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The acidic disspsiation gonstant, K., of piperidinium fon bas bech determined at 5
degrea lutervals from 0° to 50° C from measgrements of the elestremetive fores of hydrogen-
gilver chloride eells without Hguid junction. The reaufts are plven by the squation
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whers T ix the temperature on the Eelvin acale,  Appresiablz ion-pair formation betwean
g}peﬂdlnlum ion end chloride jon was poatulated in order to explain the mode of variation
the apparent dissociation constant with ionic strength

The changes of heat content, entropy, and heat capacity for the dizaociation resction
heve heen celeulated froro the temporature eoefficlant of the di iation congtant, For
the acidio disspciation of Piperidinium oo st 25%, the following valued wore obtalmed:
ARNP=53,50M § mols™), AS“ = —33.% j deg~! mole=t, and ACT=5K j deg-' nole~l, The
corresprnding valuees for the baale disaccistion of piperidine at 55"' Ara AN w3, 170 j mole—i,
A8 m — 44§ j deg™! male? and ALT=—283 ] deg™? mole—.

—log K = —6.3635—0.0076585 T,
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1. Introduction

Although the dizsociation and related thermg-
dypamic constanta for many uncharged weak acids
and dipolar ions (ampholytes) have been the subject
of extengive investivations, very littls is known con.
cerning the jpnmization bebavior of uncharged weak
bases or their conjugate aecids of cherge --1. This
i3 avident from the summaries -Eiven by H. 8, Harned
and B. B. Owen [1] and by R, A, Robinson and R. H.
Stolkes [2].' The temperature varigtion of pK, for
31 uncharged or negatively charged acide in water
and for both modes of dissociation of 19 ampholytes
iz found in the recent list of Robinson :mdp Stokes,
et data for only five weak bases studied with tha

same degrea of care and thoroughness are Lﬁiﬂn‘
These bases are ammonia, the three methylamines,
and ethanolamine. Two others, ethylenediamine

and bexamethylenedismine, have heen added by the
work of Everett and Pinsent [3], but the list iz still
too brief and restricted to justity any correlation of
diseociation hehavier with atructure.

The strongest of the seven uncharped basss for
which the thermodynamic properties are preseatly
avallable (naumely, dimath l?l.mme} 1% only 34 times
43 strOng 8s ADMONIB. nlike thesa seven, piperi-
dina,

CHe—( CHy)—C Hy,

N
H

1z & eyelic bass and is about 75 times as strong as
ammoma. The acidic dissociatiom constant of
iperidinium lon, that is, the equilibrinm constant
or the reaction CH,wNHF =C,H,.NH4-HT, has now

1 Figmres in beackats indbento the Héacature raterescan ot tha envdlof thie g,

hean delermined at 5-deg intervals from 0° o 50° O
hi;v measurernent of the electrometive force of cells
o

the typa ~HEh,

Pt; Hylg, 1 atm), CoHNH-HCOL (my),
:HyoNH (mg), ApCl; Ag.

The changes of heat content, entropy, and heat
capacity for the dissoiation of piperidinium ion have
been caleu]ated from the temperature variation of the
disseciation constant.

2. Experimental Procedures

The method used was eseentially that of Harned
and Ehlers [4], with certain modifications made
necessary by the volatility of tho solute, the forma-
tion of complexes between silver chlorde and the
base, and the rather extensive diesociation of
pil&?ridinn in water? L .

he partisl prassure of piperidine from its . 10774
aqueous solution was measured hy the dynamic
methed aad found te be 1.2 wm at 25° and 2.1 mm
at 50° 0. Thoa volatility was thus sufficient to
require the use of the triple saturators in series with
the cells [5]. However, if the presence of piperidine
in the rapor pha=ze wera not taken into account in
correcting the emf values to 1 atm of hydropen, an
error of only (.05 mv would be incurred for the most
eoncontratad solution (m,=0.00678) at the highest
temperatura (50° ). The small correctione were
calculated, whers applicable, with the aid of Hema’s
law, on the assumption that the constant of this
law varies linearly with temparaturs between 25°
nnd 50° C.

