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Intermolecular Forces in Liquids:

Relationship to Vapor Pressure and Rate of Evaporation

In the previous experiment:  Molecular Modeling: Visualizing Molecular Shape and Polarity, you theoretically modeled molecules and determined whether they were polar or non-polar. The following experiments will allow you to complete the loop in understanding modern models of matter by connecting observable physical properties with molecular shape, size and polarity. In particular, you will develop a feel for the relative strengths of 1) Dispersion Forces, dependent only on molecular size, 2) Dipole-Dipole Interactions, which occur only in polar molecules and 3) Hydrogen Bonding, which primarily occurs in molecules containing –N–H, –O–H, or F–H bonds.

A.  Evaporation 

In this experiment, Temperature Probes are placed in various liquids. Evaporation occurs when the probe is removed from the liquid’s container. This evaporation is an endothermic process that results in a temperature decrease. The magnitude of a temperature decrease is, like viscosity and boiling temperature, related to the strength of intermolecular forces of attraction. In this experiment, you will study temperature changes caused by the evaporation of several liquids and relate the temperature changes to the strength of intermolecular forces of attraction. You will use the results to predict, and then measure, the temperature change for several other liquids.

You will encounter two types of organic compounds in this experiment—alkanes and alcohols. The three alkanes are pentane, C5H12, hexane, C6H14, and heptane, C7H16.  In addition to carbon and hydrogen atoms, alcohols also contain the -OH functional group. Methanol, CH3OH, and ethanol, C2H5OH, are two of the alcohols that we will use in this experiment. You will examine the molecular structure of alkanes and alcohols for the presence and relative strength of two intermolecular forces—hydrogen bonding and dispersion forces. 

OBJECTIVES

In this experiment, you will

· Study temperature changes caused by the evaporation of several liquids.

· Relate the temperature changes to the strength of intermolecular forces of attraction.

[image: image1.wmf] 

Figure 1

MATERIALS

	computer
	methanol (methyl alcohol)

	Vernier computer interface
	ethanol (ethyl alcohol)

	Logger Pro
	1-propanol

	two Temperature Probes
	1-butanol

	6 pieces of filter paper (2.5 cm ( 2.5 cm)
	pentane

	2 small rubber bands
	hexane

	masking tape
	


PRE-LAB EXERCISE 

Prior to doing the experiment, complete the Pre-Lab table. The name and formula are given for each compound. Draw a structural formula for a molecule of each compound. Then determine the molar mass of each of the molecules. Dispersion forces exist between any two molecules, and generally increase as the molar mass of the molecule increases. Next, examine each molecule for the presence of hydrogen bonding. Before hydrogen bonding can occur, a hydrogen atom must be bonded directly to an N, O, or F atom within the molecule. Tell whether or not each molecule has hydrogen-bonding capability.

PROCEDURE

1.
Obtain and wear goggles! CAUTION: The compounds used in this experiment are flammable and poisonous. Avoid inhaling their vapors. Avoid contacting them with your skin or clothing. Be sure there are no open flames in the lab during this experiment. Notify your instructor immediately if an accident occurs. 

2.
Connect the probes to the computer interface. Prepare the computer for data collection by opening the file “09 Evaporation” from the Chemistry with Computers folder.

3.
Wrap Probe 1 and Probe 2 with square pieces of filter paper secured by small rubber bands as shown in Figure 1. Roll the filter paper around the probe tip in the shape of a cylinder. Hint: First slip the rubber band up on the probe, wrap the paper around the probe, and then finally slip the rubber band over the wrapped paper. The paper should be even with the probe end.

4.
Stand Probe 1 in the ethanol container and Probe 2 in the 1-propanol container. Make sure the containers do not tip over. 

5.
Prepare 2 pieces of masking tape, each about 10 cm long, to be used to tape the probes in position during Step 6.

6.
After the probes have been in the liquids for at least 30 seconds, begin data collection by clicking [image: image2.png]I Collect




. Monitor the temperature for 15 seconds to establish the initial temperature of each liquid. Then simultaneously remove the probes from the liquids and tape them so the probe tips extend 5 cm over the edge of the table top as shown in Figure 1.

7.
When both temperatures have reached minimums and have begun to increase, click [image: image3.png]Stop




 to end data collection. Click the Statistics button, [image: image4.bmp], then click [image: image5.png]OK




 to display a box for both probes. Record the maximum (T1) and minimum (T2) values for Temperature 1 (ethanol) and Temperature 2 (1-propanol).

8.
For each liquid, subtract the minimum temperature from the maximum temperature to determine (T, the temperature change during evaporation.

