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V ! ! ! 101 L

You should now work Exercise 46.

You may wonder why pressures are given in torr or mm Hg and temperatures in °C.
This is because pressures are often measured with mercury barometers, and temperatures
are measured with Celsius thermometers.

EXAMPLE 12-10 Ideal Gas Equation
A helium-filled weather balloon has a volume of 7240 cubic feet. How many grams of helium
would be required to inflate this balloon to a pressure of 745 torr at 21°C? (1 ft3 ! 28.3 L)

Plan
We use the ideal gas equation to find n, the number of moles required, and then convert to
grams. We must convert each quantity to one of the units stated for R. (R ! 0.0821
L"atm/mol"K)

Solution

P ! 745 torr # ! 0.980 atm T ! 21°C $ 273° ! 294 K

V ! 7240 ft3 # ! 2.05 # 105 L n ! _?_

Solving PV ! nRT for n and substituting gives

n ! ! ! 8.32 # 103 mol He

_?_g He ! (8.32 # 103 mol He)!4.00 " ! 3.33 # 104 g He

You should now work Exercise 47.
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A helium-filled weather balloon.
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Problem-Solving Tip: Watch Out for Units in Ideal Gas Law
Calculations

The units of R that are appropriate for ideal gas law calculations are those that involve
units of volume, pressure, moles, and temperature. When you use the value R ! 0.0821
L "atm/mol "K, remember to express all quantities in a calculation in these units. Pres-
sures should be expressed in atmospheres, volumes in liters, temperature in kelvins, and
amount of gas in moles. In Examples 12-9 and 12-10 we converted pressures from torr
to atm. In Example 12-10 the volume was converted from ft3 to L.
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Adquirir conocimientos básicos de las leyes
de los gases que permitan al alumno analizar
y aplicar cada una de ellas para comprender
el comportamiento del estado gaseoso.

Desarrollar habilidades para el análisis y
resolución de problemas que involucran las
leyes de los gases, valorando la aplicación de
dichas leyes en la vida cotidiana.
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2.- INTRODUCCIÓN
Estados de 

agregación de la 
materia

sólido líquido Gaseoso



LEYES DE LOS GASES

CONCEPTOS BÁSICOS

Presión: Mide la
proyección de la fuerza en
dirección perpendicular po
r unidad de superficie. Los
gases ejercen una presión
sobre cualquier superficie.
La presión la medimos en
atm, torr,mmHg.

Volumen: Es una
magnitud derivada de
la longitud, ya que se halla
multiplicando la longitud,
el ancho y la altura. El
volumen lo medimos en L,
ml.

2.- INTRODUCCIÓN



LEYES DE LOS GASES

CONCEPTOS BÁSICOS

Temperatura: La
temperatura es aquella
propiedad física o
magnitud que nos permite
conocer cuanto frío o calor
presenta el cuerpo. La
temperatura la medimos
en ºC, ºF, K.

2.- INTRODUCCIÓN



LEYES DE LOS GASES

3.- LEY DE BOYLE

Robert Boyle, (1627-1691)
Filósofo, químico, físico e 

inventor Irlandes.

𝑽 = 𝑲
𝟏
𝑷𝑽	 ∝ 	

𝟏
𝑷

A temperatura constante el volumen (V) ocupado
por un una masa definida de un gas es
inversamente proporcional a la presión aplicada.



LEYES DE LOS GASES

3.- LEY DE BOYLE PxV = k ( n, T, constante)

𝑷𝟏		𝑽𝟏 = 𝒌											(𝒏, 𝑻	𝒄𝒐𝒏𝒕𝒂𝒏𝒕𝒆𝒔) 𝑷𝟐	𝑽𝟐 = 𝒌											(𝒏, 𝑻	𝒄𝒐𝒏𝒕𝒂𝒏𝒕𝒆𝒔)

When the volume of a gas is plotted against its pressure at constant temperature, the
resulting curve is one branch of a hyperbola. Figure 12-4b is a graphic illustration of this
inverse relationship. When volume is plotted versus the reciprocal of the pressure, 1/P, a
straight line results (Figure 12-4c). In 1662, Boyle summarized the results of his experi-
ments on various samples of gases in an alternative statement of Boyle’s Law:

At constant temperature the volume, V, occupied by a definite mass of a gas is
inversely proportional to the applied pressure, P.

V ! "
P
1

" or V # k !"
P
1

"" (constant n, T )

At normal temperatures and pressure, most gases obey Boyle’s Law rather well. We call
this ideal behavior. Deviations from ideality are discussed in Section 12-15.

Let us think about a fixed mass of gas at constant temperature, but at two different
conditions of pressure and volume (see Figure 12-3). For the first condition we can write

P1V1 # k (constant n, T )

and for the second condition we can write

P2V2 # k (constant n, T )

Because the right-hand sides of these two equations are the same, the left-hand sides must
be equal, or

P1V1 # P2V2 (for a given amount of a gas at constant temperature)

This form of Boyle’s Law is useful for calculations involving pressure and volume changes,
as the following examples demonstrate.

The symbol ! reads “is proportional
to.” A proportionality is converted into
an equality by introducing a
proportionality constant, k.
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Figure 12-4 (a) Some typical data from an experiment such as that shown in Figure 12-3.
Measured values of P and V are presented in the first two columns, on an arbitrary scale. 
(b, c) Graphical representations of Boyle’s Law, using the data of part (a). (b) V versus P. 
(c) V versus 1/P.
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At normal temperatures and pressure, most gases obey Boyle’s Law rather well. We call
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P1V1 # k (constant n, T )

and for the second condition we can write

P2V2 # k (constant n, T )

Because the right-hand sides of these two equations are the same, the left-hand sides must
be equal, or

P1V1 # P2V2 (for a given amount of a gas at constant temperature)

This form of Boyle’s Law is useful for calculations involving pressure and volume changes,
as the following examples demonstrate.

