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The aqueous sulfite ion reacts with Hgg to form 1:1 and 2:1 coordination complexes. The Hg{zsO
complex is redox stable. However, dissociation of a sulfite ligand forms redox-unstablesHg8der
conditions where Hg(Sg§»?~ predominates, the rate of reduction of the mercuric ion t8 bigcoordinated

sulfite depends inversely on the concentration of uncoordinated sulfite, while it is unaffected by the amount
of sulfite liberated by dissociation. Analysis of the kinetics yields the sequential sulfite binding conétants
=2.1x 10® andK, = 1.0 x 10®° atu = 0.10 M. These values lead to the prediction that Hg&0nore
abundant in clouds than is Hg($&~ under virtually all atmospheric conditions. The product of the redox
reaction appears to be a strongly bound®3¢, complex, which is at least 3 orders of magnitude more
soluble than uncomplexed Fg, This finding may have important implications for the partitioning of
atmospheric mercury from the gas phase into atmospheric water droplets prior to its wet deposition.

Introduction tional methods because of the short lifetime of Hgg§? The
overall formation constant, eq 3, is known because Hgf$0
is considerably more stable than Hgs;@articularly in neutral
or alkaline solutions.

ng+(aq) + 2S()S;Zi(aq) = Hg(sq,)227(aq) ﬂz (3)

Because reduction of the mercuric ion appears to proceed
uniguely via the HgS® complex, the magnitudes of the
sequential formation constants are important parameters for
models of the global mercury cycle.

In this contribution, we report a kinetic study of the reduction
of the mercuric ion in aqueous solution in the presence of excess
S(IV). In combination with results from our previous study of
this systenf, we have extracted the formation constants for
mercuric-sulfite complexes from kinetic measurements. We also
present evidence that the product of the redox reaction may not
be, as previously supposed, %ig, but a soluble complex of

Knowledge of the atmospheric speciation of mercury is
crucial to the construction of accurate models for its global
cycling, because the stability and solubility of various forms
strongly influence the rate of mercury removal from the
atmosphere by wet deposition. Most (ca. 98%) of atmospheric
mercury exists in the gas phase in the elemental fdrowever,
the concentration of mercury found in cloud droplets, and
therefore susceptible to being rained out, may exceed the
solubility of Hoag) by as much as 3 orders of magnitiide.
This finding is the basis for the proposal that, unlike in the gas
phase, the mercury in atmospheric water exists mostly as the
more soluble mercuric ioh.The high affinity of Hg(ll) for
sulfur-donor ligands further suggests that mercuric-sulfite
complexes are important species in clouds, even in relatively
nonpolluted aif. The atmospheric chemistry of mercury is
complicated by the ability of sulfite to reduce the mercuric ion
to elemental mercury, which, due to its lower water solubility,

. iy ; g I Hg? with SO,.
is thought to partition back into the gas phase where it is subject g ©
to long-range transpoft. N _ Experimental Section

Recently, we reported conditions under which the unstable . o o -
coordination complex HgS©can be observed directly and All solutlo_ns were prepared with d|st|IIed_ deionized (M|I_I|-q
measured the rate of its intramolecular reaction to give 4§ Plus) water in glass bottles and handled with all-glass syringes.

However, HgS@is not generally assumed to be the dominant Solutions of mercuric ion were prepared by dissolving red HgO
mercuric species when the ambient S(IV) concentration greatly (99-999%, Aldrich) in concentrated HCIQ(Analar, 70%)
exceeds [Hgjw, as is the case even in clean air. Under natural followed by dilution with water to produce stock solutions
conditions, it has been suggested that Hg)gO is a major ~ containing approximately 0.06 M Hgin 0.2 M HCIO;. These

Reagent) to the ferric alum endpofStock solutions were
- " . . i . P
HO g+ SO a9 =HISOyqy Ky (1) diluted daily to the desired concentration for use in fitration
and kinetics experiments.
- 2- Sulfite solutions were prepared by dissolvin 99.99%
HgSQ(aq)+ Sos (ag) Hg(SQ)Z (aq) KZ (2) prep y 5 °

Aldrich Reagent Plus, anhydrous) in either Ar- or air-saturated
water. Because aqueous sulfite is susceptible to trace-metal-
catalyzed autoxidation, the stock solution was prepared daily
and standardized immediately before use by iodometric titration.

