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Reduction of the Aqueous Mercuric lon by Sulfite: UV Spectrum of HgSQ and Its
Intramolecular Redox Reaction
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Agueous hydrogen sulfite reacts with Hgo form, in the absence of excess HSOthe HgSQ complex,
observed here for the first time. Its UV spectrum is described(®84 nm)= (1.57 + 0.05) x 10* M~*

cm 1. HgSG; decomposes in an intramolecular redox reaction which is kinetically first-order. The rate constant
is independent of [HY], [HSOs7], [O2(aq], @and ionic strength. An acid-assisted pathway becomes significant
at pH < 1, attributed to the contribution of HgSB". The rate of the intramolecular reaction of HgS@as
measured by trapping the Figroduct as Hgf*; the value of the rate constantks= (0.01064- 0.0009) s*

at 25.0°C, pH 3. The activation parameters for pH8iH* and AS, are (105+ 2) kJ/mol and (68+ 6)
J/motK, respectively, consistent with a unimolecular bond cleavage mechanism. A pathway invo}@ng H
induced concerted 2éransfer is proposed.

Introduction decomposition was estimated from a composite rate constant,
assuming HgS®to be a steady-state intermediate. We have
reinvestigated the reduction of the aqueous mercuric ion by
sulfite in acidic solution. We have observed the Hg8a@mplex

i win under conditions where it is formed quantitatively and directly
tonnes: Most of this is in the form of gas-phase Hi@ecause 1 ea5ured the rate constant for its decomposition. Our results
of its long atmospheric lifetime, ca. one yéammbient mercury  g,ggest that the rate and mechanism of mercuric ion reduction

levels vary little from region to region, although in recentyears 1, 'qifite are quite different from those currently used in global
a disturbing increase in concentration has been noted andmercury modeling.

attributed to rising anthropogenic emissidra.contrast, sulfur
dioxide has a much shorter lifetime in air, on the order of days,
and its concentrations range from less than 0.2 ppb in remote

Both mercury and sulfur dioxide are ubiquitous trace con-
taminants of air. The global average concentration of air-borne
mercury is 1.5 ng/ for a total tropospheric burden of ca. 6000

Experimental Section

areas to as much as 200 ppb in urban, polluted drttashigh All solutions were prepared with distilled deionized (“Milli-q
water solubility leads to appreciable quantities of HS@ Plus”) water in glass bottles and handled with all-glass syringes.
clouds? Solutions of mercuric ion were prepared by dissolving red HgO

The mercury found in cloud droplets, and therefore suscep- (99.999%, Aldrich) in concentrated HCIX(Analar, 70%)
tible to wet deposition, is not Hgg but the more soluble  followed by dilution with water to produce stock solutions
mercuric ion. Redox processes in clouds are believed to becontaining approximately 0.1 M Hgin 0.77 M HCIQ,. These
important determinants of its speciation, and hence its temporalSolutions were standardized by titration with KSCN (Baker ACS
and geographical deposition pattePrfsIhe high affinity of the Reagent) to the ferric alum endpoiftThe stock solution was
mercuric ion for sulfur-containing ligands suggests that mereuric ~ diluted to the desired concentration for use in stoichiometry and
sulfite complexes are important species in clouds, even in kinetics experiments.
relatively nonpolluted aif.Such complexes have been suggested ~ The solution of Hg?* was prepared by stirring the g
to be noninnocent in the global mercury cyidéecause sulfite  solution described above with Fig overnight, followed by
may reduce the mercuric ion to elemental mercury, which, being decantation of the aqueous phase. The concentration $f Hg
much less water-soluble, partitions back into the gas phase wherevas calculated from its absorbance at 236 (2.8 x 10*
it is again subject to long-range transpbort. M~1cm1)1213

The rate of reduction of mercuric ions by excess HS®as Sulffite solutions were prepared by dissolving8i@; (99.99%
the subject of a previous report, in which the observed rate law Aldrich Reagent Plus, anhydrous) in water. Since aqueous sulfite
was deemed valid only under conditions where the predominantis susceptible to trace-metal-catalyzed autoxidation, the stock
species is thought to be Hg(9)&%.1° HgSQ; was reported to  solution was standardized immediately before use by iodometric
be unstable and has not been directly observed. The rate of itditration4

Perchloric acid solutions were prepared by diluting the

* Author to whom correspondence should be addressed. Fax: 613-562-concentrated acid to the desired concentration. Solutions of

