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ABS-IXACT 

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 % 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 CH,+ 
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 Hz, 0,) CO, CO,, H,O, 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 

obselrved 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 tabie of proton 

a%nity differences of neutral molecules. -The same prmciple applied to negative 

ions has led to the determination of proton affinities of negative ions, acidities 
of Bronsted acids, electron affinities and bond dissociation energies of neutral 

mdecules. 
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INTRODUCTION 

The flowing afterglow (FAG) system, originally developed [l J in the NOAA 

laboratories at Boulder, CoIorado, 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 afEnities of neutral molecules and negative ions gas 

phase acidities), electron -ities 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 distribution, the 

expression 

kzp+C,,(&)‘) 
where 4 is the charge on the ion, p the reduced mass, &, is the permanent dipole 

moment and a 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 errtent to which the permanent dipole is oriented to the direction 

of the approaching ion, Zf either C or &, is zero the expression reduces to the 

familiar Langevin expression 133. When C is unity the expression is identical to 

the locked dipoJe theory [4, 51 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 p/a* at a given temperautre. They have provided 

values of C at 300 K [63_ 
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 &, , cc and p. 

It, therefore, does not account for s&h chemical effects as energy or entropy of 

activation or the exothermicity of the overall reactioriL 

Proton trarisfer reactions should provide a good-test for the theory since 

such chemical constrain& would not be expected for the simple transfer -of a 

proton flom one molecule to another. There are tither .adiantages -to selecting 
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proton transfer reactions. They are generally ‘cclean”9 tiithqut. .complications 
from other primary or secondary channels: Moreover a series of reactions in 
which the proton transfer to the same neutral molecule from a variety of proton 
donors XH* peqits an assessment of the effect of exothermicity on reactions 
which are otherwise similar. 
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Fig. 1. A comparison of experimental rate constants at 300 K for proton transfer reactions to 
NH3(& = 1.47 D) with predictions from classical theories. 

Figure 1 illustrates the case of proton transfer from positive ions XH+ to 
NH3 [7] which has a permanent dipole moment ,Y,-, = 1.47 D. The ADO theory 
appears to account satisfactorily for the dependence of k on the physical param- 
eters &), p and a and moreover to have provided a reasonable v&te 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 mole&W having small or zero values of pD and with NHs and HCN havingpD = I-47 D 
and 2.98 D respectivqly. The f 10 0A precision of the measureme&s are repksented by l he error 
bar- 
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to the theoretical rate constants, kcrp/kticor, for a variety of prcton transfer reac- 

tions from positive ions. For those molecules with small or zero values of pr, the 

ADO (or Langevin) theory predicts values which are somewhat (up to 40 %) 

larger than observed. For molecules having large dipole moments (NH3 and 

HCN) the ADO theory predicts values which are somewhat (up to 4? %) smaller 

than observed_ There is no obvious dependence on the moment of inertia or size 

of the molecule, nor on the exothermicity of the reaction. For rate constants of 

proton transfer reactions of the type Y- +HX + X- -I- HY, the agreement with 

ADO theory is less satisfactory, with the ratio kcxp/kthcor spanning 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 [S] 

indicate an energy barrier of ca. 15 kcal mole-l 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] 

imply an energy barrier of 3.8 kcal mole - ’ for what is formally a methyl cation, 

CHs+> transfer reaction 

H-+CH3F --, CH,+F- (2) 

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

-kxp = kcaplurc exp(-- EJRT) (9 
where kerp is the measured and k aplure is the capture rate constant calculated using 

classical theories in the manner indicated earlier in this paper. While such an 

approach represents a gross oversimplification as a model for including chemical 

effects in ion-molecule reactions, it does represent an advance ovet 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 activation energy barrier, E,, 

.calculated using eqn. (i) will be too large. 