9.
Roll the rubber band up the probe shaft and dispose of the filter paper as directed by your instructor.


10.
Based on the (T values you obtained for these two substances, plus information in the 
Pre-Lab exercise, predict the size of the (T value for 1-butanol. Compare its hydrogen-bonding capability and molar mass to those of ethanol and 1-propanol. Record your predicted (T, then explain how you arrived at this answer in the space provided. Do the same for pentane. It is not important that you predict the exact (T value; simply estimate a logical value that is higher, lower, or between the previous (T values.


11.
Test your prediction in Step 10 by repeating Steps 3-9 using 1-butanol for Probe 1 and 
pentane for Probe 2.


12.
Based on the (T values you have obtained for all four substances, plus information in the Pre-Lab exercise, predict the (T values for methanol and hexane. Compare the hydrogen-bonding capability and molar mass of methanol and hexane to those of the previous four liquids. Record your predicted (T, then explain how you arrived at this answer in the space provided.


13.
Test your prediction in Step 12 by repeating Steps 3-9, using methanol with Probe 1 and 
hexane with Probe 2.

PROCESSING THE DATA

1.
Two of the liquids, pentane and 1-butanol, had nearly the same molar masses, but significantly different (T values. Explain the difference in (T values of these substances, based on their intermolecular forces.

2.
Which of the alcohols studied has the strongest intermolecular forces of attraction? The weakest intermolecular forces? Explain using the results of this experiment.

3.
Which of the alkanes studied has the stronger intermolecular forces of attraction? The weaker intermolecular forces? Explain using the results of this experiment.

4.
Plot a graph of (T values of the four alcohols versus their respective molar masses. Plot molar mass on the horizontal axis and (T on the vertical axis.  Duplicate this plot for the three alkane hydrocarbons (pentane, hexane and heptane)

PRE-LAB 

	Substance
	Formula
	Structural Formula
	Molar mass
	Hydrogen Bond
(Yes or No)

	ethanol
	C2H5OH
	
	
	

	1-propanol
	C3H7OH
	
	
	

	1-butanol
	C4H9OH
	
	
	

	pentane 
	C5H12
	
	
	

	methanol
	CH3OH
	
	
	

	hexane
	C6H14
	
	
	

	heptane
	C7H16
	
	
	


data table

	Substance
	T1 
(°C)
	T2
(°C)
	T (T1–T2)
(°C)
	
	
	

	ethanol
	
	
	
	
	

	1-propanol
	
	
	
	
	Predicted
T (°C)
	Explanation

	1-butanol
	
	
	
	
	
	

	pentane
	
	
	
	
	
	

	methanol
	
	
	
	
	
	

	hexane
	
	
	
	
	
	

	heptane
	
	
	
	
	
	


B.  Vapor Pressure of Liquids

In this experiment, you will investigate the vapor pressure of selected liquids at room temperature. When a liquid is added to the Erlenmeyer flask shown in Figure 1, some of it will evaporate into the air above it in the flask. Eventually, equilibrium is reached between the rate of evaporation and the rate of condensation. At this point, the vapor pressure of the liquid is equal to the partial pressure of its vapor in the flask. Pressure and temperature data will be collected using a Gas Pressure Sensor and a Temperature Probe.

OBJECTIVES

In this experiment, you will

· Investigate the relationship between the vapor pressure of a liquid and its temperature.

· Compare the vapor pressure of two different liquids at the same temperature.
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Figure 1

MATERIALS

	computer
	20 mL syringe

	Vernier computer interface
	two 125 mL Erlenmeyer flasks

	Logger Pro
	methanol

	Vernier Gas Pressure Sensor 
	ethanol

	Vernier Temperature Probe
	1-propanol

	rubber-stopper assembly
	pentane

	plastic tubing with two connectors
	hexane


PROCEDURE

1.
Obtain and wear goggles! CAUTION: The alcohols used in this experiment are flammable and poisonous. Avoid inhaling their vapors. Avoid contacting them with your skin or clothing. Be sure there are no open flames in the lab during this experiment. Notify your teacher immediately if an accident occurs. 

2.
Use a 1 liter beaker to prepare a room temperature (20 to 25°C) water bath.


3.
Prepare the Temperature Probe and Gas Pressure Sensor for data collection.

a. Plug the Gas Pressure Sensor into CH1 and the Temperature Probe into CH2 of the computer interface.
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Figure 2

b. Obtain a rubber-stopper assembly with a piece of heavy-wall plastic tubing connected to one of its two valves. Attach the connector at the free end of the plastic tubing to the open stem of the Gas Pressure Sensor with a clockwise turn. Leave its two-way valve on the rubber stopper open (lined up with the valve stem as shown in Figure 2) until Step 9.

c. Insert the rubber-stopper assembly into a 125 mL Erlenmeyer flask. Important: Twist the stopper into the neck of the flask to ensure a tight fit. 

