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I, INTRCDUCTION

It haes been known for at lesat £ifty years that iron
forms colored compounds in solutlon wlth sulfosalicylate
{1). These complexes have been used for the determination
of iron colorimetrically (2-£6) and conductimetrically (27),
and indirectly for the colorimetric determination of borate
(28) and fluoride (29,30). They have also been used for
the separation of lron from tltanium, aluminum, manganese,
magnesium, thallium, uranium and phosphates (31L-35).
However, very little was known about the identity and sta-
Bili%y of these complex lons, Although the yellow oolored
complex (alkaline solution) has been most often used ana-
lytically, less was known about 1t than about the red-
violet colored complex (acid solution)., Some have thought
that the yellow color of the alkeline solutlions was cauged
by the breakdown of the red colored complex to form col-
loidal hydrous ferric oxide (30,38). This however does not
seem consistent with the fact that in alkaline solutilons,
at ths same pH and lconie strength, ferriec ion 1ls nmuch more
soluble in the presence of sulfosalicylate than in its
absence,

The polarographle method has been found sultable for

the study of other iron complexes by other authors, since



these osouplexes have half-.wave potantials that fall within
thae polarographle range (O %o -1.8 voltas voersus saturated
galonel slecsirede). This method was found most applicable
in this pase So the sbudy of the yellow volored complex,
a5 here the ferrle wavas ars more negallve than the calomel
slectrode, &0 thet the hslfewsve potsntials may be used in
the atady of the oomplex lona. Algo the ferrous wave is
developed sore scmpletely, withoul the intarfersnce of the
hydregen~lon wave, For these reasons, and because there
wog legs known aboul the yellow ocolored complsxn, the present
resesrch, for the most part, has besn ooncerned with the
lron-gulfoaallioylate complex ln alkaline solutlon,

he digsoelation constanis of sulfosalioylic acld
were known enly in very rough apsroximation (30,37,38).
Ag the Knowledge of hﬁa fecond gonstant would )14 in Llhe
interpretation of the varistion of ths fron-sulfogslioylate
complexss with pH, & short specirophotometric study of this
gonasbant wop sade and the results &ps reported heres, A
this foplsation ila qulte alrong, only a rough estimate
could be made from potentlomstrle pH ocurves,  However, tue
shaorption of ultravielet light by the singly and doubly
lonized sulfogalicylate long are quiteo different and this
poermitied & doternlinatlon of the seoond oconstent from this

property of sulfosalieylic aecld solutions



iIl. REVIEW CF THEZ LITERATURE

A, Polarographic ¥ethod for Complex-Ion Study

The method nsed was essentlally that first deseribed
by Heyrovskjy and Ilkovigé in 1936 (3¢). The half-wave po-
tentvlals of serles of solutions in whioh all factors except
concentration of complexing agent were kept constant were
plotted against the logardithms of thie coneentration. The
slope of the straight line obtained was proporticnal to
the number of molecules or lons of complexing agent combined
with the metel ion in the complex, and the intercept with
the axle corregponding to the half.wave potential of the
uncomplexed metsl lon was & functlon of the inastability
constant of the complex lon. The method will be deseribed
in furither detall in Bection V,

This method was deseribed rather completely by Tomés
(40), Stackelberg (41), ftackelberg end Freyhold (42),
Kolthoff and Lingane {(43), Lingene (44), and most recently
by Souchay end Faucherre (45). Tomes was malnly interested
in the study of the dlssociatlon of & wesk electrolyte.

He @developed the eqguations for the two exireme cases with
regard to the conecentratlon of the anlon of the salt. The

Tirst case wasg that of a weak electrolyte in solution with



& supporting electrolyte that does not contein ions that
are common to the weak electrolyte. In this case the con-
centration of the anlon of the salt studled, corresponding
to the complexing agent, was negligible. He found theoret.-
leally thaet the wave in this case 1z not symmetric as 1t is
in the reduction of a fres metal lon, the slope of the

wave lg less, and the half.wave potential varles with the
cvoncentration of the weak ele¢trolyte, in contrast to the
case of the free metal lon in which the half.wave potential
was an independent constant for a gilven metal lon., He
tegted this Ttheory succegafully on mercurie cyanide,

The seocond case described was that in whica the support-
ing electrolyte had the anlon in coauon with the weak sleec.
trolyte. 1Thlis was the sams ag the method used generally for
the study of complex lons, in whieh the half.wave potential
varied with the concentration aof the totsl complexing agent.

Stagkelberg's paper on the sclentific basis of polar-
ography had a ghort gecticn on the evaluaiion of complex
ions with the half.wave potentlal method (41). It was more
completely treated ln the later paper of Stackelberg and
Freyhold (42). They listed the limltations of the method,
the moat seriocus of which is the necessity of reversibllity
of the reduction. If the reduetion is irreversible, equi-

librium is not malntalined betwesn the complex ion and its



simple lon, sc that an overvoltsge ie reguired. The poten-
tiel %e then not a true measure of the stabllity of the
complex. The moset relisble test for reversibility, sccord-
ing to these suthors, ls the comparlson of tﬂé anodlec wave,
from the coxldation of the refuced form of ths complex, with
the cathodie wave caused by the reduectlon of the oxidized
form of the complex. DReversibillty iz proved only if these
waves colincide on the potential seale. If one of them is
displaced with respect to the other, the oxidatlon.reduction
system 18 irreversible and ls ugeless for the study of the
stabillity and composition of the complex by polarographic
means. Also, usually the slope of the wave ig less than

the theoretlical wvalue when tThe rsduction 1ls lrreversible,
and tinils hasg been used by Lingane and others as & ceritisrion
for reveralbllity. OStackelberg and Freyhold stated, however,
that thls 1s not reliable, and ecited the case of zincate
thaet they studle@. The reduction wave of zincate was well
formed and had the theoretical slops, and lis half.wave
potentlal varled regularly with hydroxyl-lon concentration,
gilving the expescted value of four for the number of hydrozyl
lons neocessary for lts formation. However, the instability
congtant for the complex obtained polarographlcally differed
reatly from rellsble values obltained by other methods,

inen zinc amalgam was used in the dropping electrede, the



anodle wave was found to have & conslderably different
helf.wave potential from that of the cathodic wave. Thig
showed lrreversibllity, which explained the dlscrepancy
in the values for the instability constants.

Another 1lmitation of this method is that the solution
must be elther buffered with respect to the complexing
agent, or have & high concentration of complexing agent
in comparison with that of the complex ion Af complexing
agent 18 1lberated or taken up in the reductlion. This has
been neglected by some workers, causing thelr results to
be unrelliable,.

A third limitation 1s that since & rather high cone-
centration of supporting electirolyte must be malntained,
the ionlc atrength must of necessity be high. This means
that the aetivity coefficients vary considersbly from 1 and
the instabllity constants obtained are good for that ionlc
strength only. 4lso, becauase of departure of the polaro-
graphic wave from the ldeal shape, the accuracy of the in-
stablllty constant 1s gulte low, because of uncerfainty of
the half.wave potentials,

Another limitation that was pointed out in the extene
silve study of the copper ammine complexes by Stackelberg
and Freyhold ls that because of the necessarily high con-
centration of the complexing agent in comparison with that

of the ocomplex lon, the lower complexes of the metal lon



(ones with fewer molecules of complexing agent) are often
not observed. Generslly then only the higher complexes
of the lons can be studled,

One of the systeme degoribed brisfly in this paper
was the zine oxalate system. Thls one was found to be
obviously irreversible. The polarographlc treatment of
thls complex by Sartori (46) was reported by these authors
to be incorrect.

In the investigation of the iren fluoride complexes
1t was found that the reduction of the ferrous complex to
the metal could not be observed polarographically. Because
of the great stabllity of the complex the half.wave potentlsl
ls shifted to & value more negatlive than the polarographic
range. The ferric-ferrous potential was investigated how-
ever, from which was obtained the ratlo of the instabllity
congtants of the complexes in the two different oxldation
states. Analogous condltions were obgerved with the iron
oxslate system. A very thorough analysis of the copper
chloride complexes waes &2lso reported in thias paper.

Kolthoff and Lingane (43) have devoted a chapter of
their monograph on polarography %o the description of the
interpretation of the polarographlc waves of the metal.
ligand complex loneg and the derivation of the basle equations.

Extension of the method to cases where one complex icn 1is



reduced to another complex ion, where a complex lon ls
reduced in a stepwlse ménner, and where the complex lon
congiste of a neutral weak electrolyte were described in
thls chapter. Examples that were glven of systems that
haed been examined by this method were the blplumblite sys-
tem, studied by Lingane (44), the ferric and ferrous
oxalate system, by Stackelberg and Freyhold (42) and by
Lingane (44), the copper mumine system by these same
authors (42,44), and the mercuric cysnlde system by

Tomes (40).

The paper by Lingane (44) in Chemical Revliews hsd
esgentially the ssme materlal as the chapter in Xoltheff
and Lingane (43). A deseription was inoluded of cases
having several irreversible waves for one aotual reduction
stage, caused by the existence of several complex lonle
gpecles in solution that are only slowly tranesformed from
one to the other, An example glted was the zinc-.ecyanide
comple¥ lons studled by Pines (47). The polarograms for
these complexes have three waves &t low oysnide concentrea.
tion. They disappear ohe by one when the oyanide concen-
tratlion ls inoreased, until finally there are no waves at
high cyanide concentrations. Obvicusly, thisz cannot be
reduction to successive oxldation states, a8 zinc has no

known monovalent salts. Also, there are thres waves, more



than could be accounted for by stepwlse reductlon. It
wags thought that the waves represent the uncomplexed zinc
ion, tetracysnozine and pentacyanozinc lons which are only
slowly lnterconverted, and that at high c¢ysnlde concentra.
tions only the hexacyanozinc ion, which is not reducitle
in the polarogrsphic range, exlsts. Also mentioned were
similar cases of trivalent goldeyanlide complex Aons
gtudied by Herman (48) and the prewave observed by
Brdicke in the reduction of cobaltous chloride (49).
Souchay and Faucherre (4b) described the tangent
potential method of polarogravhlc study of complex lons
that was used prior to about 1935, before the thermody-
nemic significance of half-wave potentials was known, as
well &s the half-wave potentlal method now generally used.
The former method, first used by Heyroveky (60), consists
of obtaining the potential of the ourve where 1t is tangent
to a line with slope of one, both with and without complex-
ing agent. By means of the Nernst equation the concentra.-
tion of the free metal lon in the complexed solution could
be determined from fthe difference in potentials. The con-
centration of the complex lon was then determined by dif.
ference. By trial and error substitutlion into the mass
action equation the number of molecules of complexing agent

per metal lon could be determined, and the average
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inatability constant ocalculated. Souchey and Faucherre
generalized the half-wave potentlial method so that the

data obtalned at the 45° tangent could be used instead

of the half.wave potentlals. Generally any deslired pcoten-
tlals could be used, as long as all of the potentials are
taken for the same ratlo of current to limiting current.
They lllustrated thls method using the tangent potentisls
obtalned by Dodryszyckl for the cadmium and zinc ammines
(B1l) and by Pines for the cadmium-cyanide complex ions
(62). They pointed out that this method has disadvantages
that are not oresent in the half-wave potential method.

ine measurement of potentlal is in general less accurate,
ag 1t 1ls easlier fto construct the half-.wave potential.

Algo varlation of the wave helght may be conslderable, as
1llustrated by the copper-tartrate complex ion in 0.1 M KOH
solution which varles from 97 to 39 mm. when the concentra-
tion of tertrate is changed from 0.004 M %o 0.2 M. This
cauges uncertalnty 1ln the measurement of tangent potentials.
However, the authors of this paper recommended 1t 1ln cases
where there is a pronounced maximum, whlch makes the half-
wave potentlal uncertain. In many of these cases the lower
hal? of the curve is unaffected by the maxlimum, so that the
tangent potentials are here more accurate than half.wave

potentials., They illustrated this by data they obtalned
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with bilsmuth-mannitol and basic antimony-mannitol complex
ions. As examples of the half-wave potential method the
study by Lingene of the stannous-chloride complex lon {(563)
and thelr own study of the cadmlium-pyrophosphate system
were clted.

It was pointed out that in the case of stepwise re~
duetion of complex long heving more than one lonlc oxida-
tion state the data from the flrst wave gives only the
ratio between instabllity constants of the complexes in

“the two oxidation states and likewlse only the difference
in the number of molecules of complexing agent in the two
complexes. The sbsolute values may be obtsined from these
1f the succeeding steps in the reduction are capable of
treatment by the same method. Thus the final reductlon to
the metallic gstate gives the consbantg, for the amalgen
doeg not contasin complex lons of thls nature. Neglect of
thlis has m&de the results of Caglioctl and Sartorli on the
titenic-tartrate complex lons (54) useless according to
Souchey and Faucherre.

This paper also contained an extensive sectlon on the
principel csuses of error in polarographic studles of com-
plex lons. The most frequent of these is irreversiblility.
The criteris mentioned in the discussion of the paper of

Stackelberg and Freyhold (42) were also listed by these
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authors.

Theres seems te be no way to prasdioct whether s system
wlll be reverslible or not by shalogy with very simllsr
systemg., Cited was the ilrreversibility of iron-citrsate
complex lons in alkeline medium in contrast to the iron-
tertrate complex ions in alkeline medium, which are re-
duced reversibly. Also in alkaline solution sntimony-
tarirate complex lons are reduced lrreversibly, whlle the
corresponding complex long with mennitol are reduced re-
versibly. However, some genersl ruleg were stated. One
is that above a certailn concentrstion of reducible lon the
waves are always irreverslble. This maximum concentratlon
is & function of the individual lon, but aeldom varies
greatly from a few milllimoles per liter. Also, the con-
centration of the complexing agent affects the reversglibil-
ity, the reductlon of the lon generally being irreversible
in the presence of very large concentrations of complexing
agent. Some metals, such as copuer, c¢admlum, and lead have
complex iong which are generally reduced reversibly, while
the complex ilons of nickel and cobalt, for example, are
almost mslways reduced irreversibly. In the case of nickel
and coballt even the supposedly uncomplexed lons yleld waves
with emall slopes and all the other c¢haracterlatics of

Arreverslbllity. Thie was attributed to slowness of the
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aquo lon ln bresking dewn to the unhydrated ions that are
reduced at the electrode. In concentrated chloride solu~
tions the wave 1s better formed, probably because the
chloride complex lon 1s more reverslbly dissociated than
the aguo complex. The thiocyanate complex, however, has
the best waves, with the theorsetical slope and more posi-
tive half~wavé potential than the aquo complex,.

Seversl eXamples of published work that ls incorrect
becauge of lrreversibllity of the systems were described.
They found that the zinc-pyrophosphate waves were ocbviously
irreversible, showing that the work on this system by Sartori
(46) is valueless, Also, the same author studled the nickel-
cyanlde complex long, uslng concentrated chloride solutions
as his uncomplexed nickel solutions (55). However, as
shown above, the waves of the nlckel chloride solutlons are
more negative than those of nickel ln thlocyanate solutlons,
ln whiloh nickel ils Xnown %o be complexed., This means that
the nickel in the chloride solutions must be complexed by
chloride, or elze the reduction from thls sclution is ir-
reversible., #lso, 1t wae later shown by Hokhshteln (56)
that the cyanide lons affect the anode potentisl of mercury
pool, Souchay and Faucherre used an external reference
glectrode for this system and found that the helf-wave po-

tentials did not vary with concentration of cyanlde, which
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is an anomaly showing lrreversibility. The reduection of
cobalt ln eyanide solullons was more evidently irreversi-
ble, as The glepe was gulte small. This neans that the
cobalt-cyanide data reported by Sartorl ln the same paper
ls also useless.

