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The dissoeistion constants of diethanolamine (2:2-dihydroxydiethylaming] and ita
aonjugeate eeid were determined by electromaotive force messurements of the call

Pt; Hylg, 1 stm), (HOCH 2N HyCl(m,), (HOCH,).NH (m:), AgC] (s}; Ag
in the tamparatore rangs B to 50 *C.  The acidia dissociation sonstant (K.} of the diethanol-

ammanlum jon I8 given by
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whare T, the tamparaturg on the Kelvin seale, llas between 27215 and 323.15%,
aquatlon were caleulated AGS, the changs o fren energy
A8% the change in entropy; and A, the change in heat ca
nolammoning ivn in the standa

govistion of 1 mole of diet

+ 446302 —0.0043261 T,

from this
; AF®, the changs in hest oontent;

ity that accompany the dis-
state. At 25 "C, — Ka.j=

8.883; aG° = 50,682 joule mole~t; AH =42 400 joule mole~l; AS"= —27.8 joule deg 'mole;

and ACT =48 joule deg-tmole—l,

1. Imtroduction

The effect of changes of temperatura upon the
dissocistion constants of neutral and negativel
charged acide hue been the ohject of considerab
study ovar the past quarter cend This effort hag
resulted in much usaful information concerning the
therrnodynamic quantities associated with the dis-
sogiation process in acids of these types. Until
recently, however, the systematic study of posi-
tively charged acids has received little attention.

From the electroatatic point of view, the dissocia-
tion of a pesitively charged monobasic acid is of
unusual inierest. e dissociation process is iso-
electric, and consequently it might be expected that
the alectrostatic contribution to the change of heat
capacity would be zero [1, 2]°. This prediction wae
confirmed for ammonium ion |3, 4], but rather large
ggaitiva values of the heat-capacity change have

en found for other acids of the zame charge type. ®

Frorg the molacular point of view, the dissociation

process appears to be a reaction of considerable com-
plexiiy. though eonsiderable progress has heen
made, notably Everett and Wynne-Jones and

their coworkers (6, 7, 8], Evans and Hamann [9]
Laidler [10], and others,® in identifying the several
factors involved, it is not yet possible to account
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theoratically for the massured thermodynamie quan-
titiea. Thea empirical correlation of structure with
the observed changes of entropy and heat capacity,
on the other hand, has revesled & considerab)
ammount of regularity. permitting veeful predictiors
te be made.

Earliar papers hava reporied the diszociation
constants of monoethanolammoniom Ion {12] and
triethanolammonium ion [13] from 0 to 50 0, es
well as the changes of free energy, enthelpy, entropy,
and heat capacity that accompany the dissociation
process in the standard state. Sirnilar data for
disthanolammenium ion are now presented.

2. Method

The method was the same ns that used in the de-
termination of the dissceistion constent of mono-
ethanolammenium ien [12], and that of triethsnol-
stnmmoznivm ion [13, 14]. It has been described in
detail in earlier publications and will only be sum-
marized hers,

Hleetromotive-foree measuremenis of the cell

Pt; Hylg,l atm), (HOCH)NH,ClL(m),
R E N, AgCh ()7 AD

wero made at Intarvale of & deg from 0 to 50 °C.
The molalities m, and m, were approximately equal,
and the partial pressure of diethanolamine ¢ver the
buffer solutions wa2 so low that no correction wne




npliliad for volatility of tha solute {diethanolamine
hole st aboué 140 °C under a pressure of 2 mm Hg).
It wus alzo found that the eorrection for the com-
plexing of silver chloride by the amine was negli-
gible, and it was tharefore omitted.?

The thermodynamic actdity function plegye,) was
compited for each buffer su%tion at each tempera-
ture by the equation

P (ﬂ-ﬂm} = — lﬂg{hﬂm M)

={E—E"}Fi{2.3026R T +log my, (1}

where E is the emf of the cell and E° the sitandard

otential of the cell [15].  In addition, I is the Fara-

¥, &£ the gas constant, T the temperature on the

Kelvin seale, m iz molality, and v is_the molal ac-

tivity coafficiant. Values of 2. 3026 RT/F have besn
tabulated elsewhere [16].

The acidity function plagye,) is the same quantit
for which the symbol pwH was eadier Bumﬂtf?g
[17] and hes been widely wsed. In order to clarfy
tha nature of this quantity, it bas now been proposad
that plagya,) be need inatead of pde[‘lS R

The hydrolysie idissociation) of die olamne
o5 a base is sufficiently extensive thet the true
equilibtium concentrations of disthanolasmmoniom
ion (BH*) and of disthanolamnine (B) in the solution
differ somewhat from the stoichiometric molalities
my and ;. This hydrolysis reaction is written &s
follows:

{2)

It iz evident from this equation that the molality of
BH* will be equal to {m,-|-maog) whereas that of B
will be {m:—mog). Accordingly the ionic strength
{f) will be given by

