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Abstract

Reaction Equilibrium in the Gas Phase
1 Foundation
In beginning our study of the reactions of gases, we will assume a knowledge of the physicalproperties of gases as described by the Ideal Gas Law and an understanding of theseproperties as given by the postulates and conclusions of the Kinetic Molecular Theory.We assume that we have developed a dynamic model of phase equilibrium in terms ofcompeting rates. We will also assume an understanding of the bonding, structure, andproperties of individual molecules.
2 Goals
In performing stoichiometric calculations, we assume that we can calculate the amount ofproduct of a reaction from the amount of the reactants we start with. For example, if weburn methane gas, CH4 (g), in excess oxygen, the reaction

CH4 (g) + 2O2 (g)! CO2 (g) + 2H2O (g) (1)
occurs, and the number of moles of CO2 (g) produced is assumed to equal the numberof moles of CH4 (g) we start with.From our study of phase transitions we have learned the concept of equilibrium. Weobserved that, in the transition from one phase to another for a substance, under certainconditions both phases are found to coexist, and we refer to this as phase equilibrium. Itshould not surprise us that these same concepts of equilibrium apply to chemical reactionsas well. In the reaction (Equation 1), therefore, we should examine whether the reactionactually produces exactly one mole of CO2 for every mole of CH4 we start with or whetherwe wind up with an equilibrium mixture containing both CO2 and CH4. We will �nd thatdi�erent reactions provide us with varying answers. In many cases, virtually all reactants areconsumed, producing the stoichiometric amount of product. However, in many other cases,�http://creativecommons.org/licenses/by/2.0/
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substantial amounts of reactant are still present when the reaction achieves equilibrium,and in other cases, almost no product is produced at equilibrium. Our goal will be tounderstand, describe and predict the reaction equilibrium.An important corollary to this goal is to attempt to control the equilibrium. We will�nd that varying the conditions under which the reaction occurs can vary the amountsof reactants and products present at equilibrium. We will develop a general principle forpredicting how the reaction conditions a�ect the amount of product produced at equilibrium.

3 Observation 1: Reaction equilibrium
We begin by analyzing a signi�cant industrial chemical process, the synthesis of ammoniagas, NH3, from nitrogen and hydrogen:

N2 (g) + 3H2 (g)! 2NH3 (g) (2)
If we start with 1 mole of N2 and 3 moles of H2, the balanced equation predicts thatwe will produce 2 moles of NH3. In fact, if we carry out this reaction starting with thesequantities of nitrogen and hydrogen at 298K in a 100.0L reaction vessel, we observe that thenumber of moles of NH3 produced is 1.91 mol. This "yield" is less than predicted by thebalanced equation, but the di�erence is not due to a limiting reagent factor. Recall that, instoichiometry, the limiting reagent is the one that is present in less than the ratio of molesgiven by the balanced equation. In this case, neither N2 nor H2 is limiting because theyare present initially in a 1:3 ratio, exactly matching the stoichiometry. Note also that thisseeming de�cit in the yield is not due to any experimental error or imperfection, nor is it dueto poor measurements or preparation. Rather, the observation that, at 298K, 1.91 molesrather than 2 moles are produced is completely reproducible: every measurement of thisreaction at this temperature in this volume starting with 1 mole ofN2 and 3 moles ofH2 givesthis result. We conclude that the reaction (Equation 2) achieves reaction equilibriumin which all three gases are present in the gas mixture. We can determine the amountsof each gas at equilibrium from the stoichiometry of the reaction. When nNH3 = 1:91molare created, the number of moles of N2 remaining at equilibrium is nN2 = 0:045mol andnH2 = 0:135mol.It is important to note that we can vary the relative amount of NH3 produced by varyingthe temperature of the reaction, the volume of the vessel in which the reaction occurs, orthe relative starting amounts of N2 and H2. We shall study and analyze this observationin detail in later sections. For now, though, we demonstrate that the concept of reactionequilibrium is general to all reactions.Consider the reaction H2 (g) + I2 (g)! 2HI (g) (3)
If we begin with 1.00 mole of H2 and 1.00 mole of I2 at 500K in a reaction vessel of �xedvolume, we observe that, at equilibrium, nHI = 1:72mol, leaving in the equilibrium mixturenH2 = 0:14mol and nI2 = 0:14mol.Similarly, consider the decomposition reaction

