2.2 Quantitative aspects of chemical change (Stoichiometry)


Quantitative means amounts or quantities. In chemistry we might need to ask the following questions:

· Can we count atoms? 
· How could we measure known amounts of atoms without counting? 
· How could we measure the amounts o compounds? 
· What does a formula tell us about the make-up of a compound? 
· What do chemical equations tell us about the amounts of reactants and products involved in chemical reactions?

Relating number and mass

You have learned that atoms are very small – they have an approximate diameter of about 0.000 000 000 01 metres and an average mass of about 0.000 000 000 000 000 000 000 01 g! It is this very small mass in grams that is called 1 atomic mass unit (amu). So there really is a big problem facing us when we want to know how many atoms are involved in the formation of compounds and in chemical reactions because it is impossible to count individual atoms or weigh them. 

Can you suggest a possible way in which this problem can be solved? 
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Did you know: If you take about 100 seconds to count 100 atoms it would take you 

95 000 000 000 000 000 years (9.5 x 1017) to count the atoms in a 500g packet, counting 24 hours a day and 7 days a week! You wouldn’t even have time to have a drink!
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Activity 2: Counting small things

A variety of groceries such as a packet of rice, a packet of beans, a bag of apples, a tray of eggs, a packet of granulated sugar was collected. From each product 12 units were counted out and weighed e.g. 12 grains of rice. The results are recorded in the table below.

(Note: Scientific balances were used to weigh small amounts and small masses).
	Product
	Mass of 12 units
	Average mass of 1 unit
	Mass of the bag of product
	Number of units per bag
	Number of units in a 1000 g bag of product

	e.g. Rice
	(e.g. 12 grains of rice)
	(e.g. 1 grain of rice)
	(e.g. mass of whole bag of rice)
	(e.g. number of grains of rice in the bag)
	(e.g. number of grains of rice in a bag weighing 1000 g)

	Rice
	
	
	
	
	

	Sugar
	
	
	
	
	

	Apples
	
	
	
	
	

	Dried beans
	
	
	
	
	

	Eggs
	
	
	
	
	


1. What is the word we use to describe 12 of anything?

2. Work out (by calculation, not by weighing), the average mass of a single unit of each product e.g. a single grain of rice, and add this information to your table.

3. Now calculate the number of units in each bag, and add this information to your table.

4. Now calculate the number of units in a 1000 g bag of each product and add the information to the table.

5. Now answer the following questions:

a. Why does one use mass to measure out a product rather than number?

b. Why is it reasonable to buy items like eggs or apples by number rather than mass whereas we buy goods like sugar and rice by mass, not number?

c. How does the number of units vary for packets of 1000 g of different items? Why?

d. To be sure that you have the same number of items of different products would you weigh the same masses of each item, or different masses?

e. If you wanted to supply different customers with the same numbers of units of a single product would you measure the same mass for each customer or different masses?

f. If one atom has an average mass of 0.000 000 000 000 000 000 000 01 g  (1 x 10-23 g) how many atoms must one weigh to achieve a mass of 1 g?

g. Why is it impossible to count atoms?

Got it: If particles are small it is easier to measure them by mass than by counting them. This is true of regular grocery items like rice and beans as well as much smaller particles like atoms. Approximately 100 000 000 000 000 000 000 000 (1 x 1023) atoms would be contained in 1 g of atoms, depending on the atomic mass of the atoms in question.

Activity 3: Relating atomic number and mass

1. Study at the table below and think about the questions that follow.


	Number of atoms of each element present
	Mass of carbon atoms
	Mass of hydrogen atoms
	Mass of oxygen atoms
	Mass of sodium atoms

	1
	12.0 amu
	1.0 amu
	16.0 amu
	23.0 amu

	2
	24.0 amu
	2.0 amu
	32.0 amu
	46.0 amu

	50
	600.0 amu
	50.0 amu
	900.0 amu
	1150.0 amu

	1000
	12000.0 amu
	1000.0 amu
	16000.0 amu
	23000.0 amu

	6.02 x 1023
	12.0 g
	1.0 g
	16.0 g
	23.0 g

	1.20 x 1024
	24.0 g
	2.0 g
	32.0 g
	46.0 g

	6.02 x 1024
	120.0 g
	10.0 g
	160.0 g
	230.0 g


Note: amu = atomic mass unit = the unit of mass for the very small atom, not measurable with our technology = 1 x 10-23 g approximately.

a. What do you notice about the masses of one atom of different elements?

b. What do you notice about these masses and the atomic mass on the Periodic Table?

c. What do you notice about the mass in grams of 6.02 x 1023 atoms of a particular element and the mass of one atom of that element?

d. Can you make a general statement about the mass of 6.02 x 1023 atoms of a particular element?

e. Why is it useful to have this number of 6.02 x 1023?


Did you know: The number 6.02 x 1023 which is also called Avogadro’s number, has  a special name – the mole. This name is the same sort of name as is a dozen for the number 12. Can you think of other names for particular numbers?

Got it: One mole of an element always contains 6.02 x 1023 atoms of that element and it has a mass in grams that has the same numerical value as the relative mass of one atom (in amu).


Activity 4: Test your knowledge of mass, moles and Avogadro’s Number 

1. What is the mass of 1 mole of calcium atoms?



(2)

2. What is the mass of 0.235 moles of nickel atoms?



(2)

3. How many atoms would you find in 0.250 moles of chlorine atoms?
(4)

4. How many atoms would you find in 3.2 moles of arsenic atoms?

(4)

5. What is the mass of 3.02 x 1023 atoms of aluminium?


(4)

6. What is the mass of 10 000 atoms of caesium?



(4)


Answers:

1. RAM Ca = 40.08 amu  → mass of 1 mole = 40.08 g

2. Mass of 1 mole of nickel atoms = 58.69 g →  Mass of 0.235 moles = 0.235 x 58.69 g = 13.79 g

3. 1 mole contains 6.02 x 1023 atoms  →  0.250 moles contains 0.250 x 6.02 x 1023 atoms → 1.51 x 1023 atoms

4. 1 mole of arsenic contains 6.02 x 1023 arsenic atoms →  3.2 moles contains 3.2 x 6.02 x 1023 atoms = 19.26 x 1023 = 1.93 x 1024 atoms

5. 6.02 x 1023 atoms of aluminium have a mass of 26.98 g  →   3.02 x 1023 atoms have a mass = (3.02 x 1023/6.02 x 1023) x 26.98 g =  13.54 g

6. 6.02 x 1023 atoms of caesium have a mass of 132.9 g  →  10 000 atoms have a mass = (1.0 x 104/6.02 x 1023) x 132.9 g = 1.7 x 10-20
Remember: The mass of 1 mole of an element is called its relative molar mass


Got it: 1 mole = 6.02 x 1023 particles and 1 mole of an atom has a mass equal to its relative atomic mass expressed in grams.


