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Radiochemical Studies of Mercury and 

Its Ions in Dilute Solutions~:-

Herbert Co Moser and Adolf~ Voigt 

ABSTRACT 

The behavior of the mercurous -ion has been studied in 

dilute aqueous solutions. The ion was found to be unstable 

toward dismutation according t·o the equation: 

.K 
Hg~+ -~ Hg ++ + Hg (aq) • 

Value$ of 5.3 x lo-9 ~nd 5.6 x 10~9 have been-~e~~~red for. 
. ' : . . . ,. . \ . : . ' ·, . ~ ; 

the dismutatiori cOnstant K at .2,ac by making- ·tise. of a radi_o-
., 

active tracer· technique_in which mercury was dis~ributed 

between non-polar solvents·and dilute aqueous solutions of 

mercurous nitrate. 

The above valu·es for the dismutation. constant are in 

fair agreement with the values 1.8 x lo-9 to 3.6 X lo-? 

which were calculated by· a different approach. -The latter 

figures were obtained as_ the product_ of the reported con

cent;ration ratios (.Hg+j I ~g~+] , in the presence of ·liquid 

mercury,. and the solubility of the metal in aqueous. solutions 

determined in this study (3.0 X 10-7 g atoms/liter). 

Although the possibility of dissociation of the m~r

curous dimer into monomeric mercurous ions cannot be 

completely ex~luded, the results of this study can be 

satisfactorily interpreted without considering this effec·t • 

The results indicate that a dissociation constant as large 
" as 1 x lo-7 is highly unlikely. 

The solubility of mercury in several organic solvents 

was determined and compared with solubilities calculated 
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with Hildebrand.' s "solubility parameter" equation a The 

agreement was reasonable with saturat~d hydrocarbons as sol

vents,· but with ·carbon tetra-chloride, ,benzene, and· benz erie 

derivatives as solvents the observed solubilities were 

considerably smaller than those predicteu lJy Lhe soluuili'ty 

· equation. 

Mercuric iodide-iodide ion equilibria have.been·studied 
. 0 

at 25 C~, Use·was made of the extraction of mercuric iodide 
.. 

into benzene from dilute aqueous solutions of merc?ric · 

nitrate containing· excess potassium iodide to study the 

following. equilibria: 

'Hgi
2 

I- Ki 
~ Hgi3 + 

' 

and Hgi 2I- K2 
IIgi4 + 

_____ .,} 
2 

K1 and K2 were.determined to be (5.0 ~ 0.1)103 and 

+ 5 (5.1 _ 0.1)10, respectively. 

This report is based on a Ph." D. thesis by Herbert C. Moser submitted 
March~ 1957~ to Iowa State College~ Amesj Iowa. This work wa~ done 
under contract with the Atomic Energy Commission. · 

• . 
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I. IN'l'RODUCTIO.N 

The purpose of this study is to elucidate some of the 

chemical characteristics of mercury and its ions 'in dilute 

solutions. The tracer technique of determining ·low concen

trations is applied by using radioactive mercury 203 in a 

··threefold area of investigation .. 

The problem of the stability· of dimeric mercurous ions 

ih dilute aqueous solutions is studied~ The principal aim . 

of this' endeavor is that· of resolving betwee·n dissociation 
. ' I 

of the dimers into·individual mercurous'ions.and d:i.sm~tation 
' ', . . \ ' 

into mercuric ions and dissolved free .mercury~·; Th.e two 
' ' . 

processes are alternate mechanisms describing the. instability 
' 

. of the mercurous dimer in dilute solutions. Use is made of 

the extraction of dissolved free mercury into organic sol

vents to measure the extent of dismutation. 

The demonstrationof the existence of free mercury as a 

solution species led to an interest in·measuring the· limited 

solubility of mercury in a number of solvents •. In general~ 

mer~ury is thought of as completely insoluble in liquids, 

but. with the use of radioactive mercury tracer the solubility. 

is found to. he within easily detectable concentrations. in all 

of the solvents· tested~ A correlation of the solubility 

measurements with ex.isting quantitative theory is attempted~ 

In. a third area of study, equilibria between mercuric 

iodide and iodide ions are investigated. Although these . · 
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equilibria have been the subjects of a number of-investiga

tions, it was thought desirable to see if ~an approach using 

radioactive mercury tracer to determine low.concentrations 

'would' give results similar to those obtained in other ways. 

The extraction of mercuric iodide intO.· b_enzene is. used· to 
. . ·. . . 

measure the ::equilibrium .constants. for ·the combtnati:on ·Of 

mercuric'iodiqe .. and iodide ions.to.form ·triiodo a!}d.tetra-

iodo complexes of mercury (II). ; 

. ' 
·~ ... 

i"· 

\ ·, .. 

. .. : .. 
... ' 

·.·, ' . , .. • 
•, . 

') 
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II. REVIE1~ OF LITERATURE 

A. .Properties of the Mer6urous Ion 

It is not the i~tention of this review to list all of . 

the publications which describe the behavior of the mercurous 

ion. Mention will be made of only those studies having 

results relevant to the present problem, namely, .the sta· 

bility of. the mercurous ion in dilute solutions. 

It has been shown in a number of ways: that mercu"i•ous 

ions exist in the form of dimers in aqueous solutions •. 

Following ·are perhaps the most· convincing arguments ·con~ 

cerning ~his unique behavior. 

Ogg (1) and Abel,(2) have showri that, in systems o.f 

mercury metal and aqueous solutions of mercuric and mer

curous nitrates, the concentration ratio of mercury .(II) to 

mercury (I) is always constant and.independent of· total 

mercury concentration in solution. The existence of.a 

dimeric form of. mercury (I) in the equilibrimn: 

Hg~+ ~Hg(l) + Hg++ 

with an equilibrium constant: 

(Hg++) 
K = -=--~ 

~g~+] 

explains these observations., If the ·mercurous ions were 

monomeric the equilibrium constant would have the form: 



. K - [Hg++] 
-. lHg+ ]2 ' 

and the ratio [Hg(II)]/ ~g(I)] would 
\. 

not b.e constant. 

Ogg (1) also conducted experiments in which·' he treated 

silver nitrate solutions of varying concentrations with . 

metallic mercury.. When this is done reduction of some of 

the silver takes ,place and aqueous solutions of silver,ni

trate and mercurous nitrate remain. The free silver formed 

by·the reduction of silver ions is amalgamateQ by the mercury 
I . ' ' I' ~ I 1;, I • 

metal. Alternate· equations describing the. rea~·tion can be 

written:· 
K 

Hg + Ag+ .~ Hg+ + Ag 

K 
.· or 2Hg + 2Ag+ ~ Hg++ .+· 2Ag . 

. 2 . . 
' . 

with equilibrium· constants: 

. K tHg+) \Ag] 
1 II (Hg]~g+) 

= (Hg~+ ](Ag] 2 

'(Hg ]~g+]2 
.. 

I . 

In these ·expressions (Hg] and(AgJ are the concentrations of 

mercury and silver in the amalgams. Ogg's experiments were 

conducted in dilute silver nitrate solutions and the 

resulting amalgams were mercury rich. Thus the free mercury 
j 

concentrations remained ~ssentially constante Measurements 

of the concentrations of mercury and silver in the aqueous 

phase and silver in the amalgam sufficed to demons~rate the 

.. 
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dimeric state of mercury (I). It was found. that for an 

eightfold variation of me,~cury (I l concentration, values of 

[Hg2+] [Ag] 2l(Ag+J2 = K2 [Hg] 2 changed only20 per cent~ How-
' . 

everJwith the same variation of mercury (I) concentration, 

values of ( Hgt] tAg] I (Ag +] ="· K
1 

[ Hg] · change~ .threefold. 

Using an entirely.different approach, Woodward (3) 
• !, 

obtained further evid~nce supporting the dimeric state of 
' 

the mercurous ion. In a study of the R~man spectrum of a 
' . . . ·.·. . 

nearly saturated ·solution of mercurous. nitrate contai.ning 

nitric '·acid, be fo~d·, in addition to bands of th.e· water and 

lines due to the nitrate ion, a strong .Raman ·frequency 
' \ 

(~ 1) = 169 cm-1). which he ascribed to the mercury-mercury 

link. . . 
' 

Other experiments·. could be cited which demonstrate the 

dimeric.state of the mercurous ion, but those mentioned above 
' 

.suffice to verify this .behavior .. The remaining. part of the 

review will be concerned with the results of studies regard

ing the stability of the dimer • 

. The·instability of.these dimeric ions witb.respect to· 

the. formation of liquid mercury and mercuric ·ions~ is well·· 

·.established.. Ogg (1) and Abel (2) observed this behavior 

quantitatively irt solutions of mercurous and mercuric 

nitrates in the presence of mercury metal. By making 

separate analyses for mercury (I) and mercury (II) they 

were able to report concentration ratios, LHgC.I)]/ (Hg(II~ , 

or 240 at 25° (2) and 224 (1).. The experimental temperature 
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was not specified for the latter value. Using these 
I 

measurements, values of 120 and 112 are calculated for the 

equilltbr.ium constant· 

LHg;+] . 
K = ------=---~ 

~g++] ~g(l)] 
.. 

Other estimates of.K have been made from e~m.f. meas-

urements. If the standard oxidation potentials of ·the 

couples.: 

2H --' .H ++ 2 (F~.) . g ·~ g2 + e -J. 

and Hg;+ ~ 2Hg++ + 2e <E2) 
1. . 0 

are known, a value. of K can be calculated·. Thus a1i 25' C' 

E~- E~ 
log K = • 

0.059 

A. value of K. ·a·s· high as 166 (4) has been reported, but· more· 

·recent measurements favor the somewhat lower figures 
. . 