*To whom correspondence should be addressed. E-mail: Sodium dithionate was prepared according to the literature
sscott@science.uottawa.ca. Fax: 613-562-5170. procedure?
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Unfortunately, the sequential formation constants for mercuric-
sulfite complexes, egs 1 and 2, are not measurable by conven
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Figure 1. UV spectrum of 4Q:M Hg(SQy).*" in the presence of 0.10  Figure 2. Determination of the extinction coefficient of Hg($&~
mM free HSQ /SO at (a) pH 3; and (b) pH 12, in a 1 cpath at (a) pH 3,Amax = 230 nm; and (b) pH 12}max = 215 nm.

length cell. In each case, the UV spectrum of free H$80,>~ has

been subtracted. 24

Perchloric acid solutions were prepared by diluting the 22
concentrated acid to the desired concentration. Argon-saturated
solutions for air-free experiments were prepared by bubbling
Cr-scrubbed Ar via Teflon microtubing and white rubber septa
(Aldrich) through the solutions for at least 15 min. UV spectra
were recorded on a Cary 1E UWisible spectrophotometer at
1 nm resolution and a scan speed of 300 nm/min.

Procedure for Kinetics Experiments Solutions were mixed
in 1 cm square quartz cuvettes using syringe-septa techniques 1.4
and deaerated by bubbling with Ar. Prior to addition of the last L

Absorbance
[0:] N

-
o

1 L | | I | I
reagent, the samples were thermally equilibrated (15 min) in “10 1012 1010 108 10 10%
the thermostated cell block of the spectrophotometer. Reactions H7/M
were initiated by addition of sulfite, and absorbance changes
over time were recorded._ Rate constants were obtained frompresence of 150 mM free HSGSOZ-, from pH 13 to pH 4, with
nonlinear least-squares fits to the first-order integrated rate pc|o,. The solid line is the three-parameter nonlinear least-squares
equation fit to eq 5.

Figure 3. Spectrophotometric titration of 40M Hg(SQs),%~ in the

A=A+ (A, — A)L— e ™ (4) with €(230 nm) = (2.98 £ 0.01) x 10* Mt cm™! after
subtraction of the spectral contribution of free HSOFigure
If left standing for several hours in air, the sulfite solutions 2& Upon adjusting the pH of the solution to 12 with NaOH,
undergo autoxidatio®t which renders their rate of reduction and after spectral subtraction of_the contribution dl_Je to the free
of the mercuric ion irreproducible. Therefore, most kinetics SO » @ peak was observed wiflhax = 215 nm, Figure 1b.
experiments were performed in the absence of dissolved oxygen!tS intensity also varies linearly with the_ concentration of
by bubbling the solutions with argon prior to mixing. Mercuric 1on, ﬂgure 2b, yielding(215 nm)= (1.68+ 0.02)
Procedure for Spectrophotometric Titration. A mercuric x 10 M~ cm™* for complexil .

ion solution was deaerated with Ar in a three-necked flask, then SPectrophotometric Titration. The pH-dependence of the

cooled to approximately 5C. Sulfite was added, followed by uv spectrum was further mvestlg:;\ted by titration. The pH of a

enough NaO#, to raise the pH to 13. Following addition of ~ Solution containing 44M Hg(SG;),*” and 1.5 mM free S&

each aliquot of HCIQ the pH was measured using a Corning |n_|t|aIIy at pH 13 was gradually lowered to pH 3 by addmon_c_)f

430 pH meter at a 3 mLsample was removed by syringe in _allquots of HCIQ. Th(_e absorbance at 230 nm after each addition

order to record its UV spectrum. is shown as a function of pH in Figure 3. Tw&q, values are
required to account for the behavior of the UV spectrum over

this pH range. The extinction coefficients of complexeand

” Il were fixed at their measured values= 2.98 x 10* ande

UV Spectrum of Hg(SO;),*. The complex formed by =73, 108 M~ cmr 2, at 230 nm. The curve in Figure 3 was

binding two sulfite anions to the aqueous mercuric cation, 4ccyrately reproduced with a three-parameter fit to eq 5:
HY(SG)2? (agy has been reported in neutral and acidic mercuric