1 The chatyges n o L] tiphn 9, at well at the corrgetlons bor volee
43‘ Lhe Bese and tor sdubdlity of tlﬁ‘!:leﬂenm, heve baen deseribad in twa

snribar papets |5, 8.
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The solubility of silver chloride in a (.1-3f solution
of the base was determined as formerly [8] and found
to be about 46 percent as large as in &BD ey
concentrated sclution of ammonia. The fi cal-
culated from the stability conatants given by
Bruchlman and Verhoek [7] is 4 percent. The
correction for complex-ion formatiom emild therefore
be safely omitted.¥ Furthermore, trapsfar of silver
ion to hydrogen electrode took place so slowly
that the large stoponcks separating the electrode
myl%ﬁart.menm 1[351 E]fwe?e alséi:::n diepensad with. b

ree samples of piperidine were prepared by
purification of commercial material graded “CP"
and “Purified.” Samdple I: The hase was distilled
from sodinm hydroxide pellete and then redistilled
with rejection of the first and last tenths of the
distillate. Semple 2: A portion of the first sample
wag partislly frozen and the last 5 percent of hiquid
rejected. ‘The piperidine obtained in this way was
redistilled. Sample 3: A portion of the second
sample wis twice redistilled, with rejection of the
first and last fractions.

Adqueove solutions of these three preparatione of
piperidine showed absorption peaks at 280 mp,
indicative of the presence of amounts of
pyridina. I all of the alsorption at this wavelength
waa due to pyridine, with 8 molsr sabsorption indax
of 2,160 [8], the three samples contained 3.6, 0.6, and
0.3 parcent, respoctively, of p‘iridiﬂa _As the
strength of thiz base is only 1/10* that of piperidine,

yridine cen be mrded as an inert impurity at
E.l.gh sH values. e concentration of piperidine m
the stock solutions was determined by titration with
standerd acid to the end point of phenol red, pH
sbout 7.2. At this pH, only about 1 pereent of the
pyridine impurity would he nsutralized; hence, the
pyridine present could cause an error of not more
t.m 0.)1 cent in the concentmation of piperidine
determined by titration.

The preparation of the electrodes has been de-
acribed clsewhere [B].  The zolutions in the cells were
made from analyzed stock solutions prepasred from
piperidine, twice-distilled hydrochlorie acid, and
water that had been de-aerated with nitrogen.
Seventean different solutions were studied.

The emf of the cells was measured initia)ly nt 257
O belore the tamperature of the water bath was
lowered to 0% C for the beginning of the 0° to 25°
spries of measurements. oat of the colls ware
refilled before the messurements from 25° to 50°
C were begun, giving two “initial” emf values at
25° C for 11 of the 17 eolutions.  The mean differchea
between the duplicates wee (.08 my. Although
each series of measurements was completed in § hr,
a comparison of initial and final values at 25° C
uzuelly revesled & decrease of emf, moet pronouncard
gt the high temperatures and with the relatively
dilute buffer solutions. Corrections were applied
when thie irreversible change exeeeded 0.1 mv., In
the four extreme cases, the correction amounted to
0.40, 0.57, (.67, and 0.50 mv at 50° C,

? Thes cotrectiot {a bws Lo 003 mav ab 25° O

3. Besults and Calculation of the Dissociq-
tion Constant

The corrected values of the emi, E, for a partinl
pressure of 760 mm of hydrogen are summanzad in
table 1.

The cell reaction is

#H(g) +ArCl(s) =Ag{s) -+ H* (aq) +Cl {aq).

Production of electrical work by the cell is therefora
accompanied by the formation of hy en and
chlorida ions in the aqueous piperidina butfer solu-
tion, Taking into account the reaction of piperidine
with water, one may write the following expression
for K, the t.hermnag'namjc constant for the acidic
diszoeiztion of piperidiniem ion:

—log K,=—log K,—fw'=pwH+

1 ml‘r‘mEE"_ 24 &7 ,
y—Mog~ 1+ Ba* @

in which A snd B are constants of the Debye-Hiickel
equation, &% iz the ion-size parameter, and the
prime marks indicate “apparent’’ values that become
exact in the limit of infinite dilntion, u=04 The
quantity pwH is defined by

{1}

-F*

Pl =5 e R T 108 Mo, (2

where £ iz the standard potential of the eell [10]
and K, T, and F have their usual eignificance. The

apparent concentration of hydroxide ion in terms of
pwH and K., the jon-product constant for water, is
log man- =log K +peH, (3}

&nd the apparent ionic strength is
w=my+mys-. (4)