. + ... + . ·. 
129.2 - 1.0 (5), 88 - 3 (6) and 83.4 (7). The wide variance 

in experimental answers can be understo<?d when one consider·s 
. 0 0 

that only a.l millivolt change in the measurem.ent of E1 - E2 
. . ' 

makes a difference of about six in the calculated equilib-

rium constant. ,. 

Higginson (8) added a new consideration about the 

instability of the mercurous dimer by suggesting that it 

dissociates in very dilute solutions to form Hg+ ions. He 

stu~ied the ultra-violet absorption spectra of mercurous . . ' 

perchlorate solutions. and observed that,. in solutions having 

• 
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concentrations lower than lo-6 M in mercurous perchlorate, 

there is a significant departure from· Beer's law. To explain 

this effect he assumed a dissociation of the dimer to give 

relatively transparent·monomeric mercurous ions. A dissoqia

tion constant within the limits lo-8 to lo-6 was reported. 

No other experimental value appears to have been published 

although values of lo-31 , and lo-18 have .been inferr~d from 

other observations and calculations (8). 

Cartledge (9) predicted the presence of Hg+ ions as 

.., intermed~a tes. in. Eder' s reaction:· 

K2C204 + 2HgC12. = Hg2c12 + 2KC1 + 2C02 ~ .. 

He calcula~ed a standard oxidation potential of -1•7lvoJts 

for the half celi reaction: 

Hg(l) ·.~ Hg+(aq) + e .• 

The calculation was carried out by apprQximati~ ·.an ionic 

radius. and an energy of hydration of the Hg+·ion. Using the 

estimated. value above and th~ stand~rd ·oxidation potenti~l 

of the Hg; Hg~+. couple, a value of +42 kcal was determined 

for the 6 F of dissdciation. 

~onstant of lo-31. 

This leads to a dissociation 

Koltpoff and Barnum (10) studied the anodic reaction of 

cysteine (HOOC-CH(NH2)-CH2-SH) at ~he dropping mercury elec

trode. They predicted the formation of Hg~H.at the anode 

with a resulting mercurous ion concentration in so~ution of 

approximately lo-20 M. They further suggested that at this 

small concentration.practically all of the mercury (I) was 
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present as Hg+ ions8 The dissociation constant would have 

to be larger than lo-18 to be consistent with the latter 

statement. 

The possibility of another mechanism describing the 

instability of the mercurous ion was brought out in·an 
I 

interesting calculation by Sidgwick (11). He proposed the 

following reaction in view of the very slight solubility of 

mercury metal in water: 

Hg (aq) +· Hg ++ ~ Hg++ , 2. 

with an equilibrium constant: 

[Hg~ '] 
• 

K = [ ++][ ] Hg Hg aq 

Using·stock~s (12) value of 1 x ·lo-7 M for the solubility of 

mercury 'and a value of 116 for the· concentr.ation. ratio 

[ Hg~+] I [Hg ++] , he calculated aq eq~ilibrium constan~ of 

1.16 x 109 for the ~bove reaction •. il'he equili.brium constant 

ot the dismutation equation~ 

.··Hg~+ -q::::. Hg++ + Hg(aq) 

would be the reciprocal of this quantity or 8~6 x lo-10 ~ 

In conclusion~ dissociation .and dismutation have b~en 

proposed as alternate mechanisms describing the instability 
' 

of the mercurous iono Since Higginson's experiments, the 

ultra-violet absorption spectrum.ot mercuric perchlorate has 

bee.n published by Buck~ Singhadeja~ and Rogers (13).. Impli

cations of this cast considerable doubt upon Higg1nson 9 s· 

explanation or the deviations from Beer's law encountered in 
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very dilute solutions of mercurous perchloratee A compari

son of the resul~s of the two studies is worth-while. 

In the absorption spectrum of mercuric perchlorate (13) 
' 

maxima are shown at almost exactly the same wavelengths as 

those given by Higginson for mercurous perchlorate.· The · 

molar extinction coefficient at the wavelength of maximum 

absorption is one-half the value of that for mercurous. per-: 

chlorate.· Under these circumstances it wouid be·~xtremely 

difficult to use abs·orption spectra to distinguish between 

the two mechanisms of dissociation or dismutation;. The ' . . . .. . 
': ·. ··.· ... 

occurrence of either process would lead to similar·deviations 
' ' + . ' 

from Beer's law if dissolved free mercu~y and Hg. :are both 
' 

re-l'~:tUrel:y· transparent. 
. ' . . . 

B.. The Limited .Solubility of Mercury M.etai 

') . . 

Bonhoeffer and Reichardt (14) studied the ultra-violet 

absorption ·spectrum of water that.had been heated i,n.tbe 

presence of metallic mercury. The spe_ctrum of n-hexane that 

had been similarly treated was also studiedo Absorption 
• I 

bands characteristic of dissolved mercury were found. in both 

solvents, and the solubility was noted as about equal to that 
. . ' 

of the inert gases.. In a later publication (15) th~se same 

authors reported values for the solubility of mercury 1~ 

methanol, n-hexane, and water. Analyses were made gravi

metrically by amalgamating the dissolved mercury on a gold 

J 



10 

"Taole 1. ·Reported Values for the Solubility 
of Mercury Metal 

Solvent Temperature Solubility Investigatprs 
oc . mg/100 cm3 

· .• 1 

'· 

.Methanol 40 0.06 Reichardt and 
Bo.nhoeffer (15) 

63 36 Reichardt and 
Bonhoeffer (15) 

Hexane 40 0.27 Reichardt and 
Bonhoeffer (15) 

63 1.03 Reichardt and 
Bonhoef.fer (15) 

Benzene .room 0.15-0.20 Stock it.·U• (12) 
Wat.er 25-28 0.003 Pariaud and 

Archinard (19) 
Water 30 0. 0.02-0.003 Stock ~t ~r~-(12). 
Water 85 0.03' Stock• et al. (12) 
Water. 100 0.06 Stock et al. · '(12) 
Water 120 0.1 Reichardt and 

Bonhoef.fer (l5') 

foil. 'l'hese values. along w1 th other solub111 ty. measurements 

mentioned in t.his review are given in Table 1. 

Reichardt and Bonhoeffer (15, 16) were able to demon-
. . . ·I . . 

strate quite conclusively that dissolved free· mercury· was 

present in their solutions. The sp~ctral absorption curves 

showed two absorption bands in the region of the mercury 

resonance line at 2537i. The distance between the maxima of 

the bands was found to increase with the polarity of the 

solvent$ This observation was interpreted as a Stark effect 

~-
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due to the action of the electrical field of the solvent 

molecules • 

. Stock et al. (12) determined the solubility of mercury 

in air-free water and benzene. They found that the presence 

of air in water affected the solubility con.sider~l:;>ly, but a 

similar behavior was not found in the case of. benzene. The· 

method of analysis was apparently similar to one.reported 

·earlier (17, 18) in which mercury was electrolytically 

deposited on a copper·wire from a solution cOntaining 
. . . ,I 

mercuric chloride. It was then distili-~d.. out·. 'or the ·~i:fe 
. . ., 

and made into a tiny globule.. Finally. the .volunie of the 

globule was determined· under a microscope. They ~ssert.ed. · 
' . ' 

that. an exact determination could be made· on. asli:t~le as 

lo-5 mg (7'.3 x lo-10 cm3) and ·a lower limit ·or ·2 x 10:..6 mg . · 

could be detected. 

Pari~ud and Archinard (19) measured the solubili ty1 of -

mercury in triple distilled; degassed water at a temperature 
0 of 25-28 c .. ·The concentration of me1•cury in solution was 

determined colorimetrically with diphenyethiocarbazone 

(dithizone). Their article might be criticized because no 

mention is made of oxidizing the dissolved mercury during 

the course of the analysis. Unless reference to this step 

was just neglected, their value for the solubility did not 

include the contribution due to the dissolved free element. 
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C. Mercuric Iodide~Iodide Ion Equilibria 

. . 

The mercuric iodide-iodide ion equilibria have· been the 

subject of a ·number ·of investigations. Sherrill (20 )' con

cluded that two principal complexes were present in solutions 

conta~ning·mercuric iodide and potassiUm iodide.· From· 

e.m.f. measurements of cells with a me~cury· electrode in a 

solution of Hgl'> and KI, · he inferred that· the·· pre-dominant 
I '·•• ' ' ' ' ' ', • .I ,· ' ' 

complex was _Hgl~ in the concentration: f_arige. ·studied·· __ : 

(o.o4- l~OM. KI,0.002·5 .- 0~3M Hgi
2

). : +n ?ther':·s·t:udies.he 
. . , , . • : t • , ·. '. L .·~ • 

used the catalytic effect of iodide ion •. upon the decomposi-
. . 

tion of hydrogen· peroxide to measure the ·i_odide i~n concen~ · 

tration in.solutions of hydrogen peroxide; mercuric'iodide . . ' . . ' 

and potassium iodide. , In these solutions (0.<;'3125M KI, · 

0 -· O.Ol315'N Hgi
2

) ·he concluded that the· principal cpmplex . 

ion was Hg2 I7·· ·Measurements of the freezing points of 

"solutions of mercuric iodide and potassium iodide-were also 

explained by assuming Hgi4 and Hg2I7· Sherrill studied the 
I 

distribution of mercuric-iodide between benzene ·and. aqueous 

potassium iodide solutions. By assuming that Hgi4 and Hgi2 

were the predominant aqueous species 7 values for the equi

librium constant K2.or the reaction 

Hgl2 + 21- #.Hgi4 

~gr41 
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were calculated~ They varied from 5.9 x 105 to 31 x.lo5, 

and 7.3 x 105 was considered the pest value. 