Another source of error is trying to draw conclusicns
from data over too llulted a range. These azuthors stated
that the concentraticn of the complexing agent should be
veried at least by a factor of ten, so that the potentlal
may nave & range of at least 59xp/n milliveolis (p is
number of lons or molecules of complexing agent per metal
lon, n lg the number of electrons needed for the reduction
of one couplex ilcn). Here agsin the three clied papers by
Sartorl and Cagliotl were in error, for in genersasl they var-
1ed thelir conceniratlon by a fac¢tor of two, giving such a
ghort range of potentials thnat alacst any concluslons could
be drawn from the data. Solubility and reversibllity d4dif-
ficulties often put & rather severe upper 1limit on the con-
centration of the complexing agent, while the lower limit
le of necessity bouncded by the concentratlon of complexing
agent necessary to prevent asppreclable variation of tnils
concentration due to the smount of complexlag agent whlich
ig liberated durlng the reductlion at the suwrface of the
electrode. Cagllotl, Sartori, and Bianchi (37) negleected

this last requisite, with solutlions in which the ratlio of
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trimetephosphate %o zine was only about two. To further
mnke thls work inaccurate, the stablllty of the couplex
ls low. These two factors combined caused the concentra-
tlon of free zinc lon to be aporeclable in comparlson
with the complex lon, making the basic equations invalid
in thls case.

A thlred comaon csuse of @rror in complex lon studles
ls the neglect of lonlc strength. Jare must be taken to
kegp the lonic strengtn constant by varying the supvorting
electrolyte inversely as the complexing agent, or by have
ing such a large lonle strengtihh that the variation of the
complexing agent concentratlon causes ingignificant changes
in the lonie strength. OCaglilotl, Sartori, and Bianchl (867)
have neglected thls requirewent also. In thelr study of
the trimetaphosphate complexes of lead, zince, and manganese,
they allowed the concentration of trimetaphosgphate to vary
from 0.05 to 0.3 ¥, in the pregence of 0.1 X chloride as
supporting slectrolyte. fHlnce the coumplexing agent is tri-
valent, 2 large change ln the lonie sirength occcurred, the
largest concentration having about twenty tliwes the lonie
strength of the smallegt., Souchay and Faucherre ussd the
gane congentrations of trimetaphosphate and metsl lon as
they did, but had a supporting elsctrolyts of saturated

potassium chloride, The poteatials they oblsined were
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esgentlally constant with metaphogphate concentration,
which lndlcates that trimetaphosphate had negligible con-
plexing actlon on these lons., The variation in potential
that was attributed to the complexation by Sartori and co-
workers was caused solely by changes in lonic strength.

Souchay and Faucherre generalized the half.wave
potentlal method to include ions in which there are two
or more Alfferent ocomplexing agents participating, and
lons whioh include more than one metal atom. With regard
to the first case, the quantity p could readily be deter-
mined for each of the complexing agents if the concentra-
tiong of the others were kept constant., This s not
always possible in practice, for example, in studying
eomplexes in which aniong of wesk aclds and hydroxyl ions
both particlpate. Upon varlatlon of the pH, the lonle
specles of the acld also changes in certaln pH renges.

In the second case they found that the slope of the
curve of half-wave potential plotted against the logarithm
of the eoncentration of complexing agent 1ls --0.059p/mn
(m is the number of metal atoms in the complex lon), and
the slope of the line of half-wave potential versus the
logarithm of the metal lon concentration is -0.059(1-1/m)/n.
This latter slope does not allow any greal accuraey in the
determination of m, as the difference 1ln potentlal only

doubles over a given concentration range when m is varied
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from 2 to infinity for a hivalent metal ion. This dif-
ference in potential when m ls Infinity 1s only 30 mlilli-
volts for a tenfold change in concentratlon of the metal
ion. Also, the probabllity of finding & complex of thils
type that is reversibly reduced is very low,

Souchay and Faucherre illustrated these principles
with thelr study of tartrate mannltol complex ions in
gtrongly alkaline solutlons, where hydroxyl lons also take
part, and where 1t has been shown that scme of the com-
plexes contain more than one metalllc atom. At pH values
above 14, KOH-KCl golutlons were used as supnorting elec-
trolyte. Between 10 and 14, carbonate-blcarbonate and
carbonate-KOH mixtures were used. A borate buffer was
uged for the pH range of 8-10,

In no case was variation of the half-wave potentisl
with metal lon concentration observed, even though 1t had
been expected ln the case of the copper-tartrate complexes,
which have been ghown to have lons with several copper
atoms by eryoscopic methods. They explalned thls by say-
ing that the eryoscopic work was done with hilgh concentra-
tiong of copper, while the polarographlic work was of neg-
essity done with low concentraticns. Evidently the multi-
ple complex was depolymerlzed in more dllute solutions lnto

single complexes.
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The results obtained with lead indlcated that it formed
& complex wlth carbontte which 1s more gtable than that
with tartrate, so thet very 1little could be determined from
these polarograms about lead-tartrate complexes. Three
hydroxyl ions and one mannltol molecule took part in the
formation of the copper complex, giving MOCuO™ with the third
hydroxyl ion neufrallzing the hydrogen ion of the mannitol
replaced by the copper. The copper-tartrate complexes
seemed to have only & single dependence on hydroxyl ion be-
low a pH of sbout 10, two hydroxyl lons taking part at
higher oH values, There seems to be only one tartrate ion
in the complex. For cadmlum-tartrate complexes twe
hydroxyl lone take part at higher pH, none appear in the
lower range. Only one tartrate appears in the complexes.

Antimony and bilsmuth were found to react with three
hydroxyl ilons and one mannitol %o form dihydroxy mannitol
complexes. Pyrocatechol requlree only two hydroxyl ions
for 1tes antimonyl coumplex, as the pyrocatechol 1is doubly
ionized at this high pH.

The ferric-tartrate complex at hlgh pH was found %o
require three hydroxyl lons and three tartrate ions for
ite formation. The hydroxyl lons are consldered to neutral-
ize the hydregen lon removed from one of the carblnol groups

in the tartrate. The ferrous-tartrate ocomplex contalne one
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hydrexyl and two tartrate ions. This differs from the
polerographic gtudy of Toropoeva whe found ferrie monce
tartrate and ferrous ditartrate as the complexes at high

pH (58).

B. Iron Bulfosalicylate and Related Complexes

Sulfoesaliceylic scld was first prepared by Csahours in
1845 (59) and first extensively studled by Mendius in 1857
{(60). Both of these authors prepared the acid by treating
galieylic acid with sulfur trioxlide. Later Remsen (61)
prepared 1t more sgimply by warming salieylic acid with con-
centrated sulfuric aeid, The reasction 1n this way goes to
completion,

The acld and some of its derivatives have been studied
rather thoroughly for thelr pharmaceutlecal properties
(62-65). Its mercuric and zirconyl salts have been used
for.theoretical studlies of sols and gels (66~70). It has
also been used for the precipltation of preteins (71,72)
and for the determination of sulfa drugs in blood (73).

Ite titanium complexes have been used for thé geparation of
thig element from aluminum, chromium, megnexium, manganese,
and phosphates (31-33, 74). The uses of 1%s ferric complex
for the determination of iron, boron, and fluoride have baeen

mentioned in the introduction. Gutzelt and cotheras have alsgo
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used 1t for the detection of iron (75,768). The gulfo-
sallcylate complex of thorlum hag been used %o keep that

lon from precipltating as the hydroxide in the polarographlc
determination of zinc (77).

Cther analyticel uses have been reviewed by Welcher
(78). Awmong these were the separation of aluminum from
menganese (33), of thallium from aluminum, chromium, lead,
and manganeee (34), of beryllium from zine (79), and of
nicbium and tantalum (80,81). Determinations described
were colorimetric methods for sodium (82,83), nitrate
(84,85), 2n indlrect determination of calcium or oxalate
(86), and a titrimetric method for copper (87).

A few studles have been made of sulfossllcylate com-
plexes of metsl lone. HMeek has investigated'theberyllium
sulfoéalieylate complex by means of its ultraviolet absorp-
tlon, and has Geveloped from it a method for the spectro-
photometric determination of beryllium ln a2luminum and
other metals (88), He found that the complex has two
sulfosalicylate lons for one beryllium ion, and that the
hydrogen 1g digplaced from the phenolic group of the sulfo-
salicylate, so that it is a tetravslent lon. It is most
stable at a pH of about 10.5 and the instabllity constant
for its equillbrium with whatever beryllium specles is pres-
ent in aolﬁtion at that pH and dlvalent sulfosalicylate is



2.1¥107° at 25e,

R. C. Anderson and co-workers have investigated the
sulfosalicylate complexes of a serles of metal ions spec-
trophotometrically by Job's method of continuous varia-
tions (82). Along with Turner he studied the cupric-
sul fogalicylate complexes (90). At pH 5 one copper ion
was found %o be comblned with one sulfosalicylate lon in
the complex, which has an lnetablllty conatant of 2%10~9
at 26°, At pH § they found that there are two sulfosali-
cylate lons for each copper in the complex, and that the
inatebility constant is 8x10=7 at 25°. These instability
constants are valld only at the ionlc strength used, which
was asbout O.1.

Foley and Anderson found that the uranyl ion forms
bnly 8 1:l complex wlth sulfogalicylate, which is most
stable at p¥ 4.5 with a XK' value of 1.93x10~% at 25 and
ungpeeified, but econstant loniec strength (81). (Yhen the
K i1g primed in the present paper, 1% slgnifies that it 1s
in terms of concentratlons insteed of aoctlvitlies, and is
therefore valld only at the experimental ionic strength).

Preliminary studies have been made by Tompkins and
Mayer wlth regard to the use of sulfosallicylate complexes
of europlium and promethium for the separation of these
elements by lon exchange msthods (92). They used radio.
lgotopes to determine the distribution of the rare earths

between the resin and the solutlon.



All of the previous work on the iron-sulfosalicylate
complexes has been spectrophotometric or colorimetric.
Alten, Welland, and Hille claimed that only the ferric ilon
gave a2 red color with sulfosalicylate in &cld solutions,
but that both ferrlic and ferrous lons gave fthe alksline
yellow color (B). They used this 3o determine ferric and
total iron. Thiel and Peter showed that the ferrous ion
d4id not form a colored complex with sulfosallicylate, but
that in alkaline solution it was almost lmmediately alr
oxldilzed %o the ferrlec-sulfosalicylete complex (10). They
suspected thls because the yellow color of both the ferrous
and ferric "complexes'! had the same intensity, a fact which
would be rather surprising, if each was & separate ionic
specles. They added hydrosulflte to & solutlon of the yel-
low complex, and the solution became coloriess. If air was
shaken 1lnto thls solutlon, 1t rapidly turned yellow agaln,
but slowly became colorless again on sgtanding. This showed
that the yellow ferrle-sulfoselicylate complex was very
stable, and there wae a strong tendency for the colorless
ferrous specles %o be oxldlzed, These resulis were con.
filrmed by the present author,

The absorption spectra of sulfosallcylate solutions
containing ferriec lon was found by Kennard and Johnson t»
have flat regions of transmittancy at pH values of around

1.5, 5.0, and 8.2 (21), which might indicate three complexes
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with maximum stabllities at these pH values. Honnisr,
Rusconl, and Wenger, ln the development of the method
for the determination of fluorlde using this complex,
found that the full color development of the complex was
obtalned in acld solutlon when there was &t least one
mole of sulfosalicylate per mole of ferriec ilon (29), in-
dlcating a 1:1 complex.

Foley and Anderson made an extenslve spectrophoto-
metric study of this complex lon (38). Using Job's method
of continuous variations they found that the complex con-
tolng one sulfosgalicylate lon at pH 2.4 and below, in
agreement with Monnier, Ruseconi, and Wenger. K' 1s
1.%x10-% st pH 2.38, lonic streagth 0.061, and 2,1x10~%
at pH 0.9 and ionlc strength 0.153. At higher pH values
the Job's methed treatment seemed to indicate that the
complex had more sulfosalioylates, even up tc flve or more,
This appearance of lperease of sulfosallcylate content was
attributed by the authors to hydrolysis of ferric lon and
change in lonic species of the sulfogalicylic acid. They
believed that these results do not repregent the composi-
tlon of real complexes. They found that at high pH, ferric
perchlorate solutlons absorb more strongly than the ferric
sulfosalicylate solutions, because ¢f the formation of

hydrous oxide sols.
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Lacrolx and Labalade in their recent paper on the
determination of flucride using this complex (30) referred
to Bertin's, &s yet unpubllghed, work on these complexes
(36). He concurs with other authors with the single 1:1
complex in aecid solution. He says that the complex prob-
ably breaks down in-alkelline solution %o form collolidal
ferriec hydroxide, ln the same m&nner as the sallicylate
complex.

The salloylate complexes of ferric iron might be ex-
pected to be similar to the sulfosalicylate complexes,
Babko has reported his studies of these complexes in &
series of papers in 1945 (93.95). He found a violet 1l:1
complex in acid solution with & K of 4x10™%7, At higher

pH and salloylate concentration a red dlsallcylate complex
forms, with a XK of 3.5x10"1%, finally a trisalicylate com-
plex forms at pH 10, which 1s yellow and has a K of 2x10“6.
The last complex ia in dissgreement with Bertin, who sayse
that the complex 1s broken down to the colloidal ferrle

hydroxide in alkaline solution (38).
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III, MATERIALS

for the most part, reagent.grade chemlcals were used
in thils work. A few of the chemicals that were prepared

or gpeclally tested will be descrlibed.

f,  Sulfosalicylic Acid

The sulfosalleyllec acid (S-sulfosalicylic acid) at
first obtained (Eastman white label) was not consldered
to be sufficlently pure for this use. Concentrated solu-
tlong of 1t were dark red, indleating iron impurity, and
a conslderable amount of ilanscluble matter was vlislble in
sugpensgion. 4t was therefore thought advisable to purify
this material by the method of Moser and Brukl (34), which
wag also recomuended by Welcher (78). A satureted alasohol
golution of the acld was allowed Lo stand for sbout 2 week,
after which it was filltered on & sintered glass disec with
guction. In order to recover the solid acid, about one-
fifth of the aleohol wasg distilled off. Because of the
high concentration of the sulfosallicylic aocid, the boiling
point was 117¢., No precipitate of the acid appeared on
cocling to room temperature. The vliscous solution, which
had en odor e~mewhat similar to wintergreen, was then

cooled below 0°, with the result that the whole solutlon
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became white and of about the oconglsgtency of taffy. The
solution again cleared when 1t was warmed %o room temper-
ature. BEvidently much of the sulfosalicylic acid had
been esterified by the alecohol at the high temperature of
the boilling, if not before thls during the week of stand-
ing at room Temperature.