The symbol ! reads “is proportional
to.” A proportionality is converted into
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LEYES DE LOS GASES

3.- LEY DE BOYLE

𝑽 = 𝑲
𝟏
𝑷

𝑷𝟏		𝑽𝟏 = 		𝑷𝟐𝑽𝟐										(𝒏, 𝑻	𝒄𝒐𝒏𝒕𝒂𝒏𝒕𝒆𝒔)
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At normal temperatures and pressure, most gases obey Boyle’s Law rather well. We call
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LEYES DE LOS GASES

3.- LEY DE BOYLE
𝑽 = 𝑲

𝟏
𝑷

𝑷𝟏		𝑽𝟏 = 		𝑷𝟐𝑽𝟐										(𝒏, 𝑻	𝒄𝒐𝒏𝒕𝒂𝒏𝒕𝒆𝒔)Boyle’s Law

The pressure exerted by a gas on the walls of its container is caused by gas molecules
striking the walls. Clearly, pressure depends on two factors: (1) the number of molecules
striking the walls per unit time and (2) how vigorously the molecules strike the walls. If
the temperature is held constant, the average speed and the force of the collisions remain
the same. But halving the volume of a sample of gas doubles the pressure because twice
as many molecules strike a given area on the walls per unit time. Likewise, doubling the
volume of a sample of gas halves the pressure because only half as many gas molecules
strike a given area on the walls per unit time (Figure 12-10).

Dalton’s Law

In a gas sample the molecules are very far apart and do not attract one another signifi-
cantly. Each kind of gas molecule acts independently of the presence of the other kind.
The molecules of each gas thus collide with the walls with a frequency and vigor that do
not change even if other molecules are present (Figure 12-11). As a result, each gas exerts
a partial pressure that is independent of the presence of the other gas, and the total pres-
sure is due to the sum of all the molecule–wall collisions.

Figure 12-10 A molecular
interpretation of Boyle’s Law—
the change in pressure of a
gas with changes in
volume (at constant
temperature). The
entire apparatus is
enclosed in a vacuum.
In the smaller volume,
more molecules strike
the walls per unit time to
give a higher pressure.

Piston

10 g

Gas
sample

3.0 L 1.5 L

20 g

Figure 12-11 A molecular
interpretation of Dalton’s Law. The
molecules act independently, so each
gas exerts its own partial pressure
due to its molecular collisions with
the walls.

20 g

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 12.10, Gas Laws and the
Kinetic–Molecular Theory.



LEYES DE LOS GASES

3.1. EJEMPLO DE  LA LEY DE BOYLE
1.- Una muestra de oxigeno ocupa 10 L bajo una presión de 790 torr,
¿a que presión debería ocupar éste un volumen de13.4 L, si la
temperatura no cambia?

𝑽𝟏 = 𝟏𝟎	𝑳

𝑷𝟏 = 𝟕𝟗𝟎	𝒕𝒐𝒓𝒓

𝑽𝟐 = 𝟏𝟑. 𝟒	𝑳

𝑽 = 𝑲
𝟏
𝑷

𝑷𝟐 = 	
𝑷𝟏𝑽𝟏
𝑽𝟐

=
(𝟕𝟗𝟎	𝒕𝒐𝒓𝒓)(𝟏𝟎	𝑳)

𝟏𝟑. 𝟒𝑳 = 𝟓𝟗𝟎	𝑻𝒐𝒓𝒓

𝑷𝟐 = 	
𝑷𝟏𝑽𝟏
𝑽𝟐



LEYES DE LOS GASES

4.- LEY DE CHARLES

1746 - 1823

Observó que cuando se aumentaba
la temperatura, el volumen del gas
también aumentaba y que al
enfriar el volumen disminuía.

Jack Charles estudió por primera vez la
relación entre el volumen y la temperatura
de una muestra de gas a presión constante.



LEYES DE LOS GASES

4.-LEY DE CHARLES A presión constante, el
volumen ocupado por una
masa de gas definida es
directamente proporcional a
su temperatura absoluta.

𝑽 ∝ 𝑻						ó				𝑽 = 𝒌𝑻	
			

(𝒏, 𝑷	𝒄𝒐𝒏𝒔𝒕𝒂𝒏𝒕𝒆𝒔)

𝑽𝟏
𝑻𝟏

= 	
𝑽𝟐
𝑻𝟐
			

		

	(𝒑𝒂𝒓𝒂	𝒖𝒏𝒂	𝒎𝒂𝒔𝒂	𝒅𝒆𝒇𝒊𝒏𝒊𝒅𝒂	𝒅𝒆	𝒈𝒂𝒔	𝒂	𝒑𝒓𝒆𝒔𝒊ó𝒏	𝒄𝒐𝒏𝒔𝒕𝒂𝒏𝒕𝒆)Figure 12-5 An experiment
showing that the volume of an ideal
gas increases as the temperature is
increased at constant pressure. (a) A
mercury plug of constant weight,
plus atmospheric pressure, maintains
a constant pressure on the trapped
air. (b) Some representative volume–
temperature data at constant
pressure. The relationship becomes
clear when t (°C) is converted to T
(K) by adding 273°C. (c) A graph in
which volume is plotted versus
temperature on two different scales.
Lines A, B, and C represent the
same mass of the same ideal gas 
at different pressures. Line A
represents the data tabulated in part
(b). Graph D shows the behavior of
a gas that condenses to form a liquid
(in this case, at 50°C) as it is cooled.

We can express Charles’s Law in mathematical terms as

V ! T or V " kT (constant n, P)

Rearranging the expression gives V/T " k, a concise statement of Charles’s Law. As the
temperature increases, the volume must increase proportionally. If we let subscripts 1 and
2 represent values for the same sample of gas at two different temperatures, we obtain

" (for a definite mass of gas at constant pressure)

which is the more useful form of Charles’s Law. This relationship is valid only when temper-
ature, T, is expressed on an absolute (usually the Kelvin) scale.