N2O4 (g)! 2NO2 (g) (4)
At 298K in a 100.0L reaction �ask, 1.00 mol of N2O4 partially decomposes to produce,at equilibrium, nNO2 = 0:64mol and nN2O4 = 0:68mol.Some chemical reactions achieve an equilibrium that appears to be very nearly completereaction. For example, H2 (g) + Cl2 (g)! 2HCl (g) (5)
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If we begin with 1.00 mole of H2 and 1.00 mole of Cl2 at 298K in a reaction vessel of �xedvolume, we observe that, at equilibrium, nHCl is almost exactly 2.00 mol, leaving virtuallyno H2 or Cl2. This does not mean that the reaction has not come to equilibrium. It meansinstead that, at equilibrium, there are essentially no reactants remaining.In each of these cases, the amounts of reactants and products present at equilibrium varyas the conditions are varied but are completely reproducible for �xed conditions. Beforemaking further observations that will lead to a quantitative description of the reactionequilibrium, we consider a qualitative description of equilibrium.We begin with a dynamic equilibrium description. We know from our studies of phasetransitions that equilibrium occurs when the rate of the forward process ( e.g. evaporation) ismatched by the rate of reverse process ( e.g. condensation). Since we have now observed thatgas reactions also come to equilibrium, we postulate that at equilibrium the forward reactionrate is equal to the reverse reaction rate. For example, in the reaction here (Equation 4),the rate of decomposition of N2O4 molecules at equilibrium must be exactly matched bythe rate of recombination (or dimerization) of NO2 molecules.To show that the forward and reverse reactions continue to happen at equilibrium, westart with the NO2 and N2O4 mixture at equilibrium and we vary the volume of the �askcontaining the mixture. We observe that, if we increase the volume and the reaction isallowed to come to equilibrium, the amount of NO2 at equilibrium is larger at the expenseof a smaller amount of N2O4. We can certainly conclude that the amounts of the gases atequilibrium depend on the reaction conditions. However, if the forward and reverse reactionsstop once the equilibrium amounts of material are achieved, the molecules would not "know"that the volume of the container had increased. Since the reaction equilibrium can and doesrespond to a change in volume, it must be that the change in volume a�ects the rates ofboth the forward and reverse processes. This means that both reactions must be occurringat equilibrium, and that their rates must exactly match at equilibrium.This reasoning reveals that the amounts of reactant and product present at equilibriumare determined by the rates of the forward and reverse reactions. If the rate of the forwardreaction ( e.g. decomposition of N2O4) is faster than the rate of the reverse reaction, thenat equilibrium we have more product than reactant. If that di�erence in rates is very large,at equilibrium there will be much more product than reactant. Of course, the converse ofthese conclusions is also true. It must also be the case that the rates of these processesdepends on, amongst other factors, the volume of the reaction �ask, since the amounts ofeach gas present at equilibrium change when the volume is changed.

4 Observation 2: Equilibrium constants
It was noted above that the equilibrium partial pressures of the gases in a reaction varydepending upon a variety of conditions. These include changes in the initial numbers ofmoles of reactants and products, changes in the volume of the reaction �ask, and changesin the temperature. We now study these variations quantitatively.Consider �rst the reaction here (Equation 4). Following on our previous study of thisreaction, we inject an initial amount of N2O4 (g) into a 100L reaction �ask at 298K. Now,however, we vary the initial number of moles of N2O4 (g) in the �ask and measure theequilibrium pressures of both the reactant and product gases. The results of a number ofsuch studies are given here (Equilibrium Partial Pressures in Decomposition Reaction).
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Equilibrium Partial Pressures in Decomposition Reaction

Initial nN2O4 PN2O4 (atm) PNO2 (atm)0.1 0.00764 0.0336270.5 0.071011 0.1025171 0.166136 0.1568061.5 0.26735 0.1989172 0.371791 0.2345742.5 0.478315 0.2660653 0.586327 0.2945783.5 0.695472 0.3208274 0.805517 0.3452774.5 0.916297 0.3682555 1.027695 0.389998
We might have expected that the amount of NO2 produced at equilibrium would increasein direct proportion to increases in the amount of N2O4 we begin with. Equilibrium PartialPressures in Decomposition Reaction shows that this is not the case. Note that when weincrease the initial amount of N2O4 by a factor of 10 from 0.5 moles to 5.0 moles, thepressure of NO2 at equilibrium increases by a factor of less than 4.The relationship between the pressures at equilibrium and the initial amount of N2O4is perhaps more easily seen in a graph of the data in Equilibrium Partial Pressures in De-composition Reaction, as shown in Figure 1. There are some interesting features here. Notethat, when the initial amount of N2O4 is less than 1 mol, the equilibrium pressure of NO2 isgreater than that of N2O4. These relative pressures reverse as the initial amount increases,as the N2O4 equilibrium pressure keeps track with the initial amount but the NO2 pressurefalls short. Clearly, the equilibrium pressure of NO2 does not increase proportionally withthe initial amount of N2O4. In fact, the increase is slower than proportionality, suggestingperhaps a square root relationship between the pressure of NO2 and the initial amount ofN2O4.We test this in Figure 2 by plotting PNO2 at equilibrium versus the square root of theinitial number of moles ofN2O4. Figure 2 makes it clear that this is not a simple proportionalrelationship, but it is closer. Note in Figure 1 that the equilibrium pressure PN2O4 increasesclose to proportionally with the initial amount of N2O4. This suggests plotting PNO2 versusthe square root of PN2O4 . This is done in Figure 3, where we discover that there is a verysimple proportional relationship between the variables plotted in this way. We have thusobserved that PNO2 = cpPN2O4 (6)
where c is the slope of the graph. Equation 6 can be rewritten in a standard form