=+ Mo, (3)
It hes heen shown earliar [19] that the concentration

of hydroxyl ion can be computed very conveniently
and with sufficient nmu.mc}}i)y the approximation

B+HO=BH*+0H".

log mom~log K.+ plaayer, (4

where K, is the ion produet constant for water [20].
arianca hes shown that the determination of
the dissociation constani is facilitatad by estimatin
the mtagnitude of the nctivity coeflicient of the loniza
diethanolammonium chloride in each of the solutions.
The complete expression for the acidic dissecintion
constant of the diethanolammonium ion is therefore
obtained by combining the mess-law expression for
tha dissociafion process with the acidity fonetion
plteye,) and with the Hiiekel expression for the
activity ccefficients. The resulting equation is

—log K\, =—log K\, —BF = pianve)

o ger 24 -\Irf
+log - =
Me—stom 1+ Ba*,[7
FThe solubAliby of silver chlorlde In 2 0.2 s zoletion of diethansokam ng weas fognd
r

to T 00002 mole liter. The o LR GOtk Lo ko b aief can be caleslotard
in tha menmer Gotined by Bates aod Pinchitig [4].
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Tha apparent valua of Ky in any solution is desig:
nated E; ; A and R are constants u?t.he Drebhye-Hiicke
theory [21], and &* and & are adjustable aters.

The therm mic constant was ohtained by
plotting the values of —log Ky as a function of
1oni¢ strength and extending the line so obtaived to
an ionic etrength of zevo, When too large a valve of
a* was gelectad, the plot of the right sida of eq (5}
as & function of jonic strength was cooeave down-
ward; when ¢* was too small, the function was con-
cave upward. For the measurements of diethanol-
smine, straight lines easily extrapclated 0 zero
ionie strength were obtsined by using a wvelus of
zero for 0¥, The last term of eq (5 thuz takes the
form of the Debye-Hiickel limiting law.

3. Experimental Procedures and Resulis

Diethanolamine was distilled at 143° C+3° at a
presaure of 2 mm Hg, The middie third of the dis-
tillata was collected and subjected to another
distillation at the same pressure and temperatura,
and the middle third of this new distillate waa
eollected.  Thiz final sample was found by eleciro-
metric titration with a standard solution of hydro-
chloric acid to assay 100.1 percent, if assumed to
contain only diethanolamine,®

The buffer soluiions were prepared and studiad in
groups of five. The lsst four of each series were
prepared by weight dilution of the first, This stock
solution waz prepared, for ench series, by Iipet;gﬁ
into a (h.Ll-m Lydrochloric acid solution (standardi
by weighing the chloride ae silver chloride} an
amouvnt of disthanolamine sufficient to produce a
solution about 0.1 m in diethaoolamine hydro-
ehloride and 0.1 m in uncombined dicthanolumine.
The oxact malality of the hydrochloride was, of courze,
the same as that of the hydrochloric acid wsed in
making the solution, The exact molality of the
free amine was determined by weight tiiration.

The observed values of the electromotive force
fthe averages for two pairs of electrodes in each
cell) were corrected in the nsyal way to the standard
reference state for 1 atim partial pressure of hydrogen.
The corrected average values are given in table 1.
Values of plagyc) were caleulated by eq (1) from
each corrected valua of the emf snd the chloride
molality (m,).

The guantity —log K, was evalusted by eq {5)
for each zolution and was plotted st each fempera-
ture as a function of ionic strength. The caleulated
points ab each temperatuore fell on & straight line
when &*=0 was choseri. By the method of ieast
squares, the aquations for these lines ware deter-
mined and the intercepts {—log Ka) at J=0 were
obtained. Tha values of —log &), from ¢ to 50° C
are listed in table 2 together with the standard
deviation of the intercept.

The haste dissocistion constant (K, of diethanol-
amine is alzo given in tabie 2. This is the equi-
librinm constant for eq (2) and was obtained by the

kA eaklmabe of the affect of monoethanolamins ss an Impurity 13 glven 1o the
apqwndly, seotion § of thi paper,




TapLe 1.
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of the digsociation conatanta of diethanol-

TavLe 2, Summar
ﬁu} and diefhanolamine (Ky) from 0 fo
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5000
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The constants Fiven in the second column of table
2 may be expressed by the following equation, valid
from 0 to 50 °C:

183015
r

—log K= +4.0302—0.0045261 T, (7)

where T is temperature in °K: T=°C4273.15.
The constants of c(%['f Vwere computed by the method
of least squares, c standard deviation of a singla
value of —log K from eq (7} was 0.003. E—qﬁlation
E{g%]m of the form proposed by Harmed and Robinson

Hall and Sprinkle [23], using a cell with a hydrogen
electrode nng a liguid junction, found a walue of
2.88 for —Jog K, for disthanolammonium ion at
25 °C. In recent work [24], Chremos and Zimnier-
man have reported a welne of 5.06 at the same
temperature, This value was calculated from pH
measurements made with a pH meter of the plass-
electrode type. Qur resuli agreee well with the
earlier work of Hall and Sprinkfel:e