In the case of reaction (1) our experimental. measurement [lo] of a rate 

constant of (2.0+0.5) - 10-l’ cm3 molecule -l.s-l .corresponds to an activation 

energy of. at most, 1-2 kcal mole-‘, which does not support the large- energy 

barrier estimated theoretically.. The accofd~ between theory and exljeriment is 

better ~for reaction (2). The theoretical prediction of a barrier of 3.8 kcal mole-’ 
is in remarkable (but probably fortuitous) agreement with the experimental value 

of 3.6 kcal mole--’ which c& be deduced, using eqn. (i), -from the measured rate 
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TABLE 1 

RATE CONSTANTS AND ACTIVATION ENERGE FOR MOIXERMIC CH,+ ,l-RANSF= REACTIONS FROM 
CH~ClINTHEGASPHASEAT296Ka 

Anion. -~HOm. k wb ~.-k-= k,,lkmo E,” 
(kc& mole-‘) (kcal molC1) 

H- 86fl 2.5’ 8.5 0.29 0.7f0.2 

NH2- 66.1 -r-o.2 2.1’ 2.4 0.88 0.1 io.2 

OH- 49&l 1-Y 2.4 0.79 0.1&0_2 

F- 29*8 l-8’ 23 0.78 0.11,0.2 
C,H- 62&l 0.12 2.1 0.057 1.7f0.2 

C-N- 30-&4(15&4)r .ca. to.0004 2.0 ca. t0.0002 ca.>s 

a Units are - 10e9 cm3 molecule-1 s-‘. 
b Unless indicated otherwise, the accuracy is &20 %. 
c Calculated using the average-dipole-orientation theory [6]. The adjustable parameter, C = O-21 - 
* See eqn. (i)_ The uncertainty in E, reflects only the wxertainty in k-- 
c Ref. 12. Accuracy is &30 %- 
’ Production of isocyanomethane. 

TABLE 2 

RATE CONSTANTS AND ACl-lVATlON ENERGIES FOR CH,+ TRANSFER REACTIONS FROM CHxF IN THE 
GAS PwnsE AT 296 K=. 

Anion . -bHoZ~~ k b e=p k ADoE kurplkmo E,” 
(kcal mole-‘) (h-Cal mole-‘) 

H- 57;8 0.015 7.6 p.0020 3-6+0-l 

NH2- 37*9 0.017 2.3 0.0074 2.9iO.l 
OH- 20&8 0.024 2.2 0.011 2.6+0-l 

CIH- 33-19 ca. <o.o003 2.0 ca. <0.00015 ea. >5 

CN- l;ll(-l4fll)’ ca. to.00 2.0 ca. t0.00015 ca- >5 

a Units are - 10e9 cm3 molecule-1 s-l- 

b The accuracy is &-20 %_ 
c Calculated using the average-dipole-orientation theory, [6]. The adjustable parameter c = 0.2% 
* See eqn. (i)_ The uncertainty in E, reflects only the uncertainty in 1,,- 
c Production of isocyanomethane. 

constant of (1.550.3) - lo-l1 cm3 moleculeA s-l_ The rate constant measure- 
ments summarized in Tables 1 and 2 for other CH3+ transfer reactions studied in 

this laboratory [ 111 suggest the presence of activation energies in other reactions of 
this’ type, especially in the reactions of CN- with CH,CI and of C,H- with CH3F. 
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 extensively in 
solution where they are -known as bimolecular rmcletiphilic~displacem~nt or S,2 
reactions. Both the rates and preferred directions of &2 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 SN2 reactions_ For example, an important question 
arises regarding the origin of the large activation energies, E, ca. 15-20 kcal mole-l, 
characteristic of reactions of anions with methyl halides in solution. To what 

extent do these observed activation energies reflect intrinsic properties of the 
chemical reaction and not, therefore, solvent effects? Our gas phase measurements 
suggest that several S,2 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 C2H- whose study was stimulated in 

part by the importance of the latter two ions in combustion chemistry. The ions, 

G- and C,H- dominate the negative-ion spectrum of fuel-rich hydrocarbon 

flames 1131 and are proposed as the precursors of the large unsaturated carbon- 

aceous anions C,H,,- (x 2 3, y b 0) observed in these flames. 

TABLE 3 

REACTIONS OF C. - WITH Ha, 02, CG, C02, HLO, CHe AND &HZ AT 298 K 

C,-(2x)-!-H,(‘C) -+ C2H2(‘C)+e+70-’ Ab 
+ C2H-(‘C)+H(zS)+0 A 1 s ?(- 13)C 

CZ-(+s)+Ot(3C) -+ C202(‘Z)+e-+-? A z.i(-ii) -+ 2CO(‘C)+e+177 A 1 
-+ C02(‘C)+C(3P)+e+47 A 
+ c,o-(2z)+o(3P)+? A 
- C-(%-:-~O+(lZ)+77 A 
-+ o-(fP)+czo(~c)i6 A i 

c,-(2z)ico(1c) -+ C30(31Z)+ef? <I(-12) 
~c2-(2c)+co2(*~) + C302(~C)+e+77 A s5(-13) 
C~-(2~)+H,0(1A,) -+ C2HzO(‘Al)+ei-81 A 