V2
#
T2

V1
#
T1

$300 $200 $100 0 100 200 300 400 t (°C)
0 73 173 273 373 473 573 673 T (K)
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(c)
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 (

m
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)
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water

Glass
tubeWater
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Patm Patm Patm
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33.3
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t (%C) V (mL) T (K)

(b)

54

127

327 40.0

26.7

21.8

600

400

327

When balloons filled with air are cooled in liquid nitrogen (bp $196°C), each shrinks to a
small fraction of its original volume. Because the boiling points of the other components of
air, except He and Ne, are higher than $196°C, they condense to form liquids. When the
balloons are removed from the liquid nitrogen, the liquids vaporize to form gases again. As
the air warms to room temperature, the balloons expand to their original volume (Charles’s
Law).

(a)

(b)

(c)

Presión Constante



LEYES DE LOS GASES

4.1 EJEMPLO DE LA LEY DE CHARLES
2.- Una muestra de nitrógeno ocupa 117 ml a 100 °C . ¿A qué 
temperatura debería el gas ocupar 234 ml si la presión no cambia?

V1 = 117mL
T1 = 100 °C + 273 = 373 K
V2 = 234 mL
T2 = ?

𝑇G	 = 	
𝑉G𝑇I
𝑉I

=
234	𝑚𝐿 373	𝐾

117	𝑚𝐿 = 746	𝐾 − 273𝐾 = 473	°𝐶



LEYES DE LOS GASES

5.- LEY COMBINADA DE LOS GASES

𝑽𝟏
𝑻𝟏

= 	
𝑽𝟐
𝑻𝟐
					𝑷𝟏		𝑽𝟏 = 		𝑷𝟐𝑽𝟐										(𝒏, 𝑻	𝒄𝒐𝒏𝒕𝒂𝒏𝒕𝒆𝒔)

𝑃I𝑉I
𝑇I

= 	
𝑃G𝑉G
𝑇G

		

(	𝒄𝒂𝒏𝒕𝒊𝒅𝒂𝒅	𝒅𝒆	𝒈𝒂𝒔	𝒄𝒐𝒏𝒔𝒕𝒂𝒏𝒕𝒆)

LEY DE BOYLE LEY DE CHARLES
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5.1. EJEMPLO DE LA LEY COMBINADA
3.- Una muestra de neón ocupa 105 L a 27 °C bajo una presión de 985
torr. ¿Cuál es el volumen que debería ocupar el gas a temperatura y y
presión estándar (STP).

V1 = 105 L      P1 = 985 torr T1 = 27°C 
+273 =300 K
V2 = ?            P2 = 760 torr T2 = 273 K

𝑉G =
𝑃I𝑉I𝑇G
𝑃G𝑇I

=
985	𝑡𝑜𝑟𝑟 105𝐿 273𝐾

760	𝑡𝑜𝑟𝑟 300	𝐾 = 124𝐿

𝑃I𝑉I
𝑇I

= 	
𝑃G𝑉G
𝑇G
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4.- Los neumáticos de un coche deben estar a una presión de 1,8 atm,
a 20 ºC. Con el movimiento se calientan hasta 50 ºC, pasando su
volumen de 50 a 50,5 litros. ¿Cuál será la presión del neumático tras
la marcha?

5.1. EJEMPLO DE LA LEY COMBINADA

V1 = 50 L      P1 = 1.8 atm T1 = 20°C +273 
=293 K
V2 = 50.5 L   P2 = ?      T2 = 50 + 273 K = 323K

𝑃G =
𝑃I𝑉I𝑇G
𝑉G𝑇I

=
1.8	𝑎𝑡𝑚 50𝐿 323𝐾

50.5𝐿 293	𝐾 = 1.964	𝑎𝑡𝑚
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6.- LEY DE AVOGADRO Cerca de año de 1811, Amadeo Avogadro
postuló que a la misma temperatura y
presión, igual volumen de todos los gases
contienen el mismo número de moléculas.

A temperatura y presión constantes,
el volumen V ocupado por una
muestra de gas, es directamente
proporcional al número de moles, n,
del gas.

𝑉 ∝ 𝑛				ó			𝑉 = 𝑘𝑛				ó					 ab = 𝑘					(	𝑃, 𝑇	𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡𝑒𝑠)

af
bf
= 	 ag

bg
					(𝑇, 𝑃	𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡𝑒𝑠)
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7.- LEY DE LOS GASES IDEALES

L𝒆𝒚	𝒅𝒆	𝑩𝒐𝒚𝒍𝒆					

					𝑽 ∝ 		
𝟏
𝑷				 𝒂	𝑻	𝒚	𝒏	𝒄𝒐𝒏𝒔𝒕𝒂𝒏𝒕𝒆𝒔

𝑳𝒆𝒚	𝒅𝒆	𝑪𝒉𝒂𝒓𝒍𝒆𝒔						
	𝑽 ∝ 		𝑻			(𝒂	𝑷	𝒚	𝒏	𝒄𝒐𝒏𝒔𝒕𝒂𝒏𝒕𝒆𝒔)

𝑳𝒆𝒚	𝒅𝒆	𝑨𝒗𝒐𝒈𝒂𝒅𝒓𝒐	
		

	𝑽 ∝ 		𝒏				(	𝒂	𝑻	𝒚	𝑷	𝒄𝒐𝒏𝒔𝒕𝒂𝒏𝒕𝒆𝒔)

						𝑺𝒖𝒎𝒂								
																														𝑽	 ∝ 		 𝒏𝑻𝑷 									 𝑽 = 𝑹		 𝒏𝑻𝑷
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7.- LEY DE LOS GASES IDEALES

𝑉 = 𝑅	
𝑛𝑇
𝑃 					𝑜	𝑏𝑖𝑒𝑛									𝑃𝑉 = 𝑛𝑅𝑇

Esta relación es llamada ecuación de gas ideal y
el valor numérico de R, la constante universal
de los gases, donde una mol de un gas ideal
ocupa 22.414 litros a 1.0 atmosfera de presión y
273.15 K (STP). Por lo tanto:

𝑅 =
𝑃𝑉
𝑛𝑇 =

1.0	𝑎𝑡𝑚 22.414	𝐿
1.0	𝑚𝑜𝑙 273.15	𝐾 = 0.082057	

𝐿. 𝑎𝑡𝑚
𝑚𝑜𝑙. 𝐾
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7.1. EJEMPLO DE LA LEY DE LOS GASES IDEALES

6. ¿Cuál es el volumen de un globo que se llenó con 4.0 moles de helio
cuando la presión atmosférica es 748 torr y la temperatura es 30 °C.?