Ask yourself: Can you determine the number of particles present in any number of moles of any substance? 
Reading formulae

A formula is a shorthand symbol of something. In order to understand the information carried in a formula we need to know certain things. For example, what does the formula CO2 tell us? What about the formulae NaOH and H2SO4?


A formula tells us the combining ratio of the elements that make up a compound. Therefore we see that carbon dioxide is made up of carbon and oxygen in a ratio of 1:2. This ratio can be seen as one C atom for every two O atoms, or one dozen C atoms for every two dozen O atoms, or one mole of C atoms for every two moles of O atoms. Can you explain this statement?

NaOH tells us that sodium hydroxide formula units are made up of 1 sodium atom, 1 oxygen atom and 1 hydrogen atom. What would be the mole ratio of these elements in NaOH?

H2SO4 tells us that sulphuric acid is made up of 2 hydrogen atoms, 1 sulfur atom and 4 oxygen atoms. What would be the mole ratio of the elements in H2SO4?

Ask yourselves: If you know the formula of a compound, would it be possible to calculate the molar mass of the compound? What about the masses of each of the contributing elements? Use the three examples above (CO2, NaOH and H2SO4) to answer the question.

Answer: The molar mass of the compound would be the sum of the molar masses of the constituent elements of the compound.
CO2 would have a molar mass = 12.01 + (2 x 16.00) = 44.01 g

Mass of C = 12.01 g; Mass of O = 32.00 g

NaOH would have a molar mass = 22.99 + 16.00 + 1.01 = 40.00 g

Mass of Na = 22.99 g; Mass of O = 16.00 g; Mass of H = 1.01 g

H2SO4 would have a molar mass = (2 x 1.01) + 32.06 + (4 x 16.00) = 98.08 g

Mass of H = 2.01 g; Mass of S = 32.06 g; Mass of O = 64.00 g

Got it: The mass of one mole of any compound is equal to the sum of the masses of the constituent elements The masses of the elements are obtained by counting the number of atoms of that element present and multiplying the relative atomic mass value by that number. This is summarised in the following example:

	For one mole of  calcium carbonate (CaCO3)

	Number of atoms per formula unit
	Number of moles of atoms
	No of atoms in 1 mole of compound
	RAM

(amu)


	Mass of atoms

(g/mol)

	Ca:  1 
	1 
	6.02 x 1023
	40.08
	40.08 (1 x 40.08)

	C:   1
	1
	6.02 x 1023
	12.01
	12.01 (1 x 12.01)

	O:   3
	3
	1.81 x 1024
	16.00
	48.00 (3 x 16.00)

	

	No of atoms in 1 mole
	3.01 x 1024
	

	Molar mass of  CaCO3
	100.09



Ask yourselves: What would be the difference between a molecular weight and a formula weight?

Answer: Molecules are the units of compounds made up from non-metals combing with each other while formula units indicate compounds made up from metals and non-metals. Therefore a molecular weight is the molar mass of a molecule and a formula weight is the molar mass of a formula unit. CO2 and H2SO4 would have molecular weights while NaOH would have a formula weight. Actually most chemists have become careless and use the term molecular weight most of the time.

Activity 5: Working with formula and molar masses

1. Answer the following questions and place your answers in a table like the one suggested below:


	Compound formula
	Formula unit or molecule?
	Molar mass of compound (g)
	Atomic mass of first element in the formula
	Atomic mass of second element in the formula
	% (by mass) of first element
	% (by mass) of the second element
	Total %
	Mass of 1st element in 100 g sample
	Mass of 2nd element in 100 g sample

	CO
	
	
	
	
	
	
	
	
	

	AlCl3
	
	
	
	
	
	
	
	
	

	H2O
	
	
	
	
	
	
	
	
	

	Fe2O3
	
	
	
	
	
	
	
	
	


a. Calculate the molar masses of each of the compounds listed

b. Note whether the formula represents a formula unit or a molecule

c. Note the contributing mass of each element in the compound towards the molar mass

d. Calculate the percentage mass of each contributing element relative to the  molar mass

e. Calculate the sum of the two percentages for each formula and insert into table. What do you notice?

f. Using CO as your example explain what is meant by % (by mass) of C and O

g. Do you think that this percentage will stay constant for CO? What about the percentages for the other examples?

h. Formulate a general statement concerning the percentage composition (by mass) of elements in a compound

i. Calculate the mass of each element in a 100 g sample of the compound in which it occurs

j. If a compound was composed of 4 different elements how many % composition values would describe the composition of the compound? 


Got it: Percentage composition is the mass of each element per 100 mass units of the compound in which they are found. The percentage composition is constant for a particular compound and can therefore be used to determine the mass of each element in any given mass of the compound.  


Activity 6: Test your knowledge of percentage composition (by mass) 

1. What mass of carbon would be present in 150.0 g of the following compounds:

a. Carbon dioxide, CO2





(3)

b. Carbon monoxide, CO




(3)

c. Methane, CH4






(3)

d. Calcium carbonate, CaCO3




(3)

e. Acetic acid, CH3COOH




(3)

f. Hydrochloric acid, HCl




(3)

Answers:

1. Molar mass CO2 = 12.01 + (2 x 16.00) = 44.01
% C in CO2 = 12.01/44.01 x 100% = 27.29%
Mass C in 150 g = 27.29/100 x 150.0 g = 40.94 g

2. Molar mass CO = 12.01 + 16.00 = 28.01
% C in CO2 = 12.01/28.01 x 100% = 42.88%
Mass C in 150 g = 42.88/100 x 150.0 g = 64.32 g

3. Molar mass CH4 = 12.01 + (4 x 1.01) = 16.05
% C in CO2 = 12.01/16.05 x 100% = 74.83%
Mass C in 150 g = 74.83/100 x 150.0 g = 112.24 g

4. Molar mass CaCO3 = 40.08 +12.01 + (3 x 16.00) = 100.09
% C in CO2 = 12.01/100.09 x 100% = 12.00%
Mass C in 150 g = 12.00/100 x 150.0 g = 18.00 g

5. Molar mass CH3COOH = (2 x12.01) + (2 x 16.00) + (4 x 1.01) = 60.05
% C in CO2 = (2 x 12.01)/60.05 x 100% = 39.98%
Mass C in 150 g = 39.98/100 x 150.0 g = 59.98 g

6. Trick question! The symbol is Cl for chlorine and no C is present!


Moles and volumes of gas 
In the previous section we have seen the relationship between numbers of particles, moles and mass. What about substances that occur as gases at room temperature? Measuring the mass of a gas is possible, but measuring a volume would often be much more convenient. Can we relate numbers of particles, moles and volumes?