Garrett (21) measured the solubility of mercuric iodide 

in potassium iodide solutions... His results "i"ere inte~preted 

by assuming the presence of the aqueous species Hgi2 , Hgi] 

and Hgi4·' Using the equilibrium constants from this study 

and the value of Tananaev and Pilipenko (22) for the sol

ubility of mercuric iodide (a value accepted by Garrett), 

the following constants are' calculated at 25Q~c: ·. \.-, 

= 3600 .( '. 
\r 

= 2~7 X 105 • 
. -~ . 

By electrometric methods Qvarfort and Sill~n. (23) have 

determined a large-number of the constants associated with 

mercury (II) and iodide ion equil:l,bria. In order to obtain 

values for Ki and K2 .a :humber of different measurements had 

to be made: the potentiai of a mercury electrode in so

lutions of mercur:i;c iodide and potassium .iodide, the ·redox 

potential of Hg++ . 2 Hg++ in iodide solutions using a "platinum 
I' . . 

electrode, the ~otential of 1a mercury electrode in solutions 

of mercurous mercury and added iodide, and the solubility of 

·mercuric iodide. In spite of the complexity of the method~ 

their values of K1 = 6100 ! 2400 and K2 = (1.03 + 0.11) x 106 

are not widely variant from those calculated from Garrett's 

data. 



,1 

14 

From optical measuremeiJ,ts Fromherz and Lib (24) reported 

K
2 

= 1.1 x 105 and Job (25) reported K2 = 0.8 x 108 at i6°Ce 

In both of thes~ studies only the higher complex Hgi4 was 

considered a 

,· 
i 
I 

·\ 

. ( . 

\·· . 
. ··):.· 

·' . :· .... •, 

I ' ~ I .·, ~~. '; ~· .~: 
,\• ·. ··--,· 

•• 1 • ~ • • 

.":\.' 

• I • :.' ; ~! ' • 

·.· .. 
/•: \' ' 

I , ' 

. I . 

' . 
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III. MATERIALS AND PROCEDURE 

A. Solutions and Solvents 

1. Aqu.eous solutions 

Solutions used in this study were made up with water. 

that was· doubly distilled from alkaline potassium perman

ganate. 

A 0.1 M nitric.acid solution was prepared using Baker 
- . 

and Adamson C. P.. reagent grade nitric acid. !t wa·s 

~nalyzed by titration with_a standard sodium hydroxide 

solution.· Solutions of 0.01 M and 0.001 M.nitric,acid:were 

'" made from -the O.l·M solution. 

Solutions.of 0.047 M mercuric nitrate, 0.1 M potassium 

·nitrate and O.:t..-M :potassiuni iodide·wer~ prepared from. . . ' . . . 

"Baker Analyzed" reagent grade chemicals. Nitric acid was 
. . 

.added to the.mercuric nitrate solution to preventhydrolysis. 

of the mercuric ions. The solution was· standardized volu-

metrically with potassium thiocyanate and ·gravimetrically 

by precipitation of the sulfide. Potassium iodide and· 

potassitim nitrate were t~eated as primary standar~s. 

G~avimetric analysis of a solution of potassium iodide. · 

prepared from the same reagent for earlier work had estab

lishe~ a. purity of _about . 99.6 per cent r·eported as- KI o The 

hypophosphorous acid used in the study was Baker and Adamson 

U .. S .. P .. · grade containing 30- 32'per cent acid .. 
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2. Solutions containing radioactive mercury 

A 0.31 M solution of mercuric nitrate in 1.56 M nitric 

acid containing radioactive mercury 203 was obtained from 

the Oak Ridge National Laboratory. In order to maintain a 

high specific activity the t~acer was used in the experiment's 

without dilution with stable mercury except dur_ing analys~s. 

When shj,pped.,the mercury had a very high specific activity, 

approximately 50 miilicuries/g. 'Mercury 203 decays to 
. . . 

stable· thallium 203 by the emission. of a beta particle of··_ 
I , 

maximum energy 0.20 mev (26) and a ga.rnma ray of energy·o.28·' 
. I 

mev (27). The isotope has a half life of 48 days (28): 

A stock solution of mercurous nitrate was prepared from. . . 
the radioactive mercuric nitrate solution by dilution.with 

0.01 M nitric acid· and shaking with a drop of metallic 

mercury. Mercury metal was prepared fr·om the :solut:l.on of . 

radioactive mercuric nitrate by reduction w1 th hypoph.ospho:..· 

reus acid• After precipitationrthe finely divided metal·was . ~ . . 

coagulated into a glohule by the addition of a small amount 

of concentrated hydriodic acid-and finally washed .thoroughly. 

The final mercurous ion concentration in the stock solution 

was approximately 1.8 x lo-3 M.. In one instance another 

more dilute solution was made from this just prior to uSeo 

A stock solution of radioactive mercuric nitrate was 

prepared by dissolving 7.343 mg of metallic mercury, prepared 

as mentioned above, with nitric acid and diluting .to a final 



17 

volume of 10 ml. This solution \vas further diluted for use 

in the study. 

3. Organic solvents 

Phillip's Pure .Grade g-hexane and ·Eastman Spectro Grade 

cyclohexahe were us~d in distribution s·tudies with dilute 

merc~rous nitr~te solutions~ The presence of unidentified 

impurities in these solvents·made their use impractical with

out quite extensive purification •. When they were used without 

any treatment at all, it was found that the oxidized forms 

of mercury extracted into them from the highly dilute mer

curous nitrate ·solutions. This is not too surprising,· be

cau.se of the pronounced tendency of mercuric ions· to· form 
. . . 

complexes. In fact~some extraction from dilute mercuric 
"" 

nitrate solutions was found using ri-hexane even after' pro-
. ( - . ' . 

loi?-ged refluxing of the solvent with both concentrated 

sulfuric acid and a solution of potassium permanganateo 

After a large number of attempts at purifying the sol

vents, the following treatment appeared adequate to remove 

the interfering impurities. The soivents were shaken With 

both concentrated sulfuric acid and a solution of alkaline 

potassium permanganate, then were·passed through a column 

packed with dry, activated alumina, and finally redistilled. 

In the· case of cyclohexane_, a silica gel column was als'o use.d 

in the purification. ~fuen samples of the purified solvents 

,.,ere shaken with a soluti.on of 3.4 x lo-4 M mercuric nitrate 
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in 0.01 M nitric acid, no mercury was found in the organic. 

phase. lf the concentration of mercury in the organic phase 

had been 2 x lo-9 M or more it would have been detec.ted 

radiochemically. The purified solvents we·re also used for 

the determination of the solubility of mercury metal. 

Baker and Adamson, reagent grade, thiophene-free benzene. 

was used witpout further purificat:f.on foro t.)1e rn~rcuric iodide 
• • 0 • 

distribution experiments and for mercurysoiubi1ity measure

ments.· 

In addition to the solvents already mention·ed·; Eastman 

toluene. (from toluene sulfonic. acid), Eastman·Spectro Grad~ 

carbop tetrachloride,. and Baker Purified nitro-benzene' were 

used in mercury solubility measurements. If the toluene was 

not treate~impurities in it were found to react with 

mercurY, forming a bl~c~ deposit on the surface~ ·Purifica

tion was carried out by·. shaking with an aqueous solution of 

sodium hydroxide, passing through ·a column packed' with ·dry 

silica gel, and redistilling. Using the tr.eat.ed toluene, 
. "' 

the solubility of mercury was found to remain essentially. 

~constant during a seven day period and no visible e:vidence 

of a reaction wa~ apparent even aftP.l' t.wn wee.ks. However;·:.: 

a black surface deposit ·was noticed after about three weeks. 

The treatment of carbon tetrachloride was similar to that 

for toluene except that an aqueous solution of sodium sulfite 

was usedo The added purification of this solvent was done 
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to insure the absence of any free chlorine. Nitrobenzene 
,-· 

. \ was used without any further_ treatment. 
\ 

B. Apparatus· 

All solutions were allowed to equilibrate in E. H~ 

Sargent ·and Company water baths capable. of maintaining con

stant temperatures to within ! O.l°C. The experimental 

solutions w~re placed in 10 - 50 ml volumetric glass 
• 1\ 

stoppered flasks f()r. equilibration; .and agitation of .tl;J.e 

solutions was. prov~ded by a Burrell model DD shaker~ 

Radiochemical analyses were made using a Tr~cerlab 
' 

type TGC~2/1B84 Geiger-Mueller counting tube incorporated 

with a_NU:clear Instrument and Chemical-Corporation model 

164. scaling unit. The counting tube had a mica end window 

of 1.8 mg/cm2 thickness., Counting data were all taken using 

the, same lead housing, plastic counting mount, ·and aluminl.UJl,. 

·sample holder. 

C. Experimental Procedures 

1. -Distribution experiments with dilute mercurous nitrate 

solutions 

Dismutation constants we~e obtained by the procedure of. 

extracting the dissolved free mercury from dilute aqueous 
./ ~ 

solutions of mercurous ions with n-hexane a~d cyclohexane. 

The dilute aqueous solutions of mercurous nitrate were 

made by extensively diluting the ~toc.k solution with 0.01 M 
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nitric acid to concentrations in the lo-5 M to lo-8 M range .• · 

The dilutions were·made by adding micro-pipoet aliquots to 

5 or lO.ml of 0.01 M nitric acid. Distribution was carried 

out by shaking equal volumes of the aqueous solutions and 

purified ,n-hexane or cyclohexane. · A.fter.the mixtures were 

equilibrated ~t 2~C by shaking in a water bath for 12 to 
i 

15 hours, both phases were analyzed for mercury concentra-

tion. 
. f 

Cleanline·s·s was of utmost importance since the. experi-
• : i .. ··.\. ::. . . 

ments ~nvolved such dilute solutions. o·f IJlercury .: : The 
... : . ' . '' ·. . 

I , I I, ' ' • • ' • • 

equilibration.flasks were always cleaned in the same way. 

They were .rinsed with· a warmed solution ·c)·r ·alcoholic 

potassium .hydroxide and then ·distilled·: water· from the tap. 