𝑃 = 748	𝑡𝑜𝑟𝑟	𝑥	
1.0	𝑎𝑡𝑚
760	𝑡𝑜𝑟𝑟 	0.984	𝑎𝑡𝑚

𝑇 = 30	°𝐶 + 273 = 303	𝐾

𝑛 = 4.0	𝑚𝑜𝑙𝑒𝑠		
𝑉 =?

𝑉 =
𝑛𝑅𝑇
𝑃 = 	

4.0	𝑚𝑜𝑙 0.082	𝑙. 𝑎𝑡𝑚𝑚𝑜𝑙 . 𝐾 303	𝐾
0.984	𝑎𝑡𝑚 = 101	𝐿
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8.-LEY DE DALTON
La presión total ejercida por una mezcla de gas ideal, es la suma de las

presiones parciales de esos gases. 			

DALTON’S LAW OF PARTIAL PRESSURES

Many gas samples, including our atmosphere, are mixtures that consist of different kinds
of gases. The total number of moles in a mixture of gases is

ntotal ! nA " nB " nC " # # #

where nA, nB, and so on represent the number of moles of each kind of gas present. Re-
arranging the ideal gas equation, PtotalV ! ntotalRT, for the total pressure, Ptotal, and then
substituting for ntotal gives

Ptotal ! !

Multiplying out the right-hand side gives

Ptotal ! " " " # # #

Now nART/V is the partial pressure PA that the nA moles of gas A alone would exert in
the container at temperature T; similarly, nBRT/V ! PB, and so on. Substituting these into
the equation for Ptotal, we obtain Dalton’s Law of Partial Pressures (Figure 12-6).

Ptotal ! PA " PB " PC " # # # (constant V, T )

The total pressure exerted by a mixture of ideal gases is the sum of the partial pres-
sures of those gases.

Dalton’s Law is useful in describing real gaseous mixtures at moderate pressures because
it allows us to relate total measured pressures to the composition of mixtures.

EXAMPLE 12-15 Mixture of Gases
A 10.0-liter flask contains 0.200 mole of methane, 0.300 mole of hydrogen, and 0.400 mole of
nitrogen at 25°C. (a) What is the pressure, in atmospheres, inside the flask? (b) What is the
partial pressure of each component of the mixture of gases?

nCRT
$

V

nBRT
$

V

nART
$

V

(nA " nB " nC " # # #) RT
$$$

V

ntotalRT
$

V

12-11

John Dalton was the first to notice 
this effect. He did so in 1807 while
studying the compositions of moist and
dry air. The pressure that each gas
exerts in a mixture is called its partial
pressure. No way has been devised to
measure the pressure of an individual
gas in a mixture; it must be calculated
from other quantities.

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 12.8, Gas Mixtures and Partial
Pressures.

Figure 12-6 An illustration of Dalton’s Law. When the two gases A and B are mixed in
the same container at the same temperature, they exert a total pressure equal to the sum of
their partial pressures.

Gas A Gas B
Mixture
A + B

+
PA PB Mix Ptotal = PA + PB

DALTON’S LAW OF PARTIAL PRESSURES

Many gas samples, including our atmosphere, are mixtures that consist of different kinds
of gases. The total number of moles in a mixture of gases is

ntotal ! nA " nB " nC " # # #

where nA, nB, and so on represent the number of moles of each kind of gas present. Re-
arranging the ideal gas equation, PtotalV ! ntotalRT, for the total pressure, Ptotal, and then
substituting for ntotal gives

Ptotal ! !

Multiplying out the right-hand side gives

Ptotal ! " " " # # #

Now nART/V is the partial pressure PA that the nA moles of gas A alone would exert in
the container at temperature T; similarly, nBRT/V ! PB, and so on. Substituting these into
the equation for Ptotal, we obtain Dalton’s Law of Partial Pressures (Figure 12-6).

Ptotal ! PA " PB " PC " # # # (constant V, T )

The total pressure exerted by a mixture of ideal gases is the sum of the partial pres-
sures of those gases.

Dalton’s Law is useful in describing real gaseous mixtures at moderate pressures because
it allows us to relate total measured pressures to the composition of mixtures.

EXAMPLE 12-15 Mixture of Gases
A 10.0-liter flask contains 0.200 mole of methane, 0.300 mole of hydrogen, and 0.400 mole of
nitrogen at 25°C. (a) What is the pressure, in atmospheres, inside the flask? (b) What is the
partial pressure of each component of the mixture of gases?

nCRT
$

V

nBRT
$

V

nART
$

V

(nA " nB " nC " # # #) RT
$$$

V

ntotalRT
$

V

12-11

John Dalton was the first to notice 
this effect. He did so in 1807 while
studying the compositions of moist and
dry air. The pressure that each gas
exerts in a mixture is called its partial
pressure. No way has been devised to
measure the pressure of an individual
gas in a mixture; it must be calculated
from other quantities.

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 12.8, Gas Mixtures and Partial
Pressures.

Figure 12-6 An illustration of Dalton’s Law. When the two gases A and B are mixed in
the same container at the same temperature, they exert a total pressure equal to the sum of
their partial pressures.