As it happens it is possible to do so. Two gases containing the same number of particles will occupy the same volume when the conditions of temperature and pressure are the same. This is known as Avogadro’s Theory. From this follows the statement that 1 mole of any gas occupies the same volume as one mole of any other gas at the same temperature and pressure. 

The standard temperature and pressure (STP) that are usually used are:



0oC and 1 atmosphere of pressure.
Therefore, 1 mole of any gas occupies 22.41dm3 at 0oC and 1 atm pressure.

The equation relating number of moles to a volume of gas is as follows:

Got it: If the conditions of temperature and pressure are fixed, the volume of 1 mole of any gas will be a constant number called the molar volume. The fixed conditions are called Standard temperature and pressure, (STP), which means a temperature of 0oC and a pressure of 1 atmosphere. If one chooses different conditions e.g. a temperature of 25oC, the volume of 1 mole of gas will be 24.47 dm3, and the conditions need to be stated.



Challenge: Using the information you have just discovered, can you make a relationship between the volume of a gas (at STP, say), the number of particles of the gas and the mass of the gas?

Answer: 
At STP: 1 mole of gas occupies 22.41 dm3  and contains 6.02 x 1023 particles with a total mass equal to the molar mass of the gas

 
Activity 9: Test your understanding of the relationships between mass, moles and volume of gases.

1. What is the volume of 21.0 g of CO2 measured at STP?


     (3)

2. What is the mass of 0.0573 dm3 of NO gas measured at 25oC and 1 atm pressure?








      (3)

3. What is the volume of 2.44 x 1019 molecules of hydrogen gas (H2) at STP? (3)

4. What volume of oxygen gas (O2) must one measure to get 55.0 g of the gas at STP?








       (3)

5. What volume of nitrogen gas (N2) must one measure so as to have 5.0 x 1022 molecules of gas present at 25oC and 1 atm pressure?


       (3)

Answers:

1. From mass and molar mass one can calculate number of moles (n): 
n = mass/ RMM = 21.0 g/44.01 g = 0.477
From n and volume at STP one can calculate actual volume:
n = actual vol/molar vol  so actual vol = n x molar vol = 0.477 x 22.41 dm3
= 10.7 dm3
2. From actual vol and molar vol (at 25oC, 1 atm) one can calculate n:
n = actual vol/molar vol = 0.0573 dm3/24.47 dm3 =  1.40
From n and RMM of NO one can calculate the mass of NO:
n = mass/RMM  so mass = n x RMM = 1.40 g.mol-1 x  (14.01 + 16.00) g = 42.0 g

3. 6.02 x 1023 molecules of H2 occupy 22.41 dm3 at STP
2.44 x 1019 molecules of H2 occupy 22.41 dm3 x (2.44 x 1019)/( 6.02 x 1023) at STP = 9.08 x 10-4 dm3
4. 1 mole of O2 has a mass of 2 x 16.00 g = 32.00 g and occupies 22.41 dm3 at STP.
55.0 g of O2 would occupy 55.0 g/32.00 g x 22.41 dm3 =  38.5 dm3
5. 1 mole of N2 has contains 6.02 x 1023 molecules and occupies 24.47 dm3 at STP
5.0 x 1022 molecules of N2 would occupy  5.0 x 1022/6.02 x 1023 x  24.47 dm3 =  2.03 dm3
Moles and volumes of aqueous solutions

What is meant by an aqueous solution? What is meant by the concentration of a solution? How does a concentrated solution differ from a dilute solution? An aqueous solution is one in which a solute (solid or liquid) is dissolved in water to give a homogeneous mixture. The concentration of a solution is a measure of the amount of solute (mass of solid or volume of liquid) dissolved per unit volume of water. This would be expressed as g/ml or ml/ml, for example. A concentrated solution has a greater amount of solute present per unit volume than is present in a dilute solution.

You have already seen how you can express amounts of substances in terms of moles, and that this is important because the number of moles is related to the actual number of particles present. 

Ask yourselves: If the concentration of a solution can be expressed in the units of g/ml how can it also be expressed in moles/ml? Use the example of a solution of saline (NaCl in water) at a concentration of 3.0 g/ml to work with. One frequently expresses the concentration in units of mol/dm3. Convert your answer to this unit

Answer: RMM of NaCl = 22.99 + 35.45 = 58.44 g/mol

Moles NaCl = mass/RMM = 3.0 g/58.44 g/mol = 0.051 

Concentration = 0.051 mol/ml = 0.051 x 103 mol/1 x 103 ml =51 mol/dm3
Got it: The concentration of a solution is usually taken to be the number of moles of solute per cubic decimetre of solution i.e. mol.dm(3 or mol/dm3.

Another name for concentration expressed in mol.dm(3 is molar (M) so a 6.0 M HCl solution would be an HCl solution with a concentration of 6.0 mol.dm(3. 


Activity 10: Test yourselves

1. 17.0 g of NaOH was dissolved in 0.250 dm3 of water. Calculate the molar concentration of the solution.






(4)

2. Calculate the molar concentration (in mol.dm(3) of a solution made by mixing 300.0 g of CuSO2.5H2O in 750 ml of water.




