
Significant Figures  

Key Concepts 

Scientific notation, or exponential notation, is a convenient way to write down a very large or a very 

small number.  

In scientific notation each number is written as a product of two numbers:  

a coefficient x 10an exponent 

Coefficients are usually expressed with one digit to the left of the decimal point.  

An exponent gives the position of the decimal point in the number and is either:  

    positive (generally for numbers greater than or equal to 10)  

    zero (generally for numbers between 0 and 10)  

    negative (generally for numbers less than 0)  

Converting a Number to Scientific (exponential) Notation 

Write 0.015 in scientific (exponential) notation.  

First, write the coefficient : 1.5  

Second, count the places between the current decimal place and its position in the coefficient: 2  

Third, determine the sign of the exponent. Moving to the right gives a negative sign (the number is 

less than 0): -  

Finally write the number in scientific notation: 1.5 x 10-2  

Write 256.35 in scientific (exponential) notation.  

First, write the coefficient : 2.5635  

Second, count the places between the current decimal place and its position in the coefficient: 2  

Third, determine the sign of the exponent. Moving to the left gives a positive sign (the number is 

greater than 10): +  

Finally write the number in scientific notation: 2.5635 x 10+2 which is usually written as 2.5635 x 102  

Write 42.76 in scientific (exponential) notation.  

First, write the coefficient : 4.276  

Second, count the places between the current decimal place and its position in the coefficient: 1  

Third, determine the sign of the exponent. Moving to the left gives a positive sign (the number is 

greater than 10): +  

Finally write the number in scientific notation: 4.276 x 101  



Write the number 3.56 in scientific (exponential) notation.  

First, write the coefficient : 3.56  

Second, count the places between the current decimal place and its position in the coefficient: 0  

Zero is neither positive nor negative in sign.  

Finally write the number in scientific notation: 3.56 x 100  

Converting Scientific (exponential) Notation to a Decimal System Number 

Write 1.23 x 103 as a decimal system number.  

First, decide which way the decimal point will move based on whether the exponent is positive 

(move to right) or negative (move to left) : + therefore moves to right (number is greater than 10)  

Second, decide how many places the decimal point will move based on the size of the exponent: 3 

places  

Finally write the number using zeroes to fill in the places between the decimal point in the 

coefficient and in the new number: 1230  

Write 4.76 x 10-2 as a decimal system number.  

First, decide which way the decimal point will move based on whether the exponent is positive 

(move to right) or negative (move to left) : - therefore moves to left (number is less than 0)  

Second, decide how many places the decimal point will move based on the size of the exponent: 2 

places  

Finally write the number using zeroes to fill in the places between the decimal point in the 

coefficient and in the new number : 0.0467  

Write 5.22 x 101 as a decimal system number.  

First, decide which way the decimal point will move based on whether the exponent is positive 

(move to right) or negative (move to left) : + therefore moves to right (number is greater than 10)  

Second, decide how many places the decimal point will move based on the size of the exponent: 1 

place  

Finally write the number using zeroes to fill in the places between the decimal point in the 

coefficient and in the new number if necessary: 52.2  

Temperature 

Key Concepts 

Temperature is a measure of the average kinetic energy of the particles in an object.  

    Adding energy, eg, heat, to an object increases the kinetic energy of the particles which is 

observed as an increase in temperature.  



    When an object loses energy, kinetic energy of the particles decreases and is observed as a 

decrease in temperature.  

Several temperature scales are in common use:  

    Kelvin Scale based on the kelvin unit (K), the SI unit of temperature.  

    Celsius Scale based on degrees Celsius (oC), closely related to the Centigrade scale.  

    Fahrenheit Scale based on degrees Fahrenheit (oF), commonly used in North America.  

Kelvin Scale is based on the following fixed points:  

    The zero point is absolute zero, the lowest temperature theoretically obtainable.  

    The temperature at which solid, liquid and gaseous water can coexist indefinitely (the triple-point 

temperature of water) is assigned a value of 273.16K  

Celsius Scale is based on a triple-point temperature of water of 0.01oC, and at 1atm pressure a 

freezing point of 0.00oC and a boiling point of 100.00oC.  

    Celsius units (oC) are the same size as kelvin units (K).  

Fahrenheit Scale is based on a freezing point of water of 32oF and a boiling point of 212oF.  

Temperature Conversions 

Converting Celsius (oC) to kelvin (K)  

kelvin (K) = oC + 273.15 

Converting kelvin (K) to Celsius (oC)  

oC = K - 273.15 

Converting Fahrenheit (oF) to Celsius (oC)  

oC = 5/9 x (oF - 32) 

Converting Celsius (oC) to Fahrenheit (oF)  

oF = (9/5 x oC) + 32 

Examples of Temperature Conversions 

Convert 100oC to kelvin  

kelvin (K) = oC + 273.15  

K = 100 + 273.15 = 373.15K 

Convert 298.15K to Celsius  

oC = K - 273.15  

oC = 298.15 - 273.15 = 25oC 

Convert 212oF to Celsius  



oC = 5/9 x (oF - 32)  

oC = 5/9 x (212 - 32) = 100oC 

Convert 30oC to Fahrenheit  

oF = (9/5 x oC) + 32  

oF = (9/5 x 30) + 32 = 86oF 

Convert 80oF to kelvin  

Convert oF to oC  
oC = 5/9 x (oF - 32)  
oC = 5/9 x (80 - 32) = 26.67oC  

Convert oC to K  

K = oC + 273.15  

K = 26.67 + 273.15 = 299.82K 

Convert 293.15K to Fahrenheit  

Convert K to oC  
oC = K - 273.15  
oC = 293.15 - 273.15 = 20oC  

Convert oC to oF  
oF = (9/5 x oC) + 32  
oF = (9/5 x 20) + 32 = 68oF 

Mass 

Key Concepts 

Mass is a direct measure of the amount of matter in an object.  

The SI unit of mass is the kilogram which is given the symbol kg .  

Chemists in a laboratory usually deal with much smaller masses than kilograms, often grams or 

milligrams, so we need to be able to convert from one unit of mass to another.  

Mass Conversions 

SI Unit Conversions  

factors 1012 109 106 103 102 101 10-1 10-2 10-3 10-6 10-9 10-12 10-15 10-18 

prefix tera giga mega kilo hecto deca deci centi milli micro nano pico femto atto 



symbol T G M k h da d c m µ n p f a 

 

1 kilogram (1kg) = 103 grams (1000g) 1 gram (1g) = 1 ÷ 103 kilograms = 0.001kg 

1 milligram (1mg) = 10-3 grams (0.001g) 1 gram (1g) = 1 ÷ 10-3 milligrams = 1,000mg 

1 microgram (1µg) = 10-6 grams 1 gram (1g) = 1 ÷ 10-6 micrograms = 106µg 

Examples of Mass Conversions Using SI Units 

Convert 1 kilogram to grams  

From the table above we see that kilo = 103 = 1,000  

1 kg = 1,000 g  

Convert 2.5kg to grams  

1kg = 1,000 g  

2.5 kg = 2.5 x 1,000g = 2,500 g  

Convert 5 milligrams to grams  

From the table above we see that milli = 10-3  

5mg = 5 x 10-3g = 0.005g  

Convert 250g to kilograms  

1,000g = 1kg  

1g = 1 ÷ 1,000 kg = 0.001 kg  

250g = 250 ÷ 1,000 = 0.250 kg  

Convert 25 µg to kilograms  

1 µg = 10-6g  

25 µg = 25 x 10-6g = 2.5 x 10-5g  

1g = 1 ÷ 1,000 kg  

2.5 x 10-5g = 2.5 x 10-5 ÷ 1,000 kg = 2.5 x 10-8kg  

Empirical Units of Mass  

1 ounce = 0.0625 pounds = 28.35 grams  

1 oz = 0.0625 lb = 28.35 g 

1 pound = 16 ounces = 0.4536 kilograms  



1 lb = 16 oz = 0.4536 kg 

Examples of Conversion Between Empirical Units and SI Units of Mass 

Convert 10 ounces to grams  

1 oz = 28.35 g  

10 oz = 10 x 28.35 g = 283.5g  

Convert 2.5 pounds to kilograms  

1 lb = 0.4536 kg  

2.5 lb = 2.5 x 0.4536 kg = 1.134 kg  

Convert 900 grams to pounds  

1 lb = 0.4536 kg  

and 1 kg = 1,000 g  

so 1 lb = 0.4536 x 1,000 g = 453.6 g  

so 1g = 1 ÷ 453.6 lb = 0.002205 lb  

900g = 900 x 0.002205 lb = 1.9845 lb  

Convert 0.25 pounds to milligrams  

1 lb = 0.4536 kg  

0.25 lb = 0.25 x 0.4536 kg = 0.1134 kg  

and 1kg = 103g  

So 0.1134 kg = 0.1134 x 103 g = 113.4g  

1 mg = 10-3g  

So 1g = 1 ÷ 10-3 mg = 103mg = 1,000mg  

113.4g = 113.4 x 103 mg = 113400 mg (1.134 x 105mg)  

Convert 430 milligrams to ounces.  