Gas A Gas B
Mixture
A + B

+
PA PB Mix Ptotal = PA + PB

DALTON’S LAW OF PARTIAL PRESSURES

Many gas samples, including our atmosphere, are mixtures that consist of different kinds
of gases. The total number of moles in a mixture of gases is

ntotal ! nA " nB " nC " # # #

where nA, nB, and so on represent the number of moles of each kind of gas present. Re-
arranging the ideal gas equation, PtotalV ! ntotalRT, for the total pressure, Ptotal, and then
substituting for ntotal gives

Ptotal ! !

Multiplying out the right-hand side gives

Ptotal ! " " " # # #

Now nART/V is the partial pressure PA that the nA moles of gas A alone would exert in
the container at temperature T; similarly, nBRT/V ! PB, and so on. Substituting these into
the equation for Ptotal, we obtain Dalton’s Law of Partial Pressures (Figure 12-6).

Ptotal ! PA " PB " PC " # # # (constant V, T )

The total pressure exerted by a mixture of ideal gases is the sum of the partial pres-
sures of those gases.

Dalton’s Law is useful in describing real gaseous mixtures at moderate pressures because
it allows us to relate total measured pressures to the composition of mixtures.

EXAMPLE 12-15 Mixture of Gases
A 10.0-liter flask contains 0.200 mole of methane, 0.300 mole of hydrogen, and 0.400 mole of
nitrogen at 25°C. (a) What is the pressure, in atmospheres, inside the flask? (b) What is the
partial pressure of each component of the mixture of gases?

nCRT
$

V

nBRT
$

V

nART
$

V

(nA " nB " nC " # # #) RT
$$$

V

ntotalRT
$

V

12-11

John Dalton was the first to notice 
this effect. He did so in 1807 while
studying the compositions of moist and
dry air. The pressure that each gas
exerts in a mixture is called its partial
pressure. No way has been devised to
measure the pressure of an individual
gas in a mixture; it must be calculated
from other quantities.

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 12.8, Gas Mixtures and Partial
Pressures.

Figure 12-6 An illustration of Dalton’s Law. When the two gases A and B are mixed in
the same container at the same temperature, they exert a total pressure equal to the sum of
their partial pressures.

Gas A Gas B
Mixture
A + B

+
PA PB Mix Ptotal = PA + PB

DALTON’S LAW OF PARTIAL PRESSURES

Many gas samples, including our atmosphere, are mixtures that consist of different kinds
of gases. The total number of moles in a mixture of gases is

ntotal ! nA " nB " nC " # # #

where nA, nB, and so on represent the number of moles of each kind of gas present. Re-
arranging the ideal gas equation, PtotalV ! ntotalRT, for the total pressure, Ptotal, and then
substituting for ntotal gives

Ptotal ! !

Multiplying out the right-hand side gives

Ptotal ! " " " # # #

Now nART/V is the partial pressure PA that the nA moles of gas A alone would exert in
the container at temperature T; similarly, nBRT/V ! PB, and so on. Substituting these into
the equation for Ptotal, we obtain Dalton’s Law of Partial Pressures (Figure 12-6).

Ptotal ! PA " PB " PC " # # # (constant V, T )

The total pressure exerted by a mixture of ideal gases is the sum of the partial pres-
sures of those gases.

Dalton’s Law is useful in describing real gaseous mixtures at moderate pressures because
it allows us to relate total measured pressures to the composition of mixtures.

EXAMPLE 12-15 Mixture of Gases
A 10.0-liter flask contains 0.200 mole of methane, 0.300 mole of hydrogen, and 0.400 mole of
nitrogen at 25°C. (a) What is the pressure, in atmospheres, inside the flask? (b) What is the
partial pressure of each component of the mixture of gases?

nCRT
$

V

nBRT
$

V

nART
$

V

(nA " nB " nC " # # #) RT
$$$

V

ntotalRT
$

V

12-11

John Dalton was the first to notice 
this effect. He did so in 1807 while
studying the compositions of moist and
dry air. The pressure that each gas
exerts in a mixture is called its partial
pressure. No way has been devised to
measure the pressure of an individual
gas in a mixture; it must be calculated
from other quantities.

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 12.8, Gas Mixtures and Partial
Pressures.

Figure 12-6 An illustration of Dalton’s Law. When the two gases A and B are mixed in
the same container at the same temperature, they exert a total pressure equal to the sum of
their partial pressures.

Gas A Gas B
Mixture
A + B

+
PA PB Mix Ptotal = PA + PB

Boyle’s Law

The pressure exerted by a gas on the walls of its container is caused by gas molecules
striking the walls. Clearly, pressure depends on two factors: (1) the number of molecules
striking the walls per unit time and (2) how vigorously the molecules strike the walls. If
the temperature is held constant, the average speed and the force of the collisions remain
the same. But halving the volume of a sample of gas doubles the pressure because twice
as many molecules strike a given area on the walls per unit time. Likewise, doubling the
volume of a sample of gas halves the pressure because only half as many gas molecules
strike a given area on the walls per unit time (Figure 12-10).

Dalton’s Law

In a gas sample the molecules are very far apart and do not attract one another signifi-
cantly. Each kind of gas molecule acts independently of the presence of the other kind.
The molecules of each gas thus collide with the walls with a frequency and vigor that do
not change even if other molecules are present (Figure 12-11). As a result, each gas exerts
a partial pressure that is independent of the presence of the other gas, and the total pres-
sure is due to the sum of all the molecule–wall collisions.

Figure 12-10 A molecular
interpretation of Boyle’s Law—
the change in pressure of a
gas with changes in
volume (at constant
temperature). The
entire apparatus is
enclosed in a vacuum.
In the smaller volume,
more molecules strike
the walls per unit time to
give a higher pressure.

Piston

10 g

Gas
sample

3.0 L 1.5 L

20 g

Figure 12-11 A molecular
interpretation of Dalton’s Law. The
molecules act independently, so each
gas exerts its own partial pressure
due to its molecular collisions with
the walls.

