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Cyclic voltammetry has been applied in the study of the behaviour of long-chain
aliphatic amines at the interface between two immiscible electrolyte solutions. The
organic phase was 1,2-dichloroethane, which has a relatively low relative permittivity
resembling those of solvents used in extraction processes. For the oil-soluble amine
hydrochlorides the stability constants were evaluated after the estimation of the
standard Gibbs energy of transfer of the hydrogen ion. Assisted ion transfer ex-
plained the behaviour of the oil-soluble amines at high pH values, but at low values
results gave evidence for Cl™ ion transfer across the interface. For the water-soluble
amine hydrochloride the results were in reasonable accordance with earlier observa-

tions.

The behaviour of amines at liquid-liquid interfaces is of
importance because of their many practical applications,
for instance in industrial extractions processes' and in the
pharmacological characterization (partition between water
and 1-octanol) of amines as drugs.?

Electrochemistry at the interface between two im-
miscible electrolyte solutions (ITIES) provides a versatile
way to study the interfacial behaviour of charged species.>
In the case of amines, several studies have been carried out
when the organic phase is nitrobenzene.*” However, when
considering extraction processes, nitrobenzene is not an
interesting solvent because its relative permittivity is high
compared with usual extraction solvents, and many impor-
tant properties, such as ion pairing, acid-base equilibria
etc. are different in nitrobenzene from solvents having low
relative permittivity.

Electrochemistry at ITIES can be used to investigate
interfacial transport mechanisms, to determine the stability
constant of the amine and to calculate the partition coeffi-
cient after determination of the Gibbs energy of transfer
for the amine.*1°

Experimental

The four-electrode potentiostat, signal generator and cell
employed in the measurements have been described else-
where.!! The potentials refer to cells (I) and (II). Electric
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current is defined to be positive when flowing from the
aqueous to the organic phase. The Galvani potential dif-
ferences AYp = @(w) — @(o) were calculated from the
measured potentials as described before.*

THpA and TPB are tetraheptylammonium and tetra-
phenylborate, respectively, and o refers to the interfacial
region. Trilaurylamine hydrochloride (TLAHCI) and
dilaurylamine hydrochloride (DLAHCI) where added to
the organic phase in concentrations of 0.1 or 0.2 mM;
owing to its very low solubility in 1,2-dichloroethane,
laurylamine hydrochloride (LAHCI) was added to the
aqueous phase. Since the adsorption of LAH" at the inter-
face distorted voltammograms, this compound was used in
a concentration of only 0.1 mM.

Cell (I) was used in the pH range 5~7 and cell (II) in the
more acidic solutions. The buffer was a solution of
NaHPO, and KH,PQ,, and the total concentration of the
salts was chosen to be 0.01 M, since there was no need for a
greater buffer capacity and in order to avoid salting-out
effects.” In cell (II) HCI was used to adjust the pH of the
solution, and LiCl to adjust the total chloride concentra-
tion. When measuring the effect of pH, x + y was 0.01 M,
and when measuring the effect of the chloride concentra-
tion, x was kept constant.

NaCl, LiCl, Na,HPO, and KH,PO, (Merck p.a. grade)
were used without further purification, and HCl was di-
luted from a Merck Titrisol solution; NaTPB (Aldrich Gold
Label) was recrystallized according to Ref. 14. THpATPB
was precipitated from aqueous solutions of THpABr
(Fluka A.G. purum) and NaTPB and recrystallized from
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Fig. 1. A cyclic voltammogramm
corresponding to cell (Il) when
x=0and y = 0.01 M (see text).
The scan rate is 25 mV s™'.
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acetone (M & B p.a.). 1,2-Dichloroethane (DCE, Rath-
burn HPLC grade) was used as received, and water was
distilled and ion-exchanged (Millipore milli-Q system).

TLAHCI and DLAHCI were prepared by dissolving
TLA (Aldrich tech. grade) and DLA (K & K, 80%) in
absolute ethanol, adding a concentrated aqueous HCI so-
lution in excess, recrystallizing the filtered precipitates
from acetone and drying them in a vacuum because of their
thermal lability. LAHCI was prepicitated in an analogous
manner (K & K, 80 %) from aqueous solutions.