-+ CO(‘Z)+CHz(3Z)+e+? A 1 <I(--12) 

C~-(Z%+CHJIAI) + CHJ<I=-CH(1A)+e+62 A <I(--13) 

-+ CH=-C-CHZ(‘A)+e+46 A 
/A-!-e+39 

-+ CIH-(%)+CHs(?A2’*j+0 A I 

C2-(2~)-i-C2H2(iX) --f CHzC%CsCH(“r)+e+76 A <I(--13) 
_ 

a Reaction exothermicity in k&d mole- I. Only exothermic reactions are given. 
b A zz Overall s&n conservation. 
c Measured rate constant in tits of cm; mcilecule-l s-l. (-13) Denotes 10-13. 
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-cTIONS OF C,H- WITH Hz, 02, CO, CO?. HZO, CH.+ AXD CZH2 AT 298 K 

C2H- (‘~);H,(‘C) + CzHste+B 
C2EI-(1C)+0,(3C) -+ 2CO(_‘~)+H(%Q+e+71 A” 

I 

+ COOH- +C(3P)+20 A 
-)- H-(‘S)-l-2CO(‘C)+90 F 
---f 0H-(‘Wi-C~0(3C)+13 A 

CzH-(%)+CO(‘C) --f HC30(zC)+e”7 1 - A- 
C,H-(%)+COz(‘C) + HC302+ef? 
CZH-(‘S)-~-H~O(~A~) -+ C2HxO+e-!-18 A 1 -+ CO(~~)+CH3(2AZ”)+e+6 A 
C,H-(‘C)+C&(‘A,) - CH&H-CHZfef23 A 
GH-(lX:)fCZ~z(lC) 3 CHZ=CH-_C=C+-e+? A 

=s I(- 13)b 
<1(--T-13) 

cl(-12) 
sl(-13) 
<l(--12) 

<I(-13) 
$l(-13) 

a Reaction exothermicity in kcal mole- I_ Only exotheimic reactions are given. 
b Measured rate constant in units of cm3 mole-’ s-l. (- 13) Denotes 10-13. 
c A G Overall spin conservation; F E overall spin conservation is violated. 

Tables 3 and 4 summarize our measurements [14] for the reactions of C,- 

and C,H- with Hz, 0,, CO, C02, H,O, CH, and C,Hz at 298 K. All of these 

reactions were observed to be slow, keXZ, &I. <10-l’ cm3 mole-’ s-l, with only 
the reaction C2- with 0, 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 + ABi-e 

which is anticipated to become generahy less favourable~ as A and/or 33 become 

more complex_ For example. in the event that the neutral is a diatomic molecule, 

activation energies are known [is] to arise for reactions of the “insertion” type, 

i.e. A- +BC -P BAC+e, when the reaction exothermicity is smaller than the 

energy required to increase the bond distance, .&_c, to its final length. Of the 
reaction channels 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-CCC-H+e 

CZ--i-O2 -+ O=C-C-O+e 

C2- + CO, 4 O-C-C-C-O + e 

C2-+CH1 4 CH,-C=C-H+e 

Cz- -k&Hz -+ HC-CkC-CHfe 



In some instances the insertion may be only partial, e.g. 

Cz-+02 -+ 0-C-O+C+e 

-+ o-c-o+c- 

or require further rearrangement, e.g. 

C2- +CH, + [CH,-C=C-HI- -+ H2C-C-CH2 + e 

In all cases, however, the formation of the intermediate BAC- probably involves 

an activation energy barrier. We suggest that the observed non-occurrence of 

some of the remaining exothermic channels for the reactions of C,- and C,H- 
listed may result from constraints imposed on the stereochemistry 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. 