5170. E-mail: sscott@science.uottawa.ca. NaClO; (99%, Aldrich ACS Reagent) were prepared by
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Figure 1. UV spectra of (a) 0.40 mM HgSfand (b) 0.40 mM Hgf,
at pH 3 (HCIQ).

dissolving the salt in water. 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 UV~visible 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 syringepta techniques.
Prior to addition of the last reagent, the samples were thermally
equilibrated (15 min) in the thermostated cell block of the
spectrophotometer. Reactions were initiated by addition of the

last reagent, and absorbance changes with time were recorded.
Rate constants were obtained as nonlinear least-squares fits

to the first-order integrated rate equatidh,= Ao + (A —
Ao)(1 — e7).15

Results

Formation and UV Spectrum of HgSG;. The complex
formed by reaction of the aqueous mercuric ion with sulfite, in
the absence of excess sulfite, is believed to be HgBOwever,
this species is reported to be unstalfi€and its UV spectrum
is not known. Solutions containing equimolar amounts ofHg
and sulfite at room temperature decompose t§ &gl sulfate
within minutes at room temperature.

We discovered that HgS@an readily be observed by UV
visible spectroscopy provided the reactant solutions are chilled
to at least 15°C prior to mixing. A spectrum was recorded
immediately following addition of 4Q«M sulfite to an air-
saturated solution of 400M Hg?" in 1 mM HCIO, at 15°C.

A peak was observed withnax = 234 nm, Figure la. Its
intensity varies linearly with the concentration of added sulfite
in the range 867 uM, Figure 2, yielding the extinction
coefficiente(234 nm)= (1.57+ 0.05) x 10* M~1cm™*. The
spectrum is virtually invariant with pH; in 0.1 M HClQe(234
nm) = (1.63 £ 0.07) x 10* M~1 cm™. We propose that the
absorbing species is HggJormed as in eq 1.

2 - _
HG* oy T HSOy (a9 =HOSO,eq+ H' iy (1)

Stoichiometry of HgSO; Decomposition.The initial spec-
trum of the HgS@ solution changes with time. This process is
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Figure 2. Extinction coefficient of HgS®at pH 3 (HCIQ).
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Figure 3. Evolution of the spectrum of 40M HgSQ; in the presence
of 400 uM Hg?*, over the course of 15 min at 15°C and at pH 3
(HCIOy).

shown in Figure 3 for a solution containing 4 HgSO; and
400 mM Hg" at pH 3 and 15.0°C. There are two clean
isosbestic points at 219 and 224 nm. The final spectrum is
identical to that of independently prepared g with peaks

at 236, 215, and 204 nm, Figure 1b. The yield obHglepends
linearly upon the initial concentration of HgSOrhe apparent
extinction coefficient of the peak at 236 nmds= (2.74 +
0.09) x 10* M~1 cm™! based on the initial concentration of
HgSG;, Figure 4. For comparison, the reported spectrum of
Hg?" (aq) hase(236 nm)= 2.8 x 10* M~* cm~L1213The reaction
stoichiometry established by this result is shown in eq 2.

HgSQ, + Hg?" + H,0— Hg,”" + HSO, + H" (2)

The yield of Hg?" was identical in a reaction performed in the
absence of dissolved oxygen.

Rate Law. The kinetics of the reaction were followed by
monitoring the increase in absorbance at 236 nm, where
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. . - . Figure 5. Kinetic profiles for decomposition of HgSn the presence
Elggg 4. Extinction coefficient of the product of decomposition of of excess H at 25.0°C and pH 3 (HCIQ); open circles: air-saturated,

and closed circles: argon-saturated solutions. The latter were slightly

. . . offset to better display the data.
1.2 x 10* M1 cm™1, Figure 5a. The time-evolution of the

absorbance change is accurately described by a single- [HCIO ]/ M
exponential function, characteristic of a first-order reaction. The 4
first-order rate constant is independent of [Hgb@nd free 0 0.2 0.4 0.6 0.8
[Hg2"] (required to be present in excess) and insensitive to the v 1 1 T \
presence or absence ofjg], Figure 5b. The rate constant is
invariant with ionic strength in the range 0.001 to 1.0 M (HgIO
NaClQy), Figure 6a. Thus the rate law is authentically first- 0.021 1
order and not pseudo-first-order (except for the kinetically
undetectable participation of water). The measured rate constants _
are collected in Table 1. '
These results are consistent with rate-determining intramo- <
lecular reduction of the mercuric ion in the HgSGomplex, o)
eq 3, followed by rapid comproportionation of Pigwith free ®
Hg?*, eq 4. 0.01 ® o — T