Kp = PNO22PN2O4 (7)
To test the accuracy of this equation and to �nd the value ofKp, we return to EquilibriumPartial Pressures in Decomposition Reaction and add another column in which we calculatethe value of Kp for each of the data points. Equilibrium Partial Pressures in DecompositionReaction makes it clear that the "constant" in Equation 7 truly is independent of boththe initial conditions and the equilibrium partial pressure of either one of the reactant orproduct. We thus refer to the constant Kp in Equation 7 as the reaction equilibriumconstant.
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Equilibrium Partial Pressures in Decomposition Reaction

Figure 1
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Relationship of Pressure of Product to Initial Amount of Reactant

Figure 2

Equilibrium Partial Pressures

Figure 3
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Equilibrium Partial Pressures in Decomposition Reaction

Initial nN2O4 PN2O4 (atm) PNO2 (atm) Kp0.1 0.00764 0.0336 0.1480.5 0.0710 0.102 0.1481 0.166 0.156 0.1481.5 0.267 0.198 0.1482 0.371 0.234 0.1482.5 0.478 0.266 0.1483 0.586 0.294 0.1483.5 0.695 0.320 0.1484 0.805 0.345 0.1484.5 0.916 0.368 0.1485 1.027 0.389 0.148
It is very interesting to note the functional form of the equilibrium constant. Theproduct NO2 pressure appears in the numerator, and the exponent 2 on the pressure isthe stoichiometric coe�cient on NO2 in the balanced chemical equation. The reactantN2O4 pressure appears in the denominator, and the exponent 1 on the pressure is thestoichiometric coe�cient on N2O4 in the chemical equation.We now investigate whether other reactions have equilibrium constants and whether theform of this equilibrium constant is a happy coincidence or a general observation. We returnto the reaction for the synthesis of ammonia (Equation 2).In a previous section (Section 2), we considered only the equilibrium produced when 1mole of N2 is reacted with 3 moles of H2. We now consider a range of possible initial valuesof these amounts, with the resultant equilibrium partial pressures given in EquilibriumPartial Pressures of the Synthesis of Ammonia. In addition, anticipating the possibility ofan equilibrium constant, we have calculated the ratio of partial pressures given by:

Kp = PNH32PN2PH23 (8)
In Equilibrium Partial Pressures of the Synthesis of Ammonia, the equilibrium partialpressures of the gases are in a very wide variety, including whether the �nal pressures aregreater for reactants or products. However, from the data in Equilibrium Partial Pressuresof the Synthesis of Ammonia, it is clear that, despite these variations, Kp in Equation 8is essentially a constant for all of the initial conditions examined and is thus the reactionequilibrium constant for this reaction (Equation 2).

Equilibrium Partial Pressures of the Synthesis of Ammonia
V (L) nN2 nH2 PN2 PH2 PNH3 Kp10 1 3 0.0342 0.1027 4.82 6:2� 10510 0.1 0.3 0.0107 0.0322 0.467 6:0� 105100 0.1 0.3 0.00323 0.00968 0.0425 6:1� 105100 3 3 0.492 0.00880 0.483 6:1� 105100 1 3 0.0107 0.0322 0.467 6:0� 1051000 1.5 1.5 0.0255 0.00315 0.0223 6:2� 105
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Studies of many chemical reactions of gases result in the same observations. Each reac-tion equilibrium can be described by an equilibrium constant in which the partial pressuresof the products, each raised to their corresponding stoichiometric coe�cient, are multipliedtogether in the numerator, and the partial pressures of the reactants, each raised to theircorresponding stoichiometric coe�cient, are multiplied together in the denominator. Forhistorical reasons, this general observation is sometimes referred to as the Law of MassAction.