Results

ion solutions containing excess uncoordinateds®SMISO;™. — M2t + " + "
The UV-visible spectrum in acidic solution (pH 3, HCJis ADS = [HG™ Jiora (€ [H ] + € K")/(HT] + K+) +
reported to consist of a peak at 230 nm wites 27 000 M1 [SIV)]ree(e" KN(H T+ K') (5)

cm~ L7 We recorded the UV spectrum of the complex formed

following addition of 0.180 mM sulfite to an air-saturated in which the first term represents the pH-dependent contribution
solution of 40uM Hg?" in 1.0 mM HCIQy. The spectrum of of mercury-sulfite complexes to the total absorbance and the
complex! consists of a peak dfnax = 230 nm, Figure 1la. Its  second term the pH-dependent contribution of HSS0%~.
intensity varies linearly with the concentration of mercuric ion, The parameters of the nonlinear curve fit &e= (1.3 + 0.2)



3192 J. Phys. Chem. A, Vol. 105, No. 13, 2001 Van Loon et al.

1.5 T TABLE 1: Pseudo-First-Order Rate Constants for the
Redox Decomposition of Hg(S@),? (aq) at # = 0.10 M
(NaClOy)
T/°C [S(IV)/mMa [H*)/mMmP 10% kopds2
8 1 - 25.2 0.077 1.0 1.233 0.007
% 0.140 1.0 0.7134 0.003
o] 0.200 1.0 0.40@: 0.001
8 355 0.10 1.0 8. 0.7
o] a 0.20 1.0 4.2+ 0.3
<05 . 0.32 1.0 1.8+ 0.3
0.50 1.0 1.25+ 0.3
b 45.2 0.020 1.0 721
' 0.079 1.0 45+ 1
0 | | p 0.14 1.0 28.7:0.6
0 400 800 1200 o2 T qaoe0s
Time/s ' ’ a0
0.20 2.0 25.3: 0.6
Figure 4. Kinetic profiles for the decomposition of 40M Hg(SGs)*~ 0.20 5.0 42.5+ 0.3
at pH 3 and 45°C, in the presence of 0.15 mM free H8QIn (a) 0.20 7.0 102.6: 0.3
air-saturated; and (b) air-free solutions. One curve is slightly offset to 0.20 10.0 136.% 0.3
better display the data. Solid lines are nonlinear least-squares fits to 55.0 0.098 1.0 1223
the integrated first-order rate equation. 0.21 1.0 90.1 0.7
0.43 1.0 56+ 1
x 1077, K" = (2.0£ 0.2) x 10°*% ande’' = (676+ 11) M™* 2Sum of contributions of S and HSQ", not coordinated to

cm L K' agrees with the known acid dissociation constant for mercury.? In excess of the amount required to protonate the sulfite
HSO;, Kao=1.6 x 1077 atu =0.1 M2while €' is reasonably not coordinated to mercury.Errors are from nonlinear least-squares
close to our independently measured value for’S@it 230  fit to the integrated first-order rate equation.

nm, 525+ 19 M1 cm™?! (the value ofe for HSO;™ at this

wavelength is negligible). We therefore assigti to the 1000 ' T
equilibrium between complexesandll . The protonated form,

complexl, is the predominant mercury species in acidic solution, 800
and thus in all the kinetic work that follows. On the basis of
the results described below, we believe complerrresponds

0 .
to Hg(SQ).?". Its deprotonation in alkaline solution must = 600
therefore involve a coordinated water molecule, eq 6: 'oe
Q,
~ 400 .
Hg(SO),(H,0)," = HY(S0Q),(H,0), 4(OH)* +
| Il 200 ]
H"  K'=20x 10" (6)
! | |
Rate Law for Reduction of the Mercuric lon. The complex 00 2 4 6 8
Hg(SQy).% is not stable indefinitely, although it decomposes 10® [SO 2‘] /M
more slowly than does HgS® Addition of 40 uM Hg?* to a 3
freshly prepared air-saturated solution containing 180 Figure 5. Dependence of the inverse of the pseudo-first-order rate

HSQ;~ in 1.0 mM HCIQ, at 45°C causes a first-order decay —constants for decomposition of 401 Hg(SQs),?~ on the concentration
of intensity at 230 nm, Figure 4a. An identical curve was ©°f uncoordinated S@, at 45°C andu = 0.10 M (NaClQ).
obtal_ned When the experiment was rgpeated with argon-saturated-ag| £ 2 Temperature Dependence of Kinetic Parameters
solutions, Figure 4b. The rate is thus independent of the presencéor the Reduction of Mercuric lon in the Presence of Excess
of dissolved oxygen. It is also independent of the concentration Aqueous Sulfite

of HQ(SGy),>~: experiments in the presence of 81 unco- T/°C ki Ys 104 Kofk, kis16
ordinated HS@™ gave the same pseudo-first-order rate constants "
o 25.2 - 9+2 0.0106
for the decay of both 4@M and 80uM Hg(S0s)*. 355 —a 12401 0.040
The pseudo-first-order rate constants vary linearly with the 45.2 554 14 0.125+ 0.005 0.134
concentration of [H] at constant [HS@] = 0.20 mM, and 55.0 51+ 3 0.0194+ 0.0008 0.462

inversely with the concentration of uncoordinated HS@t aInsignificantly different from zero, based on the data obtained in
constant pH= 3.0 andu = 0.10 M (NaClQ). Taken together, Table 1.