Results

Fig. 1 shows a voltammogram corresponding to cell (II)
with x = 0 and y = 0.01: at the negative polarisation limit
CI™ is transferred reversibly from the aqueous to the
organic phase (A@°q- = —481 mV,>" while A¥Q°rya+ =
—604 mV'). At the positive limit, the current is due to
TPB~ transfer from DCE to water (AYq¢°pp- = 364 mV,"
AY° i+ = 398 mV" from water to nitrobenzene).

The width of the polarisation window determines the
range of stability constant values K, that can be studied,
because a change of 1 pK; unit results in a ca. 60 mV/n
shift in the half-wave potential of the electrochemical
process involved® (where n is the number of charges trans-
ferred). The use of THpATPB as a base electrolyte instead
of the more widely used TBATPB (TBA = tetrabutyl-
ammonium) expands the potential window at the negative
limit by ca. 200 mV.

In Fig. 2 a typical voltammogram of a system containing
TLAHCI is presented. When the water phase is made more
positive, a positive current flows, showing that in the ab-
sence of redox reactions either a cation is transferred from
water to DCE or an anion is transferred in the opposite
direction; the peak separation is ca. 60 mV, showing that
the process is reversible and that n = 1. The peak current is
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proportional to the square root of the scan rate, implying
diffusion control; separate measurements also showed that
the current is proportional to the amine concentration.
From these observations it can be concluded that the
process is controlled by the diffusion of the amine in the
organic phase.

Because the facilitated transfer of protons by amines has
been reported in the literature,*® the pH dependence of the
half-peak potential, Aj@,,, was measured. The results for
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Fig. 2. Cyclic voltammetry showing reversible ion transfer
across the DCE/water interface in the presence of TLAHCI.
Crianc(0) = 0.1 mM. Potentials and conditions refer to cell (I).
The pH is 6.77 and the scan rates are (a) 10, (b) 25, (c) 50,
(d) 75 and (e) 100 mV s~.
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Fig. 3. Half-peak potentials due to ion transfer for TLA (W) and
DLA (O) as a function of pH. A¥p,, = Afg,, + 28 mV.

TLA and DLA are presented in Fig. 3. The half-wave
potential for a reversible process can be calculated from'®
eqn. (1). It can be seen that for neutral and slightly acidic

AYQy, = Alg,, + 28 mV/n (1)

solutions the dependence is about 60 mV/pH unit, while in
the pH range 24, the half-peak potentials remain constant.
Peak currents remain constant in the whole pH range
studied. An interesting result is that the transfer potentials
for DLA are more negative than for TLA. If the currents
were due to amine transfer, the opposite effect should be
observed; TLA is a tertiary amine and its standard transfer
potential should be more negative than that of DLA. The
results imply facilitated proton transfer taking place above
pHS.

In order to evaluate the transfer mechanism in the acidic
region, the effect of the aqueous chloride concentration on
the half-peak potentials was studied for TLA: on the basis
of the direction of the current, chloride transfer from DCE
to water could be another possibility. The results for three
different pH values are shown in Fig. 4, and a shift of 58
mV/lg aq- in half-peak potentials is observed between pH 2
and 4. Peak currents were independent of chloride con-
centration. These results indicate that a chloride transfer
process that could not be observed in the absence of amine
is taking place (see Discussion below).

The organic base electrolyte THpATPB is partially ion-
paired with an association constant of approximately
1000.!¢ Tke effect of THpATPB concentration on half-peak
potentials was also measured for TLA. A shift of ca.
30 mV/Ig aypares Was observed, corresponding to the for-
mation of an ion pair TLAH*TPB~.? Since the concentra-

ELECTROCHEMICAL STUDY OF LONG-CHAIN ALIPHATIC AMINES
-40 5
-60
-80 1
/.‘
.

-100

-120 /

-140 /ﬁj .....

A¥ppz/ MV

-160
_180 1700 SRR NN NUR D
|
v . . :
-200 : : : i
-3.5 -3 -2.5 -2 -1.5 -1 -0.5 0
Ig ag-

Fig. 4. Dependence of the half-peak potential on chioride
activity for TLA: @, pH 2; [J, pH 3; W, pH 4. The line is drawn
for pH 3.

tion of the amine is nearly two orders of magnitude smaller
than that of the base electrolyte, it is completely ion-paired
and does not have any effect on the degree of THpA*TPB~
ion-pairing.