—_

1.2

Hgso&(aq)_’ Hgo(aq) + S(VI) (3)

2 0 _ 2
HG™ (2 + HY'(agy = HG g (4)

The rate constant for comproportionation is %40 M~1s1, 0 ' ‘ ' ' ‘
and the equilibrium constant is 1.8 108 M~ at 25 °C;’ 0 0.2 0.4 0.6 0.8 1 1.2
therefore, the formation of Hg" is fast and quantitative (as
demonstrated by Figure 4). The lack of a significant ionic w/M

strength effect on the rate reflects the absence of chargeFigure 6. Dependence of the first-order rate constants for HgSO
separation in the rate-determining step. The indifference of the decomposition on ionic strength (HGINaClQ;) at pH 3 (closed
rate to the presence of dissolved oxygen requires that radicalc'rC'els)' and acid (lHC'Q ationic strengthy = 1.0-1.1 M (HCIQ/
intermediates such as $Oare not involved? The rate law at NaClQy) (open circles).

PH 3 is therefore expression for the first-order rate constant in this pH range is

-d[HgSQ))/dt = d[H922+]/dt =k, [HgSQj| (5) k=k,+ kl[H+] (6)

The rate constant at (2500.2)°C, pH 3, and ionic strength  whereky = (0.01134 0.0003) s* andk; = (0.00844 0.0006)
« = 0.0026 M isky = (0.0106+ 0.0009) s™. M~1s™1 At pH 3, the acid-catalyzed path contributes less than
Acid Dependence Although the UV spectrum of HgS{Os 0.1% to the overall rate of decomposition such that K.
unaffected by lowering the pH from 3 to 1 (vide supra), the The stoichiometry at pH 0 is the same as that shown in eq 2,
rate constant for its decomposition is slightly higher at the lower i.e., one Hg?" is formed per HgS@
pH. The effect is linear at constant ionic strengtk 1.08 M, Temperature Effect. The rate of decomposition of HgSO
Figure 6b, with slope (0.008% 0.0006) Mt s™1. The complete is strongly temperature dependent. Rate constants at tempera-
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TABLE 1: Rate Constants for Reduction of Mercuric lon by Sulfite at 25.0 °C
[Hg?'ImM [S(IV)]2mM [HCIOJ] M [NaClO M 103KkP s 1 [Hgz ImM [S(IV)]2mM [HCIO M [NaClOg M 10%Kb 572

0.400 0.040 0.001 10.7 0.07 0.333 0.029 0.100 12.600.05
0.400 0.040 0.001 10.770 0.00F 0.333 0.009 0.100 12F# 0.3 (3)
0.333 0.010 0.003 10£0.1 0.333 0.018 0.100 1320.2 (3)
0.333 0.010 0.003 104 0.1 0.333 0.042 0.100 1247 0.5 (2)
0.333 0.029 0.003 11.180.03 0.830 0.042 0.100 13:80.5(3)
0.333 0.030 0.003 9.138 0.007 0.650 0.011 0.100 12.460.02
0.333 0.009 0.003 11F£0.5(3) 0.333 0.010 0.100 1320.7 (2¥
0.400 0.040 0.004 12.468 0.003 0.333 0.010 0.100 12480.5
0.400 0.040 0.006 12.6868 0.005 0.333 0.055 0.100 12.480.02
0.400 0.040 0.008 12.880.01 0.333 0.092 0.100 12880.2
0.333 0.030 0.003 0.100 9.0820.005 0.333 0.009 0.100 0.050 13:0.5 (2)
0.333 0.009 0.003 0.100 10480.3 (4) 0.333 0.030 0.100 0.0910 1H80.1
0.333 0.010 0.003 0.100 900.2 0.333 0.032 0.100 0.310 12450.1
0.333 0.010 0.003 0.180 8:80.3 0.333 0.032 0.100 0.520 11.950.02
0.333 0.030 0.003 0.191 10.460.07 0.333 0.034 0.100 1.000 11.570.07 (2)
0.333 0.032 0.003 0.310 10.480.02 0.333 0.027 0.100 1.000 1170.1
0.333 0.032 0.003 0.520 10.220.03 0.400 0.039 0.102 0.972 12.92710.007
0.333 0.034 0.003 1.040 9:80.1 (3) 0.400 0.039 0.400 0.648 14.90.01
0.400 0.039 0.001 1.080 9.420.03 0.400 0.039 0.710 0.324 17.#5.02
0.400 0.040 0.004 1.080 11.4670.008 0.400 0.039 1.02 19.420.01

2 Total added sulfite, sum of [S®], [HSOs;7], and [SQq]- ® Number of experiments is shown in parentheses, where greater than one. Errors
(aq

are standard deviations of the average rate constant, except for single experiments, where the error in the nonlinear least-squares fit is shown.