these observations imply that the reaction is inhibited by free

SO, Its concentration was calculated from the acid dissocia- With a= (55 + 14) s and b= (1.254 0.05) x 10*°s M* at

tion constants for Sghgand HSQ™, Ka1 = 0.024 andKa, = 45 °C andu = 0.10 M (NaClQ).

1.6 x 10°7.22Most rate constants were measured at@5Table Temperature Dependence.Similar kinetic behavior was
1, a temperature at which the decomposition of HggO is observed at temperatures between 26 and°G5 Table 2.
conveniently fast. The plot d,ps * vs free [SQ?7], Figure 5, However, at temperatures below 4&, the value ofa is
contains both variable [H and variable [HS@ ] data. The insignificantly different from zero. The Eyring plot constructed

pseudo-first-order rate constakis is therefore described by ~ for the kinetic paramete™ = k/K, Figure 6, is linear with
slope—(2.00+ 0.05) x 10* K~! and intercept (34 1). From

-1_ 2- these values, we obtain the apparent activation parameters
Kops * =2+ b[SO;" ] () AHupd = (166 = 4) kI/mol andASy — (85 & 11) J/Kemol.
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that study, that the rate of the reaction is inversely dependent
on the concentration of uncoordinated S(1V), which exists mostly
in the form HSQ™ under the reaction conditions. Our measured

value forb at 25°C, (9 £ 2) x 10'1's M™%, compares td =

4.3 x 10" s M1 reported previously.

From the inverse [H] dependence df,s the form of S(1V)
which retards the reduction of the mercuric ion in acidic solution
is SO~ rather than HS@r, although the concentration of the
latter exceeds that of S by a factor of 16 at pH 3. We
attribute the apparent lack of affinity of the mercuric ion for
monoprotonated HSP to the structure of its major tautomer,
in which the proton resides on S rather than o ®ost HSGQ™

34 | | | is thus not inclined to react with the mercuric ion, which is
™~ 31 32 33 34 known to coordinate to sulfite through the lone pair of S.
108 T /K" Although the spectrum of the complex formed between the
_ _ » mercuric ion and excess sulfite in acidic solution is pH-
Figure 6. Eyring plot for the redox decomposition of Hg(9& . dependent, the complex is most likely Hg($H-0),2", rather
05 than Hg(SQ)(SOsH)~. The (K, for SO;H™ (protonated at O)

: has been estimated as 3®4Coordination of a proton-containing
ligand to a metal complex generally lowers th;pso that
Hg(SQs)(SO:H)~ is probably not formed in appreciable quanti-
ties even at the lowest pH (2) attained in this study. TKgqf
11.7 found in the spectrophotometric titration of HgE®
must therefore be attributed to another proton-containing ligand,
most likely a coordinated water molecule such as that shown
in eq 6. Furthermore, the ligand dissociation required by the
observed kinetic behavior of compléss of SO, rather than
HSO;~, which is inconsistent with the expected aquation
behavior of Hg(SQ(SOsH)~.
ok | , | | :jA m_echa?i;m(ltlr)\z_at aﬁrees with thefexperimehntgl rate Iavvlff_or

reduction of Hg(ll) in the presence of excess hydrogen sulfite

220 240 260 280 300 involves dissociation of sulfite from Hg(SR?~, followed by
decomposition of HgS§) eqs 8 and 9:
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Figure 7. (a) UV spectrum recorded after the decomposition of 1.0

mM Hg(SQy)?>~ at pH 3 and 45°C, in the presence of 20M free = 2—
HSG;™; (b) spectrum of 1.0 mM HS@ at pH 3. Both spectra were Hg(SO), (ag) HgSQo(aq)_'_ SO, (aq) ke ko (8)