8’6-- 

-CC:- + H:H +H:CC:- +H- 

?I 

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 

interstehar 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 m 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, 181 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 [IQ] and by Watson [ZO] to explain the formation of HCN 

(or HNC). This mechanism consists of the reactions 

NH,++H2 --, NH,++H~ (3) 

NH,++e --, NH,+H (-3 

C++NH, + CNti,++H (5) 

CNHi’+e + CNH+H (6) 

Herb&&dKIemperer[19]adoptedavalue of k, 5 1 - lo-l3 cm3 mOl&ule-‘~s-l 
. . 
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based on the upper liinit placed on this rate constant by-the failure of the Boulder 

group to observe the reaction. In the absence of any reported measurement, a 

value of 2 - 107’ cm3 rnolecule-‘~-~ was adopted for k, _ Both rate constants have 

been measured here. A value of k, = (452) - lo-l3 cm3 molecuIe-1 s-l has been 

obtained. The rate constant for the reaction of ~C+ with NH3 was found to be 
(2.320.2) - 10:’ cm3 molecule-1 s-l but the major channel (95 %) for the reaction 

was found to be charge exchange, so that k, N 1.2 - 1O-1o cm3 molecule_1 sL1. 

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

C+ +HCN + C,Ni +H 
\ 

(7) 

for which, again, a rate constant value of 2 - lo-’ cm3 s-l was assumed. We 

have obtained a value of k, = (4-5 & 0.3) - 10eg cm3 molecule -I s- 1 _ Since the pro- 

duction rate is some 20 times slower and the loss rate some 4 times .faster than 

those used in the models, the mechanism appears to. be inadequate in explaining 

the amount of HCN/HNC observed in these clouds. 

THlZRhiODYNAhfICS 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 include proton affinities, electron 
afhinties, gas-phase acidities and bond dissociation energies, which will now be 

discussed in turn. 

Proton a&ities 

The proton affinity PA(X) of a molecule X, at temperature T, is defined as 

the standard enthalpy change, A@ for the reaction 

HX+ + H+ +X (8) 

The standard enthalpy change for a proton transfer reaction 

HX++YZHY++X (9) 

is, therefore, equal to the dj.Eerence in proton afbnities, PA(Y)-PA(X). We 
first recognized [I81 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, AGo 

for reaction (9) Standard enthalpies and free energy changes have the familiar 

relationship 

AG” = AH”-TAS” 



176 

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” -N Lw” 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 

afljnities of any two molecules X and Y. 

Any experiment designed to determine bulk thermodynamic 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 lo3 collisions before 

reacting. The neutral reactant Y was added downstream to the carrier gas which 

contained the protonated reactant XHf. 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+ ions. 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 afhnities was established Ar < HZ r 0, < NZ < Xe < NO < CO, ( 

CH, < N,O < CO. In the original publication [18] of our results we reported 

PA(H,) I=- PA(0,) 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 

afbnities of NO, CO, and CH4 are quite close together. Other techniques for 

determining the proton aflinities of these molecules had uncertainties too large 

to establish their order. With the present technique this order was established 
without ambiguity. 

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 

K = TyH+lIXl 

iZH+JrYl 
(ii) 

where the square brackets denote concentrations (or more rigorously the.fugaci- 

ties) of the species when reaction (9) has attained chemical equilibrium. It is 

related to the standard free energy of the reaction by the expression: 

AGO = -RTln K 

The equilibrium constant can be obtained.either from measurements of the ratio 

on the RHS of eqn. (ii) under &ptilibrium conditions or by measuring both forward 

and reverse rate .corrstants, k, and k, Gnce, for elementary reactions, K = X-,/k,. 

'We b&e employed both methods successfully; -’ 

.Before -the rateconstant ,ratio method could be -used .it was necessary to 
-. 

_ :. -~.-- 
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develop an analytical method for obtaining accurate rate coust&ts from the 

9aw” flowing afterglow data. An .expression &as first derived [2!j for deter- 

mining Jcr when the extent of reverse reaction~was negligible, i-e_ when the reac- 
tion was far removed from chemical equihbrium. The expression took into account, 

in addition to chemical reaction, the loss of XH+ ions -duefo ambipolar, radial 

and axial diffusion as well as effects caused by the neutraLg& inlet and.sampling 

por%s. Next, an expression was derived for k+ (or kJ 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. 

These analytical expressions permitted the following experimental proce- 

dures in obtaining kf 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 vaIue of kf from such a plot. Au 

alternate experiment, in which a tied flow of Y was added and XHi determined 

as a function of reaction length (and, consequently, of reaction time) gave identical 

values for l~r . 