1mg = 10-3g  

430mg = 430 x 10-3g = 0.430g  

1 oz = 28.35g  

So 1g = 1 ÷ 28.35oz = 0.03527oz  

0.430g = 0.430 x 0.03527 oz = 0.0152 oz  

Volume 

Key Concepts 

The unit of volume derived from SI units is the cubic meter, m3.  



Chemists in a laboratory usually deal with much smaller volumes than cubic meters and the metric 

but non-SI units of liter or litre (L) and milliliter or millilitre (mL or ml) are in common use.  

In 1964 the litre was redefined as being equal to exactly 1 cubic decimetre:  

1L = 1dm3 

 

So 1 milliltre = 1 cubic centimetre  

1mL = 1cm3 (= 1cc) 

Non-metric units of volume can still be found in use around the world, eg, gallons of gas in the USA 

and a pint of beer in the UK.  

Volume Conversions 

Metric Unit Conversions  

factors 1012 109 106 103 102 101 10-1 10-2 10-3 10-6 10-9 10-12 10-15 10-18 

prefix tera giga mega kilo hecto deca deci centi milli micro nano pico femto atto 

symbol T G M k h da d c m µ n p f a 

 

1 litre (1L) = 103 millilitres (1000mL) 1 millilitre (1mL) = 1 ÷ 103 litres = 0.001L 

1 megalitre (1ML) = 106 litres (1,000,000L) 1 litre (1L) = 1 ÷ 106 megalitres = 10-6ML 

1 microlitre (1µL) = 10-6 litres 1 litre (1L) = 1 ÷ 10-6 microlitres = 106µL 

Examples of Volume Conversions Using Metric Units 

Convert 1 litre to decilitres  

From the table above we see that deci = 10-1 = 0.1  

1dL = 0.1L  

1L = 1 ÷ 0.1 dL = 10dL  

Convert 2.5L to millilitres  

1L = 1,000 mL  

2.5 L = 2.5 x 1,000mL = 2,500 mL  

Convert 5 millilitres to litres  



From the table above we see that milli = 10-3  

5mL = 5 x 10-3L = 0.005L  

Convert 0.250L to microlitres  

1µL = 10-6L  

1L = 1 ÷ 10-6 µL = 106 µL  

0.250L = 0.250 x 106 µL = 2.50 x 105 µL = 250,000 µL  

Convert 25 µL to millitres  

1 µL = 10-6L  

25 µL = 25 x 10-6L = 2.5 x 10-5L  

1L = 1,000 mL  

2.5 x 10-5L = 2.5 x 10-5 x 1,000 L = 2.5 x 10-2mL = 0.025mL  

Non-metric Units of Volume  

1 US liquid gallon = 231 cubic inches = 3.785411784 litres  

1 US fluid ounce = 1/128 US gallon = 0.0295735295625L = 29.5735295625mL  

1 US pint = 1/8 US gallon = 16 US fluid ounces = 473.1764729984mL  

1 US quart = 1/4 US gallon = 32 US fluid ounces = 946.3529459968mL  

Examples of Conversion Between Empirical Units and SI Units of Mass 

Convert 10 US gallons to millilitres  

1 gallon = 3.7854L  

1L = 1,000mL  

1 gallon = 1,000 x 3.7854 mL = 3,785.4mL  

10 gallons = 10 x 3,785.4mL = 37,854mL  

Convert 2.5 US fluid ounces to millilitres  

1 fl oz = 29.5735 mL  

2.5 fl oz = 2.5 x 29.5735 mL = 73.9338 mL  

Convert 200 litres to US gallons  

1 gallon = 3.7854L  

1L = 1 ÷ 3.7854 gallon = 0.2642 gallon  

so 200L = 200 x 0.2642 gallon = 52.8346 gallon  

Convert 150 millilitres to US fluid ounces  

1 fl oz = 29.57353 mL  

1mL = 1 ÷ 29.57353 = 0.03381 fl oz  

So 150mL = 150 x 0.03381 fl oz = 5.072 fl oz  



Convert 500 millilitres to US quarts.  

1 quart = 946.353 mL  

1mL = 1 ÷ 946.353 quart = 0.00106 quart  

So 500mL = 500 x 0.00106 quart = 0.528 quart  

Density Calculations 

Key Concepts 

Density is defined as mass per unit volume.  

Density can be calculated using the formula:  

d = m ÷ v  

where d = density, m = mass, v = volume  

The greater the density, the more mass per unit volume.  

The unit of density derived from SI units is kilograms per cubic meter, kg/m3 or kgm-3.  

More commonly, densities are given in g/mL (gmL-1) or g/cm3 (gcm-3 or g/cc).  

Density is a characteristic property of pure substances so density can help identify a particular pure 

substance.  

Densities of Some Pure Substances 

Pure Substance State 
Density (g/mL) 

at 25oC and 1atm 

gold solid 19.3 

mercury liquid 13.6 

lead solid 11.4 

silver solid 10.5 

copper solid 9.0 

zinc solid 7.1 

aluminium solid 2.7 

carbon (graphite) solid 2.3 

In general metals are more dense than non-

metals*.  

For example, at 25oC the density of metallic 

lead is 11.4g/mL while the density of non-

metallic sulfur is only 2.0g/mL.  

The mass of 1mL of lead would be 11.4g, 

while the mass of 1mL of sulfur is only 2.0g  

In general, solids are more dense than 

liquids which are more dense than gases**.  

For example, at 25oC, solid sulfur has a 

density of 2.0g/mL, liquid water has a 

density of 1.0g/mL and gaseous oxygen has 

a density of 0.0013g/mL.  

http://www.ausetute.com.au/massconv.html
http://www.ausetute.com.au/voluconv.html
http://www.ausetute.com.au/puresubs.html
http://www.ausetute.com.au/nonmetals.html


sulfur solid 2.0 

phosphorus solid 1.8 

ethanoic acid (acetic acid) liquid 1.04 

water liquid 1.0 

ethanol liquid 0.79 

chlorine gas 0.0029 

oxygen gas 0.0013 

 

 
* There are quite a few exceptions, especially the Group I (alkali metals) which have unusually low 

densities compared with other metals.  
**Note that mercury is an exception, it is a very dense liquid.  

Density Calculations 

density = mass ÷ volume 

This equation can be re-arranged in order to calculate mass or volume given the density of a substance:  

mass = density x volume  

volume = mass ÷ density  

Check for consistency in units:  

If density is given in g/mL then the mass must be in grams and the volume in milliltres.  

If the density is given in g/cm3 then the mass must be in grams and the volume in cubic centimetres.  

Examples of Calculations Using Densities 

Calculate the density of a ruby which has a volume of 1.6 cm3 and a mass of 6.7g.  

density = mass ÷ volume  

density = 6.7 ÷ 1.6 = 4.2 g/cm3  

Calculate the density of a liquid which has a volume of 28mL and a mass of 26.4g  

density = mass ÷ volume  

density = 26.4 ÷ 28 = 0.94 g/mL  

Beeswax has a density of 0.96 g/cm3 at 25oC and 1atm pressure.  

Calculate the mass of 5 cm3 of beeswax.  

density = mass ÷ volume  

So mass = density x volume  



mass = 0.96 x 5 = 4.8g  

Milk has a density of 1.03 g/mL at 25o and 1atm pressure.  

Calculate the mass of 1L of milk.  

density = mass ÷ volume  

So mass = density x volume  

Convert 1L to millilitres: volume = 1L x 1000mL/L = 1000mL  

mass = 1.03g/mL x 1000mL = 1030g (=1.030kg)  

At 25o and 1atm pressure, diamond has a density of 3.5 g/cm3.  

