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ABSTRACT

The flowing afterglow system at York University is being used to obtain
both kinetic and thermodynamic data for ion—molecule reactions. The kinetic
measurements have been directed mainly to testing current reaction rate theories.
The ADO theory appears to predict results which agree within 40 9/ with experi-
ments for proton transfer reactions to neutral molecules which have permanent
dipole moments from zero to 2.98 D. The classical theories predict much higher
values than those observed for other reactions, such as those involving CH3;™
transfer, for which ““ab initio” calculations predict the presence of energy barriers

" in the potential surface. These reactions can be represented as having activation
energies, E, ca. >5 kcal mole~!. Exothermic reactions of C~, C,~ and C,H™
with H,, O,, CO, CO,, H,0, CH, and C,H, were also found to be very slow,
due to chemical effects associated with multiple bond rearrangement or close
range electrostatic interaction. Rate constants have also been measured for
reactions believed to be important in the synthesis of polyatomic molecules
observed in interstellar space. examples of which are the formation and loss
processes suggested for HCN.

Equilibrium constant measurements have been made by two independent
methods: the ratio of rate constants measured in the forward and reverse direction,
and the ratio of the concentration of products to reactants measured at equilibrium.
Such measurements for proton transfer reactions to neutral molecules, when
combined with measured or calculated values of AS® lead to a table of proton
affinity differences of neutral molecules. The same prmcnp}e applled to negative
ions has led to the determination of proton. affinities of negative ions, acidities
of Bronsted acids, electron affinities and bond dissociation energles of neutral
molecules.
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‘INTRODUCTI'ION

The flowing afterglow (FAG) system, originally developed [1] in the NOAA
laboratories at Boulder, Colorado, has proven to be one of the most powerful
techniques for obtaining rate constants of ion—molecule reactions at thermal
energies. The FAG system at York University has been used to measure rate
constants of reactions selected mainly to test current reaction rate theories which
assume Boltzmann distributions. However, we have also found the technique to
be equally potent in obtaining thermodynamic data for ion-molecule reactions
from which it is possible to derive values for such fundamental properties as heats
of formation of ions, proton affinities of neutral molecules and negative ions gas
phase acidities), electron affinities and bond-dissociation energies of molecules.
These studies have become the major focus of the work here.

RATE CONSTANT MEASUREMENTS OF ION—-MOLECULE REACTIONS

The current classical theory of ion—-molecule reactions yields, for the macros-
copic rate constant of a reacting system having a Boltzmann dnatnbutlon, the
expression

3
k= 27_1'5_7 {oc“}fi-CpD (—-g—) }
ur nkT

where ¢q is the charge on the ion, u the reduced mass, yp is the permanent dipole
moment and « is the polarizability of the neutral molecule. C is a parameter,
introduced by Su and Bowers [2], which can have values from 0 to 1 and is a
measure of the extent to which the permanent dipole is oriented to the direction
of the approaching ion. If either C or uy is zero the expression reduces to the
familiar Langevin expression [3]. When C is unity the expression is identical to
the locked dipole theory [4, 5] in which the dipole is considered to be oriented

continuously along the line of centres. Su and Bowers [2] considered that the
~ permanent dipole has an effective average dipole orientation (ADO) and deduced
that C is a function only of u/o? at a given temperautre. They have provided
values of C at 300 K [6].

The theory involves a number of simplifying assumptions. The treatment
is classical and assumes no dependence on the size or moment. of inertia of the
molecule. It is purely physical, involving only the physical parameters py,, « and p.
1It, therefore, does not account for such chemical eﬂ'ects as energy or entropy of
~ activation or the exothermicity of the overall reaction. :

Proton transfer reactions should provide a good test for the theory since
such chemical constraints would not be expected for the simple transfer of a
proton fiom one molecule to another. There are other advantages to selecting
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proton transfer reactions. They are generally clean 5 w1thout complxcatlons
from other pnmary or secondaty channels. Moreover a series of reactions in
which the proton’ transfer to the same neutral molecule from a variety of proton
donors XH* permits an assessment of the effect of exothernnczty on reactions
which are otherwxse similar.
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Fig. 1. A comparison of experimental rate constants at 300 K for proton transfer reactions to
NH;(up = 1.47 D) with predictions from classical theories.

Figure 1 illustrates the case of proton transfer from positive ions XH™ to
- NHj [7] which has a permanent dipole moment pp, = 1.47 D. The ADO theory
appears to account satisfactorily for the dependence of k£ on the physical param-
eters pp, pu and o and moreover to have provided a reasonable value for the
parameter C. This is also seen in Fig. 2 which shows the ratio of the experimental
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Fig. 2. A plot of the ratio of the experimental to the theoretical rate constant at 300 K as a
function of the exothermicity, —AH°, for proton transfer reactions from a variety of positive
ions to molecules having small or zero values of pn and with NH 3 and HCN having up, = 1.47 D
and 2.98 D respectxvely. The :{;10 % precision of the measurements are represented by the error
bar. . - - R o
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to the theoretical rate constants k,xp/kum,, for a variety of prcton transfer reac-
tions from positive ions. For those molecules with small or zero values of yy, the
ADO (or Langevin) theory predicts values which are somewhat (up to 40 %)
larger than observed. For molecules having large dipble'moments'(NHg, and
HCN) the ADO theory predicts values which are somewhat (up to 40 ;) smaller -
than observed. There is no obvious dependence on the moment of mertla Cf size
of the molecule, nor on the exothermicity of the reaction. For rate constants of
proton transfer reactions of the type Y~ 4+HX —» X~ +HY, the agreement witn
ADO theory is less satisfactory, with the ratio k,,‘p/kmcor spanmng the range
0.4-2.2.