(4)

3. What is the volume of a 6.0 M solution of HCl that contains 8.3 g of HCl?
(4)

4. What is the mass of NaCl present in 50.0 ml of a 3.2 mol.dm(3 solution of sodium chloride?








(4)

5. What is the molar concentration of a solution made by dissolving 4.55 g CaCl2 in 125 ml of water?







(4)

6. What mass of FeCl3 is required to make 2.00 dm3 of a 0.200 M solution?
(4)



Answers:

1. RMM NaOH = 22.99 + 16.00 + 1.01 =  40.00 g.mol-1
Moles NaOH = mass/RMM = 17.0 g/ 40.00 g.mol-1 = 0.425 mol
Concentration = moles/volume = 0.425 mol/0.250 dm3 =  1.70 mol.dm(3
2. RMM CuSO2.5H2O = 63.55 +32.06 + (7 x 16.00) + (10 x 1.01) =  217.7 g.mol-1
Moles CuSO2.5H2O = mass/RMM = 300.0 g/217.7 g.mol-1 = 1.38 mol
Concentration = moles/volume = 1.38 mol/750 x 10-3 dm3 =  1.84 mol.dm(3
3. RMM HCl = 1.01 + 35.45 = 36.46 g.mol-1
Moles HCl = mass/RMM = 8.3 g/36.46 g.mol-1 =  0.228 mol
Volume = moles/concentration = 0.228 mol/ 6.0 M = 0.038 dm3 = 38 ml 

4. RMM NaCl = 22.99 + 35.45 = 58.44 g.mol-1
Moles present = concentration x volume = 3.2 mol.dm(3 x  50.0 x 10-3 dm(3 = 0.16 moles
Mass present = moles x RMM = 0.16 mol x 58.44 g.mol-1 = 9.4 g

5. RMM CaCl2 = 40.08 + (2 x 35.45) = 110.98 g.mol-1
Moles CaCl2 = mass/RMM = 4.55 g/110.98 g.mol-1 = 0.04 mol
Concentration = moles/volume = 0.04 mol/0.150 dm3 =  0.27 mol.dm(3 
6. RMM FeCl3 = 55.85 + (3 x 35.45)  = 162.2 g.mol-1
Moles present = concentration x volume = 0.200 mol.dm(3 x  2.00 dm(3 = 0.400 moles
Mass present = moles x RMM = 0.400 mol x 162.2 g.mol-1 = 64.9 g
Empirical and molecular formulae
An empirical formula gives the smallest whole-number ratio of atoms in a compound. For example, the formula for butane is C4H10 and the empirical formula for butane is C2H5.
A molecular formula gives the actual number of atoms of each of the elements present in a molecule of a specific compound. The molecular formula for butane is C4H10.
Ask yourself: What is the empirical formula of the following compounds? 
1. C2H4
2. C11H22O11
3. H2O
4. C25H50
Answers:

1. CH2
2. CH2O

3. H2O
4. CH2
Determining an Empirical and Molecular Formula
Before you can work out the empirical formula of a compound you need to know the mass of each of the elements in 100 g of the compound. This gives the % mass. Then there are three calculation steps that you need to do, as follows:

1. Convert the mass of each element to moles using the molar mass from the periodic table.

2. Divide each mole value by the smallest number of moles calculated.

3. Round to the nearest whole number.
Example 1:

In an experiment a compound is found to contain 50.05 % sulfur and 49.95 % oxygen by weight. What is the empirical formula for this compound? The molecular weight (molar mass) for this compound is 64.07 g/mole
	Elements
	S
	O

	% mass
	50.05
	49.95

	Mass (g) in 100g sample
	50.05/100 x 100g = 50.05 
	49.95/100 x 100g = 49.95

	Molar mass (g/mole)
	32.07
	16.01

	No of moles =        mass/molar mass
	50.05/32.07 = 1.5608
	49.95/16.00 = 3.1212

	Divide both sides by lower value to give a whole number of 1 for one element at least
	1.5608/1.5608 = 1
	3.1212/1.5608 = 2

	Since these are both whole numbers and the ratio cannot be reduced to smaller whole numbers the empirical formula can be written now
	SO2


Determining the molecular formula:
Remember that the empirical formula is the lowest whole number ratio of elements in the compound while the molecular formula is the actual numbers of component elements present.
To determine whether the molecular formula is the same as or different from the empirical formula the following calculation needs to be done:

1. Determine the molar mass of the empirical formula, called the empirical formula mass (EFM):

EFM of SO2 = 32.07 + 16.01 + 16.01 = 64.09 g/mole


2. Divide the measured molecular weight by the empirical formula weight:
 
64.07/64.09 = 1


3. The EFM and the molar mass are the same, so the empirical formula and the true molecular formula are the same: SO2
Example 2:
A compound is found to contain 48.38% carbon, 8.12% hydrogen, and 53.5% oxygen by mass. Determine the empirical formula.
	Elements
	C
	H
	O

	% mass
	48.38
	8.12
	53.5

	Mass (g) in 100g sample
	48.38/100 x 100g = 48.38
	8.12/100 x 100g = 8.12
	53.5/100 x 100g = 53.5

	Molar mass (g/mole)
	12.01
	1.01
	16.00

	No of moles =        mass/molar mass
	48.38/12.01 = 4.028
	8.12/1.008 = 8.056
	53.5/16.00 = 3.336

	Divide both sides by lower value to give a whole number of 1 for one element at least
	4.028/3.336 = 1.2
	8.056/3.336 = 2.4
	3.336/3.336 = 1

	To convert all these numbers to whole numbers each one needs to be multiplied by 5
	1.2 x 5 = 6
	2.4 x 5 = 12
	1 x 5 = 5

	Empirical formula
	C6H12O5


Example 3: You have determined that the empirical formula of a compound is C10H7O2. The compound has a molar mass of 318.31 g/mol. What is the molecular formula of this compound?
1. Determine the empirical formula mass (EFM) mass of the empirical unit.

EFM = 10(12.00) + 7(1.008) + 2(16.00) = 159.06 g/mol

2. Determine the number of EFM amounts in the molar mass:


 Molar mass/ EPM = 318.31 g/mol / 159.06 g/mol = 2.001 

3. Molecular formula.

Since there are two empirical units in a molecular unit, the molecular formula is: 

 



C20H14O4
Activity: Try the following problems for yourself.
1. A compound is found to contain 40.0% carbon, 6.7% hydrogen and 53.3% oxygen. Its molar mass is 60.0 g/mol. What is the molecular formula of the compound?
2. A hydrocarbon is found to contain 85.7% carbon. Its molar mass is 84.0 g/mol. What is its molecular formula?

3. A compound present in iron ore is made up of 72.3% iron and 27.7% oxygen. The molar mass of this compound is 231.4 g/mol. What is its molecular formula?