About this time some Mallinckrodt sulfosalicylic
acld was obtalned, which seemed to be of better guality
than the previous material. The solild aciu was white, in-
stead of pink, had & much wesker plink color when dissolved,
and had less insoluble matter. This ascld was sublected to
the tests recommended by Rosin {96) with respect to loss
on dryling, assay, and residue on ignition, and was found
to be within the 1limits set in thie work. It might be well
to mention that in the determlnation of the reslidue on ig.-
nition, the first samples were lost because the melted acld,
after bubbling quletly for about half a&n hour while beling
lgnited, suddenly became very black and tarry, and qulcekly
bubbled over the top of the platinum dlshes used for the
ignition. This was avoided in subsegquent samples by heat-
ing the sample under an infrared lamp until thig audden
transformation cccurred, at which time the lamps were im-
medlately removed before the melt had overflowed the dlgh,
This tarry masgs cooled to & hard black porous solid which

could be heated agaln without overflowing. The
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Mallinekrodt acld was pure enough that no waves were ob-
talned polarographleally, elther in acid or alkaline

solutlon, when no iron was added.

B, Iron Perchlorate Solutions

The ferrle perchlorate solutlons were prepared by
dlssolving weighed amounts of eleotrolytic iron wire or
granulated primary standerd lron in & nitrle-hydrochlorie
aclid mlxture. These acids were then removed from solution
by evaporating several tlmes fo fumes with a slight excess
0of perchloric acid. The solutlons were then diluted to
known velume. .They contalined a very small amount of ex
cess perchlorie acld, but since the iron was generally 10-4
molar in the final solutlons, the perchloric acid intro-
duced was negligible.

Ferrous perchlorate solutlons were prepared by the
method of Goetz (97). Granulated primary standard iron
was dissolved in fifty per cent perchloric acld with gentle
warming, until nsarly all of the iron was dlssolved. Long
pale green needles of ferrous perchlorate formed in the
golution. These were filtered off and dlssolved in water,
glving a blue solution when very concentrated., The solution

wag stored over the small amount of 1roeon left undissolved



to prevent oxldation. The ferrous salt is very soluble
in water.

Ferroug 1lren in the solutlon was determined by i~
Bration of samples of the solution with cerlic sulfate
using ferroin, i.e., tris-{1,10- phenanthroline)-iron
(II} sulfate, as the indleator. Total iron was deter-
mined by pasaing samples through & Jones reductor, and

titrating as before,

C. Ferric Acetylacetonate

This ocompound was prepared by the method of Urbailn
and Deblerne (98), The commercial acetylacetone was bright
red, in color, probably from the lron and other metals dis-
golved from the metal cap of the bottle., Distlllatlion yleld-
ed a product which was light yellow in coleor. Pure acetyl-
acetone 1s water.white in color, but the distilled liquld
was congidered pur enough for the preparation of ferric
acetylacetonate. About one-half mole of ferric ammonlum
gulfate was dissolved in water and precipltated as the hy-
drated oxide wilth ammonlium hydroxide. This was filltered on
& large glass fritted dise filter funnel and weashed five
times by transferring the precipltate to & beaker, mixing
1% well with two liters of water, allowing the hydrated ox-
ide to settle, and filtering 1lt. The hydrous ferrlc oxlde,
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whlch by now w&s almost entirely free of the odor of
ammonla, was then suspended in 1800 millilitera of water
and treated with about ten per cent excess acebtylacetone.
This mixture wos stirred for twenty.four hours with a
large magnetic gtlrrer, the solution belng kept warm by
the heat of the stirring motor. At the end of this time
the dark red colored needles of ferric acetylaoceionate
were flltered, and recrystalliged twlce from benzene.
(Ferric aaetylacetonate.is very scluble in benzene). The
large crystals obtsined in this way were very dark red in
color and had a strong odor of benzene even after air
drying for several hours. On ¢rushing these ocrystals in
a mortar the materlal hecame orange red in color, and at
first had & strong odor of benzene, which gradually dls-
appeered. The dark red eolored orystale probably had con-
tailned benzene of crystallization.

Samples were welghed out for analysis and heated to
fumes with concentrated sulfuric acld. After digemtlon
at thig temperature for & while the solutlon became dark
brown in color because of partial decomposition of the
acetylacetone. Thls was then treated wiih hydrogen perox-
ide seversgl tlmes and bolled to decompose the brown col-
ored material. After the solutlon cleared, there remalned

in the solutlon & preclpltate of dehydrated ferric sulfate.
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The solution was diluted with water and gently heated.

In most cases the ferric sulfate dissolved within an hour,
but one sample regqulred treatment with hydrochloric acld
to dissolve this precivitate, followed by evaporating to
light fumes of sulfurlc acid to remove the hydrochloric
acld., The solutiocong were then diluted to one hundred
milliliters, passed through & Jones reductor, and titrated
with standard ceric sulfate using ferroin as the indicator.
The results obtained were 16.07, 15.75, and 15.91 per
cent, as compared to the theoretlical value of 15.81 per
cent iron in fthe compound. Urbain and Deblerne found 15.6
per cent. Discarding the first regult found here, &s it
wag notlceably over-run in the titration, the average 1is
15.83 per cent. This value was conslidered to be & satis-

factory check with the calculated value.



IVv. APPARATUS

The Sargent Model XII Polarograph, with photograph.-
ically recorded current.voltage curves, was used for pre-
liminary work on thils system. Mosgt of the work was done
using the Sargent lodel XXI Polarograph, which records the
curves with & Brown recorder.

The polarcgraphic cells used were the H-type oell of
Lingane and Laitinen (99) with only slight modificatlon.
This congisted of two cylindrical half-cells Joined by a
erogs-arm about one centimebter above the bottom of each.

A sintered-glags dlsc with an agar plug saturated with
potasglium chlorlde allowed the necessary electrical migra-
tion but prevented diffusion and convecotion between the
halfwcells. On the agar silde of the disc was & saturated
calomel helf-cell. The other half-cell contained the
dropping mercury electrode and the solutlon %o be studled.
This half.cell contained the side-arm through which the
hydrogen or nitrogen used for freeing the solutlon of oxy-
gen was introduced, The orinclpal modifications intro-
duced here were the placling of the sintered-glass digc at
the dropping mercury slde of the cross-arm lnatead of the
center of 1t, and the lntroduction of & stop-cock at the

bottom of the dropping mercury half-cell. Both of fthese



faclilitated draining and cleaning of the half-cell with
the minimum disturbence of fthe calomel half-cell.

A bridge consisting of an asbestos fiber sealed into
the glass cross-arm of the H-type ¢sll was used for a
while. This seemed to give results that were in agreement
with those obtalned with the sintered dilsc-agar bridge cell
at Tirst., After some use, however, the polentials obialned
with the asbestos-bridged cell became more negatlive than
those of the agsr cell. This effsct seemed to be propor-
ticnal to the current of the polarograms. The best ex-
planation seemed %o be that the high concentration of per-
chlorate lon in the dropplng electrode half.cell eombined
wlith the saturated potassium chloride in the calomel half-
cell to cause a precipitation of sparingly soluble potass-
lum perchlorate in the bridge, thus inocrsasing its resist-
ance. This ecsused an IR drop that was included in the
apoarent half.wave potential., This effect of & high re-
glatance in causing errors in half-wave potentlals that are
propertional to the current at the half-wave potentials hsas
been mentioned by Lingane and Vandenbosch (100). Hiss Doris
V. Stage of thls laboratory, using the same ¢elle found
that the diffuslon current for chromium was smaller for the
agbestos cell after this effect became noticeable, as

would he expected with the increased reslstance.
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For some of the pH work an H-type cell modifled sim-
ilarly to that of ¥Meltes (101) was used. The dropping
mercury part of thia cell wae made from & tall form two
hundrsd £ifty milliliter 5eaker. A& npumber 14 rubber stop-
per was turned down on a lathe so that it flt this beaker,
and slx holes were bored Iin it. Iwo were for pH meter
leads, two for microburets, one was for the dropping
electrode, and one, fitted with & bunsen valve, was for
outlet of nitrogen. Using this cell 1t was possible to
run gseversal polarograms on one solubtion by adding various
materlals between polarograms from mlerocburets, and stir.
ring a few minutes wiith the nitrogen bubbler. The solu-
tiong added from the burets were previously flushed with
nitrogen.

The dropping elestrodes used were supplied wlth the
pelarograph, and were the conventional type firgt used
by Heyroveky and 1llustrated in ¥olthoff and Lingene
(43, p. 241). Temperature was controlled at 25° + 0.5° C
by & constant temperature bath with a Merc-to-iMerc reg-
ulator, It wag necessary to stop the atirring motor of
this bath whlle the polarograms were being made, as the
vibration cauged the drops to fall too rapldly. Oxygen
was removed by flushing with nitrogen for at least fif.
tesn minutes. Orxrdinary commercisl nitrogen was used for
8 while with the residual oxygen removed by an alkaline
pyrogallol bubbler. Later nitrogen speclally purified
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for gas analysis was obtalned from Hatheson in botiles
of geventeen cublce feet capacity. This wase found to be
gsufflciently pure that the pyrogallol was unnecessary.
In faet, for most polarogrephic purposes ordinary com-
mercisl nltrogen is now sufficlently free of oxygen.
Beckman models M, &, and H.Z pH meters were used av
varioug times for pH control of the solutions studled.
At high pH type B glass electrodes were used or correc-
tions were made for sodium lon error wnen ordinary glaas
electrodes were employed. Consliderable trouble was exper-
lenced with pH messurements of solutions with high per-
chlorate ion concentration. There was & repld drift of
meter readings to lower pH values with time of lmmersion
of the elsoetrodes in the solutlons. The source of trouble
sesmed %o be in the calomel electrode of the pH meter,
since the reading went back to its original value after
that electrode had been sosked in water for a short tlme.
The ordinsry bridge used ln the calomel electrodes is an
agbeatgs fiber sealed ln glass. It was thought that this
type of brldge might be the source of trouble. Some read-
ings were taken with a Leeds and Northrup pH meter that
had a calomel electrode with a sintered glass bridge.
The readings drifted as badly with this bridge as wlth
the asbestos fiber bridge. A gpeclal Leeds and Northrup
calomel electrode wasg obtalned that had a brldge that



conglated of & ground glass Jolnt that could be flushed
out by turning the two parts thus joined with respect to
gach other. The readlngs obbtasined with this electrode
314 not drift as rapldly as the onesg from the other types
of bridge. Yoet of the pHd values used in thls research
were obtalnsd using the asgbestos fiber bridge with the
resding obtained as soon as poassible after the electrodes
were lmmersed in the solutlons.

For the spectrophotometriec study the Beckman model
U spectrophotometer with a hydrogen dlscharge ultra-
violet source was used. OJuvettes used varied from 0.598

to 1.000 centimeters in cell length.
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V., HETHODS

The method of treating the data whioh are obtained
from polarograms of complex lons that is outlined below
ig essentially that described by Kolthoff and Lingane (43),
The reduction of a complex ion to ancther complex ion
ef & lower valence state may be consldered to conslst of
three processes. The first is the dissoclation of the ox.
idized complex into its simple lons:

Mxn+pb
P

=M+ pr (1)
where n 1s the charge of the oxldized free metal ion, p the
nuzmber of molecules of complexing agent included in the com-
plex lon, and b the charge of the ion of the complexing
agent, Letting amo be the activity of the oxidized free
ion, ay that for the complexing agent, and amxo the value
for the complexing agent, the instablility constant Kp of

this complex lon then becomes;
oy ) (ay)P

The second process is the reduction of the eimple oxidized

K

. (2)

lon to the simple reduced ion at the elestrode:

¥? 4 (nem)e = MO (3)
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where m ls the charge of the reduced free metal ion. AL

25° C the Rernst equation for this reduction is:

- - 2.0881 R
£ = Re ,H:En_legT“,mT (4)

where M 1s the actlvity of the free metalllc lon in the

refuced state, The third process is the formation of the

conmplex of the reduced metal iong

M3 4 qu m{g"bq (5)

where q is the number of molecules of complexing agent in
the reduced complex, The instability constant of this
complex ion is:

& ay}d

{ MR) (ay}

Key = 6

where aMXR is the:aetivity of the complex ion of the metal

in the reduced state. Comblning these equations by the
elimination of the simple oxldized and reduced, we obtaln

upon replacing the activities by (C) (y):

(G, (CyY+)P-1
- g&__g; Log ( Kp) (Cy ) () (Ox x) (7)

G ‘
Ko Cx T aix,

At the dropping mercury electrode the concentrations
of the complex metal lons that enter into thls relationehip
are those at the surface of the drop, which we shall denote
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as G“MO and G“HR' Assumlng that the complex ions are

suffliclently stable that the concentrations of the simple
metal ions in the mein body of the solutlon are neglipibly
small, only the two complex lons are brought to the elec
trode by diffuslon. Under these clroumstances the con-
centration of the reduced complex lon 8t the electrode 1is
proportional to the current and the decrease of the con-

centration of the oxidized form is likewlse proportional

to the ourrent, or:
Ky Of i, and k (¢ -Gy ) i
Mg VMR, =+ MR, VUMK, UMK, - (8)

where the k's are a function of the diffuslon coefficlente
of the complex ions and are characterliagtlic of these ions.
However, the concenitration of the reduclble substance in
the body of the solution lg proportlonal to the diffusion
current, a fact that 1s so useful in the determination of

lons by polarography. The szecond of these relationships

bsoomes then:

= (15 - 1) (a)

Sunbstltuting into the equation for the potentlal this

gives:

(%) Grux )(GxXX)p'q(i)(kMXO)
o 0.050 R 0
E-E . %h"grxo)(mxomd =TT ) (10)
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At the hall-wave potentiel g~ 1 m 1 = lid, end the

- <

above expression reduces %o

{KR)(XHX (Cxxx)p”q(k A )
(B3) = Be _ Q0801 R ™o (11)
= e - YKQ)(XMXO)(EMXQ)

The half-wave potential of the simple lon may be derived
gimilarly to be:

() Oy )
(53) g = Eo _ Q0891 furg Mg

- 1 (12)
Nem Dg(xu )/kMR)

The difference of the half-wave potentisls of the complex

and simple ions igs then!

E) L = Q- 05 . 0.0891(p=-q)
(By), - (Bgd, Amil KR n_m~£g~9}log Cx

p-q
- o.ose1, oy )Yy (kqxo ((M )(kM )

n-m (?MX )(RMX )(KM )(km ) 12)

If this difference of the half-wave potential of the
complex and simple lons is plotted agalnet the logarithm of
the concentration of the complexing agent ;t i1s readily seen
from equation 12 that & stralght line with the slope -0.08691
(p~q)/(n-m) should result. Thie may be used for the calou-
lation of the difference of the number of molecules oxr ions

of complexing agent in the oxidlzed and reduced complexes,



40

The sum of the first and third terms of the right side
of squation 13 1s the intercept of this stralght line. If
1% 1s assumed that the ratic kﬁxoka/kMXH#Mb in the last

term is approximately one and if molarities are used in.

stead of activities, equation 13 becomes:

0.0891, , gK

Nl K

%
- Q - 0.0691(p~g) o (14
(E%)c - (E%)s = ﬁ m log Uy )
in which X} and K} are the molar instability constante for
the oxldized and reduced complexes respectively. The inter.

cept then becomes 0.0691/(n-m) log KA/KL. These ratios

of diffusion current consgtants may in some cases be deter-
mined from the ratic of the cathodic to the anodlio diffusion
currents for the same concentration of oxidized as reduced
form. In the casse gtudled here 1t was not possible to in-
vestlgate thls relatlonshlp for the simple lon because the
anodic wave could not be observed wlth mercury electrodes.
The half.wave potential for the ferric wave was more pos-
1tlve than the potentlsl of the saturated calomel electrode,
g0 that for & solutlon of both ferric and ferrous lons
there wsag only the cathodlce wave that began at zero poten.
tleal.