1 1 I 

H;+Nz --, N,H’+ H, 

Fig.3.Adeterminationoftherateconstantfor;heractiono~~’ withNz(H3t fN2-+%zHC+Hz), 
from a-least squares fit to an observed decay of HS+ upon small additions of N2_ T = 296 K, 
P = 0.221 torr, C = 7.1 - lo3 cm s-l, L= 81 cni, and the flow of Hz is 3.18 - 10” nible s-l. 

I 1 1 
I 2 3 

NZ FLOW/bmteah SOCTSOn) 



H3’ +N2 ==N2 H++H, 

I I I I I 1 

I 2 3 4 5 6 
N2 FLOW hmobab mc-~-lol7~ 

kf -7.72 I IOmm iIn3 m&cub-’ ~86’ 
k, -3.2x10-ll crn3 mdeaJ~’ see-’ 

2 4 6 8 IO 
CH4 FLOW/hk~ o.C’lO’B) 

Fig_4(left).Adetennination of the rate constant forthe reactionof NzH+ with H-. from the bestfit 
to an observed decay of H3+ upon large additions of Nz(H3+ fN2 z NzH+ +H& The soIid 
points represent experimental data. The solid line is a computer fit. T = 296 K, P = 0.88 torr, 
6 = 8.4 - lo3 cm s-l, L = 84 cm, and the flow of Ht is 1.50 - 10” molecule s-l_ 

Fig. 5 (right)_ AdeterminationoftherateconstantsforthereactionC0;2HCiCH3=CH~*+CO~ 
from the best fits to observed decays of CO?H* upon additions of C% at various flows of CO=. 
AlI four sets of data are fit using the values of kr and k, 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); E = 8.2 - lo3 cm s-l, 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 kf and k,, and, when possible, inserting into the expression the value 

of kr 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 lo-” cm3 molecule-1 s-l , 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 has not attained 

equilibrium the ratio of the rate constants is designated (kf/kr),,. When the 
procedure is used under experiental conditions where chemical equilibrium is at- 

tained the ratio is designated (k,lk,), . In some cases, when K N 1 and the formation 

of the reactant ion involves the back reactant neutral, it is not possible to obtain 

kf and k, separately, but only the ratio k,/k,. 
Figure 5 illustrates ti case for which K is closer to unity. The plots show 

curvature at much lower concentrations of reactant .Y. The solid curves have all 



been drawn with the same z+nalytical expression, using the same.values of Icr tid k,. 

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. (ti) to the form 

CYH+l =K_Iyl 
E-+1 IZI 

The ratio of the ion intensities is determined as 2 function of Y for a fixed flow of 

back reactant X. If chemical equilibrium has been established a plot of- the ion 

ratios against p] should prod&e a straight line with a slope equal to K/m]. This 

method fdr obtaining K requires that the mass discrimination of the flowing after- 

glow system be known and techniques have been developed to determine ~&is 

quantity for each equilibrium studied. On the other hand, the previous method, 

based on krlk, 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 pIot for the COJCH, 

system. 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 - IO’. Here the plot is 

not linear at low flow rates of X, characteristic of conditions for which equilibrium 

Fig. 6. The solid points represent .the observed variation of [CH,*tl/(CO,H*] with CH, flow 
at a high flow of CO (CO,H’+CH 4 2 CHS++COx). The solid line represents the variation 
computed with a value for k,jk, of 24.2. T = 296 XC, P = 0.51 torr, ii = 3.2 - lo3 cm s-l, and 

I. = 59 cln. 
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Fig. 7. The observed variation of W2H*]/[HX+I with N3 flow showing the approach to and 
attainment of equilibrium, for the reaction H,+S_N z z N2H+ -i-H. The best straight line through 
the data points at high Nz flows yields a value for K of 1.0 - 10’. T = 296 K,P = 0.88 torr, 
6 = 8.4 - lo3 cm s-l, L = 132 cm, and the flow of Hz is 1.50 - 10z2 molecules s-l. 