417308 —§2-——6

Froves 1. Plofs of —log B 08 & funciion af iondic sfrenglh af
0, 35, end &0 ° 0L

4, Derived Thermodynamic Quantities

The changes of free energy {a{?™), enthelpy
{AF?), entropy (A8°), and heat capacity (A(f;) tor
the dissociation for one mole of diethanolsmmonium
ien in the stondard state were calenlated in the vsual

way from the change of the dissociation conetant
witﬁrl temperature as given ih eq (7). The results
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are summarized in table 3. The thermodyoamic
quantities for the dissociation of monoethanolam-
monium  ien [12], disthanclammonium ion, and
tricthanelammonium lon [13] at 25 °C are compared
in table 4.

TarLE 3. Thermodynaomic guaniifies for the disaociafion of
dizthanclammontum ion: BHt=B H*

r aa® Ak A5 acg
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Tanre 4, Cymporison of He termodynamic guantiifes for
the dimpocialion of wmongelhonplommoniem, diethanoiom-
monfum, and irigthanolommanism fone of £5 °C

Aold (BH*Y =hg E,,| ot aH" AHf® ac}
el b1 mmet | ) der-imodet
Monesthanoam. 1 1 § dar! J dar
oty [19,.... 9108 . 2 L fd —i%a —h
Tethsool-
ammtmium___j__ Emd3 B, 88 42, 90k -8 o
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Triethannl
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5. Appendix. Efscis of Impuritiez in the
Diethanalamine

T]':ﬁ Bffl:?(:t- of small amounts of munoet.ha.lll){;la.miue
or other bases present as an impurity ma, aged
as follows, Inp?ﬁe measurameﬁta fmmged a%we,
a solution was made of diethanolamine () and
hydrogen chloride in water. Let @ be the weight of
diethanolamine in 1 kg of water. The molahty of
I, on the assumption that this bage waa 100 percent
purz, would be afMp, where My iz the molecular
weight of I}, and hydrochloric acid would be added
te & molality af(2M ) thus

M= T =
o PE= DM,

(8)

Hence, the apparent concentration dissociation eon
stant, £hg, can be written

*
m

ma. {9}

T oE

A relation between kpg and the true concentration
dizaoriation constant 15 sought,
If a fraction z (by weight) of the basa added is
resent as another bass (e.z., monoethanolamine,
if) whose conjugate acid has the dissociation
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constant kym, the total concentration of diethanol-
amins (as free base and hydrochloride) is

mptMpr= “iri}“

(1)
and the total concantration of moncathatiolamine is
(11)

g+ MHH=M£;I_

From the definition of the dissociation constants,

krm

mn—an Moa {12)
and

m.g=!% MarE (13}
Henca, from eq (8], {10}, and (12} one can writa

moa (142U s—ym, (1)

and from eq (8), (11), and (13) ona finds

Rum F My, .

Electronentrality imposes the following conditicen:
{16)
(16a)

Mgt M+ Mor=Me+ Moe
or

a1 Fpr = Mo,

inasmuch as the hydrexyl ion concentration iz very
much smaller than the molality of the added hydro-
chloric acid, Hence, with the aid of eq (14) and (15)
one obtaing

21—zimb + 2rM —m
1 +hpafmig ¥ Mar(2 +hewg/ma) 0"

Bemembering that mp=kpg 8nd that me—=mp=mix,

(17)

one can then write

1—zr My
1+kmf¥m+mx|:1+e}_ﬂ'5’

where ¢embyp/tiy.  Finally, e;l {18} can berearranged

t
° bpr___ (14828
Fou {1+ —20{Mp/Mar)

It is now poseible, with the aid of eq {184}, to
compute the error in the dissociation constant
resulting from the gence of small amounts of &
gacond base in the diethanolamine used. Inasmuch
as the assey (100.1 percent) exceeded the theoretical
volue, it i evident that the impuvty was o base of

{18}

1. {180}




equivalent weight legs than that of disthanolamine.
It ia likely, therefore, that it was monoethanolamine
{molecular weight=461.08) rather than triethano-
lamine (mol wi=14%.19). The value of z 15 readily
shown to be

AA My

100 M.— My (29)

o=

where Ad is the observed aseay valua {(in percent)
minus 100, due consideration being given to sign.
For the measurements reported here, A4 was
0.1, and xr i3 therefore 0.0015. The value of
Kog 66 25 °Cis 1.31 % 107" pnd Ay i3 3.18 ¢ 1070
i12]; hence ¢ 38 0.243. The tatio of molacular
we]ghta Mp/My, is 1.721, Substitution of these
values in eq {18a) gives 10051 for bpgfkhe. It may
ba concluded, therefore, that the presence of mono-
ethanolamine (:n=ﬂ.[lﬁ15} could reaunit in walues of
—log K, for diethanclamine that are too high by
about 0.002 wnit. This correction was not made
reporting the values of —log K given in tabla 2.
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