The thermcdynamic equillibrium constants cennot be
determined by this method without knowledge from some other

gource &g to the variatlon of activity coefficients of the
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perticlpating specieé with lonlce strength. The usual
method of cdetermining this absolute constant without data
on individual zc¢tivity coefficlents consists of determin-
ing the K' values at various ionic strengihs &pproaching
infinite dllution. On plotting these constants against
the square root of the ionic strength, sn extrapolation
to 7zero lonlc strength gives an approximste value of the
true instablllty constant, since by the Vebye-~-Huckel
limiting law the activity coefficients are proportional
Yo the square root of the ionlc strength &t very low
ionic strengths. In the polsrographic method the require~
ment of & supnorting electirolyle prevents the determins.
tion of the consgtant at ionic strengths low enough to
eporoach the 1indlting law stralght line.

In the case where the cowplex ilon isg reduced to a

sietallic state that forms an samalgam, equatlion 13 becomes:

- . 0 :
(Ey)o - (By)g = ©08810g k) - 008010355 ¢

p
T LA P UL (18)
n Wx! iy

If the metal is not goluble in uwercury, the equatlion be-

comes:
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(E,;_) - (E%) - O gﬁg log Ko - _O._-Q.g.g_lp.log GK

L 8

00801, PGy () 26)
11

°8 T (o)
It will be noticed that in eguation 16 the half-wave po-
tentlals are not independent of concentration of the
metal lon.

Since iron is not soluble in mercury equatlion 16
would apply for the reduotlion of the Tferrous complexes,
and equation 13 appolles for the reduction of & ferric com-
plex te a ferrous complex. However, all evidence seems to
indicate that complexation of ferrous lons by sulfosalley-
late is negligible. If the ferric complex is reduced to
the slmple ferrous lon, the situation Le similar to the
reductlon of the complex metal lon to thesmalgam, and
equation 16 ean be used, with the modification that *n.m®
ig substituted for "n" in the denominatore for the co-
efficientes for the logarithm terms.

The slopes and intercepts of the lines obtalned by
plotting the differcnce of the half-wave potentials of the
complex and simple lone agsalnet the logarithm ¢f the con-
centration of the complexing agent were determined by the

least squares method. The line obtained by this method has
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the minimum value of the sum of the squares of the
deviationg of the experimental points,

The general formula of a straight line 1s:

y= a-+ bx (17)

If X and Y are respectively the individusl values of x

(in thie case the logarithm of the concentration of com-
plexing agent) and y (here, the difference of the half-
wave potentials of the complex and siample ions), the devia-

tion of an experimental ¥ value from a straight line is:
=Y~ (& +bX) {18)

The sum of the squares of the deviations 1s:

a2 = XY - (a + ‘t:a}{))2 (19)

For this to be 2 minimum the partlal derlivatlives with

respect to 2 and b must be zero.

if.g;z.z-zzw.- (& + bX)) = O (20)
Y = na +5b X (21)

5
.‘2.5.%.:—22()() (Y - (& + bX)) =0 (22)
IXY = alf + bIX® (23)

where n is the number of individual pleves of data used



(n must be greater than 2). Solving equations 21 and 23

for & and b we obtain:

b = ZX5¥ - niXYy

(1%)°- nrx” (24)
and

n
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VIl, EXPERIMENTAL
The ferrie and ferrous complexes will be considered
separately, even though the data from the two lonic states

were generally taken from the same polarograms.

A, Ferric Complex

Bince some have doubted the presence of a sulfo-
gsallcylate complex of ferric iron in alkeline sclution
(30,36), it might be well to cite evidence for its exist-
ence. The explanation of the yellow color of the a2lkaline
solutions 88 ecaused hy cellolidsl ferric hydroxide does not
explain the propertles of these solutions very well., The
yellow color was much sironger in these solutlons than in
simllar sclutlions with the same concentratlon of lron,
icnic strengtn, and pH, bat without sulfosallcylate. Also,
the sulfosallcylate selutions were much more stable, show-
ing no precipitation after months of standing, while the
golutlong without sulfosalicylate had almost complete pre-
eipitation in about an hour., The phenomenon of almost
instantaneous oxidation of ferrous ione by &ir in the
presence of alkalline sulfosalieylate, whlch was first des-
eribed by Thiel and Peter (10) and confirmed polarograph.

ically in the present investigation, would also indlecate
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that the ferrilc ion species is much more stable %than

in the absence of sulfosalloylate, as in the latter ocase
no such rapid oxldation was observed. Polarographioally
also ferric iron behaved differsntly in sulfosalioylate
golutions. JIn the abeence of sulfosalicylate only a

wave at O and one ~1.45 volts with respect to the saturated
calomel sleotrode, were obtalned when polarograms were made
2 few minutes after the solutions were prepared. These
waves were the same ones obsgerved for ferrlc lron ln acid
golutions. If the solutions were allowed to stand until
the hydrous oxide had been preoclplfated, the same waves
were obtained, but they are very small. In the presence
of sulfosalicylate no wave was obialned at O volt, but
there were waves at -0.6 vold, 1.0 volt and -1.46 volts.
The last wave, attributed to the ferrous lon was the =zame
for the two types of solutlons, but the first one, which
evidently represented a ferric apecles, showed a strong
negative shift of potentlal from +0.51 volt ¥g. the sat-
urated calomel eleotrode the half.wave potentisl of the
aquo ferric ilon. Thls indicated a strong stabllizing ef.
feet of the sulfosalioylate on ferriec iron., There is no
reason Lo believe & oolloid of hydrated ferric oxide should
be so much more stable toward both reduection and preclpita.

tion in the presence of sulfosallicylate than in 1ts absencs,
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especlally at the high ionic strengths used. This would
seem to be rather strong evidence that the ferric ion is

complexed by the sulfosaliceylate ion.

1. Effect of pH
Ag most of the work with thie complex wae done in

golutions of pH in the vicinity of @, a pH study was made
over a pH range of 8.38 to 10.22, with 0.3%5 M boric acid
present asg & vulfering agent. The solutliong were 0.0001 M
in ferric lon and 0.02 M in salfosallcylate. The ionic
strength of the solutlons was brought to 0.6 by the add-
itlon of sodium perchlorate. The data from this experi-
ment are found in Table 1. ©Some trouble was encountered
with & maximum that occurred at a constant potential of
-0.74 volt, which became merged with the ferric wave at
higher pH values., It was finally decided to construct the
diffuglon current platesu through the minimum that follows
the maximum, for the sake of uniformliy. This made the
half.wave potentials more negatlve and the diffusion cur-
rents slightly greater than 1f the plateau was constructed
at a potentisl more positive than the maximum,

Three waves were obgerved ln the polarograms of these
solutlons. They ocourred approximately -0.6, -1.0, and

-l.4 volbs with respect to the saturated calomel electrode,
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TABLE 1

Varliation of Half-Wave Potentisl
and Diffusion Current with pH

Half-Wave Diffusion
pH Potentlal, Current,
volte vs. 5. C. E. microampere
8.38 »g.gEQ 0.%2
-1. 0.
al.boz 0.364
8551 "“0.“"88 0.113
wl. 09k 0.061
""1014'17 00 370
8.65 -0.50% 0.1&2
-1.112 2.02
-1,422 0.342
8.65 ~0.521 0.154
-1.03k 0.076
”1.“’33 O.Lg‘83
8‘88 "'0-5 0 0.133
-1, 428 0.1383
9,09 -0.561 0.106
‘.10 086 0. Ou’?
~1. 446 0.352
9.26 -0.561 0.131
~1.088 0.052
9,48 «0.596 0.103
~1.b6 0.31
9.70 -0,62 0,092
-1.093 0.072
9.77 ~0.62 0.112
~«1.103 0.089
~1,490 0.288
-1.120 0.077
-1.502 0.296
10.22 -0.663 0.121
-1.081 0.061
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The first wave represented the reductlon of the ferrie
sulfosellcylate complex. The best line for the relation-
ship between the half-wave potentlsl and pH for this wave,
as determined by the method of least squares, was as

follows:

Ey w 0.3300 - 0.0085 pH (286)

The calculated value of p/n, whiech in this case was equal
to p, was 1,67, This would probably indicate that the com-
plex contalns two more hydroxyl ions than the ferrous com-
plex. On the agsumption that the ferrous complex contalned
one hydroxyl lion, the number of hydroxyl lons asscoclated
with the ferric complex is then three.

The second wave was of uncertain origin. It was nearly
independent of pH, The equation of the straight line that
corresponded best with the date on the variation of halif-
wave potential with pH is:

Ey = -0.948 - 0.0148 pH. (27)

The ealoulated p/n value for this wave isg 0.26. This means
that n would have to be four for p %o be equal to one.

The ferrous wave 1e¢ consldered in the gsection on the
ferrous complex, Experlments with the variation of half.

wave potential with pH over a larger range with nitrate and
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sulfate as supporting electrolyte are described in the

section on effect of anions.

2. Effect of sulfosalicylate concentration.

In acid solutions of pH less than 4.5 the only wave
appearing in the polarograms was at a potentlal more
posltlive than the saturated calomel electrode, so that
the current lncreasses to almost 1ts full value as soon
as the clroult is completed. These waves could not then
be studisd by the msethod used here becguse the true half-
wave potential could not be observed. For this reason the
study of the varlation of the half.wave potential with
sulfosalicylate concentration has been restricted malinly
to the yellow alkaline complex. From pH 4 %o about pH
10 sulfosalicylate 41d not act as a buffer at all., Since
the half-wave potential changed with pH above pH 8, in-
dicating liberation of hydroxyl lons on reduction, 1t was
essentlal for the selutlons to be buffered to obtain re-
liable half-wave potentials. Otherwlse there would have
been local changes in pH at the dropplng mercury electrode,
which would have caused the half-wave potential to Dbe
erroneous. DBorle acld was declded upon as a buffer, since
it sesmed to have little complexing effect on iron. Wlth
this buffering agent the optimum theoretical pH was 9.2,

a8 the firast lonilzation constant of borlc acid is 6.4 x
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10-10 (L02). For this reason pH 9 was taken as the one
at which most of the work vwould be done. The solutions
were 0.5 M 1ln Sotal borate, 0.0001 M in iron, and had an
lonic strength of 1. The sulfosslicylate concentration
was varled from 0.00486 to 0.2067 M, The half-wave poten-
tiale and diffusion currents obtained from polarogrems of
these solutlons are found in Table 2.

ihe least squares egquation for the first wave was

caloculated to be:

n

By =—0.896 - 0.1680 log (Tga) (28)

where {Tgg) ls total sulfosalicylate concentration. 'This
glves a calculated value of » of 2.8, indloating three
sulfosalicylate ions in the complex above the number in
the ferrous complex., Asgsuming thet the ferrous complex
has one hydroxyl ion and no sulfosallcylate lons, the
ferrlc complex then hasg three sulfosallcylate lons and

three hydroxyl lons. The dlsasoclation of the complex may

be written as follows:

Fe(H85) 4(08) 5~0 = Fe*® + 3Hsg™ + 5 ou™  (29)
and:

gl _ (Fe*td) (uss?)% (ou)®
(Fe(HSS) 5(0H) 5~5)

(30)
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TABLE 2

Half-Wave Potentlales and Diffusion Currents
with Different Sulfosalleylate Concentratlons

Half-Wave Diffusion

(Tes) log Potential, Current,
mole/1 {Tas) volts vs. S.C.E, micrecampere
0.00486 -2.313 ~0.520 0.186

«1.392 0.310
0.010473 -1,982 -0, 568 0. 420

“10 308 0. 518

-1.382 0.322
0.02047 -1,.689 -0,586 0.280

(=0.98)*

~1,416 0.381
0.0kgyg -1.302 -0.847 0.23
0.1002 0,999 -0.764 0.138

-1.027 0.069

-1,502 0.408
0.2067 -0.685 (-0.89)»

-1.536 0.548

* Half-wave poitentials in parsnthesls were estimates
for waves that were too small or too poorly formed
for accurate megsurement.
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Ignoring setivity coefficients and diffusion current
constants we may modlfy ecuatlon 12 for the present case

ag follows:

(E3)e = 0.51 = 0.0591 log K%/Ké - 0.0891x3 log T,

- 0.0691(2) (pH-14) (31)

where K% may be represented as:
Ky = (Fe*2) (o) (52)
( FeOH' )

If the nearest theoretleal slopes were used and lntercepts
recalculated by the least squares method, usling these

slopea, equations 286 and 28 become respectively:

Ey = 0.521 -~ 0.1182 pH (33)

e
]

By = ~0.915 - 0.1773 log (Tgg) (34)

From the intercepts of these equations the ratlo Ki/Ké

nay be determined. The values obtained for this ratio from
these equations were -32.76 and -34.11 respectively. The

value of the conatant K% was not avallable, but 1t would

gseem To be of the order of magnitude of one. K% is then

very probably around 10-93,
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The wave at ~-1.0 volt with reapect to the saturated
calomel electrode was very elusive. Only at the three
higheat concentrations of sulfosalleylate in Table 2 was
thig wave dlstinet enocugh to be meagured. It did not ap-
pear below pH 4 nor in sulfoasllicylate solutions that cone-
tain no iron. Horeoever, 1t did not appear in 0.5 ¥ sol-
utions of sulfosalloylate at any concentration of iron
from 10°° to 0.01 M. In ehloride solutions &t pH 9 1t
appeared only at the very lowest eoncentration of esulfo-
galicylate used (0.02 M). The wave was sometimes seen as
only & small deflection of the polarogram. At best the
wave was gulte small and flat, & condltion lndiocative of
congiderable irreversibllity. Its relationship to the
iron sulfosallicylate system ls quite uncertain, 1t was
most likely casused by some lmpurity, by-product or alde
reac¢tlion in the golutlon. It did not seem to be caused
by another ferric spseles in slow equilibrium with the
first one, as the latter was shown to be reversibly re-
duced in this work. It would not seem to be a ferrous
complex as 1ts potential 1s more positive than other half-
wave potentials observed for ferrous specles. The only
faclors causing positive ghift in potentials of uncomplexed
materials are lncreased reversibllity or & strong complex

of the reduced form of the subatance., The latter may be
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ellmlnated because of the impossibllity of complexes
with the metelllc iron, and the increased reversibllity
wae hardly probable becausge of the greatly reduced slope
of this wave, which of course indloated consgiderable ir-
revergibllity of the reduction.

The three polnts obtailned for this wave fell as
nearl y as could be determined on a stralght line, the

equation of whlch was
E% = -1.204 - 0.1766 log (Tgg) (35)

The slope of thls line colnclded almost exactly with the
theoretical one for a reducible ccmplex containing three

more sulfosalicylate ions than the reduced form.