TABLE 5 

FORWARD AND BACK RATE CONSTAXTS, RATE CONSTANI. RATIOS AND EQUILIBRIUM COh’STAXT 

hfFlASUREhlENTS 

Hx++Nz f N,H++Hz CO,H+tCH,= CH,++CcB, 
Forward direction Forward direction Recerse direction 

k&cm3 mole-’ s-l) 19= (1.8*0.2)-10-~ 13” (7.8f0.2)- IO-lo i” (7.8~o.3)-10-‘” 
k,(cm3 mole-’ s-‘) 4 (5.1+2_I)-10-~8 10 (3.2&0.2)-lo-” 3 (3.3-&0.1)-10-l’ 
(k/k),, 4 (4.4&l-5)- 108 10 2451 3 24-i-l 
Wk), 3 24-&l S 24&l 
K 4 (9.3P4.0) - 108 4 25*1 2 23&l 

o Number of experiments. 

has not yet been attained. Equilibrium is approached at high flow rates of 71’ 

aIthough there is considerable scatter in the points producing some uncertainty 

in the value of K Fortunately, however, since AG” is proportional to the logarithm 

of K, it is relatively insensitive to this uncertainty_ 

A comparison of the vaIues of the equilibrium constants obtained by these 

methods for the two systems used in the above examples is slown in Table 5_ 

The agreement between the two independent methods, K and kr/& is typiw.Two 

other points are worth mentioning here which demonstrate the validity of these 

methods. The values of k,, k,, kf/kr and K were all found to be independent of 

reactant concentration. Agreement of (k&&j,, with (k,lk,), and with K might be 
expected only if Maxwell-Boltzmanu distributions hold for both reactants and 

products. Such a conditibti cannot exist immfliately after the reaction has occurred. 
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The observation that the rate constant ratios away from equilibrium are identical 

to those at equilibrium indicates that sufEcient non-reactive collisions occur in 

the flowing afterglow system to ensure that Maxwell-Boltzmanu 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 equilibrium constant provide 

AG” for a proton transfer reaction whereas the difference between the proton 

afbnities of X and Y is given by AH”. If the equilibrium constant is measured over 

a range of temperatures, AH0 can be obtained from the van’t Hoff relation 

AHO = -Raidqa(~/q. s UC h measurements were undertaken 1221 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 

C&H+ + CH, 2 CH,+ + CO3 _ 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 AH0 and AS0 

were obtained from the slopes and intercepts respectively.Table 6 shows these 
thermodynamic quantities for this reaction and the reaction N,OH’ +-CO Z 

HCO+ +N,O for which equilibrium constants were also obtained in both direc- 

T 

CO, H++ CH, 5 CH,++CO, 

C 02 FLOW - LO2 x lot9 fnol~uk 8.8 

CH4 FLOW/ (molrsulr s*s-’ IO" 1 

Fig. 8. The observed variation of the ratio of the product to the reactant ion signal, [CHJ*I/ 
[CO,H+], with the flow of neutral rea+nt, C&. at constant flow of neutral back reactant, CO2, 
at four different temperatures. The dopes of the best straight 1~ine.s draw through the points yield 
equilibrium constants of 46.8,27-g, 16.4 and 6.8 at 233,283, 378, and-.553 K, respgctively. 



Fig. 9. A van’t Hoff plot of the experimental results obtained for the proton trarkfer between 
COz and C& over tbe temperature range 196-553 K. A least squares fit to the data yields 
AHo = -0.064~0.004 eV from the slope and AS” = +-l-4&0.3 e.u. from the intercept. 

TABLE 6 

KINFXC AND THERhlODYNAhfIC MEASUREMENTS MADE OVER A TEMPERATURE RANGE 

COIH++CH4 2 CHs++CO 

kr = (7.8fO.Z)- lo-lo cm3 mole-’ s-’ at 296K 
i!c 296 = =&I 
AH” (196-553K) = -0.064f0.004eV 
AS” (196-55310 = f-1.450.3 e.u. 

N,OH+i-CO= HCO+&O 

kr = (4_95fO-07)- 1O-1o cm3 mole-’ s-l at 296 K 
lu,,, = 143f18 
AHO (277-50510 = -O.l-Zl-&O.ti eV 
AS” (277-505 K) = - 1.8f0.7 e-u. 

tions as a function of temperature. It. will be seen that AGO and AH0 at 298 K 
dif5er by 0.018 and -0.023 eV for the two reactions, respectiyely. Thus, the 
assumption.t+at AGO N. AH0 would have introduced errors in the order of 0.02 eV 

in the proton affkity differences.-. 