20 g

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 12.10, Gas Laws and the
Kinetic–Molecular Theory.
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7.1. EJEMPLO DE LA LEY DE DALTON

7. Un contenedor de 10L contiene 0.200 mol de metano, 0.300 mol de
nitrogeno a 25ºC. A)¿Cuál es la presión, en atmosferas, dentro del
contenedor?, b) ¿Cuál es la presión parcial de cada componente de la
mezcla de gases?

Plan
(a) We are given the number of moles of each component. The ideal gas law is then used to
calculate the total pressure from the total number of moles. (b) The partial pressure of each
gas in the mixture can be calculated by substituting the number of moles of each gas individ-
ually into PV ! nRT.

Solution

(a) n ! 0.200 mol CH4 " 0.300 mol H2 " 0.400 mol N2 ! 0.900 mol of gas
(a) V ! 10.0 L T ! 25°C " 273° ! 298 K
Solving PV ! nRT for P gives P ! nRT/V. Substitution gives

P ! ! 2.20 atm

(b) Now we find the partial pressures. For CH4, n ! 0.200 mol, and the values for V and T
are the same as above.

PCH4
! ! ! 0.489 atm

Similar calculations for the partial pressures of hydrogen and nitrogen give

PH2
! 0.734 atm and PN2

! 0.979 atm

As a check, we use Dalton’s Law: Ptotal ! PA " PB " PC " # # # . Addition of the partial pres-
sures in this mixture gives the total pressure.

Ptotal ! PCH4
" PH2

" PN2
! (0.489 " 0.734 " 0.979) atm ! 2.20 atm

You should now work Exercises 58 and 59.

(0.200 mol)!0.0821 $
m
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o
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l
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#

m
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$"(298 K)
$$$$

10.0 L
(nCH4

)RT
$$

V
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m
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$"(298 K)
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10.0 L
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Problem-Solving Tip: Amounts of Gases in Mixtures Can Be
Expressed in Various Units

In Example 12-15 we were given the number of moles of each gas. Sometimes the amount
of a gas is expressed in other units that can be converted to number of moles. For instance,
if we know the formula weight (or the formula), we can convert a given mass of gas to
number of moles.

We can describe the composition of any mixture in terms of the mole fraction of each
component. The mole fraction, XA, of component A in a mixture is defined as

XA !

Like any other fraction, mole fraction is a dimensionless quantity. For each component
in a mixture, the mole fraction is

no. mol A
$$$$
total no. mol of all components

Plan
(a) We are given the number of moles of each component. The ideal gas law is then used to
calculate the total pressure from the total number of moles. (b) The partial pressure of each
gas in the mixture can be calculated by substituting the number of moles of each gas individ-
ually into PV ! nRT.

Solution

(a) n ! 0.200 mol CH4 " 0.300 mol H2 " 0.400 mol N2 ! 0.900 mol of gas
(a) V ! 10.0 L T ! 25°C " 273° ! 298 K
Solving PV ! nRT for P gives P ! nRT/V. Substitution gives

P ! ! 2.20 atm

(b) Now we find the partial pressures. For CH4, n ! 0.200 mol, and the values for V and T
are the same as above.

PCH4
! ! ! 0.489 atm

Similar calculations for the partial pressures of hydrogen and nitrogen give

PH2
! 0.734 atm and PN2

! 0.979 atm

As a check, we use Dalton’s Law: Ptotal ! PA " PB " PC " # # # . Addition of the partial pres-
sures in this mixture gives the total pressure.

Ptotal ! PCH4
" PH2

" PN2
! (0.489 " 0.734 " 0.979) atm ! 2.20 atm

You should now work Exercises 58 and 59.

(0.200 mol)!0.0821 $
m
L#

o
a
l
t
#

m
K

$"(298 K)
$$$$

10.0 L
(nCH4

)RT
$$

V

(0.900 mol)!0.0821 $
m
L#

o
a
l
t
#

m
K

$"(298 K)
$$$$

10.0 L

12-11 Dalton’s Law of Partial Pressures 457

Problem-Solving Tip: Amounts of Gases in Mixtures Can Be
Expressed in Various Units

In Example 12-15 we were given the number of moles of each gas. Sometimes the amount
of a gas is expressed in other units that can be converted to number of moles. For instance,
if we know the formula weight (or the formula), we can convert a given mass of gas to
number of moles.

We can describe the composition of any mixture in terms of the mole fraction of each
component. The mole fraction, XA, of component A in a mixture is defined as

XA !

Like any other fraction, mole fraction is a dimensionless quantity. For each component
in a mixture, the mole fraction is

no. mol A
$$$$
total no. mol of all components

De la ecuación de gas ideal, despejamos P y sustituimos los datos

a) 
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7.1. EJEMPLO DE LA LEY DE DALTON
7. CONTINUACIÓN. Un contenedor de 10L contiene 0.200 mol de
metano, 0.300 mol de nitrogeno y 0.400 mol de nitrógeno a 25ºC.
a)¿Cuál es la presión, en atmosferas, dentro del contenedor?, b) ¿Cuál
es la presión parcial de cada componente de la mezcla de gases?

b) Para calcular la presión parcial de cada componente, a partir de la ecuación 
despejada para P, sustituimos cantidad en mol del metano, hidrógeno y 
nitrógeno.

Plan
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calculate the total pressure from the total number of moles. (b) The partial pressure of each
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P ! ! 2.20 atm

(b) Now we find the partial pressures. For CH4, n ! 0.200 mol, and the values for V and T
are the same as above.

PCH4
! ! ! 0.489 atm

Similar calculations for the partial pressures of hydrogen and nitrogen give

PH2
! 0.734 atm and PN2

! 0.979 atm

As a check, we use Dalton’s Law: Ptotal ! PA " PB " PC " # # # . Addition of the partial pres-
sures in this mixture gives the total pressure.