4,

B. Feprrous Complex

No ferrous complex of sulfeosallicylate has been found
and very little has been said in the literature on the
poaslbility of existence of such a complex., It was erron-
eously belleved by Lorber and others (2, 4, 5, 8, 9) that
the ferrous ion as well &g the ferrlie ion formed a yellow
complex with sulfosallcylate in ammonlacal soclutions. It
was shown by Thiel and Peter (10) that ferrous-sulfo-
salicylate solutions were colorless even at high pH, and

the apparent coloration of the ferrous complex when the
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solutlon was made alkaline was caused by the almost in-
stantaneous air oxldation of the ferrous ion to ferriec
lon in alkaline sclution. The experiuments carried out by
these authors to show thls, made uge of the very strong
reducling properties of godium hydrosulfite. Their exper-
iments are Gescribed in the Literature Survey of the
present work.

The evidence for the existence of & ferrous.
sulfosalicylate complex wae preponderantly negatlive.,
The soclutions, both at aclid and alkaline pH values, were
colorliess in eontrast to most of the known ferrous oom-
plexes, which are highly eolored (g.g., 1,l0-phenanthroline
and 2, 21 bipyridyl complexes). The alkalins solutlons
were very unstable with respect to both oxidation and
hydrolysls to the hydrated oxide. Hydrogulflite was the
only reducing agent tried that successfully reduced the
ferric complex to the ferrous state. Reduction with sul.
fite, hydrazine, hydroxylamine, zinc, formaldehyde and
mangenese were a&ll unguccesaful in alkaline sclutlons.
The yellow ferrle complex was evidently reduced all the
way to the metalllc sgtate by magnesium, as the colorless
golution resulting gave no coloration with 1,l0-phenan-
thiroline. In acld solutions the red complex was readily

dscolorized by sulfur dloxide. These solutlons became
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Yellow very rapldly when neutrslized wlth sodium hydrox-
ide. It was notlced when the work of Thiel and Peter on
the reductlon of the yellow complex with hydrosulfite
wag repeated, that in a short time 2 black colored pre-
clpitate of ferrous hydroxide formed in the solution.
This precipltation ln cases where the solublility product
of ferrous hydroxide was exceeded only slightly showed
that if there wag any complexing action of sulfosslicy-
late on ferrous iron, it was very wesk Aindeed.

The volarographlce evidence wasg also negative. The
wave for the reduction of the ferrous ion to the metal
appeared at -1,4 volts with respect to the saturated
calomel electrods. The best line for the variation of
half-wave potential of thls wave with sulfosallceylate
a8 calculated by the least squares method from the data

in Table 2 was:

Ej = -1.616 - 0.0789 log (Tsg) (36)

The value of p calculated from this slope for n equal %o
two was 2.7, which lndicated a ferrous complex with three
sulfosallcylate long, However, there was no dlsplacement
of the half-wave potential from that of the ferrous lon in
the absence of sulfosallcylate, AThis potentlial was found
to be -1,46 volts which was just about the median value of
the data of Table 2, The varliation of the half.wave
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potential with sulfosaslicylate concentration was probably
caused by the strong irreversibllity that is so evident
from the flattened slope of the wave and the strong nega-
tlve displacement of i1ts half-wave potential from the
standard electrode potential,

The effeet of the pH on thig ferrous wave may be
seen from the data of Table 1, The straight line best
fitting the data from Table 1, as determined by the method

of least squares was:
By = -0,9607 - 0.0635 pH (37)

This gives 1.8 for p. Of course this is not relisble
because of the irreversibility mentioned above. If this
complex is the simple aquo ferrous lon, a&s seems probable,
1% would be expected to have one hydroxyl lon assocliated

with it at the high pH values at whieh the ferrous wave

appeared.

C. Qther Experimentg

In this sectlon are grouped miscellaneous experi-
ments that ere pertinent to this research but were not

convenlently descrlbed elsewhers.

1. Effect of borate.
£ince borate was used as & buffering agent in the

studlies at pH 9, it was & matter of concern whether the
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borate had & complexing action on the iron that might
compete wlith the sulfosallcylate reactlon. If borate
competed with sulfosalisylate, & variation of the half-
wave potentlals and probably of the diffusion currents

with borate conceentration would be obsgerved.

TABLE 3

Variatlion of Half-Wave Potential and Diffusion Current
with Boraete Concentration

Total Borate, Half-Wave Diffuslon
mole/liter Potential Current,
volts vg. S. . E. microampere
0.6 -0,563 0.29
-l.44 0.48
0.2 -0.57 0.21
~-1l.45 0,46
C.1l ~0.64 0.26
-1.41 0.68

Table & shows the results obfalned when the boric acld add-
ed was varied by a factor of five in solutione of 10-4 M
ferric lon in the presence of 0.0056 ¥ sulfosalleylate in
solutions adjusted to ionic strength 2 and pH 9 by sodium
chloride and sodium hydroxlide, No trend was noticeable
elther in half-wave potential or diffusion current for

ferric or ferrous waves.
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2. Z2odlum borate preciplitation

In many of the solutions used for polarographic
study of the ferrlic sulfogallicylate complex at pH 9 a
white ecrystalline preclpltete formed on the sides and
bottom of the flask, This precipitate sometimes formed
on the dropplng mercury electrode, causing erratic drop
rates and therefore greatly malformed waves, It was at
first thought to be potassium perchlorate formed by 4dlf-
fusion of the potasselum ion from the cslomel eleotrode
of the pH meter, as the preclpltate slways showed up on
neutralization. This possibllity was eliminated by
neutralizing the solutions to & pH of 9 as indicated by
pH paper, wlth the result that the precipitate still
appeared. It was not & sulfosalicylate salt, since 1t
epveared even in the absence of sulfosalicylate. This
left only sodium perchlorate and sodium borate &s poss-
ibilitles, It was found to be sodium borate, sincs‘the
supernatant liquld from one of these preclpltates was
found tc dlssolve sodium perchlorate readlly without
precipitation, but wvhen boric acid was added followed by
neutralization, almest lnmediate preclipltation of the
game character of the orlginal precipltate occurred.

In testing the range of concentrations that are free

from preciplitation, 1t wag found that precipltation Just
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cecurred in solutions that were 0.02 molar in sulfo-
salleylate, 0.4 molar in total borate and had ionie
strengths of 0.7 and pH of 9. 1If the sodium ilon was
decreassd by decreasing sulfosallcylate concentration
or lonle strength or pH or 1f berate lon is decreased,

no precipitation was observed.

d. Effect of anilong on the polarogramns

Most of the common anions except perchlorate secmed
to form complexes with ferric iron. Perchlorate was
therefore used in most of these experiments as the aup-
porting electrolyte, to avcid complications from compet-
ing complexes. However, bscause of the drifting of the
pH meter readings in the presence of perchlorate it was
desirable, and Iin some cases almost necessary, to use some
other anion., In the pH study using the large polarographie
cell in which increments of alkall were added directly to
the cell, 1t would be lmpossible to obtaln accurate pH
readings without seaking the calomel electrode in dis-
tilled water between readings, which would have necess-
ltated a very much longer flushing with niirogen before
each polarogram to eliminate The oxygen absorbed by the
solution during these manlpulations. Lkven the ground
glass gleeve bridge~showed gome driftling 1f the sleeve

was not oceaslonally turned to provide fresh potassium



e2

chloride in the bridge. For this resson it was dedided
to test the posslbllity of using other anlions as support.-
ing electrolytes, Accordingly, solutions were prepared
wlth perchlorate, nitrate, chloride, and sulfate individ-
uslly as supporting eleotrolyte at pH 2, 4, and 9. The
concentrations of iron and sulfosallcylate were 16~5 M
and 0.025 M respectively, and the ionic sirength was
0.685 + 0.0056. The data from this lnvestlgation are sum-
marlzed ln Table 4.

The chloride, perchlorate, and sulfate sclutlons
had only one wave &t pH 2, which fell at O volt, and was
therefore not usable. The nitrate solutlon, however, had
a wave at -0,240 and another at .0.553 volt. It seemed
from this that the presence of the nitrate lon stabllized
the ferrioc complex with the eingly ionized sulfosallcylic
acid that predominates in this pH range. This agreed with
the observatlons made in the prepsratlion of these solu-

tions. After the iron, sulfosalicylate, and acld of the

supporting electrolyte solutiong had heen added, and befors

the addition of the sodium hydroxide to bring the pH to the

deslred value, the solutiong had a pH of about 0.5. The
hydrochloric acid solutions were stlll rather yellowlgh
from the ferric chlorlde complex, the sulfuric and per-
shlorlc aclid solutions were failntly pink and of about the

same shade, but the nitrle aclid solutlons had a very
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TABLE 4

Effect of Anilons of the Supporting Elestrolyte

Half-Vave D1ffuslon
pH Anlon Potentlal Current,
volts yg. 2.C.E. microamperses
1.98  chloride (greater than 0) 2,229
2.03 nitrate (greater than 0) 2.496
-0, 245 C.144
-0, 553 0.120
2.04 perchlorate (greater than Q) 2.236
2.03 sulfate (greater than O) 2.788
4,00 chloridse {greater than 0) 0. 568
-0.124 0.220
-0 .47 meximum
-1.458 3.762
3.83 nltrate (greater than 0) 1.864
-0.14 maximuam
-0.46 maximum
-1.416 4,104
3.98 perchlorate (greater than 0) 0.880
=0 .46 maximum
-1.108 0.616
-1,43L 2,762
4,03 sgulfate (greater than 0) 2,152
-0,12 mnaximam
-1,418 4, 380
8.90 chloride ~0,648 0.912
-1.061 0,369
-1,457 1.926
9,08 nitrate -0,626 0,9€0
-1.063 0.616
9.01 perchlorate -0.643 0.810
"10056 0.566
-1.448 1.764
-1.669 0.888
8.88 sul fate ~-0.584 0.510
-1.084 0.759
-1 .456 2,079
-1,704 0.675
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8trong pink color. Thie indleated that in these strongly
acld solutions more of the iron was complexed by sulfo-
sallceyllic agld In nitrice asld solutlons than in hydroe-
chlorie, perchlorie, or sulfurle acld solutions. Hydro-
chloric acld and poasibly sulfuric acld to a legser ex.
tent would be expected to form complexes with iron which
would compets with sulfogallicyllic acld complexes. Howw
ever perchloric aeid ia suppoge& to have no complexing
actlion on metal lons, so that it would be expected that
the wave at ~0.25 volt in perchleric acld would have &
mofe negative half.wave potential and would probably have
a greater step height. This was not the case at all. On
the contrary, no wave appears in perchloric aclid &t pH 2
except the one that begins at 0 velt. This would indl-
cate that nitrate Yook part in the complex. That sulfc-
sallceylic aeld also partieipated was shown by the polar-
ograms of ferrlioc nitrate in the sbsence of sulfosaliocylic
aclid. These showed only the wave &% 0 volt that was
characteristic of uncomplexed and weskly complexed ferric
ion, It was quite evident then that the complex must con.
taln both nitrate and sulfosalioylate lons. Thus the
three waves for the nltrate solution &t pH 2 probably
indicated three ferric complexes in rather slow equilib-

rium with each other. The flrgt wave repregented the
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reduction of the aquo ferriec ilon, the second a complex

of ferric lon wlth both nltrate and singly lonized sulfo-
sallceyllie acld, and the third & complex of ferric ion

with doubly lonlzed sulfosalloylic acid. This latter
sulresalicylate specles comprised about one-third of the
total sulfosallcylate present at pH 2 and lonle strength
0.1 when the sulfosalieylic acld concentration was 0.006
M, according to the brlef study made on the ionlzation of
sulfosalicylle &cld that ig reported elsewhere in this
work. This phenomenon of separate polarographlc waves for
dlfferent complex lons of the same oxidation state of a
metal in slow equilibrium with each other has been ob-
served by Pines (47), Herman (48), and Brdicka (49) as
mentioned in the Literature Survey. 1t was also found in
the case of ferrlic tartrate complexes by Torépova (58) and
Lingans (104). In a recent series of papers Meltes has
shown that copper clitrate, tarirate, and oxalate com-
plexes have two waves for the cuprlc atate in certaln pH
ranges (101, 103, 105).

The variation of the polarograms of the nltrate sol-
utlons with pH at congtant sulfosalicylic acid ¢oncentrs.
tion, and also the varlation with sulfosalicyllec acld at
pH 2 were lnvestligated., The pH study was carrlied out on
golutions that were 3 M in nitriec acid, 0.05 M iIn sulfo-
sallcylic acld and 0.001 ¥ in ferrle ion. The polarograms
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were made usln; a Sargent-Heyrovaeky Model XII photo-
graphle recording polarograph., Some of tle results were
later checked with the Model XXI polarograph used for

the rest of the work reported in this paper. The results
of this investigation are listed in Table 6. The two in-
1tlal waves were present in these polarograms up to pH 3.
At pH 5 both of these waves had dlsappeared. This ine-
diecated that the second wave represented a complex with
the singly lonized specles of sulfosalicylic seid, since
this speoclies was also deocreased to a negligible concen-
tration by the time this pH was reached. The faot that
the first wave had aleo dlsappeared indicated that the
complex with the doubly loniszed sulfosalloylic acld was
stable enough so that there was a negligible concentra.
tlon of uncomplexed ferrle ion in the solutlon., It was
aleo shown in the reversiblillty studles that this complex
weas reversibly reduced, so that of course in this caasse
there wasg only one wave for this oxidation state. The
polarogram of the complexes in the presence of nlirate

at pH 4 that appears in Table 4 had & small maximum at
-0.46 volt Bo that 1t could not be determined whether
there was a wave &t this point, which would fall in a
ptraight line with the points from Table & for the second
wave. There did seem to be a slight deflectlon of the
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regsldual current at sbout this point, indlesting that
there might have been just a hint of 8 wave, which mlght
be expected since nearly all of the sulfosallcylie ascld
ig in the doubly ionlzed state at this pH. The fact that

TABLE &

Data of Polarograms of Slutions with Varying pH
&t Constant Sulfosslleylate, Ferric, and Nitrate

Concentration

Ealf-Wave Diffusion

pH Fotential Current,

volts vs. S.G.E. microsmperes

0.70 {greater than 0) 2.28
«0.17 1.78

2.18 {greater than Q) 2,31
~0.24 2.74

2.97 (greater than 0) 1.87
-0, 31 1.00

-0, 59 0.44

4,87 -0.68 o, 61
9,90 -0,73 35.865
1C.40 -0.79 2,46

the ratlo of the mecond wave to the first was much great-
er for the polarogram at pH 2 in Table b than the cor-
regponding one in Table 4 alaso indiocsated the partlcipa-
tion of nitrate in the complex represented by the sscond
wave, since the large excess of nitrste in the former
would be expected to shift the equillbrium toward the

complex that contained the nitrate lon.
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The least squares method was used to determine the
best equation for the relatlionship of the half-wave poten-
tisls of the second wave to the pH. The line obtained
wag:

B} = -0.123 -~ 0.0699 pH (38)

If this result were rellable, which la doubtful because
of the lrreveralbllity, i1t would Iindlcsate that one hydro-
gen lon is used up in the reduction of this complex.

This could be elther by releasing a hydroxyl ion from ths
complex or by the acld radicsl released from the complex
taking up & hydrogen lon. Nelther of these seem probable
at this pH for thls complex. Very likely the variation
of the half-wave potentlsl with pH wes caused by the ir.
reverslbility of the reduction of this complex.