We have recently extended our experimental assessment of theory to
quantum mechanical investigations which do not completely ignore chemical
effects. Recent semi-empirical and ‘‘ab initio” calculations of potential energy
surfaces have predicted the existence of energy barriers for certain ion-molecule
reactions. For example, the semi-empirical calculations of Kuntz and Roach [8]
indicate an energy barrier of ca. 15 kcal mole™ ! in the entrance valley of the-
potential energy surface for the reaction :

Kr* +H; - KrH" +H 1)
Also, the ““ab initio”> LCAO-MO-SCF calculations of Dedieu and Veillard [9]

u:nply an energy barrier of 3.8 kcal mole ! for what is formally a methyl cation,
CH,*, transfer reaction )

H™+CH,F > CH,+F~ | ©)

One can attempt to account for such energy barriers in the traditional Arrhenius
manner:

>k;cxp = kcaplurrc exp(—Ea/RT) (i)

where'kexp is the measured and X, is the capture rate constant calculated using
classical theories in the manner indicated earlier in this paper. While such an
approach represents a gTOSs oversimplification as a model for including chemical
effects in 1ion-molecule reactions, it does represent an advance over the purely
physical theory. Should there be reasons other than an energy barrier which cause’
the measured rate constant to be less than the capture rate constant, such as a
T " dependence of the pre-exponential term, the actwatlon cenergy baruer, E,,
calculated using eqn. (i) will be too large.

In the case of reaction (1) our experimental,measur_ement [10] of a rate
constant of (2.0+0.5) - 107*° cm® molecule™* s~ ! ‘corresponds to an activation
energy of, at most, 1.2 kcal mole™*, which does not support the large energy
barrier -estimated theoretlcally The accord between theory and experiment is
‘better for reaction (2). The theoretical prediction of a barrier of 3.8 kcal mole™
is in remarkable (but probably fortuitous) agreem.,nt with the expenmental value
. of 3.6 keal mole - whlch can be deduced, usmg eqn. i), from the measured rate
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. TABLE1

RATE CONSTANTS AND ACTIVATION ENERGIES FOR momgMc CH,* -TRANSFER REACTIONS FROM
- CH3Cl'IN THE GAS PHASE AT 296 K* - - i ' :

Anion = ;AH?293 R Kexp® " kapo® - Kexplkapo 7 E S :

. (kcal mole— ") o T C T (keal moIe”l)
H- 8641 - 2.5¢ - 8.5 0.29 o 0.7i0.2
NH;~ 66.14-0.2 2.1 2.4 0.88 T 0.120.2
OH- 4941 1.9 24 079 01302

F- 298 - 1.8 .23 0.78 . - 0.1 0.2
C-H~- 6241 0.12 2.1 0.057 1.74+0.2
CN-~ 30+4(1514) ‘ca. <0.0004 2.0 - ca. <0. 0002 ca.> 5

2 Units are - 107° cm® molecale™ ! s~

b Unless indicated otherwise, the accuracy is +20 %.

< Calculated using the average-dipole-orientation theory {6]. The ad_;ustable parameter, C = 0.21.
4 See egn. (i). The uncertainty in E, reflects only the uncertainty in £,

© Ref. 12. Accuracy is 430 %;.

T Production of isocyanomethane.

TABLE 2

RATE CONSTANTS AND ACTIVATION ENERGIES FOR CH3t TRANSFER REACTIONS FROM CH,F IN THE
GAS PHASE AT 206 K*-

Anion - —AH%9g Kexp® kapo® Kexplkapo ES

(kcal mole— ') . (kcal mole—*)
H- 5748 ' 0.015 7.6 0.0020 3.6+0.1
NH,~ 3749 0.017 23 0.0074 2.9+50.1
OH~ 20-+8 0.024 2.2 - 0.011 ) 2.6:0.1 -
C.H™ 33419 ca. <0.0003 2.0 ca. <0.00015 ca.>>5
CN- 15+11(—14411)¢ ca. <0.00 20 ca. <0.00015 ca.>>5

2 Units are - 10~2 cm?® molecule— % s—1

® The accuracy is +20 %.

< Calculated using the average-dipole-orientation theory, [6]. The adjustable parameter C = 0.23.
4 See eqn. (1). The uncertainty in E, reflects only the uncertainty in kup-

€ Production of 1socyanomethane.

constant of (1.5+0.3)- 107! cm® molecule ™ s~1. The rate constant measure-
ments summarized in Tables 1 and 2 for other CH;* transfer reactions studied in
this laboratory [11] suggest the presence of activation energies in other reactions of
“this type, especially in the reactions of CN~ with CH;3Cl and of C;H™ with CH,F.
More decisive experimental evidence for the presence and magnitude of activa-
tion energies in reactions of this type would of course be provided by the measure-
ment of the rate constants for these reactions at various temperatures. ) ,
A large number of reactions of this type have been studied extenswely in
~ solution where they are known as bimolecular nucleophilic dlsplacement or S2
reactions. Both the rates and preferred directions. of Sy2 reactions have been -
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observed to be sensitive to the nature of the solvent medium. The gas phase
measurements described above provide the first opportunity to determine the
- intrinsic nucleophilic reactivity of “nude’” anions and hence to assess the role of
solvation in condensed phase Sy2 reactions. For example, an important question -
arises regarding the origin of the large activation energies, E, ca. 15-20kcal mole ™1,
characteristic of reactions of anions with methyl halides in solution. To what
extent do these observed activation energies reflect intrinsic propertxes of the
chemical reaction and not, therefore, solvent effects? Our gas phase measurements
suggest that several Sy2 reactions may possess large intrinsic activation energies,
E, ca. >5 kcal mole ™. This, of course, implies that not all of the activation energy
observed for such reactions in solution is necessarily attributable to solvent effects.
The presence of intrinsic activation energies would also dictate that classical
theories of capture can only hope to predict an upper limit to the rate of these
reactions in the gas phase, in much the same way that the diffusion limited rate
provides an upper limit in solution.

To probe further into chemical effects on the rates of ion—molecule reac-
tions we have turned our attention to the reactions of ions for which one might
anticipate the presence of steric or energetic constraints. Initially attention was
focussed on the reactions of C~, C,~ and C,H™ whose study was stimulated in
part by the importance of the latier two ions in combustion chemistry. The ions,
C,” and C,H~ dominate the negative-ion spectrum of fuel-rich hydrocarbon
flames [13] and are proposed as the precursors of the large unsaturated carbon-
aceous anions C.H, ™ (x = 3, y > 0) observed in these flames.