_ :T& experimental ~~ekminatibn of AS0 for these reactions can also provide 
intere&ing ihformati& about the geometj~of protonated molecules. The entropies 
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of the neutral species in these reactions are known. Recent a> initio-calculations 
on the geometries of H&I+ and CH,+ permit statistical .thermddyiamic cal- 
culations of So for these i&s. Combinations of these quantities with our deter- 
mination of AS0 yield values for So (CO,H+) of 55.6+0.6 e-u. and of So (N,OH+)- 
of 54.9+ 1.1 e-u. If these ions were linear, statistical thermodjmamics 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 flowing afterglow system could not be varied, 
AS0 was obtained indirectly and AH0 calculated from the measured AGO values. 

The v&.~es of So for the neutral reactants are usually well established. In many 
cases values for So for the protonated ions have been calculated theoretically. 
When such theoretical values were not available, the standard entropy for the 
protonated ion was taken to be equal to that for its isoelectronic neutral counter- 

Part- 
Table 7 gives measured AGO values for a number of pairs of molecules, 

the measured or calculated values of ASO, and the proton afEnity differences. 
This Table leads to a ladder which pr-rmits proton afiity differences to be obtained 

between any two members. 
The proton afiinity difference between 0, and H, is of interest for two 

reasons. As mentioned earlier we had originalIy concluded that PA(H,) > PA(02) 
on the basis of our failure to observe a large rate constant for the reaction 

TABLE 7 

DIFFERENCES IN THERhfODYNAMIC PROPERTIES FOR PROTON TRANSFER REACTIONS OF THE TYPE 

XH+ +Y z YH* i-X 

Measured AG& AS& Q&8 
(&7l mole- ‘) (cai mole-l deg- ‘) (= AP_A.) P-A. 

Cev) (e V-) 

co 
1 

6.2b 

-I 
-2.9 -l.89 0.15 

N.0 6.0 

im 
-6.2 -4’ 0.32 

CH.s 5.7 
- 1.88 _t1.4” 0.063 

coz 5.6 

N2 - 

Hz 

-1.. 

4.9 
- 12.0 -2.0’ 0.55 

4.3* 
- 0.03 +o.z -0.002 

02 4.3 

L Me-red values [22], 
b Calculated [23]. 
c Estimated. 
d Theoretical value. 1241. 

I 
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TABLE 8 . 

Sl-AND- HEATS OF FORMATIOK OF NEGATlVJZ IONS, STANDARD HEATS OF FORMA-bONa ANIP ELECTRON 

AFFZNITIES OF CORRESFONDlNG RADICALS 

NHz 2.5.4&0.9 40&3" 0.6-&0.2 

CH,NH 30.5f1.4 43.641 0.6&O_ 1 

C&b.- 21.2+1.1 
39.3&l 

= For references to AH,O,~~~(R) see ref. 28. 

H,+ +O, --* 02H+ +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 be B1.3 - 10-l’ cm3 s- I_ This reaction is also one of several 
observed for which AGO and AH0 have opposite signs. Under these conditions 
a reaction may occur spontaneously (i.e. have a large k) even though it is endo- 
thermic. 

It will be readily apparent that Table 7 could become a table of absolute 
proton afhuities for each member if a value for the proton aEiuity 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 afinities, acidities, and bond dissociation energies 

The equilibrium studies described above have also been applied to negative 

ions, particularl!r to proton transfer reactions of the type 

X-+YHc’Y-+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 aflinities, in this case of the negative ions X- and Y-. In addition, 
such measurements can also lead to values of electron aEnitities 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 AGO for the reaction. If AS0 is either measured or estimated, 
AH0 can be obtained_ The standard enthalpy change can be written in terms of 

-the standard heats of formation, AZZ;, i.e. 

LIHO =-~(ar-)+a~~(~)-~~(X-)--~~) 

Obviously, a knowledge of any three of these heats of formation will permit the 
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K theano!! 

As0 

AH/” iv.‘+, XIV, Y -orrJ 

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 afhnity of the ion is def?ned as 

AH0 for the reaction 

XH + X- +H’ (11) 

and since AHT(XH) and AHT(H+) are both known, this derived value of AHT(X-) 
leads directly to the proton afEnity_ 

The electron affinity EA is defined as AH0 for the process 

X- + X+e (13) 
Thus, if the value of AH;(X) is known, the derived value of AHT(X-) leads to 

EA(X). 