[image: image8.wmf]
Figure 3

4.
Prepare the computer for data collection by opening the file “10 Vapor Pressure” from the Chemistry with Computers folder of Logger Pro.

5.
The temperature and pressure readings should now be displayed in the meter. While the two-way valve above the rubber stopper is still open, record the value for atmospheric pressure in your data table (round to the nearest 0.1 kPa).


6.
Finish setting up the apparatus shown in Figure 3:
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Figure 4

a. Obtain a room-temperature water bath (20-25°C).

b. Place the Temperature Probe in the water bath.

c. Hold the flask in the water bath, with the entire flask covered as shown in Figure 3. 

d. After 30 seconds, close the 2-way valve above the rubber stopper as shown in Figure 4—do this by turning the white valve handle so it is perpendicular with the valve stem itself.

7.
Obtain the methanol container and the syringe. Draw 3 mL of the methanol up into the syringe. With the two-way valve still closed, screw the syringe onto the two-way valve, as shown in Figure 3.


8.
Introduce the methanol into the Erlenmeyer flask.

a. Open the 2-way valve above the rubber stopper—do this by turning the white valve handle so it is aligned with the valve stem.

b. Squirt the methanol into the flask by pushing in the plunger of the syringe. 

c. Quickly return the plunger of the syringe back to the 3 mL mark of the syringe, then close the 2-way valve by turning the white valve handle so it is perpendicular with the valve stem.

d. Remove the syringe from the 2-way valve with a counter-clockwise turn.


9.
To monitor and collect pressure and temperature data:

a. Click [image: image10.png]I Collect




.

b. When the pressure and temperature readings displayed in the meter stabilize, equilibrium between methanol liquid and vapor has been established. Click [image: image11.png]Stop




 to end data collection. Record the pressure and temperature values in your data table.


10.
Gently loosen and remove the Gas Pressure Sensor so the Erlenmeyer flask is open to the atmosphere. Remove the stopper assembly from the flask and dispose of the methanol as directed by your instructor.


11.
Obtain another clean, dry 125 mL Erlenmeyer flask. Draw air in and out of the syringe enough times that you are certain that all of the methanol has evaporated from it. 


12.
Repeat Steps 6-9 using ethanol instead of methanol. When the pressure stabilizes, record the measured pressure of ethanol displayed in the meter in your data table.


13.
Gently loosen and remove the stopper assembly from the flask and dispose of the ethanol as directed.

 14.
Obtain vapor pressure readings for any other liquids identified by your instructor. When the pressure stabilizes, record the measured pressure in your data table.

PROCESSING THE DATA

1.
To obtain the vapor pressure of methanol and ethanol (and any other liquids), the atmospheric pressure must be subtracted from each of the measured pressure values in the data table.  

2.
Compare the vapor pressure of each liquid.  Which liquid had the larger vapor pressure value at room temperature? Explain your answer. Take into account various intermolecular forces in these two liquids.

DATA AND CALCULATIONS

	Liquid
	Methanol
	Ethanol
	____________
	____________
	____________

	Temperature
(°C)
	°C
	°C
	°C
	°C
	°C

	Measured
pressure
	kPa
	kPa
	kPa
	kPa
	kPa


	Atmospheric pressure
	kPa
	kPa
	kPa
	kPa
	kPa

	Vapor pressure of liquid 
	kPa
	kPa
	kPa
	kPa
	kPa


C.  Evaporation of Acetone


Acetone (CH3COCH3) is an important industrial chemical.  It serves as a raw material for molecules that are ultimately converted into polymers for plexiglass, CDs and DVDs. The chemical structure of acetone contains a C=O bond that is characteristic of organic molecules called ketones. The purpose of this section of the experiment is to identify the intermolecular force (IMF) present in ketones and determine the relative strength of this type of IMF.
OBJECTIVES

In this experiment, you will

· Use Spartan to calculate potential surfaces for butane, 1-propanol and acetone. 

· Identify the type of IMF present in butane, 1-propanol and acetone.

· Predict the (T value for acetone.

PROCEDURE

1. Open Spartan 04 Essential.

2. Following the procedures described in the directions for last week’s experiment, build and save the following molecules in separate files. NOTE: Build your carbon chains as “straight” (up and down zig-zag instead of a circle) as you can.