Ti is expected thai s plot of the values of —log &
obtained by eq (1) &s 4 Function of lonic sirength will
be a straight line essily extepded to p=0, if the
proper choice of a* is made. For atrong electrolytes,
the value of this parameter excesds 3.5 4, and lower
values suggest incomplete dissociation, en g*=4
was uzed In eq ‘%J e piot of —log X a8 & function
of jonic atrength had the definite curvature shown
by the dashed line in fizure 1. The curve remained
coneave downward for all values of a* exceeding —2,
at which point approximate linearity waa reached.
The unusually small values of a*, decressing as the
basic molecule becomes larger, found for other nitro-
ﬁehm may indicute thet the hydrochlorides of

bazes are present partly s on pairs even in

1 Thud, gq [

givee the Lo tlefnjiiy of hydmakig bon only if the activity
confckenls of

de tild hydmabds {mi am squal,  Likewisa, the ladk term ol
it (1] #1 6 milable represontation of Lha activiky confliclaols toafy wt Jowr congan-
{ratlome. gﬂ““h hath Log mg g snd log KT, aTe axpeted to vary Ilnsarly with
1enle steenipth.
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these rather dilute solutione. For example, & value
of +2 has been found for ammonium 1on [5], -|—1
for ethanolammonivm ion [B] and trie(hy
methyl)ammonivm ion [11], and —2 for tnethanuIr
ammoniam ion [12].
though & negative value of a* dees not preclude
an sceurate extrapoiation to —log K, it seemer de-
sitable to sllow for the presence of jon pairs. This
waa done by fixing a* at 4 in eq (1} and choosing by
trial a value of K, the dissoriation (instabil :‘;ﬁ
conetant of piperidinium chloride, that wuuld
) st.ra. tHine plot of —log .. The com ut&unn
us essentiaily an evaluation of e trua
mulalmea of chloride and piperidinium jons, Mg -
and mya+, for use in eq (2) and in place of the atoichio-
metric #y in eg-(1) and (4),
m the massJaw expression for the lon-pair
equitibrium,

Moy ==ypt=+2km,+ k¥ —k, {(5)
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Froguem 1. Plot of —log K ‘L‘ 2 Function of ionic -atﬁeﬂ-gt.i'i.
[

......... Withcat onreation for Jon palrt in piparkilolebn chiborida st bns
rand , ®Ith lin-palr erestion,

where & s wnttren for & Kif". The activity coef-
ficient, f, of an “average’ univalent ion was esti-
mated y the Debve-Hilckel expression with an ion-
sized paramcier of 4, nnd that of the icn pair wes
taken to be unity. It was necessary to use the
method of sueccessive approximations to obtain
M- by eq (5), &8 & value for tho ionic strength ia
neadad to evaluate k.

The value of —log K. was found to be a linear
function of the jonic Btrﬂl]%ﬂ:l when K was given the
following values: 0° to 259 C, 0.8 30°, 0.7; 35° and
40%, 0.6; 457, 0.5; ond 63°, 0.4. The cireles and lower
line in ﬁ'ﬁm‘e 1 ate & plot ui‘ the date at 25° 0. The
wilues of —1 ‘w‘cn in table 2 wera determined
from large-se {'u:l cis of this type. The constant,
K,, for the basm dissociation of piperidine, P+
H,O=HP*{OH", iz aleo listed in the table. Tt 1=

AR, where Hu- is the ion-priduct conatent fur
water [1]. An accuracy of L0005 in IO%K, and
log K, is eatimated. a values of —log at 15°
and 25° (! are higher by sbout (.06 unit then thoge
found by Wymne-Jones and Salomon [13] (11,38 and,
11.06, reapactively}, whereas thet &t 25° O (11.123)
s in excellent agreement with 11.13 cited by Hall
and Sprinkle [14].

4. Heat Content, Entropy, and Heat Capac-
ity of the Dissociation Reaction

The values of —log K, st temperatures (T {rom
273.16° to 323.16" K (0" iv 50° O) given in table 2
can ba represented by the equation

2105.5

—leog K, =-~—-+ﬁ+3535 G.007E365T i)

with a standard deviation of 0.002, By :a.p lication
ol the vsusl thermodyoamic formules, therefore,
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Tanie 2. IHaascintion conslants aj’;{nmrid:'m'um 1o (K ond

piperidine (Ky)
Tr—rr—
‘Temporstnre| =lof K, =g K
b
o 11,92 2 0
5 11754 2
] 11,414 .92
n 11,442 ER
1] 11, ‘i A iy
- 11124 9.573
n 1 B 9. 96
) 1. A18 9. 53
H 1ih B 0. 556
i ). B O &T0
1] e 384 1 578

the following expressions for the standard changes of
heat content (A%}, of entropy {AS®), and of heat
capacity (A{7) for tha dissociation resction are
obtained:

AH®=23026R {(2105.6--0.0076365T9, (7

(£
()

To obtain the fivures given io table 3, 7 was taken
to be £.3143¢ | mole™!; the results are acmrdinﬁ!ly
in joules. The corresponding quantities for the
basie diseociation of piperidine at 25° C are AH "=
3,170} mole™!, AS%=—443 | deg mole!, and
A(T5=-—283 j deg™" mole™".

AS®=2202687 (0.0153737T—8.3535),
ACS=230268 (0.0153737).

Thermodynamic quantilfes for ihe acidte digsgeinticn
af piperidinium fon from 0° fo 507 7

TasLE 3.

Tempar- aFH* &5 ac=
e . *
o | ] drg ! madel e male

il il.'ﬂﬂ —dl. 3 )
E &1, T —.4 ;-
Lk L2, 110 —4, 4 i+
18 I, K —3. 4 [
L1 B2, Pl —an, 4 .11
5 53, 380 —a3. 8 =]
1) 53, 53k —3T3.4 =]
a6 54, 280 —dl.4 Wl
40 H, M) —H. 5 Er|
46 5, 910 —38.0 H
5 56, 580 —38. & a5

It hae hean shown [15] thet the method vzed here
cannob venslly furnish acenrata values for tha dis-
gogiation constants of acide with &, >0.005, 51 a
consaquence of the uncertainty in establishing the
hydrogen-ien concentration snd, henca, the buffer
ratio. A determinstion of the strenpths of very
weak acids {moderstely strony bases) encounters a
similar difficulty in establishing the hydroxide-ion
conceniration. It is noteworthy, however, that this
restriction may be less important for moderately
strong bases than for modersiely astrong acida.
This 12 becanse the estimation of myg. depends upon
& ratio of the activity coefficients of two univalent

noions (san fooinote 4), & guantity that may be
naarly unti‘g even at ionic atrengths wall shove the
Debye-Hilckel region. On the other hand, the
nceezsity of selecting arbitrarily an ion-siza param-
atar for tha computation of mue+ limits severaly the
accuracy with which K, can be established when
mere than 10 percent of the acid iz dizsocisted.

Tha digsociation of ainﬁly charged cation acida is
an isoelectric process, and the thermodynamic con-
stantz for these reactions are accordingly of unu=ozl
interest. The hent content change for the dissocia-
tion of piperidinium ion differs hy only slightly mere
than 1,000 j mole™ from that for ammonium ijon
and by less than 3,000 j from that for ethanol-
ammonium icn. Thet the entropy chapge {—34 j
deg™1 mole™") is [arger than that found for any other
base yet studied suggests that the cyclic structura
of the pipendinium ion interferes with extensive
solvent orlentation.

The heat-capacity change for an isoelectric process
might be expected on electrostatic grounds to be
quite small, end indeed AL Jor ammoniom ion
16, 16] sud ethanolammonivm ico have been found
to be nearly zero. Nevertheless, the walues found
for the methyl-substituted smmoninm ions [17] are
positive and rise with increasing substitution of
methyl groups from 33 j deg™' mole™! for mono-
methylammonium to 183 j deg?! mole™! for tri-
methylammonium, Other acids of this charge ©
have given the following positive values: ethylenedi-
armmoenium ion, 73 j (3]; hbexamethylenediammonium
ion, 34 ) [.?HL' and piperdinium ion, §8 | (this investi-

tion}. he highest. of these values is sbout as
E‘ga as that found for many uncharged acids, hut
i= of opposite sign.

Orientation of the solvent malecules by the lons
should affect hoth AS® and ALY in the same sense,
and the contrary variation of these two quantities is
evidence that the dsscciation eannot ba explained
on & simple elpctrostatic besis even when solvent
orientation i5 considered [18). It is evident that
charge type, the interaction of ions and molecules
with the solvent, and electrostatic, sterie, and sta-
tistical effects must ell be taken inte account in any
interpratation of the thermodynamics of acidic dis-
aociation [3, 18]. Fer &ll but the simplest reactions,
aven qualitative predictions remain unsatisfactory
at the present time.
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