4. A compound containing 40.0% carbon, 5.7% hydrogen and 53.3% oxygen has a molar mass of 175 g/mol. What is the molecular formula?

5. A compound is contains 87.4% nitrogen and 12.6% hydrogen. If the molecular mass of the compound is 32.05 g/mol, what is the molecular formula?

Answers:
	Elements
	C
	H
	O

	% mass
	40.0
	6.7
	53.3

	Mass (g) in 100g sample
	40.0/100 x 100g = 40.0
	6.7/100 x 100g = 6.7
	53.3/100 x 100g = 53.3

	Molar mass (g/mole)
	12.01
	1.01
	16.00

	No of moles =        mass/molar mass
	40.0/12.01 = 3.33
	6.7/1.008 = 6.65
	53.3/16.00 = 3.34

	Divide both sides by lower value to give a whole number of 1 for one element at least
	3.33/3.33 = 1
	6.65/3.33 = 2
	3.34/3.33 = 1

	Empirical formula
	CH2O


EFM = 12.01 + 1.01 + 1.01 = 14.03 g/mole

No of multiples in molecular formula = Molar mass/EFM = 60.0 g/mole/29.02 g/mole = 2

Molecular formula = C2H4O2
1. A hydrocarbon is made from C and H atoms only. If 85.7% is C, 100 – 85.7= 14.3% is H
	Elements
	C
	H

	% mass
	85.7
	14.3

	Mass (g) in 100g sample
	85.7/100 x 100g = 85.7
	14.3/100 x 100g = 14.3

	Molar mass (g/mole)
	12.01
	1.01

	No of moles =        mass/molar mass
	85.7/12.01 = 7.14
	14.3/1.008 = 14.19

	Divide both sides by lower value to give a whole number of 1 for one element at least
	7.14/7.14= 1
	14.19/7.14= 2

	Empirical formula
	CH2


EFM = 12.01 + 1.01 + 16.00 = 29.02 g/mole

No of multiples in molecular formula = Molar mass/EFM = 84.0 g/mole/14.03 g/mole = 6
Molecular formula = C6H12
	Elements
	Fe
	O

	% mass
	72.3
	27.7

	Mass (g) in 100g sample
	72.3/100 x 100g = 72.3
	27.7/100 x 100g = 27.7

	Molar mass (g/mole)
	55.85
	16.00

	No of moles =        mass/molar mass
	72.3/55.85 = 1.29
	27.7/16.00 = 1.73

	Divide both sides by lower value to give a whole number of 1 for one element at least
	1.29/1.29= 1
	1.73/1.29= 1.34

	To convert both numbers to whole numbers, x3
	1 x 2 = 3
	1.34 x 3 = 4

	Empirical formula
	Fe3O4


EFM = (55.85 x 3) + (16.00 x 4) = 231.55 g/mole

No of multiples in molecular formula = Molar mass/EFM = 231.4 g/mole/231.55 g/mole = 1
Molecular formula = Fe3O4
	Elements
	C
	H
	O

	% mass
	40.0
	5.7
	53.3

	Mass (g) in 100g sample
	40.0/100 x 100g = 40.0
	5.7/100 x 100g = 5.7
	53.3/100 x 100g = 53.3

	Molar mass (g/mole)
	12.01
	1.01
	16.00

	No of moles =        mass/molar mass
	40.0/12.01 = 3.33
	5.7/1.01 = 5.64
	53.3/16.00 = 3.33

	Divide both sides by lower value to give a whole number of 1 for one element at least
	3.33/3.33 = 1
	5.64/3.33 = 1.7
	3.33/3.33 = 1

	To convert both numbers to whole numbers, x3
	3
	5
	3

	Empirical formula
	C3H5O3



EFM = (12.01 x 3) + (1.01 x 5) + (16.0 x 3) = 89.08 g/mole

No of multiples in molecular formula = Molar mass/EFM = 175.0 g/mole/89.08 g/mole = 1.96 = 2
Molecular formula = C6H10O6


	Elements
	N
	H

	% mass
	87.4
	12.6

	Mass (g) in 100g sample
	87.4/100 x 100g = 87.4
	12.6/100 x 100g = 12.6

	Molar mass (g/mole)
	14.01
	1.01

	No of moles =        mass/molar mass
	87.4/14.01 = 6.24
	12.6/1.01 = 12.48

	Divide both sides by lower value to give a whole number of 1 for one element at least
	6.24/6.24 = 1
	12.48/6.24= 2

	Empirical formula
	NH2



EFM = 14.01 + (1.01 x 2) = 16.02 g/mole

No of multiples in molecular formula = Molar mass/EFM = 32.05 g/mole/16.02 g/mole = 2
Molecular formula = N2H4


https://www.khanacademy.org/science/chemistry/chemical-reactions-stoichiome/empirical-molecular-formula/v/empirical-molecular-and-structural-formulas
tps://www.youtube.com/watch?v=ZiXtpuDZlP8
https://www.youtube.com/watch?v=lyWAGMEKzSY
Understanding stoichiometry

Stoichiometry (pronounced stow-key-om-a-tree) is a big name (derived from the Greek) that means a kind of chemical accounting. The best way to begin to understand how this works, and why it is important, is to work with an analogy that is familiar to us. 

Activity 11: What’s in a hamburger? And what about the juice?


1. For the purposes of this activity assume that a hamburger needs 1 hamburger bun, 1 meat patty, 3 lettuce leaves and 2 slices of tomato.

2. Answer the following questions regarding the hamburger:

a. Write an equation describing the “building” of a hamburger (i.e. write the ingredients on the left hand side of the equation and the product (or result) on the right hand side in the form A + B + C + D = E

b. If you had one hamburger for each person in the group

i. How many hamburger buns would there be?

ii. How many meat patties would there be?

iii. How many lettuce leaves would there be?

iv. How many tomato slices would there be?

c. How many hamburgers could you make if you had:

i. 4 hamburger buns, 3 meat patties, 12 lettuce leaves and 8 slices of tomato?

ii. 4 hamburger buns, 3 meat patties, 12 lettuce leaves and 8 slices of tomato?

iii. 3 hamburger buns, 3 meat patties, 12 lettuce leaves and 8 slices of tomato?

iv. 4 hamburger buns, 4 meat patties, 10 lettuce leaves and 7 slices of tomato?

v. 4 hamburger buns, 4 meat patties, 11 lettuce leaves and 9 slices of tomato?

d. If each meat patty is made from 200 g of beef mince, and you are provided with 1,500 kg of mince, how many hamburgers could you make? Assume that all the other ingredients are freely available.

e. If you are provided with 10 meat patties but burn three of them while you are cooking them what percentage of hamburgers will you be able to make?