As mentioned above, LAHCI is sparingly soluble in the
oil phase, and its partition equilibrium is in the aqueous
phase; therefore it was added to the aqueous phase. Be-
cause of the surface-active nature of LAHCI, the organic
phase was equilibrated with an aqueous LAHCI solution.
Even so, adsorption phenomena slightly distorted the
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Fig. 5. pH dependence of the half-peak potential for LA.
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Fig. 6. Dependence of the peak currents due to LAH* transfer
on pH. The interfacial area was 0.14 cm? and the sweep rate
was 100 mV s,

voltammograms. The pH dependence of the half-peak
potential is presented in Fig. 5, where a region of ca. 60
mV/pH unit dependence between pH 7 and 4.5 and a
constant-value region at lower pH values can be seen,
similar to the results for TLA and DLA.

The relatively low absolute values of the half-peak po-
tentials indicate that the current is due to amine transfer
and the pH dependence can be explained in terms of the
dissociation equilibrium of LAH* as discussed below. A
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Fig. 7. Dependence of the half-peak potential on chloride
activity for LA.
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Fig. 8. Dependence of the half-wave potential on base
electrolyte concentration for LA.
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confirmation of this scheme can be found in Fig. 6, where
the peak currents increase in a same way as the half-peak
potentials.

The dependence of the half-peak potential on chloride
concentration was also measured, and the results are given
in Fig. 7. No mechanistic explanation can be given for the
dependence, but the slightly small shift in the potential can
be understood by salting-out. Furthermore, the depend-
ence of the half-peak potential on the base electrolyte
concentration is shown in Fig. 8, and a slope of ca. —30
mV/Ig apg- is obtained, indicating that ion pairing also has
to be taken into account for LA.

Discussion

Trilaurylamine and dilaurylamine undergo assisted ion
transfer according to® reactions (I)—(IV).

H,0*(w) =2 H,0*(0) 1))
H;0*(0) + A(0) = H,0(0) + AH*(0) (1)
AH*(0) + TPB~(0) = AHTPB(0) (111
H,0(0) = H,0(w) av)

The total transfer reaction is given by reaction (V),
H,0*(w)+ A(0o) + TPB~(0) 2 H,0(w) + AHTPB(0) (V)

where A denotes the amine and w and o refer to the



aqueous and organic phases, respectively. For reaction (V)
the half-wave potential (A¥p,,) is given by eqn. (2),

RT Dl 2303RT
AL = ASh+ — 2F In DY - F Ig K{
2.303RT RT
+ —F pH - T In a$p- )

where A5+ is the standard Galvani potential difference
for the hydrogen ion, DY’ and DQ)irpp are the diffusion
coefficients of the amine and the ion-paired form of the
protonated amine, a{3y- is the activity of TPB™ in the
organic phase and the equilibrium constant K{ is defined by
eqn. (3). K is a product of the stability constant of the

aQlren

(bl 3
K~ T dfh ol ®

amine, K, and the ion pairing constant, K, that can be
written as eqns. (4) and (5), respectively.

adh+
= 4
K, a® ah “)
aQuren
K.= 5 @ (5)
aﬂi’ﬁﬁ -

Before K can be evaluated A} g+ must be known. No data
for this quantity in 1,2-dichloroethane are available. This
value has been assumed to be the same as for Na*,' but
this seems very doubtful. Therefore it was estimated as
follows.

The standard transfer potential is defined by eqn. (6),

ATGY
z.F

i

AT} = — ©)

where AYG? is the difference between the ionic Gibbs free
energies of solvation from vacuum for water (i.e. hydra-
tion) and for DCE, respectively,' and is given by eqn. (7).

AYGY = AG:ydr.i - AGgy, ;i 9

The standard Gibbs energy of hydration for H* is —1056 kJ
mol~1.% The solvation energy in 1,2-dichloroethane was
estimated by considering the two different contributions to
the solvation energy: a non-electrostatic and an electro-
static part. The scaled particle theory? has been sucesfully
used in estimating the former, and the Beveridge-
Schnuelle theory? the latter. The scaled particle theory
includes the energies of forming a cavity into a solvent and
the interaction of the solute with the solvent resulting from
introducing the solute into the cavity. The Beveridge-
Schnuelle theory utilizes a one-layer model where the first
solvent layer is localized in the immediate vicinity of an ion
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and has a relative permittivity value of 2 owing to dielectric
saturation. Outside this layer, the bulk solvent relative
permittivity is considered; the relative permittivity of the
ion is 1 because no electric field can penetrate it.