TABLE 3 . 7
REACTIONS OF C>,~ WITH H2, 0., CO, CO;, H-0, CH4 AnD C2H, AT 298 K

C, ((Z)+H.(X) - C;H(*X)+-e+70° AP <I(—13)°
— C;H~(Z)+HES)+0
C: (CE)+0:(%) —- C20,(*X)+e+?
. - 2CO()Fe+177
~ CO.(*2)+C(PP)tLe-+47
- C,0-(X)+0CP)}?
- C~(*8)-CO.(*X)+77
. : - O~ (?P)+C,0(?2)-+-6
C. (C2)+COC(Z) —» C30(3X)tet?
Cy " (BE)+CO;: (1) —> C30:(32)+e+77
C: () +H.0('A,) - C:H0('A )¢+ 81
. > CO(UZ)+CH,(CE) e+
(‘E)»LCPL(IA,) > CH,C=CH(' A)+c-L62
) > CH.-C-CH,(*A)+e¢+46
_ /A+e+39 ’
~ CH™ (IE)TCHz(zAz")-H)
Cy~ (lZ)+C2H2(‘E) — CH= C—CECH(W)Te-Hs

7 2.1(—1D

<1(—12)
<5(—13)
T <1(—12)

] =1(—13).

‘>> PP > BPRPIBPY

- <1(—13)

a Reaction exothermicity in kcal mole‘ 1. Only exotherrmc reactions are gwcn
'® A = Overall spin conservation.
© Mcasured rate constant in units of cm? molecuh:‘1 s“1 (—13) Denotcs 10“‘3
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 TABLE 4 , S ; ,
* REACTIONS OF C;H~ wITH H;, Oz, CO, CO:, H;0, CH, AND C:H, aT 298K

CH-()+H,(¥) > C,Hztet6" , < 1(=13)®
C.H ()1 0,(38) —>2COCZ)+HES)+e+T1 AS ] <1(—13)

— COOH~ L+ C(3P)+20 A .

— H~(1S)+2CO(2)4-90 F

. = OH-{Z)4+C,0(T)+13 A :

C:H(*X)+CO('Z) —>HC;0(FX)+e+? A <1(—13)
C>H-(X)+CO.(L) — HC3;0;,4+e3? <1(—13)
C.H-(2)+H.0(A,) > C,H,O0te 18 A7 <1(—12)

-> COOX)+CH:(A)+e4+6 A | ‘
C.-H- (1)L CHL(A,) — CH,CH-CH,Le123 A <31(—13)
C,H-(*2)+C;H,(*¥) - CH;=CH—-C=C-+}e+? A ’ s1(—13)

= Reaction exothermicity in kcal mole~!. Only exothermic reactions are given.
® Measured rate constant in units of cm? mole— ! s—!. (—13) Denotes 1013,
© A = Overall spin conservation; F = overall spin conservation 1s violated.

Tables 3 and 4 summarize our measurements [14] for the reactions of C,~
and C,H~ with H,, O,, CO, CO,, H,0, CH, and C,H, at 298 K. All of these
reactions were observed to be slow, k., ca. <107** cm® mole™* s™*, with only
the reaction C,~ with O, having a measurable rate constant. Virtually all the
channels obey spin selection rules. The failure of these reactions must, there-

fore, be attributed to “‘chemical effects” associated with constraints introduced
by breaking and making of bonds required to give the products. Many of the
exothermic channels in Tables 3 and 4 correspond to associative detachment
of the type

A +B —> AB+te

which is anticipated to become generally less favourable as A and/or B become
more complex. For example. in the event that the neutral is a diatomic molecule,
activation energies are known [15] to arise for reactions of the “‘inserfion type,
i.e. AT+BC — BAC+e, when the reaction exothermicity is smalier than the
energy required to increase the bond distance, di_c, to its final length. Of the
reaction chanaels in Table 3, the following clearly are of the “‘insertion™ type
whose observed  non-occurrence can be rationalized in terms of the foregoing
qualitative model:

C,” +H, » H-C=C-H+te

C,” +0, = O-C~C-O+te

C,~ +CO; » O-C-C-C-O +e
C,” +CH, - CH;-C=C-H+e
C,” +C,H,; - HC-C=C-CH +e¢
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In some instances the insertion may be only partial, e.g.
C,”+0; > 0-C-O+C+e
' - 0=-C=-0+4+C"~
or reﬁui:e further rearrangement, e.g.
C,” +CH, - [CH;~C=C-H]~ - H,C-C-CH,+¢

In all cases, however, the formation of the intermediate BAC™ probably involves
an activation energy barrier. We suggest that the observed nmon-occurrence of
some of the remaining exothermic channels for the reactions of C,~ and C.H™
listed may result from constraints imposed on the stcreochemisiry by the electro-
static interaction between the negative ion and the neutral substrate during the
collision.

For example, in the reaction, C.™ +H;, the induced dipole-induced dipole
interaction at small separation may result in a preferential alignment of these two
species which prevents access to the free electron on the radical anion, and there-
fore, prevents the attachment of an H atom, e.g. :

oo~

-CC:" + H:H-»H:CC:” + H-

1 ]

Another area of rate constant measurements in which we are currently
engaged [16] concerns those ion-molecule reactions which have recently gained
favour in explaining the synthesis of polyatomic molecules observed in dense
intersteilar clouds. Exoergic ion—-molecule reactions generally have rate constants
several orders of magnitude greater than those involving only neutral species and
can, therefore, be effective processes at the low pressures of interstellar space. If
the rate constants follow classical (ADO) behaviour they would remain effective
at the low temperatures of these clouds 1n contrast to most two-body,molecule—
molecule reactions. The ion H;™ is believed to be the most abundant ion in such
clouds and the initiator of many of the proposed mechanisms. Since we had
previously [17, 18] measured the rates of many reactions of this ion it seemed.
logical to extend the measurements to other reactions proposed in the mechanisms

Take as an example, the mechanism recently proposed, independently, by
Herbst and Klemperer [19] and by Watso'nr [20] to explain the formation of HCN -

- (or HNC). This mechanism consists of the reactions -

NH;* " +H, —» NH,* +H' S . ' 3).
NH,*+e > NH,+H - _ " )]
C*+NH, - CNH2++H : I - (5)
CNH,* +e—+CNH+H L ~(6)

1- —1

: Hcrbst and Klemperer [19]adoptedavalue of k3 = 1 10° 13 cm molccu]e
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' based on the upper hmxt p]aced on thls rate constant by the fallure of the Boulder
group to observe the reaction. In the absence of - any reported- measurement, a:

- value of 2 - 107° cm?® molecule "' s~ ! was adopted for k5 Both rate constants have

been measured here. A value of k3 = (4£2)-107 % cm 3 molecule ~ ! 5! has been
obtained. The rate constant for the reaction of C* with NH; was found to be

- (2.340.2) - 102 cm? molecule ~* s~ ! but the major channel (95 %) for the reaction

~ was found to be charge exchange, sO that ks ~ 1.2 - 1071° cm?® molecule 7! s™1.