3. What have you found regarding the proportions of each ingredient for making a whole hamburger?
4. What have you found in the relationship between mass (of mince) and number of patties (and therefore hamburgers) that can be produced? How does this relate to the relationship between the mole and relative molar mass and Avogadro’s number?

5. What is the wastage in your hamburger preparation through careless burning of some of the patties? How does this relate to the concept of percentage yield? Would an employer at a hamburger shop be pleased with your performance?

6. You can perform an experiment with the juice ingredients to work out the ideal combination of the lemon juice, sugar and water to make a tasty, refreshing drink. Write out a suitable “recipe” for the lemonade. What happens if there is too much or too little of any ingredient?

7. Now look at the simple equation that follows and answer the questions:
 


 

H2(g)   +   O2(g)     →    H2O(l)


a. What does the formula H2 say about the gas hydrogen?

b. What does the formula O2 say about the gas oxygen?

c. What does the formula H2O say about the liquid water?

d. What is meant by the symbols in brackets?

e. Is the equation balanced? If not, balance it.

f. Why is it vital to have a balanced equation?

g. What does the equation say about the ratios in which these reactants combine to from the product?

h. How many moles of hydrogen gas must react with 1 mole of oxygen gas?

i. How many moles of product would one expect?

j. Would it be possible to work out what mass of hydrogen and oxygen is needed for this reaction? How?

k. Would it be possible to work out the mass of product that could be expected? How?

l. Would it be possible to work out what volume of hydrogen and oxygen would be needed for the reaction? How?

m. If you had 4 moles of hydrogen and 1 mole of oxygen how many moles of water would be produced? Explain your reasoning. Which reactant is limiting the amount of product that can be formed? 

n. If you had 2 moles of hydrogen and 6 moles of oxygen how much water would be produced? Explain your reasoning. Which reactant is limiting the amount of product that can be formed? 

	At the end of this activity I was able to
	Yes
	No

	Understand the importance of a recipe/chemical equation
	
	

	Understand all the information that is present in a recipe / chemical equation
	
	

	Understand the importance of balancing the ingredients/reactants in the correct proportions to give the correct product
	
	

	Understand the concept that too little of any particular ingredient limits the amount of product that can be formed even if all the other ingredients are present in the correct proportions. This reactant is called the limiting reagent
	
	

	Understand the relationship between mass and number
	
	

	Understand the concept of percentage yield and wastage
	
	

	Understand why the concept of percentage yield is an important one in the production of goods
	
	


Got it: Stoichiometry is an accounting system for chemical reactions. It tells us how much of each reactant is required to combine completely to form particular products. The information is given in balanced equations which relate moles (and therefore numbers of particles) of reactants and products. From the moles relationships one can continue to relate masses, volumes and concentrations of the various reactants and products.
Activity 12: Test your understanding of the concept of stoichiometry

Consider the equation below (describing a neutralisation reaction between sulfuric acid and sodium hydroxide) and then answer the questions that follow:


H2SO4(aq)   +   2NaOH(aq)     →     Na2SO4(aq)   +  2H2O(l)


1. How many moles of  sulfuric acid do I need to make 5 moles of sodium sulfate? (2)

2. If I have 3 moles of sulfuric acid how many moles of sodium hydroxide are needed to neutralise the acid completely?
(2)

3. If I have 3 moles of sulfuric acid what mass of sodium hydroxide is needed to neutralise it completely?

(4)

4. If I have 1 mole of sulfuric acid and 20 moles of sodium hydroxide how many moles of sodium sulfate can I make?
(2)

5. If I have 1 mole of sulfuric acid and 5 moles of sodium hydroxide how many moles of sodium sulfate can I make?
(2)

6. In question 5 would any reactant be left over? Which one? How many moles? What mass?





(5)

7. If I mix 1 mole of sulfuric acid and 2 moles of sodium hydroxide what mass of sodium sulfate can I expect? 


(4)

8. If I do the procedure outlined in 7 and obtain 131.5 g of sodium sulfate what would the percentage yield be?


(3)


Answers:

1. 1 mole of H2SO4 can give 1 mole of Na2SO4 
5 mole of H2SO4 can give 5 mole of Na2SO4 


(2)

2. 1 mole of H2SO4 requires 2 moles of NaOH
3 mole of H2SO4 requires 6 moles of NaOH


(2)

3. 6 moles of NaOH are needed (question 2)
RMM of NaOH = 22.99 + 16.00 + 1.01 = 40.00 g.mol-1
Mass of 6 moles = 6 x 40.00 g = 240.0 g



(4)

4. 1 mole of H2SO4 requires 2 moles of NaOH
20 moles of NaOH is excess NaOH – only 2 moles are required for the acid present. 18 moles of NaOH will be left over.
(2)

5. 1 mole of H2SO4 requires 2 moles of NaOH.
NaOH is present in excess – only 2 moles of NaOH are needed. 
1 mole of H2SO4 can give 1 mole of Na2SO4


(2)

6. Yes 5-2 = 3 moles of NaOH will be left over.
RMM of NaOH = 22.99 + 16.00 + 1.01 = 40.00 g.mol-1
Mass of 3 moles = 3 x 40.00 g = 120.0 g



(5)

7. 1 mole of H2SO4 and 2 moles of NaOH give 1 mole of Na2SO4
RMM of Na2SO4 = (2 x 22.99) + 32.07 + (4 x 16.00) = 142.1 g.mol-1
Mass of  1 mole of Na2SO4 = 1 x 142.1 = 142.1 g

(4)

8. % yield = actual mass/theoretical mass x 100%
 
= 131.5 g/142.1 g x 100% = 92.5%



(3)

Limiting reagent

While you were working with the reaction above you noticed that sometimes a reagent would be limiting and sometimes it would be present in excess. Look back at Questions 4, 5 and 6 above.

A limiting reagent is one that is present in too small and amount to convert the other reagents completely to product.
A reagent in excess is one that is present in too high a quantity to be completely converted into product. So some of this reagent would be left over after the reaction stopped taking place.
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Theoretical yield and Percentage yield
When you have an equation representing a reaction, and you know the amounts of all the reactants present, you can work out how much of a particular product is is theoretically possible to make. This is called the theoretical yield. You did this kind of calculation in question 7 above.