In its most general form, the theory takes into account
the dipole, quadrupole etc. interactions as well, but for an
ion without a dipole moment, such as a hydrogen ion,
we have eqn. (8), where a and b are the ion and

, 1 1-g\ Z° 1—¢, 2
w921 o

solvent radii, respectively, and Z is the charge of the ion.
Furthermore €, ¢, and g, are given by eqns. (9)—(11),

%=%P+u—mu—mg] o
€ b

g, = /¢ (10)
€, = &/ & (11)

where g, £, and ¢, are the relative permittivities of the ion,
the first solvent layer and the bulk solvent, respectively.
Because of the way in which eqn. (8) is expressed, all the
parameters must be given in c.g.s. units, in order to have
the proper dimensions.

Both theories need the value of the naked ion radius and
are extremely sensitive to it. The Gibbs energy of transfer
of H* from water to nitrobenzene is known from partition
data to be 32.5 kJ mol™'," and therefore the thermo-
chemical radius of H* can be estimated. This procedure
gives a value of 0.383 A, which in turn leads to a standard
Gibbs energy of transfer from water to 1,2-dichloroethane
of 41.8 kJ mol™! corresponding to a standard transfer po-
tential of AYgp+ of 433 mV. This value can be considered
as a reasonable estimate when comparing the standard
transfer potentials of cations between nitrobenzene and
1,2-dichloroethane. In the scaled-particle theory, the only
contribution to be considered is the energy of cavity forma-
tion, because the polarisability and dipole moment have
zero values for a proton. All the other values needed in the
calculations were taken from Ref. 22.

With these data it is possible to evaluate K for a given
pH, and a{3- is estimated as presented earlier.'? The term
containing the ratio of the diffusion coefficients is so small
that it has been neglected in the calculations.

The measured equilibrium constants for trilaurylamine
and dilaurylamine [eqn. (3)] were Ig K{(TLA) = 16.8 and
lg K{(DLA) = 17.5. The Gibbs energy for reaction (V) is
given by eqn. (12), where the subscripts of refer to the

AGy, = AG, + AG| + AGy + AGyy (12)
corresponding reactions. This relationship can be used to

estimate AGy, since AG; is known from the calculated
value of Ajpy+, AGy + AGyy, is directly related to K, and

51



KONTTURI ET AL.

AG,y can be calculated from the solubility of water in the
organic solvent. This procedure gives very negative Gibbs
energies AGy for both amines, indicating the known fact
that these are excellent acid extractants: AG(TLA) =
—54.0 kJ mol™! and AGy(DLA) = —58.0 kJ mol'.

In order to evaluate the stability constants of the amines,
the ion-pairing constants K, have to be estimated. This can
be done using Bjerrum’s theory.”? From the measured dif-
fusion coefficients, using Stokes’ law, the radii of the
amines can be calculated, and their values are r, = 5.6 A
and rp; . = 4.7 A. In previous work" a value of 4.9 A for
rrpg- was found. Taking the sum of the ionic radii as
the parameter of closest approach, the theory gives
the association constants lg K, (TLAHTPB) = 3.01 and
lg K,(DLAHTPB) = 3.07. These seem to be reasonable
when compared with the known values of several other
electrolytes having TPB™ as the anion.? Also, as expected,
little difference between K, for TLA and DLA is observed.
The stability constants of the amines can now be calculated
as lg K(TLA) = 13.8 and lg K,(DLA) = 14.4. These
results clearly show that both amines are very strong bases
in DCE.

From the above derivation of the assisted (or facilitated)
ion transfer, it is predicted that the pH dependence of the
half-wave potential is linear over the whole pH range. As
can be seen from Fig. 3, this is only the case above pH 5,
while below pH 4, the half-wave potential is independent
of pH. This behaviour is considered to be due to the fact
that the acid (HCI) is significantly soluble in DCE. This
solubility was also verified experimentally by equilibrating
DCE with an aqueous acid solution and back-extracting
acid from DCE to water.