5 Observation 3: Temperature Dependence of the Reaction Equilib-rium
We have previously observed that phase equilibrium, and in particular vapor pressure, de-pend on the temperature, but we have not yet studied the variation of reaction equilibriumwith temperature. We focus our initial study on this reaction (Equation 3) and we measurethe equilibrium partial pressures at a variety of temperatures. From these measurements,we can compile the data showing the temperature dependence of the equilibrium constantKp for this reaction in Equilibrium Constant for the Synthesis of HI.

Equilibrium Constant for the Synthesis of HI
T (K) Kp500 6:25� 10�3550 8:81� 10�3650 1:49� 10�2700 1:84� 10�2720 1:98� 10�2

Note that the equilibrium constant increases dramatically with temperature. As a result,at equilibrium, the pressure of HI must also increase dramatically as the temperature isincreased.These data do not seem to have a simple relationship between Kp and temperature. Wemust appeal to arguments based on Thermodynamics, from which it is possible to show thatthe equilibrium constant should vary with temperature according to the following equation:
lnKp = �

��HRT
�+ �SR (9)

If �H and �S do not depend strongly on the temperature, then this equation wouldpredict a simple straight line relationship between lnKp and 1T . In addition, the slope ofthis line should be � ��HR �. We test this possibility with the graph in Figure 4.In fact, we do observe a straight line through the data. In this case, the line has anegative slope. Note carefully that this means that Kp is increasing with temperature. Thenegative slope via Equation 9 means that � ��HR � must be negative, and indeed for thisreaction (Equation 3) in this temperature range, �H = 15:6 kJmol . This value matches wellwith the slope of the line in Figure 4.Given the validity of Equation 9 in describing the temperature dependence of the equi-librium constant, we can also predict that an exothermic reaction with �H < 0 should havea positive slope in the graph of lnKp versus 1T , and thus the equilibrium constant shoulddecrease with increasing temperature. A good example of an exothermic reaction is thesynthesis of ammonia (Equation 2) for which �H = �99:2 kJmol . Equilibrium constant dataare given in Equilibrium Constant for the Synthesis of Ammonia. Note that, as predicted,
http://cnx.rice.edu/content/m12597/latest/
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Inverse of Temperature vs. Natural Log of Equilibrium Constant

Figure 4
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Inverse of Temperature vs. Natural Log of Equilibrium Constant

Figure 5

the equilibrium constant for this exothermic reaction decreases rapidly with increasing tem-perature. The data from Equilibrium Constant for the Synthesis of Ammonia is shown inFigure 5, clearly showing the contrast between the endothermic reaction and the exothermicreaction. The slope of the graph is positive for the exothermic reaction and negative for theendothermic reaction. From Equation 9, this is a general result for all reactions.
Equilibrium Constant for the Synthesis of Ammonia

T (K) Kp250 7� 108298 6� 105350 2� 103400 36
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6 Observation 4: Changes in Equilibrium and Le Châtelier's Princi-ple
One of our goals at the outset was to determine whether it is possible to control the equilib-rium which occurs during a gas reaction. We might want to force a reaction to produce asmuch of the products as possible. In the alternative, if there are unwanted by-products ofa reaction, we might want conditions which minimize the product. We have observed thatthe amount of product varies with the quantities of initial materials and with changes inthe temperature. Our goal is a systematic understanding of these variations.A look back at Equilibrium Partial Pressures in Decomposition Reaction and EquilibriumPartial Pressures in Decomposition Reaction shows that the equilibrium pressure of theproduct of the reaction increases with increasing the initial quantity of reaction. This seemsquite intuitive. Less intuitive is the variation of the equilibrium pressure of the productof this reaction (Equation 2) with variation in the volume of the container, as shown inEquilibrium Partial Pressures of the Synthesis of Ammonia. Note that the pressure of NH3decreases by more than a factor of ten when the volume is increased by a factor of ten.This means that, at equilibrium, there are fewer moles of NH3 produced when the reactionoccurs in a larger volume.To understand this e�ect, we rewrite the equilibrium constant in Equation 8 to explicitshow the volume of the container. This is done by applying Dalton's Law of PartialPressures, so that each partial pressure is given by the Ideal Gas Law:

Kp = nNH32(RTV )2nN2 RTV nH23(RTV )3= nNH32nN2nH23(RTV )2
(10)