Next they. were rinsed with concentrated nitric acid and . 

~gain several· times wit~ distilled water from the tap. 

Finally they were- rinsed five times with double distilled 

water, inverted on a lintless tissue, and allowed to drain 

dry. ··The pi~ets were cleaned in a· similar fashion shortly 

befo:re use excepting that rinsing with al~oholic .potassium 

hydroxide was omitted unless the.pipet showed signs of 

draining .improperly. They were generally dried with suction.. 

As mentioned earlier, 12 to. 15 hours of equilibration 

time were allowed in these experiments. In order to verify 
i' 

this procedure identical solutions of dilute me:rcurous 

nitrate in 0.001 M nitric acid were extracted fo~ different 

lengths of time with' purified n-hexane •. The results are 
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given in Table 2. The distribution ratio D is the quotient 

of the total mercury concentration in the aqueous phase 

divided by the concentration of mercury in the organic phase. 

Table 2. Time Dependence of the 
Distribution Ratio 

Time D. 
in Hours 

0.5 7.4 
1 7.1 
2 6~6 

·6 (average of two 6.7 
determinations) 

13 6.6 

Another e~perimental condition, the use .of solutions. 

0.01 M in nitric acid, is justified in the following way. 

The procedure was designed to use ·solutions in which the 

oxidized forms of mercury were uhcom·plexed •. First of all 

nitric acid is preferred to perchloric acid because of its 

lower limit ·of maximum chloride content. Baker and Ada~sori, 

reagent grade perchloric acid (70 - 72 per cent) ·has a 
' 

maximum chloride content of 0.001 per cent, while their 

C. P. grade nitric acid has a maximum.limit of only OeOOOOl 
' 

per cent chloride. In view of the tendency of the mercuric 

ion to form chloro complexes, the advantage oC the acid with 

a lower chloride. content is evident. The concentration 

j 
~ 
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.J 
was set at 0.01 M because at lower acidity the mercury ions 

hydrolyze and at higher nitrate concentrations they form 

nitrate complexes. 

The proper nitric acid concentration c~n b~ calculated 

using the published values of the hydrolysis. and comple~ng 
. ' 

constantse The following reactions. and corresponding 

equilibrium constants need to be considered: 
i{ ' .I :;· 

I • 

·Hg++ + if ·o· Jl. :~ oH+ +. H+ .. 2 . g K
1 

= ·2 'x. lo-4:. (29) 

. ++ . k.' . '. 
Hg + 2H 0· ~ Hg(Oii)' ~ + 2H+ . 2 ' . 2 . K = 5 X io-7 

1 

(29) 2 .. ;\ 

Hg(N03)2 ,K3, Hg++ + 2N03 ~3 =.1.0 (30) 

Hg(No
3

)+ ~ Hg++ + NOj ~= 1.3 (30) 

K~ . + + 
Hg;+ + H

2
o ~ Hg20H + H K5 : 1 X 10-5 (31). 

lL . 
H (NO ) · ~ H ++ + 2NO-
g. 3 2 ~ g2 . 3 K6 =o.5_ (30) 

. + ~ +~ _. 
Hg2No

3 
~ Hg

2 
+ N0

3 K7 ='1.05 (30) 

If all of the chemical species of mercury (I) and.(II) are 

included in the equilibrium reactions given above, the total 

concentration of mercury (II), [He(II)] tot, is ~iven by:1 

§g:CII~ tot= [Hg++]+[HgOH+]+ ~g(OH)~ + ~gNo3]+ ~g(No3 > 2] 
= [!lg +j + K1 ~g +t K:t [Hg ++] + ~03J~g ++] + ~3]2 ~;g +j. 

. [H+j [H+j 2 . K4 . K
3 

. ·' 



j 

23 

Thus [Hg ++] 1 

(Hg(II~tot = 
. Kl K2 ~03] lN0~3l2 

1+ ----- + . f_H+J2 
+ + 

(H+j . ~ ·. K3 

Similarly, for mercury 
. { 

(I): 

(Hg~+] 
\_Hg ( 1 ~ tot. .·.=. 

. K5 . 
:1 + __.;.., + 

1 . ' 
(H+_] 

In the last· equation. {!ig(I)J tot is the total mercury (I) 
. . . . 

. ++ concentration expressed as moles of Hg2 per liter. 

The calculated variations of the· fractions 

. ( Hg++J; [Hg(IIJ] tot and . [_Hg;+J; ~g(I)] tot w:tth nitric. 

acid concentration are given in Table 3· 

Table 3· Fractions of Mercury (I) and Mercury (II) 
in UncomplexedForm in Nitric Acid Solutions 

Cone. of HNO 
moles/liter3 

t[Hg++]; [Hg (II)] tot lEg;+] I f_Hg (I>] tot 

0.1 .. 92 .90 

o.o1 .96 .99 

0.001 • 5'9 .99 

• 
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Since the objective of this work'was the study of the 

equilibrium between the simple ions, a concentration of 

nitric acid was selected in 111hich a maximum fraction of the 

involved fons ·was· uncomplexed, specifically, 0.01 M nitric 

, __ acid. 

In t~e absence of oxidized forms of mercury the dis

tribution of the dissolved free element between aqueous 

0.01 M nitric acid and the solvents n-hexane and cyclohexane 

·wac mGasured. A drop of :radioa:cti ve m~rcu1•y Wi:l;3 shi:lk~l! wl Lh 

. 10 ml of the solvents for· 1·- 2. days.. 'Then 5 ml was with-
. \ 

. . 'i: 

drawn .with a pipet and added ·to 5 ml of 0.01 M·nitric a~id. ·-

After equilibration in a constant temperature bath, s~mples 

from the aqueous and organic phases were analyzed for .. 

mercury. · 

Care was not takep to-use water saturated with the 

organic solvents and vice versa because-the mutual sol

ubility o·f. the tv10 phases is quite ·small. . Reported. 

solubility measurements of water in the solvents and 

conversely are given in Table 4. 

Table 4. Solubility of Organic Solvents in Water 
and the Solubility of_Water in Organic Solvents 

Solvent 

!!-Hexane 
Cyclohexane 
Benzene 

Solubility in H2o 
g solvent/100 g H2o 

0.014 at 15o5°C (33) 
not reported· 
0.175 at 25°C (34) 

H20 Solubility in 
g H20/100 g .solvent 

0.011 at 20°c (32) 
0~010 at 20°C (32) 
0.05 at. 26°C (32) 

. '· 
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2. Mercury solubility determinations 

Use was n1.ade of rad'ioacti ve mercury· tracer of known 

specific activity to determine the solubility in aqu~ous 

solutions and.several organic solvents. 
. . 

A globule of mercury metal prepared from radioactive·· 

mercuric nitrate by reduction w~th hypophosphorous acid. was 
I . . 

' 

equilibrateq with 5- 10 ml of liquid: by shaking in. a con-

stant temperature bath. Aliquots. of the .liquids we-re wi.tb

drawn from, time to time for about t\'Tol.weeks, :and ··the nJ.ercury . 
. . . . '\ . · . . :· . ' ' 

. ' I . ' ' . 

concentration: was d-etermined radiochemically~ .. ;:;: 
I·... . '·> . . 

3.. Distribution measurements with m-ercuric iodide solutions 
. . . \ 

In this. area ·of study benzene wa~ ~sed to· extract' · 

mercuric iodide from,aqueous solutions •. 

Micro~ pipet aliquots of the stock solution of mercuric.· 

nitrate were added to lO;..ml aqueous·solutio~s containing 

potassitim iodide;. nitric acid and pot.assium nitrate. .A 10 

ml aliquot of 'thiophene-free benzene was added;to each of_ 
. i 

the aqueous $Olutions, and the mixtures were equilibrated 

by shaking in a constant temperature bath for 12 - 15 hours. 

Following this, both phases were analyzed formercury con

centration.; The.length of time necessa~y to reach equilib

rium was not established experimentallyo From the results 

of the other distribution experiments 12-15 hou-rs were 

thought to be sufficient. 



26 

The iodide dependence of the distribution was determined 

by varying the potassium iodide concentration over a range 
• 

0.001 to 0.02 M while keeping the ionic strength at Oe03 

and the nitric acid concentration at 0.01 M.. The effect· of 

varying the acidity was determ+ned by varying the nitric. 

acid concentration over the range 0.001 to 0.02 M~ In this 

case the potassium iQdide concentration was 0.01 ~ and the 

. ionic strength was· again 0.03·. 

The distribution of mercuric iodide between benzene and 
. ./.., . 

an aqueous solution riot having an excess of potassium· iodide 

Was-determined •. Approximately 4 mg of mercuriC? iodide con

taining; radioactive mercury was prepared by adding ·a · . 
·. , I : , . , . 

stoichiometric amount of potassium iodide. to .mercuric· 

nftrate carrier containing added mercury tracer. The mer

curic iodide· precipitate was washed several time·s with 

distilled water and transferred into a"mixture of 10 ml or 
benzene and 10 ml.of an aqueous solution of 0.01 M nitric 

acid and 0.02 M potassium nitrAte~ After equilibration as 

mentio~ed in the other cases, samples ~ere taken from both 

phases for analyses. 

D. A11alyses 

1. Method£! mounting the radioactive.samples 

Before the tracer technique of determining low concen

trations could be applied, a satisfactory method of mounting 

the radioactive samples had to be found. The method had 
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to give reproducibl'e results with a given amount of radio- / 

active mercury even when the solution environments were not 

the same. A serious limitation was imposed by the low 

energy <Emax = 0~21 mev) of the beta rays from·mercury 203.· 

Very thin counting samples were needed to avoid serious 

self absorption of the beta particles within the sample. 