recordedm a 5 cmpath length cell. 0 B N
HYSG,uq) + NH,O — HY' (gt HSO, (o) T H k- (9)
Products. Because non-UV-absorbing products, in particular
$:06*", are often generated in sulfite oxidations by metal #ns,  wherekq andks, are rate constants for the dissociation of sulfite
we determined the quantity of unreacted S(IV) after completion from Hg(SQ),2~ and the binding of sulfite to HISQq)
of its reaction with Hg(ll). lodometric titration of a solution  respectively, and, is the rate constant for the water-assisted
originally containing 14.5umol Hg(SQ)z*~ and 28.7umol reduction of the mercuric ion by its coordinated sulfite ligand.
uncoordinated HS, following decomposition of Hg(Sg)»%, Application of the steady-state approximation for the intermedi-
resulted in an endpoint at 43:@nol HSG;~. Thus the spent ate HgSQ yields the rate law
solution contains all of the S(IV) present initially as free
HSOs aq) @as well as one equiv of S(IV) released from _ 2=/t — 2-
Hg(SQ()Z)Z* as it decomposes to &P d[Hg(SOy)," J/dt = k. [H9(SOy)," I/ .
The final spectrum of the solution after reduction of the (K, [SO;™ Jjree T ko) (10)
mercuric ion by excess sulfite consists of a broad peak centered
at 276 nm, Figure 7a. Its apparentbased on [Hgjia, is 94 which reproduces the experimental rate law (including pseudo-
M~ cm L The UV spectrum of S@.q also consists of a peak first-order behavior) witta = ky* andb = ky/kk;, provided
at 276 nm, but withe = 430 M1 cm™113 However, SQq) the formation of sulfite according to eq 8 does not cause the
constitutes only a small fraction of the total S(IV) content of value of [SQ? ]xee to change significantly. Becaugg(45 °C)
the solution at pH 3 and contributes little to the spectrum, Figure = 0.134 s is known from our previous workwe calculate
7b. The nature of the species responsible for the peak in theK, = ky/kg = (1.68+ 0.07) x 1C°. Furthermoreky = a™* =
product spectrum is discussed below. 0.018+ 0.005 s?, which allows us to evaluatlk, = (3.0 +
0.8) x 10’ Mts1,
Even kinetic experiments conducted under conditions where
the sulfite released from Hg(S?~ far exceeded the initial
The reduction of mercuric ion by excess aqueous sulfite in value of [HSQ ]iee Showed no appreciable deviation from
mildly acidic solutions was the subject of a previous report. pseudo-first-order behavior. This feature of the kinetics was not
The values of the kinetic parameterandb were measured at  addressed in a previous stutiyLigand dissociation from
25°C, and the unknown value &f, was estimated in order to ~ Hg(SQ),2~ in the first step of the mechanism (eq 8, 9) ought
extract individual rate constants. We find, in agreement with to slow the decomposition reaction in most of our experiments,

Discussion
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TABLE 3: Summary of Thermodynamic Parameters for the Aqueous Mercuric lon—Sulfite System

reaction K AG° kJ/mol AH® kJ/mol AS’ J/K-mol
Hg?*" + SO? == HgSO 2.1x 10132 —-77 -30 158
HgSQ + SO = HY(SQy)?~ 1.0 x 10w00b —56 —-61 -17
Hg?" + 2 SO? == Hg(SQy)*~ 2.1x 10%8¢ —133 -91 141

aData in this row derived using values from ref°@ata in this row calculated from kinetic measurements in this wobata in this row

previously reported at 298 K; = 0.5 M8

because this sulfite should increase the concentration of
uncoordinated S(IV) as the reaction proceeds. However, no
deviations from pseudo-first-order behavior were observed. For
example, decomposition of 0.93 mM Hg(9€3~ in a solution
containing 0.11 mM uncoordinated HgOin 1.0 mM HCIQ,

at 45°C generated a pseudo-first-order decay of absorbance at

230 nm, withkyps = (0.0058 £ 0.00035) si. Furthermore,
values of kohst correlate with the initial concentration of
uncoordinated [S(IV)], rather than the sum of this concentration

and the sulfite released according to eq 8. Nonetheless, at the

end of the reaction, the total titratable S(IV) is the sum of both
contributions.