Calculate the volume of 0.5g of diamond.  

density = mass ÷ volume  

So, volume = mass ÷ density  

volume = 0.5g ÷ 3.5g/cm3 = 0.14cm3  

At 25oC and 1atm pressure, ethylene glycol has a density of 1.11g/mL.  

Calculate the volume of 0.025kg of ethylene glycol.  

density = mass ÷ volume  

So, volume = mass ÷ density  

Convert 0.025kg to g: mass = 0.025kg x 1000g/kg = 25g  

volume = 25g ÷ 1.11g/mL = 22.5mL  

 

Naming Ionic Compounds 

Key Concepts 

Positively charged ions are called cations  

Negatively charged ions are called anions  

The cation is always named first.  

Cations 

Cations can be metals or polyatomic ions  

The ammonium ion (NH4
+) is an example of a polyatomic cation  

Hydrogen can also form a cation, H+, in which case the name hydrogen is used in naming.  

For metals that have only one possible charge (valency) the name of the metal is used. 

Examples are Group I metals (charge 1+), Group II metals (charge 2+), Aluminium (charge 3+), Zinc 

(charge 2+), Silver (charge 1+)  

For metals that can have more than one charge (valency) the name of the metal is succeeded by the 



valency in capital Roman numerals in brackets 

OR 

by using the suffix -ous for the lowest valency and -ic for the highest valency and sometimes with the 

Latinised name for the metal  

Element Cation Preferred Name Other Name 

copper 

Cu+ copper (I) cuprous 

Cu2+ copper (II) cupric 

 

iron 

Fe2+ iron (II) ferrous 

Fe3+ iron (III) ferric 

 

lead 

Pb2+ lead (II) plumbous 

Pb4+ lead (IV) plumbic 

 

mercury 

Hg2
2+ mercury (I) mercurous 

Hg2+ mercury (II) mercuric 

 

tin 
Sn2+ tin (II) stannous 

Sn4+ tin (IV) stannic 

Anions 

Anions can be a negatively charged element or a polyatomic ion  

Negatively charged elements have the suffix -ide 

Examples are oxide (O2-), sulfide (S2-), fluoride (F-), chloride (Cl-), bromide (Br-), iodide (I-), nitride (N3-), 

hydride (H-)  

Polyatomic ions which include oxygen in the anion have the suffixes -ate or -ite. "ate" means there is 

more oxygen in the anion than one ending in "ite" 

Examples: sulfate (SO4
2-) has more oxygen than sulfite (SO3

2-), nitrate (NO3
-) has more oxygen in the anion 

than nitrite (NO2
-) 

Other examples are carbonate (CO3
2-), phosphate (PO4

3-) and permanganate (MnO4
-) 

Exception: OH- is named hydroxide  

Examples 



Ionic Compounds containing ions of elements 

MgO  

CATION: Mg2+ is named magnesium as magnesium belongs to Group (II) and can only have one charge 

(valency)  

ANION: O2- is named oxide  

Name of compound is magnesium oxide  

FeS  

CATION: Fe2+ is named iron (II) or ferrous as iron can have a charge of either 2+ or 3+  

ANION: S2- is named as sulfide  

Name of compound is iron (II) sulfide or ferrous sulfide  

LiH  

CATION: Li+ is named as lithium since lithium is a Group I metal and can have only one charge (valency)  

ANION: H- is named as hydride  

Name of compund is lithium hydride  

H2S  

CATION: H+ is named as hydrogen  

ANION: S2- is named as sulfide  

Name of compound is hydrogen sulfide  

Ionic compounds containing polyatomic ions 

NaOH  

CATION: Na+ is named as sodium (Group I metal)  

ANION: OH- is named as hydroxide  

Name of compound is sodium hydroxide  

CaCO3  

CATION: Ca2+ is named as calcium (Group II metal)  

ANION: CO3
2- is named as carbonate  

Name of compound is calcium carbonate  

FeSO4  

CATION: Fe2+ named as iron (II) or ferrous  

ANION: SO4
2- named as sulfate  

Name of compound is iron (II) sulfate or ferrous sulfate  

FeSO3  

CATION: Fe2+ named as iron (II) or ferrous  

ANION: SO3
2- named as sulfite  

Name of compound is iron (II) sulfite or ferrous sulfite  

(NH4)3PO4  

CATION: NH4
+ named as ammonium  

ANION: PO4
3- named as phosphate  



Name of compound is ammonium phosphate  

 

 

Writing Ionic Formulae 

Key Concepts 

Positively charged ions are called cations  

Negatively charged ions are called anions  

The formula of an ionic compound represents the simplest whole number ratio of ions present.  

The net charge on an ionic compound is zero, so the sum of the positive charges equals the sum of the 

negative charges.  

A subscript number written to the right of an element's symbol tells us how many of those ions are 

present in the formula. 

for example: potassium sulfide has the formula K2S, 2 potassium ions (K+) and 1 sulfide ion (S2-) are 

present. 

If no number is given, then only one of that ion is present. 

for example: sodium hydride has the formula NaH, 1 sodium ion (Na+) and 1 hydride ion (H+) are present.  

If more than one polyatomic ion (ion having more that one element in its formula) is present, round 

brackets enclose the formula of the polyatomic ion and a subscript number written to the right of the 

final bracket tells us how many of that polyatomic ion are present in the formula. 

for example, the nitrate ion is a polyatomic ion, NO3
-, it is an ion containing nitrogen and oxygen atoms. 

Calcium nitrate has the formula Ca(NO3)2 and it contains 1 calcium ion (Ca2+) and 2 nitrate ions (NO3
-).  

Type of 

Ion 
Charge Examples 

CATIONS 

+1 
Group I ions (Li+, Na+, K+, Rb+, Cs+) 

Ag+, H+, NH4
+[amminium], Cu+[copper (I)], Hg2

2+[mercury(I)] 

 

+2 

Group II ions (Be2+, Mg2+, Ca2+, Sr2+, Ba2+) 

Zn2+, Cu2+[copper (II)], Fe2+[iron (II)], Pb2+[lead (II)], Sn2+[tin (II)], 

Hg2+[mercury (II)] 

 

+3 Al3+, Fe3+[iron (III)] 

 



+4 Pb4+[lead(IV)], Sn4+[tin(IV)] 

  

ANIONS 

-1 
Group VII ions (F-[fluoride], Cl-[chloride], Br-[bromide], I-[iodide]) 

H-[hydride], OH-[hydroxide], NO3
-[nitrate], NO2

-[nitrite] 

 

-2 
Group VI ions (O2-[oxide], S2-[sulfide]) 

SO4
2-[sulfate], SO3

2-[sulfite], CO3
2-[carbonate] 

 

-3 N3-[nitride], P3-[phosphide], PO4
3-[phosphate] 

Examples 

Charge on Cation EQUALS Charge on Anion 

magnesium oxide  

CATION: magnesium (Group II) charge is +2: Mg2+  

ANION: oxide ion (Group VI) charge is -2: O2-  

1 Mg2+ cation and 1 O2- anion combine to give a compound with zero net charge,  

    +2 + -2 = 0  

Formula of magnesium oxide is MgO  

ammonium hydroxide  

CATION: ammonium ion, charge is +1: NH4
+  

ANION: hydroxide ion, charge is -1: OH-  

1 NH4
+ cation and 1 OH- anion combine to give a compound with zero net charge,  

    +1 + -1 =0  

Formula of ammonium hydroxide is NH4OH  

Charge on Cation DOES NOT EQUAL Charge on Anion 

aluminium chloride  

CATION: aluminium (Group III), charge is +3: Al3+  

ANION: chloride (Group VII), charge is -1: Cl-  

1 Al3+ cation and 3 Cl- anions combine to give a compound with zero net charge:  

    +3 + (3 x -1) = 0  



Formula of aluminium chloride is AlCl3  

sodium oxide  

CATION: sodium (Group I), charge is +1: Na+  

ANION: oxide (Group VI), charge is -2: O2-  

2 Na+ cations and 1 O2- anion combine to give a compound with zero net charge:  

    (2 x -1) + -2 = 0  

Formula of sodium oxide is Na2O  

ammonium sulfate  

CATION: ammonium, charge is +1: NH4
+  

ANION: sulfate, charge is -2: SO4
2-  

2 NH4
+ cations and 1 SO4

2- anion combine to give a compound with zero net charge:  

    (2 x -1) + -2 = 0  

Formula of ammonium sufate is (NH4)2SO4  

barium hydroxide  

CATION: barium (Group II), charge is +2: Ba2+  

ANION: hydroxide, charge is -1: OH-  

1 Ba2+ cation and 2 OH- anions combine to give a compound with zero net charge:  

    +2 + (2 x -1) = 0  

Formula of barium hydroxide is Ba(OH)2  

 

 

Empirical and Molecular Formula 

Key Concepts 

Empirical Formula of a compound shows the ratio of elements present in a compound.  