The main sink for HCN/ HNC in the mechanism is the reaction’ 7

C*"+HCN - C,N"+H , \ T 7

for which, again, a rate constant value of 2-107° cm® s~* was assumed. We
have obtained a value of k&, = (4.540.3) - 1072 cm® molecule ~ s ™! Since the pro-
duction rate is some 20 times slower and the loss rate some 4 times faster than
those used in the mode]s the mechanism appears to.be 1nadequate in explammg
the amount of HCN/HNC observed in these clouds.

THERMODYNAMICS OF ION-MOLECULE REACTIONS

- As mentioned at the beginning of this paper, a major emphasis of the
studies of the flowing afterglow system at York University is the thermodynamics
of ion-molecule reactions from which various properties of ions and neutral
molecules can be derived. These properties inciude proton affinities, electron
affiinties, gas-phase acidities and bond dissociation energies, which will now be
discussed 1n turn.

Proton affinities

The proton affinity PA(X) of a molecule X, at temperature 7, is defined as
the standard enthalpy change, AH}’ for the reaction

HX* - H*+X : | (8)
"The standard enthalpy change for a proton transfer reaction

HX* +YZ HY*+X | o : | ©)

is, therefore, equal to the difference in proton affinities, PA(Y)—PA(X). We
first recognized [18] that the flowing afterglow technique could be used to
determine the preferred direction of such proton transfer reactions. This informa-
tion, by itself, establishes only the sign of the standard free energy change, AG®
for reaction (9) Standard enthalpres and free energy changes have the. farmhar'

: relatlonshlp

AG® = AH°—TAS°
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For reactions which involve only the transfer of a proton from one molecule to
another the entropy change AS° might be expected to be small so that setting -
AG® ~ AH®° might be a reasonable. approximation. Within the validity of this

approximation, which will be examined in greater detail later, the establishment = .

of the preferred direction of reaction (9) permits the ordering of the proton
affinities of any two molecules X and Y. : :

Any experiment designed to determme bulk thermodynamlc properties of
a reaction must ensure that it proceeds under conditions of thermal equilibrium.
The experiments were, therefore, conducted in the presence of a sufficiently large
amount of carrier gas that the reactants made more than 10 collisions before
reacting. The neutral reactant Y was added downstream to the carrier gas which
contained the protonated reactant XH". The observation of a rapid proton
transfer reaction led to the conclusion that PA(Y) > PA(X). The failure to
observe a fast reaction suggested, but did not prove, the converse. For these
_cases, the reaction was studied in the reverse direction, viz., X was added to buffer
gas containing HY ™ jons. If rapid proton transfer was observed in this direction
it was concluded that PA(X) > PA(Y). In this manner the following order of
proton affinities was established Ar < H, =2 O, < N, < Xe < NO < CO, <
CH,; < N,O < CO. In the original publication [18] of our results we reported
PA(H,) > PA(O,) for several interesting reasons which will be mentioned below.
This technique provides a very sensitive method for determining the relative order
of proton affinities among a number of molecules. For example, the proton
affinities of NO, CO; and CH, are quite close together. Other techniques for
determining the proton affinities of these molecules had uncertainties too large
to establish their order. With the present technique this order was established
without ambiguity. ' 7

We then recognized that the absolute magnitude of the proton- affinity
difference between 2 molecules, X and Y, could be determined by measuring the
equilibrium constant for reaction (9). The equilibrium constant, K, is defined by '

_ [YH*J[X] | | 6
T XHIIY] |

where the square brackets denote concentrations (or more rigorously the fugac’i§
ties) of the species when reaction (9) has attained chemical equilibrium. It is
~ related to the standard free energy of the reactlon by the expression:

,AG = —R.T]nK

The ethbnum constant can be obtained elther from measurements of the ratio
~onthe RHS of eqn. (ii) under equlhbrmm CODdlthIlS or by measurmg both forward
- “and reverse rate constants, k¢ and k, since, for elementary reactlons K Itf/k
' 'We have employed both methods successfully.- ' : : o
Before the rate constant ratxo method could be uSed 1t was necessary to
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develop an ana]ytlcal method for obta1n1n° accuratc rate constants from the
“raw” flowing afterglow data. An’ expression was first derived [211 for deter-

mining k; when the extent of reverse reaction was negligible, i.e. when the reac-

tion was far removed from chemical equilibrium. The expression took into account,
in addition to chemical reaction, the loss of XHT ions- due. to ambxpolar, radial
and axlal dlﬁu510n as well as effects caused by the neutral gas inlet and sampling-

ports. Next, an expression was derived for k; (or k,) when appreciable back reac-

* tion was taking place, viz., with the system approaching or at equilibrium. Several
simplifying assumptions had to be made, principally that diffusion and reversible
two-body reactions constituted the only important loss processes for the reactants. I

These analytical expressions permitted the following experimental proce- -

“dures in obtaining k; and k,. Experiments were performed under conditions in
which back reactant was not added to the reaction system and the reaction was
permitted to proceed only to an extent that negligible concentrations of products
were formed. Plots were obtained of the logarithm of XH™ as a function of added
Y for a known fixed reaction time, an example of which is shown in Fig. 3. The
first analytical expression was used to obtain a value of k; from such a plot. An
alternate experiment, in which a fixed flow of Y was added and XH* determined
as a function of reaction length (and, consequently, of reaction time) gave identical
values for k;.

10%, T T T

105

qu =1.67x10°2 cm® motecute™ sec™!

1 1 1
l00 ] : 2 .