Ptotal ! PCH4
" PH2

" PN2
! (0.489 " 0.734 " 0.979) atm ! 2.20 atm

You should now work Exercises 58 and 59.
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Problem-Solving Tip: Amounts of Gases in Mixtures Can Be
Expressed in Various Units

In Example 12-15 we were given the number of moles of each gas. Sometimes the amount
of a gas is expressed in other units that can be converted to number of moles. For instance,
if we know the formula weight (or the formula), we can convert a given mass of gas to
number of moles.

We can describe the composition of any mixture in terms of the mole fraction of each
component. The mole fraction, XA, of component A in a mixture is defined as

XA !

Like any other fraction, mole fraction is a dimensionless quantity. For each component
in a mixture, the mole fraction is

no. mol A
$$$$
total no. mol of all components

Plan
(a) We are given the number of moles of each component. The ideal gas law is then used to
calculate the total pressure from the total number of moles. (b) The partial pressure of each
gas in the mixture can be calculated by substituting the number of moles of each gas individ-
ually into PV ! nRT.

Solution

(a) n ! 0.200 mol CH4 " 0.300 mol H2 " 0.400 mol N2 ! 0.900 mol of gas
(a) V ! 10.0 L T ! 25°C " 273° ! 298 K
Solving PV ! nRT for P gives P ! nRT/V. Substitution gives

P ! ! 2.20 atm

(b) Now we find the partial pressures. For CH4, n ! 0.200 mol, and the values for V and T
are the same as above.

PCH4
! ! ! 0.489 atm

Similar calculations for the partial pressures of hydrogen and nitrogen give

PH2
! 0.734 atm and PN2

! 0.979 atm

As a check, we use Dalton’s Law: Ptotal ! PA " PB " PC " # # # . Addition of the partial pres-
sures in this mixture gives the total pressure.

Ptotal ! PCH4
" PH2

" PN2
! (0.489 " 0.734 " 0.979) atm ! 2.20 atm

You should now work Exercises 58 and 59.

(0.200 mol)!0.0821 $
m
L#

o
a
l
t
#

m
K

$"(298 K)
$$$$

10.0 L
(nCH4

)RT
$$

V

(0.900 mol)!0.0821 $
m
L#

o
a
l
t
#

m
K

$"(298 K)
$$$$

10.0 L

12-11 Dalton’s Law of Partial Pressures 457

Problem-Solving Tip: Amounts of Gases in Mixtures Can Be
Expressed in Various Units

In Example 12-15 we were given the number of moles of each gas. Sometimes the amount
of a gas is expressed in other units that can be converted to number of moles. For instance,
if we know the formula weight (or the formula), we can convert a given mass of gas to
number of moles.

We can describe the composition of any mixture in terms of the mole fraction of each
component. The mole fraction, XA, of component A in a mixture is defined as

XA !

Like any other fraction, mole fraction is a dimensionless quantity. For each component
in a mixture, the mole fraction is

no. mol A
$$$$
total no. mol of all components



LEYES DE LOS GASES

TAMBIÉN PODEMOS DESCRIBIR LA COMPOSICIÓN DE UNA MEZCLA

EN TÉRMINOS DE LA FRACCIÓN MOLAR DE CADA COMPONENTE. 			
Recuerda que:

XA ! ,

XB ! , and so on

For a gaseous mixture, we can relate the mole fraction of each component to its partial
pressure as follows. From the ideal gas equation, the number of moles of each compo-
nent can be written as

nA ! PAV/RT, nB ! PBV/RT, and so on

and the total number of moles is

ntotal ! PtotalV/RT

Substituting into the definition of XA,

XA ! !

The quantities V, R, and T cancel to give

XA ! ; similarly, XB ! ; and so on

We can rearrange these equations to give another statement of Dalton’s Law of Partial
Pressures.

PA ! XA " Ptotal; PB ! XB " Ptotal; and so on

The partial pressure of each gas is equal to its mole fraction in the gaseous mixture
times the total pressure of the mixture.

EXAMPLE 12-16 Mole Fraction, Partial Pressure
Calculate the mole fractions of the three gases in Example 12-15.

Plan
One way to solve this problem is to use the numbers of moles given in the problem. Alterna-
tively we could use the partial pressures and the total pressure from Example 12-15.

Solution
Using the moles given in Example 12-15,

XCH4
! ! ! 0.222

XH2
! ! ! 0.333

XN2
! ! ! 0.444

0.400 mol
##
0.900 mol

nN2#
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##
0.900 mol

nH2#
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##
0.900 mol

nCH4#
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#
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PAV/RT
##
PtotalV/RT

nA
##
nA $ nB $ % % %

no. mol B
####
no. mol A $ no. mol B $ % % %

no. mol A
####
no. mol A $ no. mol B $ % % %

The sum of all mole fractions in a
mixture is equal to 1.

XA $ XB $ % % % ! 1 for any mixture

We can use this relationship to check
mole fraction calculations or to find a
remaining mole fraction if we know all
the others.

In Example 12-16 we see that, for a
gas mixture, relative numbers of moles
of components are the same as relative
pressures of the components.
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7.1. EJEMPLO “FRACCIONES PARCIALES”

8. Dos tanques estan conectados por una válvula cerrada. Cada tanque
esta lleno con gas O2 (5L, 24 atm), y N2 (3L, 32 atm). Ambos a la misma
temperatura. Cuando se abre la vávula los gases se mezclan.
a)Despues de la mezcla, ¿Cuál es la presión parcial de cada gas y cual
es la presión total?, b) ¿Cuál es la fracción molar de cada gas en la
mezcla?

Solution

(a) For O2,

P1V1 ! P2V2 or P2,O2
! "

P

V
1V

2

1
" ! ! 15.0 atm

For N2,

P1V1 ! P2V2 or P2,N2
! "

P

V
1V

2

1
" ! ! 12.0 atm

The total pressure is the sum of the partial pressures.

Ptotal ! P2,O2
# P2,N2

! 15.0 atm # 12.0 atm ! 27.0 atm

(b) XO2
! ! ! 0.556

XN2
! ! ! 0.444

As a check, the sum of the mole fractions is 1.

