H2O2 and thus
stimulates the photo-Fenton reaction and the subsequent
reoxidation of Fe(II). The thereby induced Fe(III) recycling
and regeneration of photosensitive Fe(III) chloride and
hydroxy complexes explains the quite constant Cl production
rate at later stages of the experiments when oxalate is involved.
However, the high fraction of oxalate in the sample reduces the
Fe(III) involved in the photoinduced Cl• production and thus
reduces the total gaseous Cl source.
Experiment #13 demonstrates a combination of the effects

from 2 g of oxalic acid and 5 g of sulfate on the 2 g of FeCl3·
6H2O/91 g of NaCl sample. Though the sample was ground, a
much lower Cl source of (1.4−1.5) × 1010 cm−3 was observed
in the first hour compared to the untreated oxalic acid sample.
The lower Cl production in comparison with the milled sulfate
sample (experiment #8) can be ascribed to the larger grain size
of the ground sample in experiment #13 and the combination
of the radical scavenging effect of sulfate and the complexation
of oxalate with Fe(III).
The influence of NaBr on the iron-induced chloride

activation is similar to the effect on pure NaCl as a lower Cl
production was observed in comparison with the respective
sample without bromide (Figure 6c). The Br source in the
presence of Fe(III) was a factor of 12 higher than that in the
absence of Fe(III) in the first hour (Table 1), whereas the Cl
source was 6−8 times lower due to the bromide addition. This
implies that dissolved Fe(III) leads to a stronger preference of
bromide activation even if Fe(III) prefers to complex with
chloride (section 3.4). However, the photochemically formed
Cl2 seems not to degas completely but rather oxidize bromide
to Br2 as, for example, proposed by Mochida et al.77

Furthermore, comparable to the blank sample, an enrichment
of bromide on the surface and thus in the aqueous phase on the
salt crystals is probable, and the activation of bromide and
autocatalytic release of Br2 instead of BrCl is preferred at this
pH and Br−/Cl− ratio of 0.0067 in the liquid phase.16 In fact,
Sadanaga et al.78 reported an enhancement of the O3 uptake
and Br2 release in the presence of Fe3+ in synthetic sea salt and
suggested a Cl2 release when bromide becomes deficient.

3.4. Speciation. The decisive factor for the photoinduced
chlorine release is the fraction of photosensitive iron complexes
in the water−chloride system, depending on the pH, molar
fractions, and ionic strength. Table 3 gives an overview on the
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complexes and their equilibrium constants. On the basis of this
data, the software PHREEQC85 was employed for aqueous,
geochemical calculations to derive the speciation as a function
of pH in the QLM. To approximate the experimental
conditions, small salt samples with equal molar ratios of the
components were prepared in small Petri dishes, and 10 mL of
bidistilled water was added to obtain a saturated liquid layer on
the salt crust. Using a pipet, 1 mL of the liquid phase was taken
and diluted 1:10000 in order to analyze for the molar
concentrations of iron and present anions by ICP-MS and
IC. In this way, the molar ratios of the elements were
determined and used as starting parameters for the speciation
model. This approach is rather qualitative because the process
of adding water differs from the process of humidification by air
moisture. The excess of water penetrates through the surface of
the salt crystal and allows the bulk to dissolve, whereas the
QLM on the crystals is only formed on the surface. Therefore,

the obtained molar ratios could differ from the ratios in the
bulk since, for example, bromide is enriched on the surface with
respect to chloride during the drying process.52 A further
consequence of the partly heterogeneous crystallization of the
salts is the variation of the liquid film thickness, depending on
the hygroscopicity and composition of the different micro-
crystalline fractions of the salt pan.
The equilibrium model in PREEQC is based on the

MINTEQ database86 and was extended for oxalate and catechol
including the equilibrium constants listed in Table 3. For Fe3+,
Na+, Cl−, SO4

2−, HSO4
−, and Br−, the activity coefficients were

corrected for the ionic strength based on Pitzer’s ion interaction
approach87 and the respective binary and ternary parameters
listed in Tosca et al.88 For the other ions, where to date no
Pitzer parameters are available, the extended (or WATEQ)
Debye−Hueckel equation was applied.89,90 The significance of
this basic approach involves a large uncertainty because the
extended Debye−Hueckel equation is limited to ionic strengths
below 1 mol/L but, in the case of predominant Cl−

concentrations, still in good agreement with the Pitzer
equations91,92 that are able to predict the activity coefficients
in solutions with very high ionic strengths.93 The modeled
speciation only describes the equilibrium condition at the
beginning of each experiment but is able to explain the
precondition of the mechanism responsible for the various
pathways of Cl2 production. Detailed model studies, including
reaction kinetics and absorptivities, have been performed
elsewhere at lower Cl− levels.35,44,69

Figure 8a and b displays the calculated speciation equilibria
for selected samples as a function of pH. The formed Fe(III)
complexes are plotted as molar fraction of total Fe(III)
dissolved in the QLM on the sample. Due to the high Cl−/
Fe(III) ratio, no difference in speciation can be seen for the
samples with 2 and 0.5 g of FeCl3·6H2O except for the absolute
concentrations that are shifted. In the expected very acidic pH
range of the sample, FeCl2