¢ Argon-saturated. In all other experiments, the solutions were air-satufdtigd was the last reagent added. In all other experiments, sulfite was
the last reagent added.

TABLE 2: Temperature Dependence of Rate Constants for -8
Reduction of Mercuric lon by Sulfite, at lonic Strengths
0.003-0.10 M
pH  temperaturéC kst number of expts
3 6.5 0.00055t 0.00005 2
3 15.5 0.002°# 0.0001 2
3 25.0 0.0106t 0.0009 15 -10
3 35.0 0.040+ 0.002 2
1 6.6 0.000675: 0.000015 3 —
1 16.0 0.00303t 0.00005 4 5
1 25.0 0.0129t 0.0003 17 =
1 34.4 0.048+ 0.012 5 -

-12
tures ranging from 5 to 3%C are shown in Table 2. Each 10

increase in temperature results in roughly a quadrupling of the
rate constant. At pH 3, the Eyring plot, Figure 7, is linear with
slope—12595 K and intercept 31.971. The values derived for
AH* and AS' are (105+ 2) kJ/mol and (68+ 6) J/motK,

respectively*>1°The comparable Eyring plot at pH 1 is almost -14 ' ' :
parallel, with AH* = (108 £ 1) kJ/mol andASF = (81 & 5) 3.2 3.3 3.4 3.5 3.6
J/motK. 1
1000 T /K
Discussion Figure 7. Eyring plot of the temperature-dependent rate constants for

Although aqueous sulfite exists almost exclusively as fig0 ~ H9SG decomposition. Open circles: pH 1; closed circles: pH 3.

SO:H™ at pH 3, its complex with the mercuric ion, Hgg0s

not protonated at this pH. Its UV spectrum is acid-independent,
and its rate of decomposition at pH 3 is almost independent of
ionic strength, as expected for a neutral complex whose reaction
involves little or no charge formation in the transition state. N N
The intense band at 234 nm in the UV spectrum of Hg&0 HgSOH" = HgSO; + H ()
consistent with ligand-to-metal charge transfer in a sulfur-

bonded sulfito compleX? For comparison, the spectrum of A substantial decrease ifKpoccurs for Bronsted acid ligands

and are therefore unlikely to be rate-determining in this reaction,
the most probable origin of the second term in eq 6 is a
protonation equilibrium involving the HgSCQromplex, eq 7.

Pt(NHs)3(SOs) consists of a peak at 234 nm with= 5650 upon coordination to a Lewis acidic metal cation. For example,
M~1 cm~121 The IR spectrum of the more stable Hg($£&~ the K, of HJCO;H™ is 4.124 compared to 10.3 for HCE.
complex confirms metaisulfur coordinatiorf?23 Since HSQ@™ (pKa 7.2) is a considerably stronger acid than

Although HgSQH™ is spectroscopically undetectable in our HCO;, the K, of HQSGQH™ is predicted to bes1. The relative
experiments, it makes a significant contribution to the rate of contribution of HgSGH™ to the overall rate of decomposition
decomposition in strongly acidic solution. The first-order[H is 7% at pH 1 and 43% at pH 0. Hgg®" can be kinetically
dependence in eq 6 requires that a proton be present in thesignificant although spectroscopically unobservable provided its
transition state for the acid-catalyzed path. Since protonation rate constant is much higher than the rate conskgnfor
equilibria for oxyanions are usually established very quickly decomposition of the major species HgSO
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The redox decomposition of HgSBIgSOH™ amounts to acceptor complexes with Lewis bases such as*{# and
the reduction of the mercuric ion to Ay coordinated sulfite. transition metals such as Ni(8}.
When free Hg" @q) is present, its trapping of the Figroduct The hydration of S@by H,O has been studied kinetically in
to give the strongly absorbing ERJ ion serves as a convenient the gas phas®, and a donoracceptor complex, I, has been
kinetic probe for the reaction. The observation of two isosbestic characterized by microwave spectroscépits conversion to

points in the evolution of the spectrum of HgS@ that of H,SO, requires a second water molecule, 11, to form a structure
Hg,?* is consistent with a reaction that has no observable in which S-O bond formation and proton migration are
intermediates. The decomposition of HgS®an authentic first- concerted within the six-membered riff2® We propose that
order reaction, confirming that the redox reaction is intramo-

lecular, as previously suggest&dHowever, our rate constant Q9

for decomposition of HgS®is about 50 times slower than | M
previously reported® In that study, a composite rate constant 0,3 S| ________ O\

was measured in the presence of excess sulfite, and the value [ SR o) 0. H

of the equilibrium constant for sulfite dissociation from / ":_\H .. /'