In this pH range the mechanism proposed is given by
reactions (VI) and (VII), resulting in the total reaction
(VIII), i.e. Cl™ transfer occurs. For reaction (VIII) the
half-wave potential can be derived in the form of eqn. (13).

A(o) + HCl(0o) 2 AH*(0) + ClI (o) (VD)

Cl(0) 2 CI-(w) (VII)

A(o) + HCI(0o) 22 AH*(0) + Cl*(w) (VIIL)

. .. RT D@+ RT 0 RT "
AV, =AVQy+ — ﬁlnD—f{’)*- T In a{g), + F Ina®) (13)

Eqn. (13) does not take into account ion pairing, the
contribution of which must be included for quantitative
analysis. However, eqn. (11) shows that the change in the
activity of Cl~(w) at constant pH should result in a change
of the half-wave potential of ca. 60 mV/decade, which
explains the results shown in Fig. 4. Furthermore, meas-
urements without amine did not produce this behaviour,
and therefore the results give strong evidence for the above
mechanism. It is interesting to point out that the above
discussion can serve as the basis of a new type of CI™
electrode.
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Laurylamine hydrochloride is very soluble in water, and
therefore its transfer mechanism at the ITIES can be de-
scribed as a single ion transfer, with ion pairing in the
organic phase. When pH > Ig K,, where K, has been
defined by eqn. (14), the half-wave potential can be written
in the form of eqn. (15), where A g%+ is the standard

ally+
ST aY gl 14
. o RT D% 2.303RT
Al = Aan+ — 2F In DY F pH
2.303RT RT
i (g K, +1gK,) — T In a$g- (15)

transfer potential of the protonated amine and K, is
defined by eqn. (3). Eqn. (15) predicts that the slope for
the linear relationship between A *¢,, and pH is ca. 60
mV/decade. As can be seen from Fig. 5, this is the case for
pH values above 5.5. However, when the pH is low, this
linear relationship fails. This is due to the fact that at pH
values below Ig K, the concentration of the protonated
amine remains constant, giving simply eqn. (16) for the

2.303RT

RT
Ay, = ASQan+ — F lg K, — _F In as- (16)

half-wave potential, where the correction for the diffusion
coefficients has been assumed to be negligible.

From eqns. (15) and (16) a value of Ig K, = 4.10 was
found. This K value is the inverse of the base constant K,
for laurylamine. pK;, values 3.37 have been measured by
potentiometric titration and conductivity in water—ethanol
mixtures using extrapolation techniques to obtain the value
in water.”? The extrapolation with respect to the relative
permittivity is not straightforward and may explain the
deviations between these results and those predicted here.

As calculated above, there is only a small difference
between the Ig K, values of TLA and DLA. Therefore, we
can assume that the corresponding value for LA is probably
of the same magnitude, ca. 3.2. A¥@; 4+ can be estimated
using this value in eqn. (14). This approach gives A¥@} o+
of 10 mV, corresponding to a standard Gibbs energy of
transfer of ca. —1 kJ mol™!. This very low negative value,
combined with the known value for Cl~ (46.4 kJ mol™!)
yields a partition coefficient between water and DCE of
lg P(LAHCL,w/DCE) = 4.0. In our experience, the
solubility of LAHCI in DCE is less than 0.1 mM and in
water more than 0.1 M. However, because of its rather
complicated phase equilibria in water?” and its tendency
towards micelle formation,”® it is hard to determine
accurately its solubility in water. It is considered that the
partition coefficient calculated above can be accepted.

Cyclic voltammetry is a good method to measure diffu-



sion coefficients. As discussed elsewhere,*’ the diffusion
coefficients for oil-soluble amines (TLA and DLA) can be
obtained from the voltammograms, and the results are
DR, =5%10"%cm? s~ and D}, = 6 X 1075 cm? s~*. For
the water-soluble amine (LA), the diffusion coefficient ob-
tained is D{) = 2.6 X 10~° cm? s~

It can be concluded that the extraction properties of
amines are strongly pH-dependent. For HCI solutions, at
pH <4, CI™ transfer is observed, whereas for more alkaline
solutions, proton transfer is observed.
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