+ and FeCl2+ represent the highest
fraction of Fe(III) species. These species have a much higher
absorbance than the Fe(III)−hydroxo complexes.36,73 In
particular, FeCl2+ has a two times higher quantum yield for
photodissociation than FeOH2+.33 An even higher molar
absorptivity in the visible region have Fe(III)-bromine
complexes. In the case of FeBr2+, this was shown by
Rabinowitch and Stockmayer.94 However, our model calcu-
lations show a negligible formation of Fe−Br complexes with
respect to an assumed Cl−/Br− ratio of 150 in the quasi-liquid
phase (see Figure S4b in the Supporting Information).
Adding sulfate to the modeled solutions does not

significantly change the speciation at low pH on the condition
that the molar Cl−/SO4

2− ratio is 71, and therefore, this is only
shown in the Supporting Information (Figure S4a). Adding
oxalate instead has a significant impact on the speciation
equilibrium (Figure 8b). The main complex that is present over
a pH range from 1 to 7 is Fe(C2O4)3

3−. Additionally, the
sample pH is shifted to a less acidic range (see Figure 8a,b)
where the less photoactive Fe(OH)2

+ starts to outbalance
FeCl2

+. A further impact of oxalate in an irradiated system is the
scavenging of OH•, comparable to sulfate.34,44

Concerning catechol, the induced Fe(III) complexes start to
occur in a significant fraction as Fe(C6H6O6)

+ at a pH higher
than 3 (Supporting Information, Figure S4d). On the other
hand, the measured sample pH is lower than 3, where mainly
FeCl2

+ is present. However, during the sample preparation, the
salt appeared as dark black, indicating a complex formation with

Table 3. Equilibrium Constants (log10 K) for the Formation
of Low Molecular Weight Fe(III) Complexes with Several
Ligands (including their dissociation constants) at Zero
Ionic Strength and 298 K

equilibrium log10 K no.

Water

+ ⇌ ++ + +Fe H O FeOH H3
2

2 −2.19 R1679

+ ⇌ ++ + +Fe 2H O Fe(OH) 2H3
2 2

−5.67 R1779

+ ⇌ ++ +Fe 3H O Fe(OH) 3H3
2

3 −12.0 R1879

+ ⇌ ++ − +Fe 4H O Fe(OH) 4H3
2

4 −21.6 R1979

Chloride

+ ⇌+ − +Fe Cl FeCl3 2 1.48 R2080

+ ⇌+ − +Fe 2Cl FeCl3
2

2.13 R2181

+ ⇌+ −Fe 3Cl FeCl3
3

1.13 R2282

Bromide

+ ⇌+ − +Fe Br FeBr3 2 0.61 R2383

+ ⇌+ − +Fe 2Br FeBr3
2

0.2 R2483

Sulfate

+ ⇌− + −SO H HSO4
2

4
1.99 R2569

+ ⇌+ − +Fe SO FeSO3
4

2
4

3.92 R2669

+ ⇌+ − −Fe 2SO Fe(SO )3
4

2
4 2

5.42 R2769

Oxalate

+ ⇌− + −C O H HC O2 4
2

2 4
4.18 R2881

+ ⇌− +HC O H H C O2 4
2

2 2 4
1.31 R2941

+ ⇌+ − +Fe C O Fe(C O )3
2 4

2
2 4

8.77 R3081

+ ⇌+ − −Fe(C O ) C O Fe(C O )2 4 2 4
2

2 4 2
6.52 R3181

+ ⇌− − −Fe(C O ) C O Fe(C O )2 4 2 2 4
2

2 4 3
3 4.44 R3281

Catechol

+ ⇌− + −C H O H HC H O6 6 2
2

6 6 2
13 R3384

+ ⇌− +HC H O H H C H O6 6 2 2 6 6 2
9.25 R3484

+ ⇌ ++ + +Fe H C H O Fe(C H O ) 2H3
2 6 6 2 6 6 2

1.37 R3542

+ ⇌+ − +Fe C H O Fe(C H O )3
6 6 2

2
6 6 2

20 R3684

+ ⇌+ − −Fe(C H O ) C H O Fe(C H O )6 6 2 6 6 2
2

6 6 2 2
14.7 R3784

+ ⇌− − −Fe(C H O ) C H O Fe(C H O )6 6 2 2 6 6 2
2

6 6 2 3
3 9.01 R3884
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a strong light absorption. Catechol is known to reduce Fe3+ to
Fe2+ at acidic pH75,95 and to form extremely stable chelate
complexes.45 The respective reactions are not included in the
speciation model as only Fe(III) complexes are considered. The
iron-free sample with catechol and NaCl instead appeared in a
light gray color.
In general, the model calculations show that a low pH (<3)

induces a large fraction of Fe−Cl complexes and inhibits the
photo-Fenton reaction in terms of low OH• and H2O2
production. Thus, a pH of 3 or slightly above would be
optimal to warrant the formation of OH• and thus the
reoxidation of the photodecomposed Fe(II)95 for a continued,
sustainable Cl2