Therefore,
Kp
�RTV

�2 = nNH32nN2nH23 (11)
This form of the equation makes it clear that, when the volume increases, the left side ofthe equation decreases. This means that the right side of the equation must decrease also,and in turn, nNH3 must decrease while nN2 and nH2must increase. The equilibrium is thusshifted from products to reactants when the volume increases for this reaction (Equation 2).The e�ect of changing the volume must be considered for each speci�c reaction, becausethe e�ect depends on the stoichiometry of the reaction. One way to determine the con-sequence of a change in volume is to rewrite the equilibrium constant as we have done inEquation 11.Finally, we consider changes in temperature. We note that Kp increases with T forendothermic reactions and decreases with T for exothermic reactions. As such, the productsare increasingly favored with increasing temperature when the reaction is endothermic, andthe reactants are increasingly favored with increasing temperature when the reaction isexothermic. On re�ection, we note that when the reaction is exothermic, the reverse reactionis endothermic. Putting these statements together, we can say that the reaction equilibriumalways shifts in the direction of the endothermic reaction when the temperature is increased.All of these observations can be collected into a single unifying concept known as LeChâtelier's Principle.
Principle 1: Le Châtelier's Principle
When a reaction at equilibrium is stressed by a change in conditions, the equilib-rium will be reestablished in such a way as to counter the stress.
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This statement is best understood by re�ection on the types of "stresses" we have con-sidered in this section. When a reactant is added to a system at equilibrium, the reactionresponds by consuming some of that added reactant as it establishes a new equilibrium.This o�sets some of the stress of the increase in reactant. When the temperature is raisedfor a reaction at equilibrium, this adds thermal energy. The system shifts the equilibriumin the endothermic direction, thus absorbing some of the added thermal energy, counteringthe stress.The most challenging of the three types of stress considered in this section is the changein volume. By increasing the volume containing a gas phase reaction at equilibrium, wereduce the partial pressures of all gases present and thus reduce the total pressure. Recallthat the response of this reaction (Equation 2) to the volume increase was to create more ofthe reactants at the expense of the products. One consequence of this shift is that more gasmolecules are created, and this increases the total pressure in the reaction �ask. Thus, thereaction responds to the stress of the volume increase by partially o�setting the pressuredecrease with an increase in the number of moles of gas at equilibrium.Le Châtelier's principle is a useful mnemonic for predicting how we might increase ordecrease the amount of product at equilibrium by changing the conditions of the reaction.From this principle, we can predict whether the reaction should occur at high temperatureor low temperature, and whether it should occur at high pressure or low pressure.

7 Review and Discussion Questions
Exercise 1:In the data given for equilibrium of this reaction (Equation 3), there is no volumegiven. Show that changing the volume for the reaction does not change the numberof moles of reactants and products present at equilibrium, i.e. changing the volumedoes not shift the equilibrium.
Exercise 2:For this reaction (Equation 4) the number of moles of NO2 at equilibrium increasesif we increase the volume in which the reaction is contained. Explain why this mustbe true in terms of dynamic equilibrium, give a reason why the rates of the forwardand reverse reactions might be a�ected di�erently by changes in the volume.
Exercise 3:We could balance Equation 2 by writing

2N2 (g) + 6H2 (g)! 4NH3 (g) (12)
Write the form of the equilibrium constant for the reaction balanced as in Equa-tion 12. What is the value of the equilibrium constant? (Refer to EquilibriumPartial Pressures of the Synthesis of Ammonia.) Of course, the pressures at equi-librium do not depend on whether the reaction is balanced as in Equation 2 or asin Equation 12. Explain why this is true, even though the equilibrium constantcan be written di�erently and have a di�erent value.
Exercise 4:Show that the equilibrium constant Kp in Equation 8 for this reaction (Equation 2)can be written in terms of the concentrations or particle densities, e.g. [N2] = nN2V ,instead of the partial pressures. In this form, we call the equilibrium constant Kc.Find the relationship between Kp and Kc, and calculate the value of Kc.
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Exercise 5:
For each of these reactions, predict whether increases in temperature will shift thereaction equilibrium more towards products or more towards reactants.
2CO (g) +O2 (g)! 2CO2 (g)O3 (g) +NO (g)! NO2 (g) +O2 (g)2O3 (g)! 3O2 (g)
Exercise 6:
Plot the data in Equilibrium Constant for the Synthesis of HI on a graph showingKp on the y-axis and T on the x-axis. The shape of this graph is reminiscent ofthe graph of another physical property as a function of increasing temperature.Identify that property, and suggest a reason why the shapes of the graphs mightbe similar.
Exercise 7:
Using Le Châtelier's principle, predict whether the speci�ed "stress" will producean increase or a decrease in the amount of product observed at equilibrium for thereaction: 2H2 (g) + CO (g)! CH3OH (g) (13)

�H = �91 kJmol
Volume of container is increased.
Helium is added to container.
Temperature of container is raised.
Hydrogen is added to container.
CH3OH is extracted from container as it is formed.
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