You should now work Exercise 62.

Some gases can be collected over water. Figure 12-7 illustrates the collection of a sample
of hydrogen by displacement of water. A gas produced in a reaction displaces the denser
water from the inverted water-filled container. The pressure on the gas inside the collec-
tion container can be made equal to atmospheric pressure by raising or lowering the
container until the water level inside is the same as that outside.

One complication arises, however. A gas in contact with water soon becomes saturated
with water vapor. The pressure inside the container is the sum of the partial pressure of
the gas itself plus the partial pressure exerted by the water vapor in the gas mixture (the
vapor pressure of water). Every liquid shows a characteristic vapor pressure that varies
only with temperature, and not with the volume of vapor present, so long as both liquid

12.0 atm
"
27.0 atm

P2,N2"
Ptotal

15.0 atm
"
27.0 atm

P2,O2"
Ptotal

32.0 atm $ 3.00 L
"""

8.00 L

24.0 atm $ 5.00 L
"""

8.00 L

Notice that this problem has been
solved without calculating the number
of moles of either gas.

Gases that are soluble in water or that
react with water cannot be collected by
this method. Other liquids can be
used.

The partial pressure exerted by the
vapor above a liquid is called the vapor
pressure of that liquid. A more
extensive table of the vapor pressure of
water appears in Appendix E.
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Figure 12-7 Apparatus for
preparing hydrogen from zinc and
sulfuric acid.

Zn(s) # 2H#(aq) 88n
Zn2#(aq) # H2(g)

The hydrogen is collected by
displacement of water.

a) Para el O2
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7.1. EJEMPLO “FRACCIONES PARCIALES”

8. CONTINUACIÓN. Dos tanques estan conectados por una válvula
cerrada. Cada tanque esta lleno con gas O2 (5L, 24 atm), y N2 (3L, 32
atm). Ambos a la misma temperatura. Cuando se abre la vávula los
gases se mezclan. a)Despues de la mezcla, ¿Cuál es la presión parcial
de cada gas y cual es la presión total?, b) ¿Cuál es la fracción molar de
cada gas en la mezcla?

b) 

Solution
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extensive table of the vapor pressure of
water appears in Appendix E.

460 CHAPTER 12: Gases and the Kinetic–Molecular Theory

Figure 12-7 Apparatus for
preparing hydrogen from zinc and
sulfuric acid.

Zn(s) # 2H#(aq) 88n
Zn2#(aq) # H2(g)

The hydrogen is collected by
displacement of water.



LEYES DE LOS GASES

Leyes de los 
gases

Ley de Boyle

A temperatura 
constante el 
volumen (V) 

ocupado por un 
una masa 

definida de un 
gas es 

inversmente 
proporcional a 

la presión 
aplicada. 
V=R (1/P)

(T y n ctes)

Ley de Charles

A presión 
constante, el 

volumen 
ocupado por 
una masa de 

gas definida es 
directamente 

proporcional a 
su temperatura 

absoluta.  

V=RT
(P y n ctes)

Ley 
combinada de 

los gases

Combinación 
de las leyes de 

Boyle y Charles
P1V1/T1

=P2V2/T2

(n constante)

Ley de 
Avogadro

A temperatura 
y presión 

constantes, el 
volumen V 

ocupado por 
una muestra de 

gas, es 
directamente 

proporcional al 
número de 

moles, n, del 
gas.

V=Rn
(T y P ctes)

Ley de los 
gases ideales

Es la suma de 
todas las leyes 

(Boyle, Charles, 
y Avogadro)

PV=RnT

Ley de Dalton

La presión total 
ejercida por 

una mezcla de 
gas ideal, es la 

suma de las 
presiones 

parciales de 
esos gases.

Ptot= 
Pa+Pb+Pc+… 			

8.- RESUMEN
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9.- EJERCICIOS ADICIONALES

1.- Un globo que contiene 1.50 L de aire a 1.0 atm es colocado bajo el agua a una
profundidad a la cual la presión es 3.0 atm. Calcula el nuevo volumen del globo.
Asume que la temperatura es constante.

2.- Un gas ocupa un volumen de 31 La 17 ºC. Si la temperatura del gas alcanza
los 34 ºC a presión constante. a) Podría esperarse que el volumen se duplique al
doble 62 L?, b) Calcule el nuevo volumen a 34 ºC, c) a 400 K y d) a 0.00 ºC.

3.- Una muestra de gas ocupa 400 ml a STP. ¿Bajo qué presión debería la
muestra ocupar 200 ml si la temperatura se incrementara a 819 ºC?.

4.- Un buque tanque que contenía 580 ton de cloro líquido tuvo un accidente.
a)¿Qué volumen ocuparía esta cantidad de cloro si todo se convirtiera en gas
a750 torr y 18ºC, b) Asuma que todo el cloro queda confinado en un volumen de
0.500 milla de ancho y una profundidad promedio de 60 pies. ¿Cuál sería la
longitud en pies de esta nube de cloro?
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9.- EJERCICIOS ADICIONALES

5.- Una mezcla gaseosa contiene 5.23 g de cloroformo (CHCl3), y 1.66 g de
metano (CH4).¿Qué presión es ejercida por la mezcla dentro de un contenedor
metálico de 50 L a 275ºC?, ¿Cuál es la presión con la que contribuye el CHCl3?

6.- Un contenedor de 4.0L que contiene He a 6.0 atm es conectado a otro
contenedor de 3.0L que contiene N2 a 3.0 atm. Si los gases se mezclan, a)
Encuentre la presión parcial de cada gas después de la mezcla, b)Encuentre la
presión total de la mezcla, c)¿ Cuál es la fracción molar del He?

NOTA: CONSULTA EL CAPITULO 12 DEL LIBRO DE QUÍMICA GENERAL. KENNETH W. WHITTEN Y
RESULVE LOS EJERCICIOS DE TU INTRÉS.
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