Molecular Formula of a compound shows how many atoms of each element are present in a molecule of 

the compound.  

The empirical formula mass of a compound refers to the sum of the atomic masses of the elements 

present in the empirical formula.  

The Molecular Mass (formula mass, formula weight or molecular weight) of a compound is a multiple of 

http://www.ausetute.com.au/mmcalcul.html


the empirical formula mass.  

    MM = n x empirical formula mass  

Empirical Formula can be calculated from the percentage (or percent) composition of a compound.  

Examples of Empirical and Molecular Formula 

If carbon and hydrogen are present in a compound in a ratio of 1:2, the empirical formula for the 

compound is CH2.  

The empirical formula mass of this compound is: 12.0 + (2 x 1.0) = 14.0 g/mol  

If we know the molecular mass of the compound is 28.0 g/mol then we can find the molecular formula for 

the compound.  

MM = n x empirical formula mass  

28.0 = n x 14.0  

n = 2  

So the molecular formula for the compound is 2 x empirical formula, ie, 2 x (CH2) which is C2H4  

There are many compounds that can have the empirical formula CH2.  

These include:  

C2H4 (ethene or ethylene) molecular mass=28.0g/mol and n=2  

C3H6 (propene or propylene) molecular mass=42.0g/mol and n=3  

C3H6 (cyclopropane) molecular mass=42.0g/mol and n=3  

C4H8 (butene or butylene) molecular mass=56.0g/mol and n=4  

C4H8 (cyclobutane) molecular mass=56.0g/mol and n=4  

Calculating Empirical Formula from Percentage Composition 

Assume 100g of sample  

Convert all percentages to a mass in grams, eg, 21% = 21g, 9% = 9g  

Find the relative atomic mass (r.a.m) of each element present using the Periodic Table  

Calculate the moles of each element present: n = mass ÷ r.a.m  

Divide the moles of each element by the smallest of these to get a mole ratio  

If the numbers in the mole ratio are all whole numbers (integers) convert this to an empirical formula  

If the numbers in the mole ratio are NOT whole numbers, you will need to further manipulate these until 

the mole ratio is a ratio of whole numbers (integers)  

Recognising the decimal equivalent of common fractions is very helpful!  
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Common Decimal Equivalent Fraction Mole Ratio Example 

0.125 1/8 
1 : 1.125 converts to 1 : 9/8  

multiply throughout by 8 to give 8 : 9 

0.25 1/4 
1 : 0.25 converts to 1 : 1/4  

multiply throughout by 4 to give 4 : 1 

0.33 1/3 
1 : 1.33 converts to 1 : 4/3  

multiple throughout by 3 to give 3 : 4 

0.375 3/8 
1 : 1.375 converts to 1 : 11/8  

multiply throughout by 8 to give 8 : 11 

0.5 1/2 
2 : 1.5 converts to 2 : 3/2  

multiply throughout by 2 to give 4 : 3 

0.625 5/8 
1 : 1.625 converts to 1 : 13/8  

multiply throughout by 8 to give 8 : 13 

0.66 2/3 
2 : 1.66 converts to 2 : 5/3  

multiply throughout by 3 to give 6 : 5 

0.875 7/8 
1 : 0.875 converts to 1 : 7/8  

multiply throughout by 8 to give 8 : 7 

Example 1 

A compound is found to contain 47.25% copper and 52.75% chlorine.  

Find the empirical formula for this compound.  

element Cu Cl 

mass in grams 47.25 52.75 

r.a.m 63.6 35.5 

moles = mass ÷ r.a.m 47.25 ÷ 63.6 = 0.74 52.75 ÷ 35.5 = 1.49 

divide throughout by lowest number 0.74 ÷ 0.74 = 1 1.49 ÷ 0.74 = 2.01 = 2 

Empirical formula for this compound is CuCl2  



Example 2 

A compound with a molecular mass of 34.0g/mol is known to contain 5.88% hydrogen and 94.12% oxygen.  

Find the molecular formula for this compound.  

First, find the empirical formula of the compound.  

element H O 

mass in grams 5.88 94.12 

r.a.m 1.0 16.0 

moles = mass ÷ r.a.m 5.88 ÷ 1.0 = 5.88 94.12 ÷ 16.0 = 5.88 

divide throughout by the smallest number 5.88 ÷ 5.88 = 1 5.88 ÷ 5.88 = 1 

Empirical formula is HO  

Calculate the empirical formula mass: 1.0 + 16.0 = 17.0 g/mol  

Molecular Mass = n x empirical formula mass  

34.0 = n x 17.0  

n = 34.0 ÷ 17.0 = 2  

Molecular Formula is 2 x (HO) which is H2O2  

 

 

Balancing Chemical Equations 

Key Concept 

The number of atoms of each element on the left hand side of the equation must be the same as the 

number of atoms of each element on the right hand side of the equation  

Summary 

Reactants are written on the left hand side of the chemical equation.  

Products are written on right hand side of the chemical equation.  

You can't change the formula of reactant or product molecules in the chemical equation.  

You can only change the numbers of reactant or product molecules in the chemical equation.  



Example 

When zinc metal reacts with hydrochloric acid, hydrogen gas and zinc chloride are produced.  

Write a balanced chemical equation for this reaction.  

Identify the reactants and products:  

reactants : zinc and hydrochloric acid 

products : hydrogen and zinc chloride 

Write the word equation:  

general form of equation: reactants → products 

word equation for this reaction:      zinc + hydrochloric acid → hydrogen + zinc chloride 

Write the formula for all reactants and products:  

zinc : Zn  

hydrochloric acid : HCl  

hydrogen gas : H2  

zinc chloride : ZnCl2  

Once you have written the formula for each reactant and product you cannot change them during the 

process of balancing the equation.  

Write the unbalanced chemical equation by replacing the words in the word equation with the formulae 

above:  

word equation: zinc + hydrochlodic acid → hydrogen + zinc chloride 

unbalanced chemical equation:        Zn + HCl → H2 + ZnCl2 

Balancing the equation:  

Balance the Zn atoms:  

Count the number of Zn atoms on the left hand side of the equation = 1  

(ie 1 Zn atom in Zn) 

 

Count the number of Zn atoms on the right hand side of the equation = 1  

(ie, 1 Zn atom in ZnCl2) 

 

number of Zn atoms on the left hand side = number of Zn atoms on the right hand side  
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Zn atoms are balanced.  

Balance the H atoms in the chemical equation:  

Zn + HCl → H2 + ZnCl2 

 

Count the number of H atoms on the left hand side of the equation = 1  

(ie, 1 H atom in HCl) 

 

Count the number of H atoms on the right hand side of the equation = 2  

(ie, 2 H atoms in H2) 

 

number of H atoms on the left hand side ≠ number of H atoms on right hand side  

H atoms are NOT balanced.  

In order to balance the number of H atoms, we need twice as many H atoms on the left hand side of the 

equation, but, we cannot change the formula of hydrochloric acid so we must multiply the number of 

molecules of hydrochloric acid by 2:  

Zn + 2HCl → H2 + ZnCl2 

 

Check that the number of H atoms on each side of the equation is now the same:  

Count the number of H atoms on the left hand side of the equation = 2  

(ie, 2 H atoms in 2HCl) 

 

Count the number of H atoms on the right hand side of the equation = 2  

(ie, 2 H atoms in H2) 

 

number of H atoms on the left hand side = number of H atoms on right hand side  

H atoms are balanced.  

Balance the Cl atoms using the new chemical equation :  

Zn + 2HCl → H2 + ZnCl2 

 

Count the number of Cl atoms on the left hand side of the equation = 2  

(ie, 2 Cl atoms in 2HCl) 

 



Count the number of Cl atoms on the right hand side of the equation = 2  

(ie, 2 Cl atoms in ZnCl2) 

 

number of Cl atoms on the left hand side = number of Cl atoms on right hand side  

Cl atoms are balanced.  