In a laboratory, however, reactions seldom work perfectly so the theoretical yield is seldom obtained. When you measure the actual amount of product you are measuring actual yield. This is usually less than the theoretical yield.

To get an idea of how efficient your reaction is you would calculate percentage yield as follows:


% yield  = __actual yield___ x 100%



      Theoretical yield

You did such a calculation in question 8 above.

In industry it is important to know what the % yield is because it will determine your profit. If it is low you would find ways to improve the efficiency of your manufacturing process. Chemists who can raise the 5 yield for their employers are highly valued and should be well paid!

Activity 13: Assessment

1. Refer to the Periodic Table and answer the following questions:

a. State the average mass of 1 atom of phosphorus

b. State the average mass of 1 mole of carbon

c. State the average mass of 6.02 x 1023 atoms of zinc

d. State the average mass of 1 atom of uranium

e. State the average mass of 1 mole of potassium
(5)


2. Calculate the number of particles in the following:

a. 2.3 moles of  sodium atoms

b. 4.13 moles of carbon dioxide molecules


(4)


3. Calculate the relative molar mass of the following compounds:

a. Silver sulfate, Ag2SO4
b. Sulfur hexafluoride, SF6
c. Manganese nitrate, Mn(NO3)2
d. Dinitrogen pentoxide, N2O5
e. Strontium phosphate, Sr3(PO4)2



(5)


4. What is the percentage composition of all the elements in the following examples:

a. iron oxide, Fe2O3
b. octane (in petrol), C8H18




(6)


5. How much iron would you expect to extract from 1000.0 kg of iron oxide, (Fe2O3)?






(3)


6. What is meant by standard temperature and pressure?
(2)


7. Define molar volume.






(2)

8. How many molecules of carbon dioxide would you find in 100.0 g of the gas?(3)


9. How many moles of ammonia gas would be found in a container with a volume of 1.00 dm3 when the temperature is kept at 0oC and the pressure at one atmosphere?

(3)


10. Fill in the blanks: 2.0 moles of K2SO4
a. contains _____ moles of K atoms

b. contains _____ g of sulfur

c. contains _____ individual O atoms

d. contains _____ formula units of the compound

e. has a mass of _____ g





(10)


11. Calculate the molar concentration for each of the following solutions:

a. 1.75 g of NaCl in 363.5 ml of water

b. 20.0 g of sugar (C12H22O6) in a cup of tea (250 ml)
(6)


12. What mass of sugar would be present in one litre of solution that has a concentration of 2.5 mol.dm3? 

(3)


13. Consider the equation below and then answer the questions that follow:

 
CH4(g)   +   2O2(g)     →     CO2(g)   +   2H2O(g)


a. If 3 moles of  CH4(g) was available, how many moles of oxygen 
would be needed to combust it completely to carbon dioxide 
and water?







(1)

b. What volume of oxygen gas would be required at STP?

(2)

c. If you had 5 moles of CH4(g)
 and 7 moles of O2(g) present,
how many moles of CO2(g) could you expect?


(3)

d. If you had 1000.0 g of oxygen available, what mass of  CH4(g)
would you be able to convert to CO2(g)


(5)


14. Consider the following equation:

  
 

CaCO3(s)   →   CaO(s)  + CO2(g)

If the reaction of 20.7 grams of CaCO3 produces 6.81 grams of CaO, what is the percent yield?


Answers:

a. 30.97 amu

b. 12.01 g

c. 65.39 g

d. 238.03 amu

e. 39.10 g







(5)


f. 1 mole contains 6.02 x 1023 atoms
2.3 moles contain 2.3 x  6.02 x 1023 atoms = 1.38 x 1024
g. 1 mole contains 6.02 x 1023 molecules
4.13 moles contain 4.13 x  6.02 x 1023 molecules = 2.49  x 1024
(4)


h. RMM Ag2SO4 
= (2 x 107.87) + 32.07 + (4 x 16.00) g.mol-1
 


=  311.8 g.mol-1
i. RMM SF6
 
= 32.07 + (6 x 19.00) g.mol-1
 


=  146.1 g.mol-1
j. RMM Mn(NO3)2 
= 54.94 + (2 x 14.01) + (6 x 16.00) g.mol-1
 


=  179.0 g.mol-1
k. RMM N2O5 
= (2 x 14.01)  + (5 x 16.00) g.mol-1
 


=  110.0 g.mol-1
l. RMM Sr3(PO4)2 
= (3 x 87.62) + (2 x 30.97) + (8 x 16.00) g.mol-1
 


=  452.8 g.mol-1



(5)


m. RMM Fe2O3 
= (2 x 55.85)  + (3 x 16.00) g.mol-1
 


=  159.7 g.mol-1
% Fe

= (2 x 55.85)/159.7 x 100% 
 


= 69.9%
% O

= (3 x 16.00)/159.7 x 100% 
 


= 30.1%

n. RMM C8H18 
= (8 x 12.01)  + (18 x 1.01) g.mol-1
 


=  114.3 g.mol-1
% C

= (8 x 12.01)/114.3 x 100% 
 


= 84.1%
% H

= (18 x 1.01)/114.3 x 100% 
 


= 15.9%




(6)


2. RMM Fe2O3 
= (2 x 55.85)  + (3 x 16.00) g.mol-1
 


=  159.7 g.mol-1
% Fe

= (2 x 55.85)/159.7 x 100% 
 


= 69.9%
Mass of Fe in 1000.0 kg of iron oxide 
= 69.9/100 x 1000.0 kg
 





= 699.0 kg


(3)


3. STP means a temperature of 0oC (273 K) and a pressure of 
1 atmosphere (100 kPa)






(2)


4. Molar volume is the volume occupied by one mole of any gas at
a particular temperature and pressure.




(2)


5. RMM CO2

= 12.01 + (2 x 16.00) = 44.01 g.mol-1
Moles CO2

= mass/RMM = 100.0 g/44.01 g.mol-1 = 2.27 mol
1 mole CO2 contains 6.02 x 1023 molecules
2.27 moles contains 2.27 x 6.02 x 1023 molecules =  1.37 x 1024 molecules
 









(3)


6. At 0oC and 1 atm pressure, 1 mole of gas will occupy 22.4 dm3
If the volume is 1.00 dm3 the number of moles = 1 x 1.00/22.4 = 0.045
(3)