Direct evaporation of aliquots from the solutions was·unsat-
. '• 

isfactory because some of.the solutions contained-enough 

dissolved salts to make the self absorption high& 
, . . . . I 

Several other mounting methods were-tested using a 

solution of me·rcuric nitrate with added mercurr tracer: 

a. Precipitating as mercuric sulfide and mounting 

on tiifer pape~.· 

b. Dissolving ·the sulfide precipitate with a small. 

amount of hydriodic acid and evap.orating ·the'·. t:,·. 

solution on a stainless steel planchet. 

Co Solution of the sulfide precipitate with. ~qua 

regia and evaporation of the solution on a glass 

slid. e. 

d. Electrodeposition of the metal on platinum and 

copper planchetso 

e. Precipitating, as mercuric sulfide and mounting on 

stainle.ss steel planchets. 

The last method was found to be the most sati.sfactory.. A 

small amount of precipitate could be mounte.d rapidly and 

quite simplyo 

I. 
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Method e was used. to i:nount radioactive mercury tracer 

·. in the present studi~s in 6rder to determine the concentra~ 

tions of·mercury in the solutions. Following is a descrip

tion of the procedure. The solution containing· radioactive 

mercury was added to 0.2 ml of mercuric nitrate carrier 

(0.047M) contained in a centrifuge tube. Excess ammonium 
l 

sulfide and 2 - 3 drops of Aerosol 0 T' sol~tion were· added, 

and the m,ercuric sulfide.precipitate was coagulatedby 

stirring with~ glass rod. Following high.speed 6entr1fu.:. 
i . . ' 

gationJ2.21 mg of mercuric sulfide were firmly.packed on 
I: 
I . . 

the bottom of the centrifuge tube. The supernatent liquid 

was discarded, and the centrifuge tube:was rinsed with 
. - ' 

distilled water,· care being taken not to disturb the pre-
' 

cipitate. Approximately 0.5.ml of dilute sodium hydroxide 

(rvO.OlM) was added and the precipitate finely dispersed 

in it. The small amount of sodium hydroxide greatiy . 

facilitated the dispersion. The finely divided;precipitate 

was transferred to a stainless steel planchet by~:usi,ng. a long 
. 

tipped dropping pipeto Flaming the planchets befo~e use 
., ,• \ 

allowed the solution to spread over the surface mqre 

uniformly. A thin ring of lacquer evaporated on the 

periphery of. the.planchet was sufficient to retain the 

liquid. The mounting was completed by slowly evaporating 

the sample to dryness under .a heat .lamp. The surface 

density of the mercuric sulfide precipitate in:a sample 

prepared in this way is approximately 0.6 mg/cm2o The 
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open samples were counted by placing· them 0.5 em from the 

coupting tube.window. 

The counting rates of duplicate samples. mounted as 
; 
' 

described above generally agreed.to within 2 per cent. As 1 

a general test of the ~eliabil~ty of the me_thod_, _samples 

containing; the same amount of I.•adioacii vi ty. but ·differing 
\ 1 ' , •• 1 ~ ' ' '' ' ' • 

weights of mercuric sulfide were prep~red.. · Th~ 'v·ariation. 
, \··· . . . 

of the counting rate with sample thickness is plotted in 
. : . . . r 

Figure 1 •. Thr general shape of the curve is explained by 

consideril1g two· effects. With samples':of lo~ thickness, 

increasing the weight of·precipitate increases.the self 

scattering of the beta particles and as a consequence.the 

counting rate is increased.· At higher thickness increasing 

the weight increases the self absorption of the beta 
, ' I ' . ' , 

partic~es .an~ .the counting rate is decreased .. 

2. Specific activity determinations 

The stock solution of radioactive mercuric nitrate 

(7.343 mg Hg/10 ml) was diluted with 0~01 M nitric acid to 
. . I 

I 

a final concentration of 3 •. 67 x lo-5 M. Two 0 .. 05 ml samples 
ol 

containing 18.4 x lo-7 milligram atoms of mercury were 

mounted for· counting.. Thes·e samples were counted ever'y day 

that concentrations were to be determinedQ The quotient or 
their average counting rate divided by 18.,4 X lo-7 was taken 

as the sp~cific activity in counts per minute per milligram 
-. 

atom .. 
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3. ·Analyses of the aqueous solutions \ The determination of the mercury concentratiop in the 

\ aqueous solutions involved subjecting an aliquot of the. 
I 

' , solution to radiochemical analysis to determine the activity 
\ 
I 
' 

' 

in counts per minute per milliliter. The concentration in 
' 

gram atoms _per liter was· then calculated· as. th~·. quotient of 
' . . \ . 

the. activit~ per milliliter divided by the specific activity. 

In ·the· case .of the mercurous nitrate solutions: and ·solutions 

of free .. m·ercury containing only nitric acid as. additional 

solute, aliquots of the active solutions :were simply added 

to 0.2 ml of carrier and the sulfide precipitated and· 

mounted. With soflit±on-s···~containing 0.1 and 0 .. 01 M hypo-, ,. 

phosphorous acid enough hydrogen peroxide was added to 

prevent reduction of the carrier to mercury metal. Pre

cipitation and mounting were then carried out in the usual 

manner. In analyzing tracer solutions.of mercury (II) 

containing iodide, excess potassium iodide was added to the 

carrier-aliquot mixture before precipitating the sulfiQea 

For the.radiochemical analyses to be reliable it is 
-

essential that the mercury in the tracer solutions exchange 

·completely with the mercuric nitrate carrier~ Wolfgang and 

Dodson (35) found the rate of exchange bet~een mercury (I) 

and mercury (II) ions to be immeasurably fast. Results of 

an experiment conducted in. the present work indicate that 

_exchange beb . ..;een mercury (I) and dissolved free mercury is 

extremely fast, but the exchange may have been indu.ced in 
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the separation process. Exchange between mercury (II) and 

dissolved free mercury should also be fast because the 

reacti9n; 

'Hg++ + Hg(aq,) ·= Hg++ 
' ' 2 

is probably very rapid (35) and the equilibrium point lies 

far to the right· (11). · All of the mercury in the mer

cury (II) ·iodide solutions was in the same chemicat form · 

before precipitation. 

4. Analyse·s of the organj_c solutions 
' ' 

The problem of analyzing the organic solutions was 

similar to that encountered with the aqueous s·olutions 

excepting ·that •, the organi~ solvents were immiscible with 
• ' ' • • J 

the aqueous mercuric ni:trate carrier .. · To circumvent this· · 

difficulty ~nough acetone was added.to the mixture of sol

vent and carrier to ·make it one phasee The solution was 

allowed to st~nd for several minutes to insure complete 

exchange,. and this was fo~lowed by evaporation of the ' 

acetone and .solvent. Mounting·of the mercury in the aqueous 

residue was then carried out in the usual way. It. was dis-· 

covered that the addition of a small amount of hydrochloric. 

acid prevented the formation of difficultly soluble solids 

during the evaporation process. Volatilization of mercuric 

chloride was inhibited by only moderate heating during the 

evaporation. A stream of warmed air was passed over the 

solution to hasten the process. 

., 
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In analyzing the nitrobenzene solutions some of the 

solvent remained with the aqueous·residue after evaporation. 

·The problem was not serious, however; because the· exc.ess · 

solvent did not interfere with the precipitation of the · 

sulfide. 

; . 

. ! 

(' 

l.' 
~ 



IV. METHOD OF INTERPRETING DATA, EXPERIMENTAL 

. . . RESULTS, AND DISCUSSION 
( ' 

A. Distribution of Mercury between Dilute Mercurous 

Nitrate Solutions and Non-·Polar Solvents· 

1. . Method· 2.£ interpre.t:tng data ,. 
I 

' 

Non~polar organic solvents such as n-hexap..e and cyclo-
\ 

hexane. were used for. the distribution experiments in.order 
. . . " 

to eliminat.e extraction of io.nic forms or. ·mercury.· The 

selective extraction of dissolved free.mercury is essential . . 

for quantitative int~rpretation of the di-stribution measure-
) . : . 

ments. In the following discussion, a functional relation-
.. 

ship is developed which relates measurable quantities, such 

(. 

as the concentration· of rne~cury in each phase, ·:to equilibrium , 

constants.of\the prevailing chemical reactions • 

. If only· free mercury is extracted into the organic phase, 

a distribution ratio D and a distribution constant D0 can be 

defined as: 

D = ~Hg~l~'l 
i 0 

. (Hg) 
and D

0 = [Hg] :g · 

In these expressions -[Hg]tot,aq is the total concentration 

of mercury in all forms in the aqueous phase in gram atoms 

per liter and .. [Hg] aq and ~Hg] 
0 

are the concentrations of 

free mercury in the aqueous and organic phases. Providing · 
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dismu-tation and dissociation both occur 'in dilute solutions · 

of mercurous ions: 

/ 

Hg++ __L Hg(aq) + Hg++ 
2 -r-

[Hg]aq [Hg++) 
K- . 

- (Hg2+J . 

and Hg;+ ~ 2Hg+ 

'k = (Hg+)2 
(Hg;+J • 

. If these' two equilibria adequately describe the behavior of 

mercury in the exp~rimental aqueous ;solutions (f.e~ if anion 

eomplexing',· etce, do not occur) then: 

LHg]tot,aq ~·(Hg]aq +(Hg++) + [Hg+J. + 2[Hg~+J. .<i) 

The quantities on the right side of Equation. l.can be 
. . . 

expressed in terms of the concentration of mercury in the 

organic phase {Hg1 0 , the dism,:,_tation constant K, the dis~ 

sociation .constant k, and the distribution constant o9 in 

the following manner. 