: - PPN 4
N FLOW/(molacule sec’ (0 ')

- Fig-3. Adete}minatxohoftheratcCOnstantforiheractlonofH 3t \yithNi(H3f r;—Nz—éNIH—*%Hi);,
from a least squares fit to an observed decay of H3 upon small additions of N,. 7T.= 296 K,
= 0221 torr, §=71103cms 1, L =81 cm, and the flow of I-I, 15 3: 18 ‘102 mole s~ i,
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1% 2 7] kg *7.72x1070 cm® molecute™! sec™!
ke =190 x10"F cm® motecuts™ sec n 3 1
. ky =3.2x10"" cm® molecuie ' sec
k- =300 %107 8cm> molacuis! sec .
, i o |
109 1o cop FLOW
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= <
S 3 54 x1018
@« [
+m A
T ?é.
© 4 207x10'8
10%- i
B
10°}
asox07
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] 1 1 ] 1 ]
o i
°c— T2z 3 a4 5 € 7 I0§ 1 s 3 5 5
N> FLOW /lmolscules sec™-107) CH, FLOW/(molecuis sec'10'8)

Fig.4 (left). A determination of the rate constant for the reactionof NoH* with H. from the bestfit
to an observed decay of Hi+ upon large additions of No(Hi* + N, = N.H* +H,). The solid
points represent experimental data. The solid line is a computer fit. 7 = 296 K, P = 0.88 torr,
7 = 8.4-10% cm s~ !, L — 84 cm, and the flow of H; is 1.50 - 1022 molecule s—.

Fig. 5 (right). A determination oftherate constantsforthereactionCO-H*--CH; > CHs* +CO-
from the best fits to observed decays of CO.H* upon additions of CH,, at various flows of CO-.
All four sets of data are fit using the values of k, and &, shown on the Fig. T'= 296 K; P — 0.51
torr (for A and B), 0.419 torr (for C), 0.63 torr (for D); = 8.2- 10> cm s~ !, and L = 59 cm.

Experiments were then performed in which large, fixed amounts of back
reactant X were added. This produced curvature in the In XH™ vs. Y plots as
illustrated in Fig. 4. The second analytical expression was used to fit these curves
to obtain k; and k,, and, when possible, inserting into the expression the value
of k¢ derived from the earlier experiments in which no back reactant is added.
This method of curve fitting can provide reasonably accurate rate constant values
as low as 107! cm?® molecule ™! s, which is about 5 orders of magnitude lower
than any previously reported rate constant from flowing afterglow experiments.
When this procedure is used under conditions where the system bas not attained
equilibrium the ratio of the rate constants is designated (ki/k,)... When the
procedure is used under experimental conditions where chemical equilibrium is at-
tained the ratio is designated (k/k,).. In some cases,when K ~ 1 and the formation

~ of the reactant jion involves the back reactant neutral, it 1s not poss1ble to obtam
ke and k. separately, but only the ratio k¢/k,.

Flgure 5 illustrates a case for ‘which X i is closer to umty The plots show
curvature at much Iower concentratmns of reactant Y. The solid curves have all
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been drawn with the same analytical expressidn, using the same values of k; and ;..
: Equilibrium constants were also determined from the ratio of concentrations

of reactants and products once chemical equilibrium has been attained. The experi-
mental procedure can best be understood by rearranging eqn. (ii) to the form

YH'] _ Y]

[XH"] X1

The ratio of the ion intensities is determined as a function of Y for a fixed flow of
back reactant X. If chemical equilibrium has been established a plot of the ion
ratios against [Y] should produce a straight line with a slope equal to K/[X]. This
method for obtaining K requires that the mass discrimination of the flowing after-
glow system be known and techniques have been developed to determine this
quantity for each equilibrium studied. On the other hand, the previous method,
based on Agfk, ratios, does not require knowledge of the mass discrimination
since it depends only on the logarithmic decrement of an ion signal.

Figure 6 demonstrates an example of an ion ratio plot for the CO,/CH,
systemm. Equilibrium is established over the entire range of Y flow rate. Figure 7
shows the plot for the N,/H, system for which K = 1.0 - 10%. Here the plot is
not linear at low flow rates of X, characteristic of conditions for which equilibrium

50 T T T 1
+ —_—
CO:H'+CHg=CHs + CO>
a0l o, FLOW =5.4 x10Bmolecute sec™!
>
K =24.2 .
3ol " .
T
x
o~
Q
2,
- 20| =
%o
x
L2
1o}~ -
o H 1 [] 1

(o] 2 . q [ 8
: CH, FLOW /(molecuts secT! 109

Fig. 6. The solid points represent the observed variation of [CHs*}/[CO,H*1 with CH, flow
_ at a high flow of CO (CO.H*}+CH,; = CHs*3-CO;). The solid line represents the variation
computed with a value for K /k, of 24.2. T = 296 K, P = 0.51-torr, ¥ — 8.2- 10 cm s~ 1, and"
L = 59 cm. ) o ! . -
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Fig. 7. The observed variation of [N-H*}/ [H3+] with N; flow showing the approach to and
attainment of equilibrium, for the reaction Hy* +N, 2> N,H* - H. The best straight line through
the data points at high N, flows yields a value for K of 1.0-10°. T = 296 K, P — 0.88 torr,
7=284-10°cm s, L == 132 cm, and the flow of H, is 1.50 - 1022 molecules s—!.

TABLE 5

FORWARD AND BACK RATE CONSTANTS, RATE CONSTANT RATIOS AND EQUILIBRIUM CONSTANT
MEASUREMENTS

Ha*+ N TN HY-+Ha COHY4-CH, > CH,*+CO-

Forward direction Forwarddirection Reverse direction
k(cm?* mole~*s 1) 19 (1.8-+0.2)-10° 132 (7.850.2)-10—1° 32 (7.84+0.3)-101°
k(cm3® mole~! s~1) 4 (5.14-2.1)-10-'8 10 (3.2-+0.2)-10-11 3 (3.340.1)-10- 1!
Ckelk)ne 4 (4.4L1.5)-108 10 2411 3 2441
Kkelko)e 3 2441 ' 1 244-1
K 4 (9.31-4.0)-10® 4 2541 2 2341

2 Number of experiments.

has not yet been attained. Equilibrium is approached at high flow rates of Y
although there is considerable scatter in the points producing some uncertainty
i the value of K. Fortunately, however, since AG® is proportional to the logarithm
of K, it is relatively insensitive to this uncertainty. - 7

A comparison of the values of the equilibrium constants obtained by these
methods for the two systems used in the above examples is s1own in Table 5.
The agreement between the two independent methods, K and ki/k, is typical. Two
other points are worth mentioning here which demonstrate the validity of these
methods. The values of k¢, k,, ki/k, and K were all found to be independent of -
Teactant concentration. Agreement of (kf/k )nc with (k¢/k;). and with K might be -
expected only if Maxwell—Boltzmann distributions hold for both reactants and
: products. Such a conclmon cannot ex1st 1mmedlately afl ter the reactlon has occurred i
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" The observation that the rate constant ratios away from equilibrium are 1dent1ca1 :
to those at equlhbnum indicates that sufficient non-reactive collisions occur in
the flowing afterglow system to ensure that Maxwell—Boltzmann distributions are
always maintained, or, less likely, that the rate constant in both directions is
independent of the energy distribution. : !