7.  2.0 moles of K2SO4
a. contains 2 x 2.0 = 4.0 moles of K atoms

b. contains 2 x 1.0 = 2.0 moles of S atoms = 2.0 x 32.07 g of S atoms 
= 64.1 g of S atoms

c. contains 4 x 2.0 = 8.0 moles of O atoms = 8.0 x 6.02 x 1023 O atoms
= 48.2 x 1023 O atoms = 4.8 x 1024 O atoms

d. contains 2 x 1.0 = 4.0 moles of formula units of compound
= 4.0 x 6.02 x 1023 formula units = 2.4 x 1024 formula units

e. RMM K2SO4 = (2 x 39.10) + 32.07 + (4 x 16.00) = 174.3 g.mol-1
Mass of 2.0 moles = 2.0 x 174.3 g = 348.6 g


(10)

f. RMM NaCl = 22.99 + 35.45 g.mol-1 = 58.44 g.mol-1
Moles NaCl = 1.75 g/58.44 g.mol-1 = 0.03 moles
Concentration 
= moles/volume = 0.03 mol/0.363.5 dm3 
 


= 0.08 mol.dm(3
g. RMM C12H22O6 = (12 x 12.01) + (22 x 1.01) + (6 x 16.00) g.mol-1 
= 262.34 g.mol-1
Moles C12H22O6 = 20.0 g/262.34 g.mol-1 = 0.08 moles
Concentration 
= moles/volume = 0.08 mol/0.250 dm3 
 


= 0.32 mol.dm(3



(6)

8. Moles of sugar present = 2.5
RMM of sugar

= 262.34 g.mol-1
Mass of sugar

= moles x RMM = 2.5 x 262.34 g 
 



= 655.9 g




(3)


a. 6 moles







(1)

b. Molar volume at STP 
= 22.4 dm3
6 moles would occupy 6 x 22.4 dm3 = 134.4 dm3 

(2)

c. 5 moles CH4(g) need 10 moles O2(g)
7 moles O2(g) are available, so O2(g) is limiting
7 moles O2(g) will convert 7/2 = 3.5 moles CH4(g)
3.5 moles CH4(g) would produce 3.5 moles CO2(g)

(3)

d. RMM O2 = (2 x 16.00) = 32.00 g.mol-1
Moles O2 
= mass/RMM = 1000.0 g/ 32.00 g.mol-1
 

= 31.25 moles
31.25 moles O2 will convert 31.25/2 moles CH4 = 15.63 moles
RMM CH4 = 12.01 + (4 x 1.01) g.mol-1 = 18.05 g.mol-1
Mass of CH4 
= moles x RMM = 15.63 g x 18.05 g.mol-1
 


= 282.1 g




(5)


9. Molar mass CaCO3 = 40.08 + 12.01 + (3 x 16.00) g/mole = 100.09 g/mole
Molar mass CaO = 40.08 + 16.00 g/mol = 56.08 g/mole
Ratio of CaO: CaCO3 = 56.08:100.09 (56.08/100.09)
Number of grams CaCO3 present = 20.7 g

Theoretical mass of CaO possible = 20.7g x 56.08/100.09 = 11.6 g
Actual yield = 6.81 g

% yield = actual yield /theoretical yield x 100% = 6.81/11.6 x 100 % = 58.7 %



REFLECTION  Unit1

	Now that I have finished this unit I understand:
	Yes
	Need help

	That the mole is a name for a very large number, Avogadro’s number = 6.02 x 1023
	
	

	That the mass of 1 atom of any element = relative atomic mass (RAM) with units of atomic mass units i.e. amu
	
	

	That the mass of one mole of any element = relative molar mass (RMM) = RAM expressed in grams
	
	

	That number of moles =   actual mass of sample




           RMM of sample
	
	

	That 1 mole = 
actual number of particles present


        6.02 x 1023 particles
	
	

	That RMM is directly related to the number of particles
	
	

	That one mole of any gas always has the same volume at the same temperature and pressure
	
	

	That % composition of element by mass = RAM (g) of element x 100%






        RMM (g) of compound


	
	

	That  Concentration = mass of solute (g)     divided by vol solution (dm3 )



        RMM of solute (g.mol-1)
	
	

	That stoichiometry is an “accounting” system for reactions, allowing one to know how much of each reagent is needed for any reaction and how much product can be expected from the reaction
	
	

	
	
	

	
	
	

	
	
	

	
	
	

	
	
	

	
	
	

	
	
	


Needing help? Speak to your teacher.

1 mole of any gas occupies a volume of 22.41 dm3  at STP


1 mole of any gas occupies a volume of 24.47 dm3  at 25oC and 1 atm pressure





Concentration = 	moles of solute


			volume of solution (dm3 )





Number of moles =	mass of solute (g)  


			molar mass of solute (g.mol-1)





Concentration = 	mass of solute (g)              x   _____1________


			RMM of solute (g.mol-1)        vol solution (dm3 )








  6.02 x 1023 particles  ←  1 mole  →  22.41 dm3


					↓


				molar mass (g)�		








No of moles = actual number of particles present


		        6.02 x 1023 particles








number of moles =   actual mass of sample


			           RMM of sample





% composition of element by mass = RAM (g) of element      x 100%


					 	   RMM (g) of compound








Cartoon of weary person counting?





Pic of groceries that are bought by number and others that are bought by mass





comical drawing of a quizzical mole





1 mole = 6.02 x 1023 particles = Avogadro’s number of particles





Insert comical pic of mole weighing things – balanced scale, but sizes clearly different








Insert comical pic of mole with balloons of different sizes





number of moles =   actual volume of sample (at STP)


			  		22.41dm3 (at STP)





Insert diagram of several balloons of same size but different masses – CO2 (44g),


H2 (2 g), O2 (32 g) and NH3 (17.3 g)





insert balloon diagrams


Take one gas in 3 balloons of different sizes showing changes in P and T while the amount stays the same (1 mole)





Cartoon of more concentrated vs less concentrated drink?





Pic of fast hamburger and lemonade





Cartoon of equation in a balance?
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Imagine you have:


Lemons or oranges or juice concentrate


Sugar


Water


Hamburger recipe��





Diagram (or photo?) of balanced scale with different numbers of items on each pan because of their different relative masses
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See photocopy for example





Insert photo of bags of fertilisers showing different compositions