The wave at -0.6 to ~0.8 voly, which wes attributed
to a ferric complex with the doubly ionized sulfosalicylic
acld appeared at pH 2 in the data in Table 4, but not un-
t11 pH 3 in the data of Table 5. This mlght also bhe
saused by the very high conaénﬁratlon of nitric acld in
the latter case, which shifts the equilibrium toward the
complex containing the nitrate. The wave at pH 3 was
small but very distincet when the polaregram was prepared

with the Model XII polarograph, but was not visible in
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polarograms of the same sclution taken wlth the Model

X¥%1 lngtrument. Possibly the stabillty of thls complex &t
this low pH and high concentration of nitrate was not

great enough to glve & permanent complex, so that it had
decempoged by the time (two months later) the latter
polarogram was made. The halfi.wave potentlals were more
negative than those for corresponding pH values 1n the

- perchloric aclid study, of which the data are listed in
Table 1. This was no doubt caused by the high ilonic
strength rather than by the nitrate, as may be seen from
the data in Table 4 in which the half-wave potential of this
complex in nitrate sclution wasg slightly more positive than
that of the complex in perchldrate golutlon of the same pH
and lonie¢ strength.

As 1s shown later in this gectlion in the dlscussion
of the pE study with sulfate as supporting electirolyte,
there wag a break in the curve of half-wave potehtial
versus pH at about pHd 8, with the curve becoming steeper
above this pH. Thus the four points obtained in this
presgent 1nvest1gation are half in one region and half in
the other. Thus there is little meaning to a line drawn
so that 1t best fits all four of the polnts. However, the
8lope of thie line, which was 0.02, was only about twlce
a8 large ag the slope of the low pH branch of thls curve

in sulfate solutions.
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The ferrous wave at -l.4 volts did not appesr in
these polarograms at all, and only at pH 4 in the nitrate
solutions in Table 4. This wae trus for all supporting
slectrolytes for pH wvslues less than 4, because of the
strong wave of the hydrogen ion reducticn. Thils wave was
very large because of the high mobllity of the hydrogen
ion. Above pH 4, nowever, the ferrous wave appeared in
the solutlong of the other three electrolytes hut not in
nitrate solutionsg, as nitrate 1ls reduced at potentisls
more positive than this. That 1t should appear at pH 4 in
Table 4, but not in Table b was tc be expeocted, as the
greabter quantity of nitrale caused the refuction of the
latter to begin at a lower potential. At pH 2 in Table
4 the wave had agalin dieappeared, slnoe 1t shifted to more
negative potentlals with lnorsaslng pH.

The polarogrems of this system with varying sulfo-
salleyllc acld concentration at pH 2 with nitrate support.
ing electrolyte were carried out with solutiong that had
lonle strength of one and conceniration of iron egual to
0.001 M, Theee datsa are listed in Table 6. Two sets of
polarogrems werée made for these solutlons and both seta
are llgted in this table.

If the equillbrium detwesn the first two waves was
sufficlently slow that there was negliglible interconversion

during the running of the polarogram, the step helights of
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TABLE 6

Half-Wave Potentlalg and Diffusion Currents
at Varying Concentrations of Sulfosslicylate

at pH 2 in Nlitrate Solution

Half~YWave Diffusion
(Tss) log Potential, Current,
mole/l Tes) volts vs. 8.C.E. microamperes
0.0324 ~1.490 {greater than 0) 2.3%
- . Oc
0.0324  <1.490 {greater than 0) 2.68
=0,23 0.65%
0.0572 ~1.243 {greater than 0) 2.67
-0.25 0.9%
0.0872 =1.243 {greater than 0) 2.91
“"002}4’ logu’
0.0693 ~1.159 (greater than 0) 2,47
"0.26 10}4'?
0.0693 -1.159 {greater than 0) 2.61
‘-0026 1.92
0.0932 =1.071 (greater than 0) 2.87
‘"0031 1071
-1.13 1.26
0.0932 ~1.031 (greater than 0) geg%
0.1089 ~0.963 {greater than 0) 2.51
"0-26 2031
0.1089 ~0.963 (greater than 0) 2.58%
«0.25 3.55
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the two waves should be proportional to the concentra-
tlons of the two specles being reduced at these waves.
Then &t constant pH apnd lonic atrength the ratlo of the
diffusion current of the first wave to that of the second
multipllied by the concentratlon of total sulfosalicylate,
ralsed %o the p power should be equal %o a constant, or:

This is not% the equilibrium constant because (1) activity
coefflclents of the three lons involved were not lncluded,
(2) the diffusion currents would have to be divided by
thelr individual diffusion current constants %o obtain the
concentrations of the agquo ferrie and the ferric mono-
sulfosallcylic acid complex, (3) a factor would be needed
for hydroxyl lon aotlivily as shown by the dependence of
half-wave potentlal on pH, and (4) iotal sulfosalicylate
instead of singly lonized sulfosallicylic acld was used
(equation 37). The first two factors were kept constant
by working a% congtant lonie strength. The third factor
did not vary if the pH was kept constant. At constant
ionlec strength and pH the singly lonized sulfosalicyllie
acld ls proportional to the total sulfosalicylate. This
may be readily seen if the concentration of the doubly
lonized sulfosalicylic acld ls elimlnated between the
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following two elmultaneous equations:

o = (H") (Hsg~®) (40)
(HyS5™)
and
(Hos8™) + (ESE=2) = (T83) (41)

This gives the equatlon for the concentration of the

gingly lonlzed sulfosallcylic acld as:

(Hp8s5™) = (K')(Ts8) (42)
(Kot (H"))

Slnee dilffuelon currents are very suscepiible to such
capillary charaocterisgtles as drop rate and height of
reservolr that are changed from one experiment to the
other, the data of the two sets of polarograms were here
congldered separately in calculating K. Tables 7 and 8
llst the calculated K for each solution.

In both sets of data the value for K increased with
concentration of sulfosalicylate for p egqual to two and
decreased for p equal to one. However, tvhe varlation was
not as great for p = 1. 7The ratic of the largest X to
the smallest K wag 1.6 for one and 2.4 for two sulfosgall-

cylates per ion from Table 7.
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TABLE 7

Caloulated K Values (Equation 39).
Flrst Set of Polarograms

( T38) K{p=1) K{p=2)
mole/l

0.0324 0.188 0.00604
0.0872 0.162 0.00929
0.0693 0.116 0.0080%
0.0832 0.166 0.01486
0.1089 0.118 0.01288

TABLE 8

Caleculated X Values (Equation 39).
Second Set of Polarograns

(Tss) K{p=1) K(p=2)
mole/l

0.0324 0.134 0.0043
0.0572 0.124 0.0071
0.0693 0.094 0.0065
0.0932 0.086 0.6080
0.1089 0.078 0.0085

The difference was not as great in Table 8 where the
ratios are 1.7 and 2.0 regpectively. Alsc the K for one

sulfosalicylate deoreases with sulfosslicylate concentration
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as expected LI the equillbrium was rapld enough that
there was some shlft of specles during the preparatlion
of a polarogram. This evidence then polnted to a single
sulfosallicylate lon in the complex. This agreed with
the work of Foley and Anderson, who found that the complex
in this pH range contalned one sulfosallcylate (38).

A4 least gquares caleulatlon of the line for the var-
lation of half.wave potential with sulfosallicylate cone

centration gave the equabtlon:
B3 = ~0.303 - 0.0442 log (Tss) (43)

This gave & wvalue of p of 0.75 or approximately one, which
corroborated the results from the ratlos of the step
heights as well as Foley and Anderson. It must be admitted
that any conoclusions from equation 41 slone would be open
to serlous doubt, both because of the lrreversibility that
vag evident in the exlstence of two waves of the same ox.
ldation state of the metal ln the same polarograms, and
because of the short range of concentratlionsg that the atudy
covered, whioch, comblned with the low degree of accuraocy
with whioch the half.wave potentials were measured, allowed
only & very rough estimate of the slope and intercept of
this line.

Polarograms were algo made of nitrate solutions of

the ferric sulfosalicylate complex at pH 4. The ionie
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strength was kept &t one &nd the concentration of iron
wes 0,001 ¥, Table ¢ contzins the data from this inveati-
gation.

The waves at ~0.4 volt were very small and only ap-
peared in two of the solutlons, so they will be ignored
here. Table 10 showg the regsulte obtained by multiplying
the dlffusion current ratio of the first two waves by the
sulfogalicylale coneentration raised to the p power, after
gguation I7. In this case values of p of zero, one, and
two were used. A p value of two may be readily eliminated
becauge of The great lnorease of X with concentratlion of
gulfosellicylate., The vslue of ¥ for p equal to 2 increased
by & factor of 9.2 whlle the sulfosalicyléate concentration
was only changing by a factor of 2.7. The ratics of the
largest to the smallest X wvalues for zero and one for
values of p are respectively 2.2 and 2.3, which are quite
close together and are hoth reasonable values. However,
the K values decreased with concentration of sulfosalli-
cylate for p equal %o zero, as might be theoretically ex-
pected for an equilibrlum that was rapld encugh that there
wag gome interconversglion of the ilons whlle the polarogram
was belng run, while the varistion for p equal to one was
in the opposite direction.

Thie would indicate that there were no sulfosali.

eylate lona in the complex whose reduction 1s repregented
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TABLE 9

Half-Wave Potentlals and Diffusion Currenta
at Varying Concentrations of Sulfosalicylate
at pH &4 in Nitrate Solution

Half-Wave Diffusion
(Ts8) leg Potential, Qurrent,
mole/1 (Tag) volte va. 9.C.E. microamperas
0.00983  ~2.007 {greater than 0) 0.4k
-0.b60 maxd mam
0,02040 =1,690 (grester than 0) 0.22
-0 B70 maxlmum
"‘09769 0.79
"'ln 09}4‘ OQE”‘
0.04080 ~1.389 (greater than 0) 0.41
~0.b70 maximum
-0.7873 0.59
0.05660 =1,247 {greater than 0) 0.90
(«0.31)
("'1039)
0.07790 ~1.108 (greater than 0) 0.80
-0.133 1.33
0.09740  -1,011 (greater than 0) 0.66
-1.031 0.35
0.20700 -0.684 (greater than 0) 0.6
-0.1653 1.58
0.34100 0.467- (greater than 0) 0.56
‘00163 1-80
-0.400 o.zi
""1.‘,‘!‘09 ’-!’.8
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by the wave 8t -0.16 volt., At least there were no more
sulfosalicylate lons in this complex than there were in
the complex lon reduced at 0 volt. Thie would &gree with
the half-wave potentlal dependerice on concentratlion of
sulfosalleylate which seemed to be zero, at lesst at con-
centrations of thlg ion &bove 0.1 M, Thilsg indicated

thet there was the same number of sulfosallicylate ionsg

TABLE 10

Calculated X {equation 39) Values
Tor nitrate electrolyte at pH 4.

(T88)

mole/1 X(p=0) K(p=1) E(p=2)
0.0779 0.602 0.046€9 0.00365
0.0874 0.694 0.0656 0.00638
0,2070 0,405 0.0838 9.01736
0.3410 0.45811 0.10861 0.03620

in the ferriec complex &s 1in the ferrous complex. As
mentioned elsewhere in thls peper, the ferrous conmplex
seemed to contein no sulfoszlicylate iong. These cone
cilusions from half-wave potential measurements of course
were subject to gross error because of the irreversibillity
as ghown by the two waves for the same oxldation state.
However 1t agreee with the diffuslon ourrent calculations.

Nelther of these methods gave unequivocal indicatlons
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a8 to the nature of this complex.

The wave at ~0.75 volt, whish appeared only in
polarograms of solutions wlth the lowest concentrations
of sulfogallcylate, evidently represented the reduction
of the Terric complex wlith the doubly lonized sulfosal-
ilcylate, even though the half.wave potential was about
0.1 volt more negative than expected at this pH range.
The squation best fitting the relatlonship of the half-
wave potentlal to the concentration of sulfosallioylate

was:

E% e «0.832 - 0.0383 log {Tas) (44)

The p value calculated from thls was 0.6 or about one
sulfosalicylate per complex lon. This 414 not at all
agree with the value of three obtained from the varia-
tion of half.wave potentiel with concentration of sulfo-
salicylate at pH 9 1in perchlorate supoorting electrolyte.
However 1n the rather complete study of the dependence

of half-wave potential on pH in the presence of sulfate
as supnorilng electrolyte reported in the present sectlon,
it was found that fthere was a sharp change in slope for
the half-wave potentisl pH curve at a pH of 8, lndioating
& change in lonlc specles of the complex at thle point.
The complex lon had one less hydroxyl lon below pH 8, and

could very well also have had fewer sulfosaliocylate lons.



80

Also the valldity of any conelusionsg from the half.wave
potentlal sulfosalicylate concentration relationship from
the data on this wave in Table 9 wasg made very doubtful
by the irreversibility of this wave under these conditions
as shown by the presence of two waves of the game oxidation
shate. This irreversibility might aleo account for the
half-wave potential beling more negative than expected.
The range of sulfosalloylate concentrations in which the
wave wag obsgervable was alsc gqulte short, with only about
a four-fold change in concentration where there should be
at least a change by a factor of ten. The appearance of
this wave only &t low concentrations of sulfosalieylate,
while the wave at -0.168 volt appears only at high concen-
trations was not explalnable from apparent composltionas
of the complex lons.

The unidentified wave at -1.0 volt had a half.wave

poten’ al sulfosalicylate concentratlion relatlonship of
Ey = -1.003 + 0.G466 log (Tss) (46)

This would indicate & first degree dependence of the re-
ductlon of the unknown specles on pH if 1t reguired one
electron per ion for reduction.

The ferrous wave at -l.4 volts appeared only at high
concentratlions of sulfosalieylate. The relatlonship be-

tween sulfosallicylats concentration and half.wave
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pobential for this wave was:

E% = -1.,415 ~ 0.0167 log (Tas) (46)

This gave a caleculated value for p of 0.566., This was
rather lnconclusive, probably indicating one hydroxyl ion
per lron. Agalin 1%t most be emphaslized that ferrous re-
ductions are almost invarlably lrreversible, so there was
1ittle significance to equation 44.

The half-wave potentlals of the chloride solutlons
In Table 4 agreed very well wlth those for the perchlorats
golutions. The greatest differences were in the ferrous
wave, ln which the ¢hloride solutlons gave waves that were
27 millivolts more negative at pH 4 and 11 millivolts more
negative at pH'Q, 4lgc the diffuslon currents agreed quilte
well, except for the much larger wave for chlorlde solu-
tions at -1.7 volts.

Polarogrsms were made of golutlions with varying sulfo-
gallcylate concentration at pH 9 in chlorlide medlum, the
data from which were ligted Ain Table 1l. The lonic strength
of these solutions was 2 % 0.1, the iron ccnceniration was
10=% ¥, and the total borate concentration of these solu-
tlons was 0.6 M.