As mentioned above, measurements of the ethbnum constant prov1de
AG® for a proton transfer reaction whereas the difference between the proton
affinities of X and Y is given by AH °. If the equilibrium constant is measured over
a range of temperatures, AH® can be obtained from the van’t Hoff relation
AH® = —RoInK]e(1/T). Such measurements were undertaken [22] in collabora-
tion with the Boulder group for two typical reactions. The temperature of
the Boulder flowing afterglow system can be varied over a considerable range.
Figure 8 shows the ion ratio plots obtained at 4 temperatures for the reaction
CO,H* +CH, = CH;" 4+ CO,. The linearity of these plots shows that equilib-
rium was attained under all conditions depicted. Similar plots were obtained when
the reaction was initiated in the reverse direction.

Figure 9 shows the van ’t Hoff plots from which values of AH? and AS°
were obtained from the slopes and intercepts respectively. Table 6 shows these
thermodynamic quantities for this reaction and the reaction N,OH*+CO <&
HCO™ 4+N,O0 for which equilibrium constants were also obtained in both direc-

CO,H*+ CH, == CH.,t+CO,

4l COp FLOW =1.02 x10'9 molecule sec™! -

[ehd] 7 [co,ht]

2 e 2
OO : ) 5 1o X 15
CHgq FLOW / {molecute ssc~! 1017)

Fig. 8. The observed variation of the ratio of the product to the reacta.nt ion signal, [CH5+ ]/
[CO.H t], with the flow of neutral reactant, CH,, at constant flow of neutral back reactant, COa,
at four different temperatures. The slopes of the best straight lines drawn through the points yield
ethbnum constants of 46.8, 27.9, 16.4 and 6.8 at 233, 283 378 and-553 K respecﬁvely
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Fig. 9. A van’t Hoff plot of the experimental results obtained for the proton transfer between

CO; and CH, over the temperature range 196-553 K. A least squares fit to the data yields
AH® = —0.064-1:0.004 ¢V from the slope and AS° = +1.4-+0.3 e.n. from the intercept.

TABLE 6

KINETIC AND THERMODYNAMIC MEASUREMENTS MADE OVER A TEMPERATURE RANGE

CO:H*-}CH, 2 CHs*+CO

ke = (7.84:0.2)-10~*°cm3mole—*s~* at 296K
K396 = 2411

AH® (196-553K) = —0.0641-0.004cV

AS® (196-553K) = +1.4+0.3e.u.

N.OH*+COZ HCO*N.O

kp = (4.952-0.07)-10~*°cm® mole~!s~1at 296 K - -
K96 — 143418 ) '

AH® (277-505K) = —0.1514-0.009 ¢V

AS° (277-505K) = —1.8+-0.7 e.u.

tions as a function of temperature. It will be seen that AG® and AH® at 298 K -
differ by 0.018 and —0.023 eV for the two reactions, respectlvely Thus, the
- assumptlon that AG® ~ AH ° would have mtroduced errors in the order of 0 02eV
in the proton a.iﬁmty differences.” s
o - The expenmental determmatlon of AS 0 for these reactlons can also provxde
: ,mter&stmg mformatlon about the geometry of protonated molecules. The entropies .



S183

" of the neutral species in these reactlons are known. Recent ab initio calcu]atlons
on the geometries of HCO +7 and CH;" permit statistical- thermodynamlc cal-
culations of S° for these ions. Combinations of these quantltles with our deter-
mination of AS® yield values for S° (CO,H*) of 5.6 +-0.6 e.u. and of S° (N,OH )

~of 54. 9+1.1e. u. If these ions were linear, statistical thermodynamics would give

~ values of 52.0 e.u. and 51.9 e.u. respectively, which is lower than the experimental
values by amounts greater than the estimated errors. This may be taken as evidence
that the ground state geometries of these ions are not linear. -

~ Since the temperature of our lowing afterglow system could not be vaned

AS° was obtained indirectly and AH® calculated from the measured AG® values.

The values of S° for the neutral reactants are usually well established. In many

cases values for S° for the protonated ions have been calculated theoretically.

When such theoretical values were not available, the siandard entropy for the

protonated ion was taken to be equal to that for its isoelectronic neutral counter-

part. - ,

Table 7 gives measured AG® values for a number of pairs of molecules,
the measured or calculated values of AS®, and the proton affinity differences.
This Table leads to a ladder which perinits proton affinity differences to be obtained
between any two members.

The proton affinity difference between O2 and H, is of interest for two
reasons. As mentioned earlier we had originally concluded that PA(H,) > PA(O.)
on the basis of our failure to observe a large rate constant for the reaction

TABLE 7

DIFFERENCES IN THERMODYNAMIC PROPERTIES FOR PROTON TRANSFER REACTIONS OF THE TYPE
XH*+Y ZYH*+X

Measured AG3os AS%os AHS,,
(kcal mole—1) (cal mole=* deg—?1) (=AP.4) P.A.
- {eV) eV?)
CO — 6.2
—2.9 —1.8* 0.15
N0 — ) 6.0
. —6.2 —4° 0.32
CH,; —] - - 5.7
—1.88 +1.4* 0.063
- CO, — . 5.6
N, — o ' 4.9
’ —12.0 —2.0° 0.55
"H» — T R . 4.34
1 —0.03 ©4022s —0.002
O, : . ' <3

® Measured values [22].

® Calculated [23]."