•− formation via the Fe(III) mechanism.
3.5. Environmental Significance. The influence of

soluble iron on speciation and biochemistry plays an important
role in nature, for example, in brine-containing soils, intertidal
zones, and coastal regions, or where dust or ash aerosols come
into contact with sea salt.96,97 Recent model predictions
extrapolated the present increase of ship traffic into the future
and proposed that the soluble iron emitted from ships might
contribute 30−60% to the soluble iron deposition in the high-
latitude North Atlantic and North Pacific until the year 2100.98

Furthermore, Zhu et al.99 measured that only 7.5% of the
soluble iron in marine aerosol particles is in the lower oxidation
state Fe(II), and Schroth et al.100 confirmed that Fe(III) is
predominant, for example, in soil particles from arid regions
and in oil combustion products. Our work rather represents
halogen release mechanisms above humidified salt sediment as
it occurs in salty areas such as the Dead Sea or Australian salt
lakes,101 but the proposed mechanisms may also account for
iron-containing saline aerosols.
While iron forms mainly complexes with organic ligands in

seawater,102 the situation can change in sea salt aerosols where
salinity increases and the pH drops below 2,103 and our work
indicates an additional potential impact of soluble iron on the
atmosphere by the induced intrusion of Cl2 and Br2. The
varying content of soluble iron could have affected the
tropospheric Cl and Br concentrations in the past. Chlorine
is a strong oxidant and is highly reactive with organics having,
for example, a 16 times higher reaction rate than OH toward
the climate forcing greenhouse gas methane. While it reacts
relatively slowly with organics, it leads to surface-level O3
destruction, mainly initiated by the autocatalytic release of

bromine from sea salt.38 When iron is present together with sea
salt, the iron-induced halogen release could complement the
classical release mechanisms via O3, NO2, or N2O5.

38,104

However, it still remains unclear if the natural iron-induced Cl2
and Br2 release plays a relevant role for the halogen activation
in the atmosphere, as well as the implications of such rather
local events on the global tropospheric chemistry, and, in
particular, on variations of the atmospheric methane concen-
tration. In reality, the ratio between the specific reaction surface
and the volume in which the halogens are released is much
higher in our simulation chamber than that in the affected parts
of the atmosphere. The experimental conditions are chosen
rather unrealistically (zero air environment and pure salt
samples), and the chamber leads to an enrichment of the
released gas phase, which helps to better investigate the
mechanisms. For more significant conclusions on the environ-
mental impact, aerosol experiments are needed where the
specific reaction surface can be measured and the observations
are easier to transfer to atmospheric conditions where aerosols
have a higher global influence than salt brines.

4. CONCLUSIONS

The chlorine and bromine release from modeled salt pans
under simulated solar light in a smog chamber made of Teflon
was found to depend on the concentration of iron(III) and
inorganic and organic additives. The plain NaCl/FeCl3·6H2O
samples showed the highest chlorine release. The integrated Cl
source in the first hour was about 20 times higher compared to
that of the plain NaCl salt pan. The addition of sulfate and
oxalate inhibited the activation of chloride significantly by
forming complexes and by scavenging Cl atoms and OH
radicals in the aqueous phase. Catechol inhibited the Cl2 release
below the detection limit. Adding bromide to the samples led
to a slight decrease of released Cl2, but simultaneously, a
marked bromide activation was observed that increased when
Fe(III) was present. This is probably caused by an enrichment
of bromide in the QLM and by the drop in pH when Fe(III) is
added. In summary, our study demonstrates the photocatalytic
effect of Fe(III) causing gaseous Cl production and the
influence of inorganic and organic contaminants including the
underlying mechanisms that explain the various observed Cl
and Br sources.

Figure 8. (a,b) Molar fraction of the formed Fe(III) species related to the total Fe(III) content in a saturated sodium chloride solution as a function
of the pH (according to the PHREEQC model) for the sample compositions of experiments #7.1−7.5 (a) and experiments #10 and #12. The
estimated range of the sample pH based on the measurements described in the text is shown in light gray. Corresponding figures for the other salt
compositions are shown in the Supporting Information.
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(29) Baker, A. K.; Rauthe-Schöch, A.; Schuck, T. J.; Brenninkmeijer,
C. A. M.; van Velthoven, P. F. J.; Wisher, A.; Oram, D. E. Investigation
of Chlorine Radical Chemistry in the Eyjafjallajökull Volcanic Plume
Using Observed Depletions in Non-Methane Hydrocarbons. Geophys.
Res. Lett. 2011, 38, L13801.
(30) Bobrowski, N.; Hönninger, G.; Galle, B.; Platt, U. Detection of
Bromine Monoxide in a Volcanic Plume. Nature 2003, 423, 273−276.
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