The chemical equation is balanced when the numbers of atoms of each element on the left hand side of 

the equation is equal to the number of atoms of each element on the right hand side of the equation:  

 Zn + 2HCl → H2 + ZnCl2  

number Zn atoms 1     =     1 
Zn atoms are 

balanced 

number H atoms       2 = 2     H atoms are balanced 

number Cl atoms         2 =         2 Cl atoms are balanced 

The number of atoms of each element on the left hand side of the equation is equal 

to the number of atoms of each element on the right hand side of the equation so 

the chemical equation is balanced. 

o  

 

 

Writing Equations: Precipitation Reactions 

Key Concepts 

In a precipitation reaction a product of the reaction is only slightly soluble, or insoluble. This product is 

formed as a solid, also known as a precipitate.  

Solubility Rules can be used to determine if a product is insoluble (forms a precipitate)  

Ions in solution that are not used to form the precipitate are called spectator ions  

It is important to include the states of matter in the chemical equation:  

    (s) for solid, the precipitate  

    (g) for gas  

    (l) for liquid  

    (aq) for substances in aqueous solution  

Equations written to represent precipitation reactions can be written in one of three ways:  
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Molecular Equations 

All reactants and products are written as if they are molecules  

Ionic Equations 

All reactants and products that are soluble are written as ions, only the precipitate is written as if it were 

a molecule  

Net Ionic Equations 

Only the reactants and product taking part in the reaction are written in the equation, the reactants as 

ions, the product as a molecule. 

Spectator ions are not included in the equation  

Example 

Consider the reaction between solutions of sodium chloride, NaCl(aq), and silver nitrate, AgNO3(aq).  

The possible products of the reaction are sodium nitrate, NaNO3, and silver chloride, AgCl.  

From the solubility rules we find that sodium nitrate, NaNO3, is soluble since all Group I ions form soluble 

salts and also all nitrates are soluble. Silver chloride, AgCl, is insoluble since all chlorides are soluble 

EXCEPT those of silver, lead (II), mercury (I), copper (II) and thallium.  

Writing the precipitation reaction equations  

Molecular Equation  

All species in the reaction are written as if they are molecules, species in solution must include the (aq), 

the precipitate must include the (s)  

That is: NaCl(aq), AgNO3(aq), NaNO3(aq), AgCl(s)  

NaCl(aq) + AgNO3(aq) -----> NaNO3(aq) + AgCl(s)  

Ionic Equation  

All species in solution are written as ions, the precipitate is written as if a molecule.  

That is; REACTANTS:Na+(aq), Cl-(aq), Ag+(aq), NO3
-(aq)  

PRODUCTS: Na+(aq), NO3
-(aq), AgCl(s)  

Na+(aq) + Cl-(aq) + Ag+(aq) + NO3
-(aq) ------> Na+(aq) + NO3

-(aq) + AgCl(s)  

Net Ionic Equation  

Written as for Ionic Equation except that spectator ions are not included in the equation:  

That is; Na+(aq), NO3
-(aq) are not included.  

Only the species involved in producing the precipitate are included in the equation  

That is; Ag+(aq), Cl-(aq), AgCl(s) are included in the equation  

Ag+(aq) + Cl-(aq) ------> AgCl(s)  
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Molecular Mass     (Molecular Weight, Formula Mass, Formula Weight) 

Molecular Mass (Molecular Weight) 

In theory, the relative molecular mass or molecular weight of a compound is the mass of a molecule of 

the compound relative to the mass of a carbon atom taken as exactly 12.  

In practice, the molecular mass, MM, (molecular weight, MW) of a compound is the sum of the atomic 

masses (atomic weights) of the atomic species as given in the molecular formula.  

In theory we can only refer to the Molecular Mass or Molecular Weight of a covalent compound since 

only covalent compounds are composed of molecules.  

Formula Mass (Formula Weight) 

The relative formula mass, FM, (formula weight, FW) of a compound is the sum of the atomic masses 

(atomic weights) of the atomic species as given in the formula of the compound.  

Formula Mass (Formula Weight) is a more general term that can be applied to compounds that are not 

composed of molecules, such as ionic compounds.  

In practice, the terms, molecular mass, molecular weight, formula mass and formula weight are used 

interchangeably by Chemists.  

Molecular Mass Calculations 

Calculate the Molecular Mass (MM) of the compound carbon monoxide, CO 

The formula for carbon monoxide is composed of one atom of carbon and one atom of oxygen  

Atomic mass carbon = 12.01 (from the Periodic Table)  

Atomic mass of oxygen = 16.00 (from the Periodic Table)  

Molecular Mass (MM) for cabon monoxide  

    = atomic mass carbon + atomic mass oxygen  

Molecular mass (MM) = 12.01 + 16.00  

    = 28.01 g/mole  

Calculate the Molecular Mass (MM) of the compound carbon dioxide, CO2 

The formula for carbon dioxide is composed of one atom of carbon and two atoms of oxygen  

Atomic mass carbon = 12.01 (from the Periodic Table)  

Atomic mass of oxygen = 16.00 (from the Periodic Table)  

Molecular Mass (MM) for carbon dioxide  

    = atomic mass carbon + (2 x atomic mass oxygen)  



Molecular Mass (MM) = 12.01 + (2 x 16.00)  

    = 12.01 + 32.00  

    = 44.01g/mole  

Calculate the Molecular Mass (MM) of the compound water, H2O 

The formula for water is composed of two hydrogen atoms and one oxygen atom  

Atomic mass hydrogen = 1.008 (from the Periodic Table)  

Atomic mass of oxygen = 16.00 (from the Periodic Table)  

Molecular Mass (MM) for water  

    = (2 x atomic mass hydrogen) + atomic mass oxygen  

Molecular Mass (MM) = (2 x 1.008) + 16.00  

    = 2.016 + 16.00  

    = 18.016g/mole  

Calculate the Molecular Mass (MM) of the compound calcium hydroxide, Ca(OH)2 

The formula for calcium hydroxide is composed of one calcium "atom" (actually an ion) and two 

hydroxide ions. Each hydroxide ion is composed of one hydrogen "atom" (actually an ion) and one oxygen 

"atom" (also an ion)  

Atomic mass calcium = 40.08 (from the Periodic Table)  

Atomic mass hydrogen = 1.008 (from the Periodic Table)  

Atomic mass of oxygen = 16.00 (from the Periodic Table)  

Molecular Mass (MM) for calcium hydroxide  

    = atomic mass calcium + (2 x atomic mass oxygen) + (2 x atomic mass hydrogen)  

Molecular Mass (MM) = 40.08 + (2 x 16.00) + (2 x 1.008)  

    = 40.08 + 32.00 + 2.016  

    = 74.096g/mole  

Alternatively, Moelcular Mass = atomic mass of calcium + (2 x molecular mass of hydroxide ions)  

Molecular Mass (MM) = 40.08 + [2 x (16.00 + 1.008)]  

    = 40.08 + [2 x 17.008]  

    = 40.08 + 34.016  

    = 74.096g/mole  

Calculate the Molecular Mass (MM) of the compound ammonium sulfate, (NH4)2SO4 

The formula of ammonium sulfate is composed of two atoms of nitrogen, eight atoms of hydrogen, one 

atom of sulfur and four atoms of oxygen  

Atomic mass nitrogen = 14.01 (from the Periodic Table)  

Atomic mass hydrogen = 1.008 (from the Periodic Table)  

Atomic mass of sulfur = 32.06 (from the Periodic Table)  



Atomic mass of oxygen = 16.00 (from the Periodic Table)  

Molecular Mass (MM) for ammonium sulfate  

    = (2 x atomic mass nitrogen) + (8 x atomic mass hydrogen) + atomic mass sulfur + (4 x atomic mass 

oxygen)  

Molecular Mass (MM) = (2 x 14.01) + (8 x 1.008) + 32.06 + (4 x 16.00)  

    = 28.02 + 8.064 + 32.06 + 64.00  

    = 132.144g/mole  

Alternatively, Molecular Mass (MM) = [2 x molecular mass ammonium ions (NH4)] + atomic mass sulfur + 