< Estimated. - )
- .@ Theoretical value [24].. -
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TABLE 8

STANDARD HEATS OF FORMATION OF NEGATIVE IONS, STANDARD HEATS OF FORMATION’ AND ELECTRON
' AFFINITIES OF CORRESPONDING RADICALS

R AHP 25(R7) AHS 105(R) - EA(R)
NH, 25.440.9 4043 0.6+0.2
CH.NH 30.54+14 43.6-+1 0.61+0.1
C,HsNH 21.2+1.1 38-+3 0.74+0.2
(CH3),;N 24.7+41.3 39.3-+1 0.61+0.1

2 For references to AH?, ;93(R) see ref. 28.

H;* 4+ 0, » O,H” +H,. We now recognize that this was the result of conducting
the reaction with H, as the carrier gas which induced a large amount of back
reaction. The rate constant of this reaction was subsequently measured in a He
carrier and found to b= >>1.3 - 1071°% cm? s . This reaction is also one of several
observed for which AG® and AH® have opposite signs. Under these conditions
a reaction may occur spontaneously (i.e. have a large k) even though it is endo-
thermic. , 7

It will be readily apparent that Table 7 could become a table of absolute
proton affinities for each member if a value for the proton affinity of one of them
were accurately known. A critical evaluation of the several possibilities for this
reference value is being made, and Table 7 shows two such possibilities.

Electron affinities, acidities, and bond dissociation energies

The equilibrium studies described above have also been applied to negative
ions, particularly to proton transfer reactions of the type

X"+YHZY +XH (10)

By analogy to the preceding discussion of reaction (9) involving positive ions,
equilibrium constant measurements of reaction (10) can provide values for the
relative proton affinities, in this case of the negative ions X~ and Y ~. In addition,
such measurements can also lead to values of electron affinititics and bond dis-
sociation energies. This is illustrated in the ““algorithm” shown in Fig. 10. Again,
the fundamental measurement is that of the equilibrium constant, K, which
provides a value for AG® for the reaction. If AS® is either measured or estimated,

AH® can be obtained. The standard enthalpy change can be written in terms of
‘the standard heats of formation, AH}, i.e.

— AH(Y)+ AH(XH) - AH(X ) AH2(YH)

7 Obvxously, a knowledge of any three of these heats of formation will permit the
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Fig. 10. Thermodynamic “algorithm™ for negative ion proton transfer reactions.

evaluation of the fourth. Thus, if one knows AH?, for XH and YH (which is -
frequently the case) and for one of the ions, Y, the heat of formation of the
other ion, X, can be derived. Since the proton affinity of the ion is defined as
AHP® for the reaciion

XH - X~ +H* : (11)

and since AH (XH)and AHP(H™) are both known, this derived value of AHJ(X ™)
leads directly to the proton affinity.

The electron affinity EA is defined as AH® for the process
X7 - X+e (12)

Thus, if the value of AH)(X) is known, the derived value of AHY(X™) leads to
EA(X).

Alternately, if the electron affinity of the radical, X, is known, combination
with AH?(X ™) leads to the heat of formation of the radical, AH}(X), which in
turn, can be combined with the heat of formation of XH to give the bond dis-
sociation energy D°(H-X).

This general approach can be illustrated with the reaction

NH,  +H, ZH™ +NH; (13)

which readily achieves equilibrium [25] at room temperature within the range of
concentrations and times available in our flowing afterglow experiments. Figure 11
illustrates the rate constant ratio method and Fig. 12, the ion ratio method for
determining the equilibrium constant of reaction (13). The measured equilibrium
constant K = 26+6 corresponds to a standard free energy change AGY,s =
—1.9240.15 kcal mole™ !, which leads to AHZ;; = —3.20+0.30 kcal mole™*
for an estimated ASS,s = —4.3+0.5 cal mole™* deg™*. This value of AH3g,
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NH5 SIGNAL

NHL + Ho ==H +NH;

Nty FLOW =2.21x10° molecutes sec™
kp =250 x107% ern? motecute™! sec™!

Kkr =1.00 x 10 Ccm¥ mojecuta™ sec™!

1 1 1 H
o 7 z 3 7]
Ho FLOW/(motecules sec™!- 1075)

Fig. 11. A determination of the rate constants for the reaction NH,~+H, =~ H™ -+ NH3 from
the best fit (solid line) to the observed decay (full circles) of NH,;~ upon addition of H, at'a
fixed flow of NH;5. 77" =298 K, P = 0.409 torr, 7 = 8.5- 103 cm s~ and L = 60 cm.

T T ¥ T
ok NHS +Ho = H +/VH;
Nty FLOW =2.21 x10"P motecutes 302
X =25
3o}
TS
)
2,
N
S
zol-
N
10}-
— 7 B
L /wg, FLOWB35 05 molocutes sec™!
: R R | 1
9 / Z 3 - 3

H> FLowx(tmna/m .m:" 1015,

Fig. 12. The approach to and attamment of eqmllt rium as mamfcsted by the observed variation. -

_of the ratio of the product to the reactant ion signal [H~)/{NH; "}, with flow of neutral reactant,

) ‘Mz, at two chﬂ'erent ﬂows of back-rcactant, NH,. T.=— 298 K, P = 0.409 torr, 7 = B.5- 103 cm -

7% and L = 60 cm. The eqmllbnum constants are determmed from the slopes of the best
o Stl‘ﬁlght lmes through the open cu'c]cs at l:ugh ﬁow. of Hz- - . .
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when combined With established values of AH® ;55 for H™ and NHj, leads to
AH® £,208 (NH, ) = 25.4+0.9 kcal mole " . From the definition given above the' ,
proton affinity PA(NH2 ) = 403.6+0.5 kcal mole™~ ' -

The available literature values of AH, °(NH2) can be combmed w1th our

_determination of AH{(NH, ~) to obtain a value of the electron affinity EA(NH,) =
14.7+4 kcal mole™ ! = 0.64+0.17 eV which compares favourably with the recent
determinations by Smyth and Brauman [26] of 0.7444-0.022 eV and of Cellotto
etal. [27] of 0.779 £ 0.037 V. Both these determinations mvélve photodetachment
by laser light and, therefore, provide values of AHJ for process (12) rather than
AH2,4 evaluated in our method.