Hg(SG).2~ was estimated in order to obtain an approximate o H "H—aQ

value forky. By choosing conditions under which the rate law \

is particularly simple, as in eq 5, we have instead measured the H

value of k directly. I 1l

Our kinetic results require a reevaluation of the previously o ) o _
proposed mechanisti. The intramolecular redox reaction @ similar water-assisted departure of the sulfite ligand as either
generates neither Hgnor sulfite radical anions. The latter are  SOs*H20 or H,SQOy-H,0 may induce the redox decomposition
rapidly trapped by dissolved oxygen, which initiates a chain ©f HSG:. The mercury coordination number in Hg$1 not

autoxidation of sulfité® eq 8-10. known, but there is likely at least one water molecule in its
primary coordination sphere, and it is probably subject to strong
SO, " +0,—~ S0, (8) trans-labilization by the sulfite ligarn®.The transition state for
the redox reaction must incorporate an additional one or two
so "+ 8032_ — S0, + 8042_ ) water molecules in the second coordination sphere, 11l and IV.
— 2— 2- — 09
SO, '+ SO — SO, + S0 (10) 3l M
00 H,O—Hg—S-------- 0
Since we found that the stoichiometry of the reduction of x| | \
mercuric ion by sulfite, as well as its rate constant, are H20_H9_S| """" N O !-'
independent of the concentration of dissolved oxygen, we can 0 uH ) H—O
rule out one-electron transfer mechanisms with radical inter- \
mediates. The observed K¢ product must therefore be formed H

by comproportionation of Hywith Hg?" rather than by
dimerization of Hg.

Our direct measurement &§ also permits a straightforward Protonation of the sulfite ligand, as in Hgg@F, will make
evaluation of its temperature dependence. Global mercury the donor-acceptor interaction with ¥ stronger and obviate
models assume that this reaction is temperature-indepehdent,the need for proton transfer from the second water molecule,
system are smalf2 We find that the rate constakg roughly This mechanism for sulfite reduction of Pigcan, when
quadruples with each 10C increase in temperature. The coupled with the rapid reoxidation of P, by dissolved @37
activation parameters are very large and positive. Both their giso be viewed as a mercury-catalyzed path for the oxidation
signs and magnitudes are consistent with a unimolecular reactionof 5(1v) to S(VI).

Sulfite_is known to reduce metal ions by one-electron inetic measurements of previously estimated mercuric ion-
transfef*2%(for example, Mn@"),%" by oxygen atom abstraction  gylfite sequential binding constants and thus allows us to predict
(for example, ferrate¥; and by halogen abstraction (for example, - mercuric ion speciation in clouds. These results, and their impact

AuCly").? The redox decomposition of Hg$@oes not appear o global mercury deposition patterns will be reported shortly.
to belong to any of these categories. It most resembles the

intramolecular acid-catalyzed reduction of Pt(IV)cis-Pt(NHs)4- Conclusion
(SG), to Pt(NH)3(S0s).22 Concerted two-electron transfer can
be accomplished by heterolytic cleavage of the mesalfur
bond. HgS@, although formed as a mercufisulfite complex,

is formally equivalent to a donetacceptor adduct of mercury(0)
with sulfur trioxide. In other words, while the sulfite anion
brought both electrons of the Hg bond into its union, it leaves
them behind when it departs, eq 11.

111 v

The accuracy of the rate constants for atmospheric redox
transformations of mercury is critical to the successful applica-
tion of global mercury models. We have determined the rate
constant and activation parameters for sulfite reduction of the
aqueous mercuric ion. Their values are significantly different
from the previous best estimates. In particular, the strong
temperature dependence of the reaction must influence the fate

2+ 2= _ yllalVv (Y f mercuric ions in the variable temperatur nviron-
HG" gy + SO (o= Hg'S" 0, — Hg’s"' 0, — ?nen'?oiuclgugsts e variable temperature aqueous enviro

Ho% g+ S(VI) (11)
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