(4 x atomic mass oxygen)  

Molecular Mass (MM) = {2 x [14.01 + (4 x 1.008)]} + 32.06 + (4 x 16.00)  

    = {2 x [14.01 + 4.032]} + 32.06 + 64.00  

    = {2 x 18.042} + 32.06 + 64.00  

    = 36.084 + 32.06 + 64.00  

    = 132.144g/mol  

Calculate the Molecular Mass (MM) of the compound ethanoic acid (acetic acid), CH3COOH 

The formula of ethanoic acid is composed of two carbon atoms, four hydrogen atoms and two oxygen 

atoms  

Atomic mass carbon = 12.01 (from the Periodic Table)  

Atomic mass hydrogen = 1.008 (from the Periodic Table)  

Atomic mass of oxygen = 16.00 (from the Periodic Table)  

Molecular Mass (MM) for ethanoic acid  

    = (2 x atomic mass carbon) + (4 x atomic mass hydrogen) + (2 x atomic mass oxygen)  

Molecular Mass (MM) = (2 x 12.01) + (4 x 1.008) + (2 x 16.00)  

    = 24.02 + 4.032 + 32.00  

    = 60.052g/mol  

 

 

Percent Composition (Percentage Composition) 

Key Concepts 

The percent composition (percentage composition) of a compound is a relative measure of the mass of 

each different element present in the compound.  

To calculate the percent composition (percentage composition) of a compound  

Calculate the molecular mass (molecular weight, formula mass, formula weight), MM, of the compound  
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Calculate the total mass of each element present in the formula of the compound  

Calculate the percent compositon (percentage composition): % by weight (mass) of element  

    = (total mass of element present ÷ molecular mass) x 100  

Examples 

Calculate the percent by weight of sodium (Na) and chlorine (Cl) in sodium chloride (NaCl) 

Calculate the molecular mass (MM): 

MM = 22.99 + 35.45 = 58.44  

Calculate the total mass of Na present: 

1 Na is present in the formula, mass = 22.99  

Calculate the percent by weight of Na in NaCl: 

%Na = (mass Na ÷ MM) x 100 = (22.99 ÷ 58.44) x 100 = 39.34%  

Calculate the total mass of Cl present: 

1 Cl is present in the formula, mass = 35.45  

Calculate the percent by weight of Cl in NaCl: 

%Cl = (mass Cl ÷ MM) x 100 = (35.45 ÷ 58.44) x 100 = 60.66%  

    The answers above are probably correct if %Na + %Cl = 100, that is,  

    39.34 + 60.66 = 100.  

Calculate the percent by weight of each element present in sodium sulfate (Na2SO4). 

Calculate the molecular mass (MM): 

MM = (2 x 22.99) + 32.06 + (4 x 16.00) = 142.04  

Calculate the total mass of Na present: 

2 Na are present in the formula, mass = 2 x 22.99 = 45.98  

Calculate the percent by weight of Na in Na2SO4: 

%Na = (mass Na ÷ MM) x 100 = (45.98 ÷ 142.04) x 100 = 32.37%  

Calculate the total mass of S present in Na2SO4: 

1 S is present in the formula, mass = 32.06  

Calculate the percent by weight of S present: 

%S = (mass S ÷ MM) x 100 = (32.06 ÷ 142.04) x 100 = 22.57%  

Calculate the total mass of O present in Na2SO4: 

4 O are present in the formula, mass = 4 x 16.00 = 64.00  

Calculate the percent by weight of O in Na2SO4: 

%O = (mass O ÷ MM) x 100 = (64.00 ÷ 142.04) x 100 = 45.06%  

    The answers above are probably correct if %Na + %S + %O = 100, that is,  



    32.37 + 22.57 + 45.06 = 100  

Calculate the percent by weight of each element present in ammonium phosphate [(NH4)3PO4] 

Calculate the molecular mass (MM) of (NH4)3PO4: 

MM = 3x[14.01 + (4 x 1.008)] + 30.97 + (4 x 16.00) = 3 x [14.01 + 4.032] + 30.97 + 64.00 = (3 x 18.042) + 

30.97 + 64.00 = 54.126 + 30.97 + 64.00 = 149.096  

Calculate the total mass of N present: 

3 N are present, mass = 3 x 14.01 = 42.03  

Calculate the percent by mass of N present in (NH4)3PO4: 

%N = (mass N ÷ MM) x 100 = (42.03 ÷ 149.096) x 100 = 28.19%  

Calculate the total mass of H present: 

12 H are present in the formula, mass = 12 x 1.008 = 12.096  

Calculate the percent by mass of H present in (NH4)3PO4: 

%H = (mass H ÷ MM) x 100 = (12.096 ÷ 149.096) x 100 = 8.11%  

Calculate the total mass of P present: 

1 P is present in the formula, mass = 30.97  

Calculate the percent by mass P in (NH4)3PO4: 

%P = (mass P ÷ MM) x 100 = (30.97 ÷ 149.096) x 100 = 20.77%  

Calculate the total mass of O present: 

4 O are present in the formula, mass = 4 x 16.00 = 64.00  

Calculate the percent by mass of O in (NH4)3PO4: 

%O = (mass O ÷ MM) x 100 = (64.00 ÷ 149.096) x 100 = 42.93%  

    The answers above are probably correct if %N + %H + %P + %O =100, that is,  

    28.19 + 8.11 + 20.77 + 42.93 = 100  

 

 

Definitions of a mole 

Key Concepts 

Mole is abbreviated to mol and given the symbol n  

1 mole contains the same number of particles as there are in 12g of carbon-12 atoms by definition. 

This number is called Avogadro's number or Avogadro's constant (NA) and is equal to 6.022 x 1023 particles.  

1 mole of a pure substance has a mass in grams equal to its molecular mass (MM) [also known as 

molecular weight (MW) or formula mass (FM) or formula weight (FW)]. 
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This is often referred to as the molar mass.  

1 mole of an ideal gas has a volume of:  

    22.4 litres (22.4L) at S.T.P.  

    [Standard Temperature and Pressure, 0oC (273K) and 101.3kPa (1 atm)]  

    24.47 litres (24.47L) at S.L.C  

    [Standard Laboratory Conditions, 25oC (298K) and 101.3kPa (1atm)]  

Examples 

Avogadro's Number (NA) 

1 mole of atoms or molecules contains 6.022 x 1023 atoms or molecules  

    eg, 1 mole of helium atoms (He) contains 6.022 x 1023 helium atoms (He)  

To find the number of atoms in a known number of moles,  

    multiply the moles by 6.022 x 1023  

    eg, 2 moles of helium atoms (He) contains 2 x 6.022 x 1023  

    = 1.2044 x 1024 helium atoms. (He)  

To find the moles of atoms,  

    divide the number of atoms by 6.022 x 1023  

    eg, If we have 4.2154 x 1023 neon atoms, how many moles of neon atoms are there?  

    Moles of neon atoms = (4.2154 x 1023) ÷ (6.022 x 1023)  

    = 0.7 mol  

1 mole of molecules contains 6.022 x 1023 molecules.  

    eg, 1 mole of oxygen molecules (O2) contains 6.022 x 1023 oxygen molecules (O2).  

To find the moles of molecules,  

    multiply the number of molecules by 6.022 x 1023  

    eg, ½ mole of oxygen molecules (O2) contains ½ x 6.022 x 1023  

    = 3.011 x 1023 oxygen molecules (O2).  

To find the number of molecules,  

    divide the moles of molecules by 6.022 x 1023  

    eg, If we have 6.022 x 1021 chlorine molecules (Cl2), how many moles of chlorine molecules are there?  