If a sample of pure mercurous nitrate in the absence 

of any free me,rcury or mercuric nitrate is diluted to a cer

tain volume and extracted with an ~;!QUal volume of an organic 

solvent, then: 

[Hg]aq = D0 [H~ 

and [Hg++] = (Hg] aq + lH~ 

- (1 + D0 ) (Hg] 0 • 

'• 
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Furthei) 2 (Hg~+] = .2 [Hg] aq ~g ++] 
K 

2D0 (1 + D0
) [Hg] ~ 

= K 

and \"_Hg +] ='ffi"[Hg;+] t 

:=~DO(~ + DO)Y~t 
,{ 
·' ' 

Equation·l under these· cond'iti.ons·· then can be written: • 

(1. + Do) ~Ig]o + tDO(l + Do~t f'l:] ·. 
. . .K· · t!fgJo 

. . ' 
• I j l • 

r;Hg:l . ·. - Do rHg] . + 
' ~ Ut~t,aq- ~ ~o 

( ·.,_ 

2D 
0 

(1 . + · D 
0

) .. ~g] ~ 
+-----

K 

But.since 

then .D = 1 + 2b0 .. 

~quation 2 is more properly written using the individual 

activity coefficients of the ions: 

D = 1 +'2D0 +.~~++JkD0 (1 + D0 ~! 
. YHg"'" l K I 

.. 

t{g++ 
+ --:--":'\.} ++ 

fHg 2 

2Do(l +Do) . [Hglo '. (3) 

K 

with the activity coefficient of dissolved free mercury 

taken.as unity. 

I 
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Examination of Equation 3 will show that a plot of .the 

variation of D with @g] 
0 

can be used to evaluate the 

equilibrium constants k.and K~ If D0 and the tonic activity 

coefficients are known, a.value of K. can be·determined from 
~ :~· . 

the slope and k can be estimated from the inte.rcept at . . :: . 

zero. ~g] 0 • ·. 

2. Experimental results and·discussion 
·-·. 

·'· 
. ; .·. 

i ' . 
.. ·: .. 

Experimen.tal.data. are tabulated in Tables 5:and ·6. for 

the distribution of mercury between the:solvents'~~hexane 

and cyclohexane and ~ilute aqueous mercurous nitrate so.;. 

lutions • Graphical .. representations of the data are given in 

Figures 2 and 3. · 

Table 5'. Experimental Results ofthe Distribution·of Mercury 
between Purified n-hexane and Dilute 

Mercurous Nitrate Solutions 

{!_lg) tot aq x 10 7 (Hg] o. X 107 D % Extraction 
. ' g · atoms/1. g atoms/1 ·into. Organic Phase 

... 

. 0.21 0.18 1.17 46 
0.61 0.42 1.45 41 

·1.25 .0.70 1.79 36 
2.84· 1..16 2'.44· 29 
6.84 1.95 3.50 22 
7-59 2.18 3.48 22 
7.82 2.26 3.46 23 

14.6 2.92 5.0 17 
17.0 2.70 6.30 1~ 
17.4 2.76 6.30 14 
27.4 .64' 7.5g 12 
35.8 ~.17 8.5 10 
96 6.16 15.6 6 
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i 

Table 6. Experimental Results of the Distribution of Mercury 
between Purified Cyclohexane and Dilute Solutions 

of Mercurous Nitrate 

fiil '. 7 filgJ0 X 107 D % Extraction Hg tot,a_q x 10 .. 
.g atoms/1 g atoms/1 ·into Organic Ph,ase 

0~76 0.57 1.3J 43 
Oo98 0.64 1.52' 39 
1.69 1.01 1.67 37 
4.61 1.90 . 2.42 29 
8.4.5· 2.55 .3.32 23 

10.8 .. .2.75 . 3·9~ 20. 
11.4 J.02 ~ 7 - 21 
14.9 3·30 :52 18 
20.6 ,~.90 5.28 16 
~2.4 .• 56 7:.11 . 12 
8.5 . 5.38 9.02 10 

J 

.i 
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The increasing slope of the curves at higher values of 

(!Ig] 
0 

can be explained . quali ta ti vely_ by considering that 

the stock solution of mercurous nitrate contained a sm!:i11 

amount of mercuric ri.i tra te. This is required by. tJ~e 

equilibrium between the three oxidation states of mercury. 

As long as the amount of mercury (II). produced in the dismu-· 

tation is large comp~red to the amount already present (s"o 

that [Hg+j = (1 + D0
) [ Hg] 

0
), the linear dependence is held.· 

When this is not- t,he case an increasing slope is expected • 

. Table 7 contains measurements of the .distribution 

consta-nt D0 and values'of. the dismv.tation constant K.which 

were calculated from the slopes of the curves in·Figures.2 

and 3. The activity coeffi.cient ratio Y,H -~+/ 1<H ++ was g . . g2 

taken as un1 ty in the calculations. 

~ 

Table 7. Values for th.e Dismutat:lon Constant 
Calculated from Distribution Measurements 

Solvent Slope Do K 

g-hexane 1.8 X lo7 o.o4s 5.6 x lo-9 

Cyclohexane 1.2 X io7 0.031 5.3 x·lo-9 

The g-hexane experiments were performed first while 

the mercury had a higher specifi~ activity than in the 

later experiments with cyclohexane. Hence lower concen

trations could b~ measured in the n-hexane experiments, 

j 

\ 
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and it was possible ·to obtain experimental values very 

close to the ordinate axis. The intercept was found t,Q {p.e 

approximately 0~8. 

If a measurable dissociation of the mercurous di:rper is 

·. taking place in the solutions, the effect would be tQ increase 
' ·the ordinate intercept by the amount: ,, . 

,I'-. 

'., 

Estimated values ·of this expression for d~fferent values of 

the diSsociation constant k have been calculated and '·are 

given in Table 8. Values of K and D0 were taken. from .the 

(B-hexane experiments because of a more accurate intercept 
' . h 1 . . ~ t++; ,) + 

at zero @gJ 
0

• The ratio rHg. · r Hg ·~as estimated to be 

, 

Table 8. Calculated Ordinate Intercepts Corresponding 
to Different Values for the Dissociation Constant 

k ~:~ to'\* DO)y Predlcted 
·Ordinate 
Int.ercept 

1o-6· 2.7 J.8. 
lo-7 0.86 2.0 

10..:8 0.27 1.4 

0 0 1.1 
} 



0.91 using Kielland's (36) ca~culated individual activity 

coefficients at ionic strength 0.01. · The values JIHg++ and 

l(Hg+ were taken as 0.67 and 0.90 with )(Hg+ being ass~ed 

equal to YTl + or YAg+• 

The observed ordinate intercept of 0.8 is ·obv~ously 

not very'precise, but it does indicate that the va~ue of k 

is·not greater than 10~7 and is probably somewhat ~ess. In 

fact, the data can be explained best without considering 

the occurrepce of dissociation at allo 

It is interesting to compare the determinations· of K 

in Table 7 with those obtained by calculations· similar·to 
. ' 

the one ca.rried . out by, Sidgwick (11) o ·Thus the dismutation 

constant .K can. be calculated from:· 

.-if values of the solubility of mercury metal and the ratio 

[Hg+~;@g2i. are known for aqueous systems involving 

me~ou~y·(I) and mercury (II) in equilibrium with liquid 

mercury. 

In this connection measurements of the solubility of 
' 

mercury metal were made using a tracer technique which was 

quite sensitive in the low conce~tration range encountered. 

A value of 3.0 x. lo-7 g atoms/liter was found a~ 2SOCQ 

Using this value of the solubility together With ~he 

T#Ported values fqr· the ratio @g++]; [Hg2"'J (see page· 6 for 

reciprocals of this ratio), values in the.range of 



44 

1.8 x lo-8 to 3.6 x lo-8 are calculated for the dismutation 

constant K. The most recent measurements of the ratio· 

[Hg++] I \j-Ig2+] give answers favoring the larger value of K 

and should perhaps be considered the most reliable. 

However, ·even the larger values of K calculated above· 

are smaller·than the 5.3 x lo-8 and 5.5 x,.lo-8 obtained in 

the distribution experiments, but it' is felt that the' 
• 

agreement is reasonable considering the ass~ptions that· 

were ·made and. the ·low concentrations enc.ountered. · 

. ' 
" 

B. Nercury Solubility Measurements 

·1. . Brief discussion of .·the. "solubility parameter" theory 

The change in free energy when two· substances are. 

mixed can be e~pressed as~ 

~FM ::: RT (x1 ln x1 + .. x2 ln x2 ) + L1FE (4) 

·per mole of. solution. In Equation 4, x1 . and x2 are the mole 

fractions of the components and ~FE is an ·excess free 

energy term which is equal to zero when the two components 

form an ideal solution. 

Hildebrand and Scott (37) have related ~FE to thermo-

dyn::~mjc properties of the pure ·componentn for substances 

forming "regular11 solutions. The term "regular" solution 

was originated by Hildebrand, and the principle has been 

stated as (38,. p. 69): 

A regular solution is one involving no entropy 
change when a small amount of one of its com
ponents is transferred to it frdm an ideal 
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· solution of the same composition, the total volume 
remaining unchanged. · 

In harmony ~ith this notion the moiar energy of mixing can be 

expressed as ( 3V) ~ · 

M E 
~E = LlF · 

\~E~y}2 
.. v2. . .. 

. '-
. j . . . 

l . . 

. (5) 

where V 1 , y 
2 

· are, the· molar 'volumes of components 1 and 2,. 

llEi~. ~E~ are their energ;es df :vaporization per mole, 

and ~ 1 ,.l{'2 :are th,eir volume fractions <.p
1 

·~ · ~Vl • 
. . . . ·. . . xlvl x2V2 

. . . . . . 