The half-wave potential sulfosalleylate concentration

equation of the wave for the reductlon of ferrlc lons to



ferrous lons, as determined by the method of least

sanarey was as followa:
E% = -0.862 -~ 0,1529 log (Tsa) (47)

This agreed well with ecuation 26, which was the eorrespond.
ing equation for polarograms of solubtlions under simllar oon-
ditiong exsept that perchlorate was the supprorting electro-
lyte. In the present case the slope was a little less
gteep, glving & caloulated value for p of Z.8 &g compared

to 2.8 for the perchlorate golutions. Thue the presence

TABLE 11

Half-Wave Potentials and Diffuslon Currents
&% pH 9 for Varlous Concentrations of Sulfosallicylate
in Bodium Chloride Supporting Electrolyte

Log Half-Yave Diffuslon
(Tas) Potential Current,
mole/l volts ve. 8,0.E. microampere
0.01009 -1.996 ~0.550 0.264
~1.443 0.412
0.01971 -1,705 -0.611 0.266
al.452 0. 568
0.0485 -1.314 -0.652 0.788
-1.488 0.308
0.0989 «1.000 ~0.717 0.258
"‘1 ° 517 O . 442
0. 3130 -0. 604 -0,780 0.174
~1.5B6 0.587

0.5180 -0,.286 -1.613 0.488




of three more sulfosalicylate lons in the ferric complex
than in the ferrous lon was conflrmed.

The ounly other wave appearing in these solutlone was
the wave for the reduction of ferrous len tc the metsl
that spoeared at -~1.4 volts. The half.wave potential
sulfosalleylate conceuntraticn equatlion, whlch has Little
meaning because of lrreveralbllity, wes calculated by the

least gguares method to be as follows:
By = ~1.616 - 0.0952 log (Tas) (48)

This gave a caloulated p/n value of 1.6 indlesting, if the
results were rellable, that the ferrous complex ion con-
tained three sulfosalicylate iens. This of course was
contrary to all the other evidence.

The results obtalned wlth sulfate suprorting electro-
lyte in Table 4 were aporeciably different from those for
perchalorate, especlally for the wave at pH 9 representing
the reduction of the ferric complex to the ferrous state.
In this caco the half-wave potentlasl was 59 millivolts
wore poaltive for the sulfatec fuprorting eleetrolyte, ine
dicating competition between snlfosalicylate and sulfate
az complexling agenta.

in Table 12 were retorded the data of an extensive

atud, of the variation of half.wave potentlal and dlfiusion



TATLE 12
pR Yaplatlon of Helfuave Potontlal
and Riffusion Current in Sodlum Bulfate
Tmnorting Dlectralyte

Hal fedave Diffuslon
ol Jotenilald Carrent,
volts ¥3. 5.0.5, alercamperes
2,87 D074 0.792
2.5 w0, 035 0.296
2023 -3.,082 .57
T84 c.02 0.406
4,00 {greater than &) Q. SB0
(=1.08)
(wlc ‘L )
4,138 {grzater than O) 0.485
4:0 51‘9 “00056 9.‘%08
4:, gz} {"'004 )
B.53 wl) o 442 0.140
-L.124 0.184
"10'{125 0-864
5.59 ("00 4‘.“3%}
(*"1014)
~l.414 0.680
£.00 i}, 406 0.174
-1.426 0.488
&.50 -0, 444 0.177
T N 5 1 0.189
-1 . 488 0,989
Tl -0, 448 0,261
«1.181 0.117
- 438 0.816
8 [ ()’? "‘00 4‘78 O. l&g
-1.130 0.219
wl o 464 Q.886
-l o 440 0.875
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TABLE 12
(continued )
Half-Have Pifrfusion
PH Potentlal, furrent,
volts ys. 8.C.E mieroamperes
9.2 =-0,5585 0,174
~1.129 0.290
w1, 0443 0.840
(-1.74)
"'10151 00136
-l 455 0.910
"‘1‘0 ?2? 0. 11@9
10.12 ~6.6?G 0.180
-1,14% 0.162
""167"!'3 0.151
11‘7 35 “‘90?12 0. 198
“"10139 0. 106
w1, 492 0.453
«l,P43 0.35
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current with pH In the presence of sulfate as supporting
electrolyte.

In this study the two hundred fifty millilliter ca-
pacliy polarographic cell was uged. The dropping clectrode
chezaber was fllled with & solutien that was 0.200 H in
godlum sulfate, 0,01044 ¥ in sulfosallcylic secid, and
0.0N0Z M in ferric lon. After thirty minutes of flushing
wilth nitrogen, & polarogram was made of this solution.

Then a small amount of 0.370 ¥ sodium hydroxide, previously
flushed with niftrogen, was 2dded through the étopper by
meens of & mloroburet. After the solution in the dropping
electirode chamber had agoin been flushed with nitrogen for
sbout & minute %o insure thorough mixing, another polaro-
gram was made, and the pH'determined with & Beckman model

& pH meter by means of electrodes set in the rubber stop.
per. FPolarograms were made of this solution over a pH
range 2.3 to 11.3 by addition of successkve increments of
sodlum nydrozide in this manner.

As shown 1in Yeble 12, five distinet waves appearsd in
these polarograms &% various pH values. The ranges of
thelr half-wave potentizlg wlth respect to the satursted
calomel electrode were as followe: greater than 0,062
volt, -0.406 to -0.712 volf%, -1.124 to -1.182 volts, -1.396
to -1.492 volts, and -1.727 %o -1.745 volis.
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Below pH 4 only the wave &t about 0 volt was present.
This was the wave for the reduction of the one to one com-
plex lon of ferric ion with singly ionized sulfosalloylie
acld, corresponding to the similar waves observed in per-
chlorate and chlorlde solutions. Very little could be
done with this wave, as in all cases the wave began at
potentials more positive than the gsaturated calomel elec-
trode, The helf.weve potentiale could thus be only roughly
estimeted, As in the other supporting electrolytes, the
waves had disappeared when the pH of the solution had
reached five. There seemed to be some tendency for the
half.wave potential to become more poslitlive with lnereasing
pH, &as would be expected under circumstances where the con-
centration of the complexing agent was increasing.

The second wave, &8s well ag the third and fourth
waves, began to appear at pH 4.6, This wave represented
the reduction of the complex len eof ferric lon with doubly
lonized gulfosalloylic acld. This wave had a very sharp
chenge in slope at pH 8. Below this pH, the wave was near-
ly iZndependent of pH. Above thie value the half-wave po-
tentiale became more negative with pH. The equatlons de.
termined by the least squares method for this wave ln the

two pH reglons were regpectlively:
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Ey = = 0.366 - 0.0109 pH (49)

and

Ex = 0.1281 - 0,0741 pH (50)

The calculated p/n values were 0.18 and 1.25 for the
two equatlons respectively. Thils indicated the same num-
ber of hydroxyl lons assoclated with the complex lon be-
low pH 8 as with the ferrous lon, and one more for the
ferric complex above pH 8. As the ferrous lon was asgsumed
to contsein one hydroxyl lon, the ferrlo complex lon would
have one hydroxyl lon below pH 8 and two hydroxyl lons
above this pH, This latter velue was one less than the
number obtalned from the data on the pH study over the
range elght %o ten in perchlorate supporting electrolyte,
as recorded in Table 1.

The half.wavs potential of the third wave was almosgt
completely independent of pH. The equation determined by

the method of least asquares for thls was:

E3 = - 1.151 + 0,00104 pH (51)

The calculated value of p/n for this wave was less than
0.02.
The ferrous wave appeared at pH 4.5 and above, having

heen masked by the hydrogen wave at lower pH values. The
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equation obtalned by the leset squares method was:
E% = - 1.366 ~ 00,0101 pH (52)

The caleulated value for p in this case was 0.33, or ap-
proximately zero for the ferrcus lon (probably the aquo
ion). This did not agree with the more probable vslue of
one, obtalned from the dats in Table 1 on polarograms of
golutlons with perchlorate as supporting electrolyte.

The wave at ~1.7 volts appeared only above pH &.
Degcause only three hslf.wave potentlals of this wave were
obtained in the study of Table 1Z, no least squares de-
terminatlion was carrled out. That thls wave was caused
by the reduction of a ferrocus complex ion was indicated
by the decrease of the dlffusion current of the wave at
~l.4 volts that accompanied the increase of the diffusion
current of the wave at -1.7 volts with pH. The fact that
this latier wave 4ld not appear until this high pH and
that 1t increasss in helight with pH might lndicate that
this wave wasg causgsed by the reduoction of a complex iocn of
ferrous iron with triply ionlzed sulfosalicylic acid that
wag in slow equillbrium with the aquo ferrous ion. The
third ionization of sulfosallceylic acld flrst becomes
significant in this pH region. The dependence of the con-
centretion of the complexing agent on the pH in this region

would be ag follows:
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log agg = log Kz + log 8yqq * PH (63)

where agg and &ygg were respectlively the aotivities of the
triply and doubly lanlzed sulfosalieylic acid lons and Eg
the third lonizalion constant of sulfosalicylic acild. Aif
the pH 18 1less than pK3z - 1, apgs 1ls approximately conatant
and equal to the total sulfosalicylate (101). Under these
circumstances log agg 18 proportional te pH and the slope
of the line of the half-wave potentlal plotted agalnst pH
should be 0.0296, since n 1s 2 for the reduction of ferrous
ion to the metal. The slope of the straight line through
the firgt two of the three experimental points ocbtalned was
0.032 which 18 in good agreement with this. As the pH in-
creases, the slope should decrease until 1t reaches zero
when the pH becomes greater than about pKz + 1. The pH
studlieg were not extended to high enough values to observe
thls.

On comparlson of ecuatlons 26, 27 and 37 with equa.-
tions 50, Bl and 52 respectively, it was seen that ln every
case the slope for the wave in perchlorate solutions was more
negative than that for the corresponding wave in sulfate
golutions. The most plausible explanation for thls seemed
to be that there were complex lons formed between sulfate
and the iron specles strong enough that the slope becanmes

less negative because of thelr competition with ferrlc
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sulfosallcylate and ferrous aquo ions. Other posslble
reagons for this seemed to be inadequate. The discrep-
ancles of the glopes of the waveg at -1.0 and -1.4 volts
might possibly have been caused by differences in the
degree of Arreversibility of these reductions under the
different conditions of the two experiments. These two
waves were definitely irreversible. However thls did not
explaln the great dlfference in the slopes for the wave
of the reductlion of the ferric complex ion to the ferrous
lon, which ig shown in thls paper to he reversible. The
difference 1n the concentration of sulfosalicylate be-
tween these two experiments should cause only a dlfference
in intercepts of the corresgponding equations with no
change in slope. The dllution of the complexing agent by
the addition of the sodium hydroxide sclution would be
expected to shift half.wave potentisls to more posltive
values than theoretlcal at high pH values, and this was
the ddrection of the difference in results. However, in
the case of the sulfate experliment, where thls dilutlon
occurred, the volume change of the solution was only about
elght per cent for the highest pH, glving & maxlimum cor-
rection of about tweo milllivolts, which was entirely neg-
ligible. In both cases the pH values were obtained by
meansg of a model G pH meter, the ordlnary glass electrode,

and the asbestos fiber calomel electrcde. In additlon, in
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the perchlorate solutions the pH values were also checked
with a Leeds and Northrup pH meter, both with the ordinury
calomel electrode with a bridge consisting of a emall gin-
tered glass dilac in the electirode wall, and also the cal-
omel eleotrlide wlith the ground glasse sleeve for a bridge.
If the difference were caunsed by the uvncertainty of meas-
arement of the pH in the presence of perchlorate, there
should have been no trend with pH. The pH values observed
would have nearly uniformly less than the true pH values.
Ahother possibllity for the discrepancy of the slopes of
the equatlons mlght be the change of ionic strength. In
the titratlion experiment the lonie sirengih increased
slightly with pH, as the sulfosalicylic acid beceme more
alghly charged and the excess scdlum hydroxide lncressed.
On the other hand in the other experiment where the borate
buffer was used, the lonic strength would decrease scme-
what with concentration 1f the lon formed on lonization of
borle acld was tetraborate lnstead of dihydrogen borate

as agsumed, since the contribution of the former lon %o
the lonlc strength was only about three-fourths of the
latter., One would ezxpect, however, that the effect of

these milnor variations in lonic strength would be small.
4, Beverslbility gtudles.

According to Stackelberg and Freyhold (42) and
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Bouchay and Psucherre (45) the only reliable test for
reveraibllity ie the coincldence of the anodiec and
cathodlce waves of the system in guestion. The criterion
used by Kolthoff and Lingane (43, p. 154) was that the
slope of the gtralght line obtained by plotting the po-
tential at any given point on the polarographlic wave
againet 1/1g~1 should be equal to -0.0581/n-m at 25° C,
This relationghip 1s readlly seen from equation 10 and
the text immedlately following. The eqguation for the

variatlon of the potentlal at the dropping electrode with

current becones:

el

1&:5

a -0.0691 log _ 1 (64)
* nem 15-1

Kolthoff and Lingane stated that if the resductlion was ir-
reversible the plot may or may not give a straight line,
but 1f 1t does, the slope wlll differ from the theoretical.
Thlg has been dlsputed by Stackelberg and Freyhold, who
have shown that ln some cases of irreversglbllity the
theoretical slope of thls line has been obtained. However
1t may be s8till used as an indication, if not as an in.
falllble test, of reversibility.

Tomes (40) has derived from this a rapid test for
reversibllity that was used generslly ln this present work.

At points on the wave corresponding to one-fourth and
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three-fourths of the Alffusion current the quantity
1/14-1 becomes 1/3 and 3 respectively. Substituting these
values lnto equation 58, and taking the difference of the
two equations obtalned gives the following equation:

Ezfg = By oz - Oégggl log @ or 0.0564/n-m (55)

By this test the waves for the reduction of the ferrio
complex lon to the ferrous lon was reversible, except ab
the exireme concentration llmlts, but the weves for the re-
duction of ferrous ions %o metslliec iron, as well aaz the
wave occurring abt 1.0 volt were lrreversible. That thls
test is not entirely relliable ag indleated by the fact
that the waves for ferrlc reduction in aecld solutlon passed
the tegt, even though irreversibllity was shown by the faot
that thers wag more than one wave for the reducticn of the
different ions of the same oxldation state.

In order to be certaln of the reversibillty of the
reduction of the ferrlic-sulfosalicylate complex len to the
ferrous speecles in alkallne solutions, 1t was neceassary to
obtain pelarograme of both the anodic and cathodic wave of
this couple. Thig required special preecautions because of
the very rapid alr oxidation of the ferrous lon in the

pregence of sulfosalloylste In alkaline solutlons. The two
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hundred fifty milliliter capacity cell was almost
completely fllled with & solution that was 0.0005 M in
lron, 0.153 M in godium sulfate, 0.0104 ¥ in sulfosali-
eylate, and 0.35 ¥ ln total borate concentraticn, with
lonlc strength 0.6 and pH 9.02., The solution in the cell
was flusghed for thirty minutes with nitrogen, afier whilch
the polarogram of the golution was made. This polarcgram
contained only the cathodle wave of the ferric-Ifsrrous
couple and the wave of the reduction of ferrous ion %o
metal. Yo the solution in the cell was then added 1.5
milliliters of a ferrous perchlorate solution that was
ebout 0.08 M in ferrous ion. &fter the solutlon had been
bubbled with nitrogen again for about two minutes, another
polarogram was made., This contained both the anodic and
the cathodlo waves of the ferric-ferrous couple, aa well
as & very large wave for the reductlion of ferrous lon %o
metallic iron. Thege polarograms were reproduced in
Figure 1. 1t can readlly be seen that the ferric-ferrous
couple ls reverslible under these conditions. The cathodle
wave la a continuation of the anodlc wave, wlth no level-
ing off between the two waves. The half-wave potential
of the composite wave 1ls only slightly displaced froa

that of the cathodlio wave alone.
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Potentizl vs Soturated GColomel Eilecirode , volts

Fig.—Proof of veversibility of Ferric~Farrous couple In Alkaline sotution

Curve | — Polerogram of solution contoining ferric ion

but negligible farrous ion.