    Moles of chlorine molecules = (6.022 x 1021) ÷ (6.022 x 1023)  

    = 0.01 mol  

1 mole of molecules does not necessarily contain 1 mole of atoms of each element in the formula  

    eg, 1 mole of HCl WILL contain 1 mole of hydrogen atoms (H) and 1 mole of chlorine atoms (Cl)  

    eg, 1 mole of HCl contains 6.022 x 1023 hydrogen atoms and 6.022 x 1023 chlorine atoms  

    eg, 5 moles of oxygen molecules (O2) contains 5 x 2 = 10 moles of oxygen atoms (O)  

    eg, 5 moles of oxygen molecules contains 10 x 6.022 x 1023 = 6.022 x 1024 oxygen atoms.  

    eg, 1 mole of ammonia molecules (NH3) will contain 1 mole of nitrogen atoms (N) and 3 moles of 

hydrogen atoms (H)  



    1 mole of ammonia molecules contains 6.022 x 1023 nitrogen atoms and 3 x 6.022 x 1023 = 1.8066 x 1024 

hydrogen atoms  

Molar Mass 

1 mole of a pure substance has a mass in grams equal to its molecular mass (MM).  

    eg, 1 mole of Helium (a monatomic gas with the formula He) has a mass equal to its relative atomic 

mass, 4.003g  

    eg, 1 mole of hydrogen gas (a diatomic gas with the formula H2) has a mass equal to 2 x 1.008 = 2.016g  

    eg, 1 mole of ammonia gas (NH3) has a mass equal to 14.01 + (3 x 1.008) = 17.034g  

    eg, 1 mole of water (H2O) has a mass equal to (2 x 1.008) + 16.00 = 18.016g  

Ideal Gas Volumes 

at S.T.P [0oC (273K), 101.3kPa (1 atm)], an ideal gas has a volume of 22.4L  

To find the volume of a certain number of moles of gas, multiply the moles by 22.4L  

    eg, What is the volume of 2.5 moles of chlorine gas at S.T.P?  

    Volume of chlorine gas = 2.5 x 22.4 = 56.0L  

To find the moles of a certain volume of gas, divide the volume by 22.4L  

    eg, How many moles of argon are in 3.36L of argon gas at S.T.P?  

    moles of argon gas = 3.36 ÷ 22.4 = 0.15 mol  

at S.L.C [25oC (298K), 101.3kPa (1 atm)], an ideal gas has a volume of 24.47L  

    eg, To find the volume of a certain number of moles of gas, multiply the moles by 24.47L  

    What is the volume of 0.2 moles of hydrogen sulfide gas at S.L.C?  

    Volume of hydrogen sulfide gas = 0.2 x 24.47 = 4.894L  

To find the moles of a certain volume of gas, divide the volume by 24.47L  

    eg, How many moles of carbon monoxide are in 70.5L of carbon monoxide gas at S.L.C?  

    moles of argon gas = 70.5 ÷ 24.47 = 2.881 mol  

 

 

Mass-Mole Calculations (n = mass ÷ MM) 

Key Concepts 

1 mole of a pure substance has a mass equal to its molecular mass (MM)  

    So 2 moles would have a mass = 2 x MM  

    3 moles would have a mass = 3 x MM etc  

This leads to the formula: mass = n x MM  

    mass is in grams,  

    n = moles of pure substance,  
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    MM = molecular mass of the pure substance  

This formula can be rearranged to give the following:  

    n = mass ÷ MM  

    MM = mass ÷ n  

Examples 

1. mass = n x MM 

Calculate the mass of 0.25 moles of water  

mass (in grams) = n x MM  

n = 0.25mol  

MM of water (H2O) = (2 x 1.008) + 16.00 = 18.016g mol-1  

mass = 0.25 x 18.016 = 4.504g  

2. n = mass ÷ MM 

Calculate the moles in 124.5g of oxygen gas.  

n = mass ÷ MM  

mass = 124.5g  

MM of O2 = 2 x 16.00 =32.00g mol-1  

n = 124.5 ÷ 32.00 = 3.89mol  

3. MM = mass ÷ n 

Calculate the molecular mass of a pure substance if 1.75 moles of the substance has a mass of 29.792g  

MM = mass ÷ n  

mass = 29.792g  

n = 1.75mol  

MM = 29.792 ÷ 1.75 = 17.024g mol-1  

 

 

Concentration of Solutions Calculations (M = n ÷ V) 

Key Concepts 

The concentration of a solution is usually given in moles per litre (mol L-1 OR mol/L).  



    This is also known as molarity.  

Concentration, or Molarity, is given the symbol M.  

    A short way to write that the concentration of a solution of hydrochloric acid is 0.01 mol/L is to write 

[HCl]=0.01M  

    The square brackets around the substance indicate concentration.  

M = n ÷ V  

    M = concentration of solution in mol/L,  

    n = moles of substance,  

    V = volume of solution in litres (L)  

This formula can be re-arranged:  

    n = M x V  

    V = n ÷ M  

Examples 

1. M = n ÷ V 

Calculate the concentration (molarity) of a sodium chloride solution containing 0.125 moles sodium 

chloride in 0.5 litres of water.  

M = n ÷ V in litres  

n = 0.125mol  

V in litres = 0.5L  

[NaCl(aq)] = M = 0.125 ÷ 0.5 = 0.25M (or 0.25mol/L or 0.25mol L-1)  

2. n = M x V 

Calculate the moles of copper sulfate in 250mL of 0.02M copper sulfate solution.  

n = M x V  

M = 0.02M  

V = 250mL = 250 ÷ 1000 = 250 x 10-3L = 0.250L (since there are 1000mL in 1L)  

n = 0.02 x 250 x 10-3 = 0.005mol  

3. V = n ÷ M 

Calculate the volume of a 0.80M potassium bromide solution containing 1.6 moles of potassium bromide.  

V = n ÷ M  

n = 1.6mol  



M = 0.80M  

V = 1.6 ÷ 0.80 = 2.00L  

 

 

Dilution of Solutions Calculations (M1V1=M2V2) 

Key Concepts 

The concentration of a solution is usually given in moles per litre (mol L-1 OR mol/L).  

    This is also known as molarity.  

Concentration, or Molarity, is given the symbol M.  

    A short way to write that the concentration of a solution of hydrochloric acid is 0.01 mol/L is to write 

[HCl]=0.01M  

    The square brackets around the substance indicate concentration.  

The solute is the substance which dissolves.  

The solvent is the liquid which does the dissolving.  

A solution is prepared by dissolving a solute in a solvent.  

When a solution is diluted, more solvent is added to it.  

    Since M = n ÷ V, and n (the moles of solute) is the same for the original solution and the new diluted 

solution, it follows that M1V1 = M2V2  

    where M1=original concentration of solution  

            V1=original volume of solution  

            M2=new concentration of solution after dilution  

            V2=new volume of solution after dilution  

To calculate the new concentration (M2) of a solution given its new volume (V2) and its original 

concentration (M1) and original volume (V1):  

    M2 = (M1 x V1) ÷ V2  

To calculate the new volume (V2) of a solution given its new concentration (M2) and its original 

concentration (M1) and original volume (V1):  

    V2 = (M1 x V1) ÷ M2  

Examples 

1. M2=(M1V1) ÷ V2 

Calculate the new concentration (molarity) if enough water is added to 100mL of 0.25M sodium chloride 

to make up 1.5L.  



M2=(M1V1) ÷ V2  

M1 = 0.25M  

V1 = 100mL = 100 ÷ 1000 = 0.100L (volume must be in litres)  

V2 = 1.5L  

[NaCl(aq)]new = M2 = (0.25 x 0.100) ÷ 1.5 = 0.017M  

    (or 0.0.017 mol/L or 0.0.17mol L-1)  

2. V2=(M1V1) ÷ M2 

Calculate the volume to which 500mL of 0.02M coppper sulfate solution must be diluted to make a new 

concentration of 0.001M.  

V2=(M1V1) ÷ M2  

M1 = 0.02M  

V1 = 500mL = 500 ÷ 1000 = 500 x 10-3L = 0.500L (since there are 1000mL in 1L)  

M2 = 0.001M  

V(CuSO4)new = V2 = (0.02 x 0.500) ÷ 0.001 = 10.00L  

 

 

Definitions of a mole 

Key Concepts 

Mole is abbreviated to mol and given the symbol n  

1 mole contains the same number of particles as there are in 12g of carbon-12 atoms by definition. 

This number is called Avogadro's number or Avogadro's constant (NA) and is equal to 6.022 x 1023 particles.  

1 mole of a pure substance has a mass in grams equal to its molecular mass (MM) [also known as 

molecular weight (MW) or formula mass (FM) or formula weight (FW)]. 

This is often referred to as the molar mass.  

1 mole of an ideal gas has a volume of:  

    22.4 litres (22.4L) at S.T.P.  