Actually, the photodetachment values are much more reliable than the
value of AH(NH,) used in our calculation. In this case, therefore, it is more
-productive to combine the photodetachment valie for EA(NH,) with our value
of AH{(NH, ) to obtain a value for AHY,,4(INH,) of 44.3+1.1 kcal mole™%,
which can then be combined with the established value of AHp,,5(NH;) to give
DY,5(NH,—H) = 107.441.1 kcal mole™*. This probably represents the most
reliable value of the bond dissociation energy of NH 5 available to date.

We have now extended our efforts to determine thermochemical parameters
for negative ions to simple aliphatic amines and alcohols, methyl cyanide, acetylene,
allene and ketene [28)]. Table 8 summarizes heats of formation and electron
affinities determined from the measurement of equilibrium constants for reactions
of the type

NH, +R,R,NH 2 R,R,N~ +NH,
H™ +R,R,NHZR,R,N™+H,

where R, and R, may be H, CH; or C,H;.

The values for the standard free energy changes, AG®,,5 which can be deter-
mined from the equilibrium constants, provide a measure of the relative intrinsic
(gas phase) acidity of the Bronsted acids XH and YH. Reference to well established
acidities of H, and/or H,O can then lead to a scale of intrinsic acidity as shown
in Fig. 13. Here acidity is defined as the standard free energy change for process
(11). Such information can begin to allow a quantitative assessment of the in-
fiuence of intrinsic molecular propertles which is often dominated in sclution by
environmental solvent effects.

Although many of these studies of ‘equilibrium constants have involved
proton transfer to negative ions and neutral molecules we hasten to point out that
the methods discussed above are quite general and could be applied equally well
to other reactions such- as charge transfer, Sy2 reactions, and atom-ion inter-
~ change, to ,name_on]y a few examples.



) r - _’- - ' o 1
oges- - b——
S o - .
3 i T
. - - D N
o L
13 B - o .
~3 S
S E e (CHy ) NA
X 390 S
- -
= EEEEE - CpMsiHp
- 2 . AR N =
s95p - — 2 :

Flg 13 Sca.le of mtrmsnc ac1d1t1es. The measured relauve acxdmes of pairs of Bronsted acnds arei' '
rcpresemed by the brackets shown on the right hand side of the figure. The scale is set by ‘the well
‘ &stabhshed value of' the acndlty of Hz The w1dth of the bars represent the expenmcntal uncer- L

ACKNOWLEDGEMENTS :
, We wnsh to express our- apprematlon for the collaboratlon of our co-workers‘,
A. E. Roache, R. S. Hemsworth, H. W. Rund]e G I Mackay, P. R. Fennelly,

I D. Payzant andD Betowskl

- REFERENCES

1. E E: Ferguson, F.C. Fehscnfeld andA L Schmeltekopf Advan. At. MaI Plz)s 5 (1969) 1.

2 T .Suand M. T. Bowers, J. Chem. Phys., 58 (1973) 3027. .
3G GloumouSIS and D. P. Stevenson, J. Chem. Phys., 29 (1958) 294.

"4 T. F. Moran and W. H: Hamill, J. Chem. Phys., 39 (1963) 1413. ’ :
5.S. K. Gupta, E. G. Jones; A. G. Harrison and J. J. Myer, Can. J. Chem 45 (196/) 3107. )
6 T. Su and M. T. Bowers, Int. J. Mass Spectrom. Ien Phys., 12 (1973) 347. :
7 R.-S. Hemsworth J.,D. Payzant, H. I. Schlﬁ‘ and D. K Bohme Chem ths Lent., 26

- (1974) 417, , ,
8 P. J. Kuntz and A: C. Roach T rans. Faraday Soc 11 (1972) 259.
9 A. Dedxeu and-A. Veillard, J. Amer. Chem. Soc., 94 (1972) 6730. N

10 P. F. Fennelly, J. D. Payzant R S. Hemsworth and D. K Bohme J. Clrem. Phys., 607

(1974) 5115. >

11 D. K. Bohme, G. 1. Mackay and J_ D Payzant J. Amer. Chem. .S'oc 96 (1974) 4027

12 L. B. Young, E Lee-Ruff and D. I(.Bohme, Chem. Camm '35 (1973).: ) B

g 13 H. F. ‘Calcote; in J. L. Franklm (Ed ), Ion—MolecuIe Reacnons, Vol 2, Plenum Press, New

S5 - York, 1972, Ch. 15, o ST SR R
14 H. 1. Schiff and D. K- Bohme unpubllshed r&sults.v ;, o '

15 F.°C.: ‘Fehsenfeld and E. E. Ferguson, J.-Chem. Phys., 51 (1969) 3512 o

“-16-H. 1.-Schiff, R S: Hemsworth J. D. Payzant-and D. K- Bohme, Ap. J., _191 (1974) 49.

’;-;[,17 J. A.Burt, J. L. Dunn; M- J.: McEwan, M. M. Sutton, A. E; Roche and H.1. Schiff, J. Cher.
Phys 52 (1970)76062._,17 : D T :



19- E Hcrbst ind W K]empcrcr, Ap. '.ri'lss (1973) 505
.20 ‘W. D. Watson; Ap. J., 188 (1973) 35- '

w21, D. K. Bohme, R. S: Hemsworih, H. W.. RundleandH I Sch;ﬁ' J CIxem.PIzys 58 (1973) 3504-" -
‘22 RS Hemsworth H W. Rundle, D. K. Bohme I-I I- Schlﬁ' D B Dunkm and F. C- Fehscn- S

B feld J Chem Phys 59 (1973) 61. - -
_23 C. S MattthS and P. Warneck, J. Chem I’hys .y 51 (1969) 854

.24 A. ¥ Duben and J. L. Lowe, J.. Chem. Phys., 55 (1971) 4270."

. 25-D. K. Bohme, R. S. Hemsworth and "H. W. Rundle, J. Chem. Plxys , 59 (1973) 77. o
.26 K C. Smyth andJ 1. Braumae, J. Chem. Phys.; 56 (1972) 4620 S :
.27 R I Ce]otta,R ‘A-Bennett and J. L. Hall; J.- Chem. Phys., 60 (1974) 1740 . :
28 G. L Mackay, R.S. Hemsworth H 1. Schiff and D. K. Bohme,]. Amer Chem4 Soc to be,' :
' submmed B :