The quantities ·(~Er/v1 )"~ and (~E~/V2)t have been called 

"solubility parameters" and are frequently designated as 

simply ~1 and b2. : 

Equation·s.- 4 and 5 can be combined to give: 

~FM = RT(x1 ln x1 + x2 .ln x2 ) + (x1v1 + x2v2 )((>1<p2 cS1 - h2)
2

• 

(6) 

The partial molal free energies of mixing are tl}en· 

~~ = RT ln x1 + v1~~ ( b1 - b2)2 (7) 

~~ = RT ln ~2 + y2~i (b1 ~ b2 )2 • (8) 

The derivation of Equation 6 was not dependent upon any 

solution model, such as the "hole" or 11liquid a disordered 

solid"· models,· but principally upon three simplifying 

assumptlons: complete randomness, equating the energy or 
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interaction of a pair of unlike molecules to the· geometric 

mean of the interaction energies of like pairs, and no 

volume change on mixing.· As formulated, the equation.can.be 

expected to apply only to solutions .of non-polar, non

associated liquids •. 

In some cases the first term of Equation 6 is replaced 

by the Flory-Huggi:n~ term, x1 lnlp1 + x:~ ·lnlp~, wh:ioh i.o. 

designed to account for the disparity in sizes of the com

ponent molecules •. However, this substitution is not 

universally accepted as revealed by the following quota

tion (39, p. 46): 

This formulation is not exactly right for the 
solutions of long chain polymers for which it 
was designed, and the wisdom of ·its application 
to sollJtions of ordinary molecules seems doubt
ful, at least to this writer; it is almost · 

../ . 
certainly-an overcorrection for the s~ze effecte 

While Equation 6 la~ks rigor due to the assumptions 

made in its derivation,. it has neverthe~ess _been used quite 

suc~essfully to interpret solubility data of non

electrolytes. It has the desirable feature, from.an 

experimental point of view, of relating the free energy of 

mixing to measurable thermodynamic properties of the pur.e 

components thus allowing its application to actual solutions. 

2. The solubility equation applied to solutions of mercury 

and organic solvents 

Mercury is designated as component .1. and the solvent as 

component 2. For liquid mercury in equilibrium vrl th 

r, 
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\ · dissolved mercury:, 

\ 
I 

\ 

·Equation 7 can then be written·: 

.HT ln x1 = ~t(J~ Y.i< b1 - 02 ).
2 (9) 

Since the solubility of mercury metal is extremely limited 

With x2)) Xi an<} x2V2)) Xi Vl; ·Equation. 9 ca~ 'be ,further 
' : • • • • •'' t t \ I ' ' 

simplified to: ·.··. 

RT ln x1 (lOY 

The concentration of mercury is designated·. a's c
1 

g atoms 

per liter so that 

~ = =---c~l~~ c1 + lOOOd 
M . 

2 

·~ ClM2 
lOOOd 

.. . 1!. cl v2· 
1000 

\. 

where d is the density of the solution, M2 is the molecular 

weight of the solvent, and v2 is its.molar volume. Equation· 

10 can now be written: 

RT l.n·· C1V2'· -- · ·( c · c • · 2 
-Vl 01 - 02) 1ooo 

= iooo e:..:vl (~ 1 ..; 02)2/RT 
o.r cl .. v2 . . . . . . a (11) 

The mercury solubilities determined i'n this study are 

recorded in T,able .9 and compar~d with the· corresponding 

values. ca+culated with the use of Equation 11. The 
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Table 9. The Solubility.of Mercury in Organic 
Solvents at 25oc 

Solvent 

!!,-Hexane 132 7.30 

Cyclohexane 109 8.20 

C~rbon Tetrachloride 97 8.6 

. Toluene · 107 8.90 

Benzene· 89 9.1) 

Nitrobenzene 103 . 10~0 

Mercury llt.8 31· 

' 

c1 x 106 -

Calculated 
g atoms/1 

6.2· 

21 

37-

.48 

.. 72 

157 

.. 

c1 x 106 

Observed 
g atoms/1 

6.,1.-6o7 
. ·+ 11.0 - 0.-2 

7o5 ! Oo3 

I 12~ 5 + 0~5 

12 .. 0 ! 0.6 

9·3 : 0.7 

"solubility parameter" values used in the calculations 

were those given by Hildebrand and Scott (37) • 

.. Values calculated using· the Flory..,.Huggins term were not 

recorded in Table' 9 because the agreement between them and 

the observed solubilities was not as good as that found using 

Equation,ll. 

For th~ most part the results of: this cxpcrimr.nt Agree 

only to an order of magnitude with the calculated sol~ 

r Ubili ties. In most other cases the "solubillty parameter" 

theory gives better correlation than thiso In one other 

area in particular, however, it has: ~rov~d to be lar~ely 
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inadequate. Heats and_fr~e ene~gies of mixing of hydrocarbon

fluorocarbon mixtures are invariably .higher than those pre

dicted iby .the.theory. H~rrce the observed solubilities are 

much ··smalle·r t'han predi·ct'ed. :. Similar :solubility ·behavior 

was gene·rall;y found tor the mercury-organic solvent mixtures 

studied ·:rn .the present work. ·, • I 
J. 

· It has been suggested· by Reed (4d.) that t~e · 11 soiubili ty 

parameter" :t~eory is inadequate for hydr?carbon-fluorocarbon 
. ' . ' . . . 

mixtures fQr ·two reasons:. it does not.· take into account the 

large volume expansions on mixing, and ':the geometric mean 

assumption for interaction energies between pairs of unlike'· . . 

molecules is. not valid for substances having considerably 

different ionization potentials. These factors· ma7 also be 

important in explaining_ t~e deviations between calculated 

and observed values of the present study, but the first one 

cannot be measured because the solubility of mercury ·is· so 

slight' and the second alone will not explain the difference 0 ••• 

For instancei the ionization potentials of cyclohexane and 

carbon tetrachloride are the s·ame .(41, 42); yet the calcu- · 

lated mercury solubility in cyclohexane agrees much better 

w1 th the experimental value than a similar compa_rison With 

carbon tetrachloride as solvent. 

Measurements of mercur~ solubilitx in agueous solutions 
. . . . 

Equilibrium mercury solubilities in aqueous solutions 

determined in this study are given in Table 10 •. Graphical 
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Table 10. Equilibrium Solubilities of Mercury 
.in Aqueous Solutions 

Solution 

Direct Determinatfons 

O.lM H
3

Po
2 

O.OJ.M H3Po2 , O.OlM HN02 
O.()OlM H

3
Po

2
, O •. OlM HN0

3 

Inferred Solubilities 

Temperature . oc 

O.OlM HN03 25 
(DO)(solubility in.n-hexane) 

O.OlM HN03 ·25 
(DO)(solubility in cyclohexane) 

Cone. Hg x 107 
g atoms/liter 

]eO + 0.3 

2.9 + 0.1. 

).0 + 0.1 

2.9 

representation of the solubility versus time is given in 

Figure 4 for two solutions. In aqueous·solutions containing 

only nitric acid or perchloric ··acid .the direct determination 
' 

of the solubility showed an increase from day to day. This 

behavior is illust~ated in.Figure 4e It was found that the 

addition of a small amount of hypophosphorous acid completely 

eliminated this effect.· 

The day to day increase in solubility found in solutions 

containing only hitric acid or perchloric acid can be 

explained by a continuous oxidation process of the free 

metal. This rea.ction is maintained by the irradiation or· 

• 
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Figure 4o Time dependence of the solubility of mercfiry. 
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the water with gamma rays and beta particles being emitted 
.. 

by the drop of~adioactive mercury. Water molecules under 

··the action of such high energy radiation are· decomposed to 

form hydrogen peroxide.and molecular hyclrogen with consider-
. . : I . . 

able evidence that hydrogen and hydroxyl radicals ·are also 

produced, possibly as. i'ntermediates in the formation of the 
' . 

first two .. (43, 44). The' pr13senc~ of. the reactive.· hydroxyl 
.·, . .. . ) 

radicals ·1n '-rradfated water tnakes -1 t a g.ood .ox±dant. Irt 
. . . . . 

·fact, an ·equiv£ilent redUction pot.ential .of +0.95' volts ·has 
I 

been estimated by Dainton and Collinson (45) for· such. 

solutions. ·. . ( 

The action of.bypoph~sphorous acid in helping to. attain 

equilibrium is probably due to·the effectiveness of this 
. J . . 

reducing agent-in:scavenging theoxidizing hydroxyl radicals. 

The mercury solubility was found to. be essentially 

independent of hypophosphorous aeid concentration. This 

indicates that the measurements are actually repre's:entative 

of the concentration of· free mercury in· solution· and not.· a 

·measure of the solubility of some oxy-phosphorous salt of· 

mercury. 

Unlike other studies (12, 19), care was not taken to 

use air..:.rree water., Even though slightly larger solubilities 

were found in this study than those given in the literature, 

the added precaution of removing all of the air from the 

solutions was thought unnecessary when using a reducing 

medium. Steck et al. (12) found that the solubility of 

·• 

• 

.. 
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mercury in aqueous· solutions increased when air was present, 

but this effect cannot be used to explain the differenc.e in 

solubility measurements reported in the literature·and found 

in this study. For if air oxidation had occurred ,in the 

solutions used in this· study, the solubility would have 
,. 

increased fro~ day to day in the solutions being shaken in 

the presence of air. The procedure used in this study is 

further justified by comparing the values inferred from 

solubili tie.s in· n-hexane and cyclohexane with, those obtained 
; 

directly. 

The presence _of air did not affect the solubility of 

mercury in ·benzene. (12), and it is reasonable to expect a 

similar behavior with n-hexane and cyclohexane. Thus the 

solubility measurem~nts in the 6rganic solvents can be 

taken as indicating the concentration of dissolved .free 

metal (the concentrations of Hg were found. to be essentially' 

constant with time after about 2 days) and can be multiplied 

by .the d1.stribution constants of dissolved free metal 

between water and the solvent to give results similar to 

those obtained directly. 

1. 