Alternately, if the electron affinity of the radical, X, is known, combination 
with AH/o(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 

NHa-+HzZH-+NH, (13) 

which readily achieves equilibrium 1251 at room temperature within the range of 

concentrations and tunes available in our ff owing afterglow experiments. Figure 11 

illustrates the rate constant ratio method and Fig. 12, the ion ratio method for 

determining the equiiibrium constant of reaction (13). The measured equilibrium 

constant K E 26& 6 corresponds to a standard free energy change AG!&s = 

-1.92&0.15 kcal mole-l, which leads to AH&s = -3_20+0.30 kcal mole-’ 

for an estimated AT&s = -4.3+0.5 cal mole-’ deg-I. This value of AH&, 



NH,+ Hz ==H-+NH, 

NH3 FLow =22fxl@ molecufu SC-f 

k/ =.?50 I IO-” Cm3 mo/cClh” Se& 

kr -I. 00 I lO+2~ nmjew~e~~ -’ SdC 

I I I 1 

I 

/I2 FLow=~m~,8*3s8C-~- KG 

Fig. 11. A determinrition of the rate constants for the reaction NH2-+H2 z H- -i-NH3 from 
the best fit (solid line) to the observed decay (full circles) of NH2- upon addition of Hz at a 
~edflowofNH3.T=298K,P=0.409torr,~=8.5-1O3cms-’andL=~cm. 

Fig. 12. The apjxoach to and at&ment of equilibrium as manifested by the observed variation 
of the ratio of the product to the rg&nt ion signal [H-l/ @IH, :I. with flow of neutral reactant, 
Hz; at two ditierent flows of back-reactant, NH 3.T=298K,P=~.4U9torr,5=8.5-103cm 

s-l; and L = 60 ?z&.’ The eqliilit&iti constants are determined from the slopes of the best 
straight.linti &rough the op& c~ucles at high flowsof-Hz. 

:: 



when combined with established values of &o&98 for-H- and NH,, leads to 
AN0r,29s (NH~ -) = 25.4+0.9 kcal mole-l. From the definition given above the 
proton aflinity PA(NH,-) - 403.66+0.5 kcal mole:‘. 

The available literature values of A@(NH,) can be combined with our 
determination of A@‘(NHz-) to obtain a value of the electron aflinity EA(NH,) =. 
14.7&4 kcal mole-l = 0.64+0.17 eV which compares favourably with the recent 
determinations by Smyth and Brauman [26] of 0.744+0.022 eV and of Cellotto 
et al. [27] of 0.779 + 0.037 eV_ Both these determinations involve photodetachment 
by laser light and, therefore, provide values of AH: for pro-&s (12) rather than 

AK&, evaluated in our method. 
Actually, the photodetachment values are much more reliable than the 

value of A@‘(NH,) used in our calculation. In this case, therefore, it is more 
productive to combine the photodetachment value for EA(NH,) with our value 
of A@‘(NH,-) to obtain a value for AH0 T,298(NH2) of 44.3+ 1.1 kcal mole-‘, 
which can then be combined with the established value of A@‘,,(NH~) to give 
D:&NH2-H) = 107.4_+1.1 kcal mole-‘. This probably represents the most 
reliable value of the bond dissociation energy of NH, 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 ketene2[28]. Table 8 summarizes heats of formation and electron 
afhnities determined from the measurement of equilibrium constants for reactions 
of the type 

NHZ- +R,R,NH Z R,R,N- +NH, 

H- +R,R,NH Z R,R,N- +H, 

where R, and R, may be H, CH, or C,H,. 
The values for the standard free energy changes, AGozg8 which can be deter- 

mined from the equilibrium constants, provide a measure of the relative intrinsic 
(gas phase) acidity of th e B ronsted acids XH and YH. Reference to well established 
acidities of II, 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 
(II). Such information can begin to allow a quantitative assessment of the in- 

fluence of intrinsic molecular properties which is often dominated in sclution by 
environmental solvent effits. 

Al-though 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, S,2 reactions, and atom-ion inter- 

change, to name only a few examples. 



Fig. 13. Scale of intrinsic acidities_ The measured relative acidities of pairs of Bron&d acids are 
represented by the brackets shown on the right htid side of the figure. The scale is set bythe well 
established value- of the acidity of H 2. The width of the bars represent the experimental nncer- 
tainty. 
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