(a) butane, CH3CH2CH2CH3
(b) 1-propanol, CH3CH2CH2OH

(c) acetone, CH3COCH3
3. For each molecule, calculate the lowest energy structure as follows:

a. Select a molecule by clicking on it. Click on the Minimize key in the shortcut menu. This key is depicted by a red ball rolling down a hill labeled with an “E.”

b. Next, calculate the optimum structure for these molecules. 

Select ‘Calculations…’ from the Setup menu. In the dialog box, choose the following:

 ‘Calculate:’ Equilibrium Geometry, 

‘with:’ Hartree-Fock / 6-31+G*.1
c. If the calculations take longer than 15 minutes, consult your instructor.

4. Calculate the charge distribution in each molecule as follows:
Open the ‘Surfaces’ dialog box (in the Setup menu):

To map surface potential onto a given surface, open the ‘Surfaces’ window from the Setup menu, Option-click on ‘Add’, choose density for Surface, potential for Property, click the Static Isovalue checkbox and accept size, and High for Resolution. Then ‘Submit’ the jobs from the Setup menu. Note that you can map charge onto “bond” surfaces in a similar manner.

5. Display the surface of each molecule with a common scale of Potential Surface values and make the surface transparent.

6. Rank the three molecules in order of increasing polarity.

7. Examine the Lewis Structure and/or Ball-and-Stick models of each molecule. Which molecule(s) can form the intermolecular force called hydrogen bonds (H-bonds)? 

8. How does the size of acetone compare to the size of 1-propanol and butane?

9. Using your answers to #7 and #8 and the data collected in Part A of this experiment, predict the (T value for acetone. Provide your reasoning below.

Predicted (T value for acetone __________ 

Explanation of the prediction.

Measured (T value for acetone____________  

D.  Miscibility of Liquids


In the “Ionic”unit, the solubility rules were experimentally determined. In this exercise, you will derive a general guideline for the miscibility of liquids. Two liquids are “miscible” if they thoroughly mix with each other to form a single phase. In other words, miscibility is solubility for liquids.

1. Consider the following pairs of liquids and predict if they will mix or not. 

	Liquids
	Will they mix? 

(Y or N)
	Why? (explain your prediction)
	Observations

(miscible or not miscible)

	methanol and ethanol
	
	
	

	methanol and           1-propanol
	
	
	

	pentane and hexane
	
	
	

	hexane and heptane
	
	
	

	methanol and hexane
	
	
	

	1-propanol and hexane
	
	
	


2. Transfer 1 mL of methanol and 1 mL of ethanol to a small test tube and swirl or stir. Do you see a single layer or two layers?

3. Repeat step 2 for the other pairs of liquids in the table from step 1. 

4. Summarize the results in terms of intermolecular forces and any other relevant properties of liquids.

5. Consider the following pairs of liquids and predict if they will mix or not. 

	Liquids
	Will they mix? 

(Y or N)
	Why? (explain your prediction)
	Observations

(miscible or not miscible)

	methanol and acetone
	
	
	

	ethanol and hexane
	
	
	

	hexane and acetone
	
	
	

	water and 1-propanol
	
	
	

	water and hexane
	
	
	


6. Test the miscibility of each pair of liquids.
E.  Solubility of ionic compounds, the sequel


In the first ionic lab, you mixed ionic solids with water and observed if the solids were soluble or not.  You generated a large grid of data and derived a list of solubility rules. In this part of today’s lab, you will determine how well the solubility rules work for solvents other than water.

	
	Will it dissolve? 

(Y or N)
	Why? (explain your prediction)
	Observations



	NaCl (s) and water
	
	
	

	NaCl (s) and 1 M ethanol (aq)
	
	
	

	NaCl (s) and pure ethanol
	
	
	

	NaCl(s) and cyclohexane
	
	
	

	
	
	
	


Based on these experiments, when do the “solubility rules” apply?

	
	Will a precipitate form? 

(Y or N)
	Why? (explain your prediction)
	Observations



	NaCl (s) and water and then ethanol
	
	
	

	NaCl(s) and water and then cyclohexane
	
	
	

	
	
	
	


Did any of the experiments performed above result in a “precipitation reaction”?  Why or why not?

LAB PRACTICAL QUESTIONS


1.  Are any of the chemicals used today listed as possible unknowns on the LAB PRACTICAL assignment sheet?  If not, skip questions 2-4 this week.  If yes, proceed to question 2.

2.  Which chemicals used this week are possible unknowns?

3.  Do these chemicals have any unique characteristics that could be used to distinguish them:

(a)  from chemicals in other groups?  Explain how.

(b) from other chemicals in the same group?  Explain how.
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