Ca Mercuric Iodide-Iodide Ion E~l1.11hri~ 

Method of interpreting data from mercuric iodid~ 

distribution measurements 
,> In addition to studies of mercurous ion behavior and 

mercury solubility,.the somewhat unrelated mercuric 
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iodide-iodide ion equilibria were also investigat.ed·. Use 

was made of the extraction of mercuric iodide into benzene 

1 from aqueous solutions to measure the exten~ ·of formation 

of the triiodo and tetraiodo complex i~ns of mercury. (II)._ 

A method of interpreting measu~ements of the distribution 

of mercuric iodide will be discussed next. ,; 
' I 

It. is. ass~ed that mer(!ilriq iogid,e :dissolvP.d :tn -hE:'rizf!:ln.e 
~ I . 

ot-·· aqu~ous. soluti9ns exists in thE! form of Hgi2 . molecul~s 

in the concentration range u~e~. This can be justified' .on 

the basis of experiment.al ·evidence. For ·instance Kohirausch 

and Ros.e ·(46) found the conduct! vi ty of mercuric iodide. 
:·:,. . .., 

s'olutions to he extremely small. Their· 'valu'e of 1 X lo-6 M 

for.the solubility of Hgi2 is much smaller than the. _ 

1.32 x.lo-4M (22) and 7.4 x io-:-.5' M (47) reported.by_othe~ 
! 

workers using methods not employing conductivity-measure-

. ments. This indicat~s that th~ molecules of Hgi2 are only 

slightly-dissociated to produce conducting ionic species .. 

Also the large values of K1 = 7.3 ·x 1012 and K2 = 6.6 x 1023 

reported . (23) for the_, equilibria: 

I<: 
Hg++ + r- ~ Hgi+ 

,. 
and Hg++ + 2I- .K2 , Hgi

2 

indicate only a slight diss.oc_iation of mercuric -iod:ldeo 

The degree of-ionization of the Hgi2 ~olecules calcu

lated using the above values for K1 and K2 was found to .,be 

.. 

• 
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.negligible even in the most extreme case of the present study. 

Thus molecules: of Hgi
2 

were calculated to be only 0.1 per cent 

ionized in a 1 x lo-5 M mercuric iodide solution whicli did . i . 

not :have addeq potassium iodide to suppress the ion~zation. 

Dissolved mercuric ,iodide is undoubtedly·in.the fe>rni. 
' , r': 

of Hgi2 molecules in benzene also. Th\~ possibility of. the 

existence of io~ic species· in a non-polar· solvent is remote 
I . . 

I 

so .that dissociation can be disregarded. Further,_ molecules 

such as HHgi
3 

:and H
2

Hgi4 need not be considered as J?Ossible 

speqies in the benzene phase.· For if they were.present in 

the organic phase the extraction of mercury from mercuric 

nitrate-potassium iodide solutions would be hydrogen ion 

concentration dependent. Experimentally, as indicated in 

Table 11, the· extraction from sol~tions containing excess 

potassium iodide was found to be essentially independent . 

of hydrogen.ion concentration. 

Tabl,e 11 ~ Extraction of Mercury from Dilute' M.ercuric Nitrate 
Solutions Containing Excess Potassium. Iodidea 

·(H+) 
moles/liter 

0.001 
o.oo6 
0.010 
0.020 

a (r-] = 0.001 moles/liter; ionic strength = 0.03. 

b {Jig] tot ,o· and [Hg] tot aq are the total concentra
tions of mercury in ~he benzene and aqueous phases •.. 
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A functional relationship between measurable quantities 

and association constants of prevailing equilibria can be 

developed and tested experimentally. Consider the 

equilibria:.· 

(12) 

K2 -
d H I " ... I- ~ H I-an g 2 + ~ g 4 (13) 

with equilibrium constants: 

• 

In the above e~pressions y_, Yo, Y1 , and ~· are the 

activity coefficients ~f the species r-, Hgi2 , Hgi3, and 

Hgi4. Brackets denote~concentrations in moles/liter. 

Extraction measurements can be used,· ·to evaluate K
1 

and 

K
2

•. If Hgi
2 

is the only form of merc\lry extracting .into 

benzene, an extraction ratio E and an extraction constant 

E0 can be defined by:. 

• 

The subscripts denote the phase, and {!fg) t t is the total 
O· ,aq 

concentration of mercury in all forms in the aqueous phase. 

} 

, 
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If Reactions 12 and 13 are the only ones occurring.in 

(14) . 

• 

• (15) 

• 



•! 

Equation 15 can be 

Eo [Hg] tot, aq 

f!lgr21 o 

0 

= 1L- 1 
E 

58 

rearranged to yield· 

KiYo y_ ~-J K2 Yo Y~ [rj 2 

-1= -y;_ + y2 

= K1 YoY-[r-] + K2Jo~~-] 2 
·-. 

~ ' ' r.; ' ' ·. . 
The last form, Equatipn 16, cAn be reduced to a ;simpler 

.... ' ' 

expression for graphical interpretatiqp: 

(16) 

.. Eo ~ E : Kl Yo Y- '·K2.Yo·Y~ [r-] 
= -y,--,.- + r:: • (1?) 

1 2 
/ 

K1 and K2: can be determined from the intercept and -slope .of· 

a plot of (E0 
- E)/E [j:-] versus . [r-] if .values CJt the 

aeti vi ty coef..f.l;a.ii.en~ ·a·I'-'~ ·K:nt>wn· •. 
i 

2~~- Resul!ts . 

Exp_erim.ental data are g:J,ven in Table' ·12 of the varia

tion of ·tl1e extraction -r~tin E with iodide ion conc:entra= 

tiono In the experiments the concentration of mercury was .. 

small compa~ed to the iod!de concentration so that the-

. fraction pf iodide ions·undergoing combination was small 

ana.. could be neglected. The ionic strength was kept at 

0 .. 03 in a~l of thP.· noluti.ons with the hydrogen ion concen

tion held at 0.01 M.. Graphical representation of the data 

is given in Figure 5. The satisfactory linearity of the 

plot verifies the use of Equation 17 to interpret the 

measurements. 

; 

• 
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-Table 12. Distribution of Mercury between Benzene and Aqueous 
Mercuric Nitrate-Potassium Iodide Solutions at 25°C 

E 

47.2 (E0 ) 

6.97 
3·~3 1. 7 
o. 527 

. 0.391 
. 0.287 

0.176 
· · o.-121 

[r-] 
moles/liter 

0 
0.001 
0.002 
o.oo4 
0.008 
0 .. 010 
0 .. 012 
0.016 
0.020· 

5,760 
6, 590 
7 ,77.0 

11,100 
12,000 
13,600 
16,700 . 
19,5'00 

Values of (5.05 ~ 0.12)103 and, '(7.24 + 0.11)105 .were 

determined ro·r ·the inte'rcept and slope of Figure 5 by· 

applying the method·of·least squares for equally weighted 

measurements. Only tpe ordinate values were assumed 

liable to error. The above figures can be considered as.~ 

non-thermodynamic values of K1 and K2 and thus ~ompared with 

the values 6100 :- 2-400 and (1.03 ~ Ooll)lo6 which were 

determined using electrometric measurements (23) in solutions 

of the same acidity and ionic strength. 

For an estimation of the thermodynamic values of K1 
and K2 some assumptions regarding the activity coefficients 

ore necessary. 

Since aqueous Hgi2-is an uncharged species and its 

concentration is always small, Y
0 

is assumed equal to unity. 

Also 1.t :i.s assumed that t.he activity coefficj.ents Y_, -r'1 , 

_, 
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DISTRIBUTION OF MERCURY 
BETWEEN BENZENE AND· 

' 18000 AQUEOUS MERCURIC NITRATE 

,---,12000 . 
WI 
1· H 

0 L-.J 

w lt.J 10000 

POTASSIUM IODIDE 
SOLUTIONS. 

[I'] moles/liter 

... 
'. 

Figure 5. Distribution of mercury between benzene and 
aqueous Hg(NC3) 2-KI solutions~at 250 C •. 
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and ti
2 

can be calculated for solutions of ionic strength 

0.03 using the Debye-Huckel expression: 

. 1 -Azi J)2 
log -y'i = -t 

· 1 + Bai ),{ . 
• 

In this expre.ss:+~n Y1 = activity co~fficient of ion i 

A = a constant, 0. 509·2 at 25°C (48) 

B = a constant, 0.3286 x 108 a.t 2~C (48) 

a1 = "effective diameter" of io~ i in 

solution 

Zi· = charge of the ion 

and }A = the ionic stre.ngth of the solution8 

Kielland (3,6) has estimated the "effective diameter" of 

the iodide ion to.be 3 x lo-8 em which leads to a value of 

approximately 0.84 for Y.... Estimates of a1 for several 

complex ions are also given (36). Thus it·appears reason

able to assign "effective diameters" of 4 x 1o-8.cm and 

4.5 x lo-8 em for Hgi3 and Hgi4- which lead to activity 

coefficients of 0.85 and 0.52~respectively. 

Using values of the activity qoefficients given above, 

the ratios Yo Y..l Y1 and Yo Y~l Y 2 ,.are calculated to be 

approximately 1 and 1.4,respectively. Corresponding· 

thermodynamic values of K1 and K 2 are then (5.0 ! 0.1)103 

and (5.1 ~ 0.1)105 • 

The resul~s of this study were obtained using solutions 

in the concentration range 10-7 M to lo-5 M in mercury and 
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' 

\ are in fair agreement with those reported from measurements 

at higher concentrations. An interesting e~tension of the 
I 
I 
\ present work would be that of performing distrioution 

\ experiments in the lo-9 M concentration range to check for 
I 

\ anomalous behavior. 
I .. 

Measurements at this low concentration 
l 

range could be made by usingatracer of very, hlgn specific 

activity .• 

( 

'· 

{',' 
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