The simplest explanation for this phenomenon is that the
sulfite product liberated in eq 8 is unavailable for binding to
the mercuric ion. The reaction shown in eq 11 accounts for the

observed behavior, kinetically masking the presence of one equiv

of sulfite while still permitting it to be titrated.
0 - —
H it HSOy (o + HT = HG'SOy, )+ H,0  (11)

Although very little coordination chemistry of Mdhas been
reported, S@is well-known as a ligand to low-valent transition
metal complexes and binds strongly on metallic surfaces. The
formation of an S@complex with Hg is further consistent with
the peak we observe in the product spectrum at 276 nm. The
solubility of the putative H§5Oxaq) must be at least 3 orders
of magnitude greater than the solubility of Hg distilled water,
(3.03£ 0.12) x 1077 M at 25°C.*8 This statement is based on
the observation of pseudo-first-order kinetic behavior, even when
[Hg(SGs)227] = 1.0 mM, since the final concentration of the
proposed HESGO; in this case is also 1.0 mM.

At temperatures below 4%, the dissociation of sulfite from
Hg(SQy),?" is best described as a rapid preequilibrium preceding
the rate-determining internal redox reaction of HgS@cause
the y-intercepts of the plots okypst vs [SQ?7] are not
significant. However, at higher temperatures, a steady-state
treatment of the intermediate Hg%S appropriate and the value
of kg can be estimated. The large derived valulk,a$ consistent
with rapid capture of the sulfite ligand by HggO

The form of the Eyring equation for the kinetic parameter
b~1is given in eq 12:

In(1/bT) = In(k/K,T) = In(RINH) + (AS* — AS,°)/
R— (AH," — AH,°)/RT (12)

whereAS* andAH,* are the entropy and enthalpy of activation
for the redox reaction of HgSfDeq 9, andAS,° and AH,° are

the entropy and enthalpy of binding of the second sulfite anion
to HgSQ. BecauseAH;* and AS*¥ have been measured
independently as (105 2) kJ/mol and (68+ 6) J/molK,
respectivel\?, the thermodynamic parameters for sulfite binding
are AH,°* = —(61 £+ 2) kd/mol andAS,° = —(17 £+ 3) J/K-
mol, such thatAG,° (56 £ 10) kJ/mol at 25°C. This
calculation permits an independent evaluatiorKgffrom the
temperature-dependence lof,s yielding K; = 7 x 10° at 25

2-2n

3)n

o
®

0.6

I

0.4

I

0.2

mole fraction Hg(SO
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Figure 8. Speciation diagram for aqueous mercuric complexe¥ Hg
HgSQ;, and HQ(SQ)?~ at pH 4.0, in equilibrium with Sg,).

|
B 0.0001 100

°C, compared to 1.& 10 obtained from the measured value
of b at the same temperature (see above).

The sequential formation constants for mercuric-snlfite
complexes have not previously been measured; however,
modelers often use values estimated from the known value of
B2 and aK;—K; correlation established for complexes of the
mercuric ion with halides and other univalent anidh&rom
this relationship ang, = 1.2 x 10?4 (18 °C, u = 0),2 Ky =
5.0 x 10?2 andK; = 2.5 x 10" were estimated, for a ratio
Ki/K, = 207 However, linear free energy relationships for
univalent anions are not necessarily appropriate for divalent
anions. For example, the first two sequential binding constants
for carbonate anions to Kgare 1.0x 10! and 3.1x 103.20
Using the reported value fg#, at 298 K andu = 0.50 M of
(2.1 £ 0.1) x 10%8we can now derivé&K; = (2.1 4 0.4) x
103, The values ofAG;°, AH;°, andAS;° can also be calculated
from the reported valuésor the overall formation of Hg(Sg),?~
and our derived values for the second binding of sulfite. All of
the rate and equilibrium constants established for the mercuric
ion-sulfite system are summarized in Table 3.

Our values for the sequential sulfite binding constants lead
to significantly different predictions for the speciation of
mercuric ions in pH 4.0 clouds, Figure 8, compared to a previous
estimate’. The major mercuric ion species in water droplets in
equilibrium with 0.1 ppb Sgq (i.e., clean air) is unstable
HgSG;, which undergoes reduction to Mwith a half-life of
approximately one minute at 23C. The major mercuric
complex is not predicted to be the Hg(§€~ ion, even when
P(SQ) approaches 1 ppb (as in highly polluted air).

On the basis of these results, it is possible that the formation
of a complex such as H§Oyq, either by direct reaction of
Hg® with gaseous S@or aqueous hydrogen sulfite, or by
reduction of agueous Hg(ll) in the presence of excess sulfite,
has an important effect on the deposition rate for atmospheric
Hg. As a result of the apparently high solubility of this complex,
it may not be necessary to suppose that the major form of
mercury in rain is Hg(ll).
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