Curve 2— Polorogram of solution from Curve | with {arrcus ion odded,
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b, Maximum suppresgsion

A small maxlimum wes obsgerved following the firat
wave in alkaline solutions of ferric-sulfosallicylate
complex. This maximum interfered wlth the measurement
of half-wave potential and diffuesion current for this
wave at higher pH values. Buckley and Taylor have rec-
commended C,01l% gelatin as & maximum suppressor for most
metal lons, and state that there 1s no observed reduction
of diffusion currents at ordinary concentrations of metal
lons (108). Concentrations of 0.001 to 0.02% gelatin
were trled. The gelatlin seemed to be more effective in
reducing the diffusion currents than suppressing maxima
in this case. In 0.01% solution the ferric wave was
gentirely diseppeared, and in 0.02% solutlon there are no
waves &t all. BEven 8% the lowest concentrations of gel-
atin some reduction of the diffusicn current was observed,
with practically no selectlive suppression of the maximum,

Kolthoff and Lingane (43, p. 117) guoted Heyrovsky
(107) as saylng that the Schulze-Hardy rule apnlies to
maximum suporeseion, in thaiv catlons of hlghest charge are
moet effectlve in suppresslon of negative maxima, 1. e.,
maxima with potentlals more negative than the potential
of the electrocapillary maximum or asbout -0.6 volt ¥s.

the saturated calonmel electrode. Lanthanum was found to
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be ten thousand times as effective as potassium lon for
suppression of this type of maxima. Since the maximum
in the present case occurs at about -0.756 volt, lanthanum

was tried, but with no apprecliable effect.
6., Ionization constants of gulfosalicylic aocld

&, Potentiometric titration - Titration of sulfo-

salieylic acld with standard sodlum hydrexide with a pH
meter gave no breazk at all before two equivalents of alkali
had been added., At two equivalents, a break exactly like
that of a moderately strong monobaslc acid was observed.

No break was found for the phenolic group. This titration
curve has since been confirmed by Meek (88). The first

two lonlzations seem to be almogt as strong ss those of
sulfurlic acid. The ionlzatlon of the phenollc group nmust

be less than 10-+l, Osgaka's rule can not be used accurately

here, as there 1g no distinetion between the first and

second lonizations. However, 1f it may be a8ssumed that
half of the first lonization has occurred and none of the
second after addition of one-half ecuivalent of &lkall, &
rough estimate of the first constant may be obtalned by
sssuming that it 18 equal to the hydrogen lon concentration
at this polnt. An estimate may be made of the second con-
stant by similar assumpftlone for the point in the curve

where one and one-half equivalents had been added. The
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constants calculated in this manner are 0.02 and 0.004
in & soluticn about 0.05 molar in this acld. Astually,
the sulfonlec grow is vrobably much stronger than the
first lonizatlon would indicate, and 1s eessentially com-
pletely lonized up to very conecentrated solutions of the
acid. Ionic strength was not considered in this $itra-
tion, and 1t ig likely that the first ionlzation seems
to be wesker because of interlonlec attractlon.

b. BSpectrophotometric method - Meek (88) reported

that the absorbancy of sulfosalicylic acid is constant
over a range of 4.5 to 9.5 1in sgolutions of lonle strength
0.1 at 317.0 millimierons., Outslde thesge pH limits the
abgorbsncy inereages, indleating changss in ionic species
in this reglon. He suggested that the spectrophotometric
method of Crouthamel, Meek, Martin, and Banke (108) might
be used for the determination of the second and third con-
atents of sulfosalleylic acid. In the present work the
author wes concerned only with the second ionizatlion con-
stant, as 1ln the pH range of interest here only the mono-
and divalent lons exlst ln appreciable qguantities. Also,
a complete study necessary to establlsh the thermodynamic
constant was not made. The congtant obtsined here is in
terms of hydrogen lon activity and the concentrations of

singly and doubly lonized sulfosalleylic &cid at lonlc
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strength 0.1 and 25°. Thils of course is strictly ap-
plicable at this lonic strength only.

Yolutions were prepared that were 0.1 wmolar in per-
chloric acld and 0.0086 molar in sulfosalicylic acid with
enough sodlum hydroxide added to bring the pH to the de-
slred values, Table 135 and Flgure 2 show the results
of absorbancy mes&surements of these soluticng at 317.0
millimlerons. The abgsorbancy ls essentlally constant
at 0.426 at pH values above 4, At pH 1, the mininum pH
possible at thias lonic strength, the absorbancy curvs had
noet leveled off completely. It was asgumed that in con-

centrated acld solutions all of the sulfosallcylic acid

TABLE 13

Absorbeancles of 0.006 M Sulfosalicylic Acid at
lonic Strength 0.1 and 3L7.0 Fillimiorons

pH Absorbancy Average Absorbaney
0.87 0.917,0.918,0.919,0.918 0.918
2.12 0.776 ,0.779 0.780,0.780 0.779
3.08 0.533 O 536,0.638,0.638 0.536
3.90 0,447 0.449 O.448
6.10 0.424,0.425 0.425

was iln the singly ionized state, and the absorbancy would

therefore be independent of lonic strength. To dstermine
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the absorbancy of the pure gingly lonized sulfossll.-
cylate, perchloric acld was added to 0.006 M sulfosal.
ieylic acid, giving perchloric acld concentrations up
to 5 molar. The absorbancies dld not exhlibit a trend
either to incresse or decrease in this range, and the
average value for the absorbancy of 0.006 M sulfosall.
cylic acld for radiation of wavelength of 317.0 millimi.
orong was found to be 0,841,

From this and the date obtained at ionic strengtih
0.1, the best fitting curve was found when the second
lonization constant was btaken as 5.23 x 10~0. This 1s
in remarkably good agreement with the potentiometrie
estimate reported in the previous section. The curve
drawn 1s the theoretlical curve for this value of lonlza-
tion conastant., The plus signs above and erosses below
this curve lllustrate the position of the curve if the
lonization constant was ocne-tenth and ten times as

large respectively.

7 Potentiometric pd gtudy

The pH dependsnce of the ferrlc-sulfosalicylate
complex at pH 9, as determined polarographically, was
verifisd by & titration of 0.316 millimoles of ferrlc
acetylacetonate in the presence of six tlmes that number

of millimoles of sulfosalicylic acid with 00,1285 N sodlium
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hydroxlde solution. The %itrstlon curve for these data
g found in Figure 3. The verticazl line of this flgure
wag the calculated egulvalence point, assuming double
lonization of gulfosalicylle acld, no lonization of
acetylacetone, and thrse hydroxyl lonsg per ferrlc com-
plex 1lon, It 1s readlly seen that this fell at the
stespeat part of ths curve, thus verlfyling the nunber
three for ths hydroxyl ions in the complex lon.

Up to pH 4 the slope gradually increased, following
closely the curve for the titration of sulfosalicylic
acld alone. A% this oH the curve deviated from the titra-
tion eurve of the acid. In contrast to the steep rise of
the latter from pH 4 to 10, the slope of this wave de-
creased agaln, and the sieep rise did not occur until
after another 2.5 mllliliters of the sodium hydroxlde
golution had been added. This evidently means that up to
pH 4 the complex lon contained only two hydroxyl lone,
but at that pH the third one began to enter the complex.
The 2.5 milliliters of slkall added from pH 4 to the
point where the curve is the steepest was just the amount
reguired for one sdditional hydroxyl lon per complex ion.
The sglope began to decrease very sharply agaln at pH 8,
ingtead of rising rapldly to pH 10 before leveling off.

This decreass in slope lg easlly seen to be caused by the
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lonizatlion of the acetylacetone at this high pH. 4
sample of the acetylacetone wag titrated with sodium
hydroxide of this same concentration, and 1% was found
that 1% reguired 4.3 nilliliters of the 0.1265 1 sodium
nydroxlde solution to bring the pH of the same amoant
of acetylacetone from 7 to @, wnieh ls reasonably close
to the 3.2 required in Figure 3 to go from phi 7 %o 9.
It is thus seen that at pH 9 the polarogrephic and
potentiometric data agree on three as the nuaber of hy-
droxyl ions assoclated with the ferric sulfosalicylate

coaplex at pH 9.
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VII, SUMMARY AND CONCLUSIONS

The sulfosalleylate complexes of iron 1n agueous
colution were studled pelarographlcally by means of the
half-wave potential method. In the pH range 8 to 11 a
ferric complex with doubly lonlzed sulfosallcylic aeid
wags found that was reduced to ferrocusg lon at half-wave
potentisls between -0.4 and -0.8 volt with respect to
the saturated calomel electrode. This reduction was
snown %o be reversible by two different methods. From
polarographic dats 1t was deteradned that this complex
ion contained three sulfosalicylate and three hydroxyl
ions. The number of hydroxyl lons was confirmed by the
potentlometrie pH study of this complex., The molar in-.
stability constant was found by the polarographic method
to be about 10~°% at an lonic strength of onese.

An alternative to the presence of three hydroxyl
iong combined with iron in the complex 1ls the lonizatlion
of the phenolic hydregen of the sulfosalicylic acld when
it enters the complex. Thils would allow chelation of
the ferrice lon with the carboxyllc and phenolle groups,
These two possible gtructures are indistingulshable by
the polarographic and titrimetric methods, as both requilre

the same number of equivalents of hydroxyl lon for thelr
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formation. They both have the same charge, alsc, a

value of gix which gsems lncredibly high, execept that
this 1s a large lon with ocnsiderable space for distribu-
tlon of charge. din both structures the iron has 1ts
ugual number of slx covalent bonds. The phenollce chelae.
fion hag strong precedent in the highly colored complexss
of ferric lon with phenols that are characterigtic of the
latter type of compounds. However, in the present case,
it may be seen by the tltrimetric data that thls third
lonization would have to begin below pH 3 for fthls strue-
ture to be valld, as by this pH all of the alkall re-
qulred for the neutralization of the sulfosallicylic acld
has been added. It is a little difficult to believe that
the complex at that low pH ls go stable that it would
cause a seven-f0ld deecrease in the concentration of hy-
droxyl ion necegsary for thie third lonlizatlon. This
makes the hydroxyl ion structure scem more probable in
this case.

In the pH range 4 to 8 evidence wae found for a ferric
complex with doubly lonized sulfosalloylate contalning only
one or two hydroxyl lons. This complex ion was not further
gtudied.

At pH values legs than four the ferrlic gpecles was
reduced at 0 volt with reepect to the saturated calomel

glectrode in sulfate, chloride, and perchlorate supporting
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gleetrolyte, go that the half-wave potential method

could n>t be sppliied here. In nitrate suonorting else-
trolyte two polarogranhic weves were obgsrved for ferrie
species at »H 4 or less, one 2t 0 voltl and the other at
about ~0.2 volt., 3cth the applicatlon of the half-wave
notentisl method %o thz second wave and the couwparlson

of the ratios of the diffusion current of the flrst wave
to that of the second at dAiffzrent concentrailons cf
sulfosslleylate seszmed to indlicate that at pH 2 the comw
plex reduced at 0.8 volt contzlned one singly lonizad
sulfosalicylate lon, In agrezment with the published re-
sults of other workers, but that at pH 4 there was no
sulfosalicylate in the complex lon. The first wave was
congldered to have been caused by the reduction of the
aguo ferrie ion that was in slow equilibrium with the com-
plex of the second wave. The resulits obtalned for the
gecond wave were doubtful because of the irreversibllity
of the reduction. That this reduction of the ferris
apeclies in nitrlc acld wes ilrreversible wasg shown by the
Tact that two waves were obtalned for a slngle oxldation
state of the metsl. The results cobtalned by the diffuslon
current were not declslive. The pregence of nitrate in the
complex ilon wag postulated to explain the difference in

the behavior of nitrate snlutions,
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No evildence wag found for complex formation between
doubly lonized sulfosalicylic acld and ferrous lon. The
helf.wave potentiel of the ferrous wave was dilsplaced
only slightly by the additlicn of sulfosalicylate. This
wave wag very lrreversible. AU pH velues below 4, at
waloh the singly lonlzed sulfosslicylic acld exigts, the
hydrogen wave wes g0 large that the ferrous lon reduction
wave was magked. At pH 2 and above & small wave appesred
at .1.7 voltsg as comnared to the potentlal of the known
ferrous wave at -1.4 velts. That this wave at -1.7 volts

tended to increase with pH ln this reglon might indicate

that 1t 1s caused by the reduotion of a complex between

ferrous iron and triply lonlzed gulfosallieylate.

An irreversible wave appeared in many of these solu-
tiong at -1.0 volt. It could not be identified as a re-
duction wave of any iron specles. Thie wave was nearly
indenendent of pH.

The second molar lonization consgtant of sulfosallicylic
acld was determined spectrophotometrieally to be 0.0032 at
ionle gtrength 0.1, This was roughly corrohborated by po-

tentiometric titretion with & pH-meter.
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VIII. SUGGESTIONS FOR FUTURE WORK

In this work we were unable to study the ferric com-
plex with singly lonized sulfosalicylic acid by the half-
wave potentlal method because the wave for the reductlon
of this lon was found at potentisls greater than that of
the saturated calomel electirode. AL potentlials very much
more positive than the latter, the waves are masked by &
very strong anodlec wave cauged by the dissolving of the
mercury of the dropping electrode. (43, p. 322). It
might be pogsible to study these waves at potentials up
to about 0.45 volt with respeet to the saturated calomel
electrode, especlally 1if & saturated mercurous sulfate
reference electrode was used lnstead of the calomel elec.-
trode. Poltentlals greater than this could possibly be
studled by nmeans of a rotating platinum microelectrode
subgtituted for the dropping electrode.

In the study of the variation of the half-wave po-
tentials with pH in sulfate sclutlon, it was obgerved
that below pH 8 the slope of the line formed by plotting
log (Tss) against the half-wave potential was less than
1% was above this pH. Thig geemed to indlecate that in
the pH range 4 to 10 there was & complex of ferric lon

with doubly lonlzed sulfosalicyllic acld that had fewer



hydroxyl lons than the complsex ion gtudied in the pH
range 8 to 1l. If a buffering agent was found that was
effective in the region of pH of 4 to 10 and that had
negligible complexing action on ferric lon, the complex
lon In thls oH range could be stuldled by the half-wave
potential method.

The second lonizatlon constant of sulfosallcylic
acld ag determined in this work was valld only &t lonle
strength 0.1. The thermodynami¢ constant of this step
could be determined by & more complete spectrophotometric
gtudy on the order of that carried out with periocdic acid
by Crouthamel , Meek, Martin, and Banks (108). It is
concelvable that the third lonlzation constant of sulfo-

galicylic acld might also be determined in thls manner.
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