    [Standard Temperature and Pressure, 0oC (273K) and 101.3kPa (1 atm)]  

    24.47 litres (24.47L) at S.L.C  

    [Standard Laboratory Conditions, 25oC (298K) and 101.3kPa (1atm)]  
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Examples 

Avogadro's Number (NA) 

1 mole of atoms or molecules contains 6.022 x 1023 atoms or molecules  

    eg, 1 mole of helium atoms (He) contains 6.022 x 1023 helium atoms (He)  

To find the number of atoms in a known number of moles,  

    multiply the moles by 6.022 x 1023  

    eg, 2 moles of helium atoms (He) contains 2 x 6.022 x 1023  

    = 1.2044 x 1024 helium atoms. (He)  

To find the moles of atoms,  

    divide the number of atoms by 6.022 x 1023  

    eg, If we have 4.2154 x 1023 neon atoms, how many moles of neon atoms are there?  

    Moles of neon atoms = (4.2154 x 1023) ÷ (6.022 x 1023)  

    = 0.7 mol  

1 mole of molecules contains 6.022 x 1023 molecules.  

    eg, 1 mole of oxygen molecules (O2) contains 6.022 x 1023 oxygen molecules (O2).  

To find the moles of molecules,  

    multiply the number of molecules by 6.022 x 1023  

    eg, ½ mole of oxygen molecules (O2) contains ½ x 6.022 x 1023  

    = 3.011 x 1023 oxygen molecules (O2).  

To find the number of molecules,  

    divide the moles of molecules by 6.022 x 1023  

    eg, If we have 6.022 x 1021 chlorine molecules (Cl2), how many moles of chlorine molecules are there?  

    Moles of chlorine molecules = (6.022 x 1021) ÷ (6.022 x 1023)  

    = 0.01 mol  

1 mole of molecules does not necessarily contain 1 mole of atoms of each element in the formula  

    eg, 1 mole of HCl WILL contain 1 mole of hydrogen atoms (H) and 1 mole of chlorine atoms (Cl)  

    eg, 1 mole of HCl contains 6.022 x 1023 hydrogen atoms and 6.022 x 1023 chlorine atoms  

    eg, 5 moles of oxygen molecules (O2) contains 5 x 2 = 10 moles of oxygen atoms (O)  

    eg, 5 moles of oxygen molecules contains 10 x 6.022 x 1023 = 6.022 x 1024 oxygen atoms.  

    eg, 1 mole of ammonia molecules (NH3) will contain 1 mole of nitrogen atoms (N) and 3 moles of 

hydrogen atoms (H)  

    1 mole of ammonia molecules contains 6.022 x 1023 nitrogen atoms and 3 x 6.022 x 1023 = 1.8066 x 1024 

hydrogen atoms  

Molar Mass 

1 mole of a pure substance has a mass in grams equal to its molecular mass (MM).  

    eg, 1 mole of Helium (a monatomic gas with the formula He) has a mass equal to its relative atomic 

mass, 4.003g  

    eg, 1 mole of hydrogen gas (a diatomic gas with the formula H2) has a mass equal to 2 x 1.008 = 2.016g  



    eg, 1 mole of ammonia gas (NH3) has a mass equal to 14.01 + (3 x 1.008) = 17.034g  

    eg, 1 mole of water (H2O) has a mass equal to (2 x 1.008) + 16.00 = 18.016g  

Ideal Gas Volumes 

at S.T.P [0oC (273K), 101.3kPa (1 atm)], an ideal gas has a volume of 22.4L  

To find the volume of a certain number of moles of gas, multiply the moles by 22.4L  

    eg, What is the volume of 2.5 moles of chlorine gas at S.T.P?  

    Volume of chlorine gas = 2.5 x 22.4 = 56.0L  

To find the moles of a certain volume of gas, divide the volume by 22.4L  

    eg, How many moles of argon are in 3.36L of argon gas at S.T.P?  

    moles of argon gas = 3.36 ÷ 22.4 = 0.15 mol  

at S.L.C [25oC (298K), 101.3kPa (1 atm)], an ideal gas has a volume of 24.47L  

    eg, To find the volume of a certain number of moles of gas, multiply the moles by 24.47L  

    What is the volume of 0.2 moles of hydrogen sulfide gas at S.L.C?  

    Volume of hydrogen sulfide gas = 0.2 x 24.47 = 4.894L  

To find the moles of a certain volume of gas, divide the volume by 24.47L  

    eg, How many moles of carbon monoxide are in 70.5L of carbon monoxide gas at S.L.C?  

    moles of argon gas = 70.5 ÷ 24.47 = 2.881 mol  

 

 

Reaction Calculations: Mass and Moles 

Key Concepts 

A balanced chemical equation can tell us:  

The ratio of the number of molecules of each type reacting and produced.  

The ratio of the moles of each reactant and product.  

The ratio of moles of each reactant and product in a reaction is known as the mole ratio (or 

stoichiometric ratio)  

The mole ratio can be used to calculate the mass of reactants and products.  

Mole Ratio 

The mole ratio is the stoichiometric ratio of reactants and products and is the ratio of the coefficients for 

reactants and products found in the balanced chemical equation.  

For the reaction  aA + bB  →  cC + dD 
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mol ratio for  A : B  : C : D 

is  a : b  :  c : d 

Examples of Mole Ratios 

 

in the reaction  2Mg(s) + O2(g) →  2MgO(s) 

the mole ratio of  Mg : O2 :  MgO 

is  2 :  1 : 2 

 

That is, the complete reaction requires twice as many moles of magnesium as there are moles of oxygen.  

 

in the reaction  2Al(OH)3 + 3H2SO4 →  Al2(SO4)3 + 6H2O 

the mole ratio of  Al(OH)3 : H2SO4 : Al2(SO4)3 : H2O 

is  2 : 3 : 1 : 6 

For each mole of Al2(SO4)3 produced, twice as many moles of Al(OH)3 are required to react with three 

times as many moles of H2SO4.  

Reactions and Moles 

For the balanced chemical reaction:  

2Mg(s) + O2(g) → 2MgO(s) 

 

the mole ratio of Mg : O2 : MgO is 2:1:2  

That is, it requires 2 moles of magnesium and 1 mole of oxygen to produce 2 moles of magnesium oxide.  

If only 1 mole of magnesium was present, it would require 1 ÷ 2 = ½ mole of oxygen gas to produce 2 ÷ 2 

= 1 mole magnesium oxide.  

If 10 moles of magnesium were present, it would require 1 ÷ 2 x 10 = 5 moles of oxygen gas to produce 2 

÷ 2 x 10 = 10 moles of magnesium oxide.  

For n moles of magnesium :  

1 ÷ 2 x n = ½n moles of oxygen gas are required  

2 ÷ 2 x n = n moles of magnesium oxide are produced  

 Mg O2 MgO 



2 : 1 : 2  

example 1 0.50 mol 0.25 mol 0.50 mol 

example 2 1.00 mol 0.50 mol 1.00 mol 

example 3 1.50 mol 0.75 mol 1.50 mol 

example 4 2.00 mol 1.00 mol 2.00 mol 

Reactions and Masses 

It is possible to calculate the mass of each reactant and product using the mole ratio from the balanced 

chemical equation and the equation moles = mass ÷ molecular mass  

For the balanced chemical equation:  

2Mg(s) + O2(g) → 2MgO(s) 

Given a mass of m grams of magnesium:  

mass O2 = moles(O2) x molecular mass(O2)  

              Calculate moles Mg = mass(Mg) ÷ MM(Mg) = m ÷ 24.31  

              Use the balanced chemical equation to determine the mole ratio O2:Mg 1:2  

              Use the mole ratio to calculate moles O2 = 1 ÷ 2 x moles(Mg)  

              Calculate moles of O2 = ½ x m ÷ 24.31  

    mass O2 = moles(O2) x molecular mass(O2)  

              = ½ x m ÷ 24.31 x (2 x 16.00)  

              = ½ x m ÷ 24.31 x 32.00  

mass MgO = moles(MgO) x molecular mass(MgO)  

              Calculate moles Mg = mass(Mg) ÷ MM(Mg) = m ÷ 24.31  

              Use the balanced equation to determine the mole ratio MgO:Mg 2:2 = 1:1  

              Use the mole ratio to calculate moles MgO = 1 x moles(Mg)  

              Calculate moles of MgO = 1 x m ÷ 24.31  

    mass MgO = moles(MgO) x molecular mass(MgO)  

              = 1x m ÷ 24.31 x (24.31 + 16.00)  

              = 1 x m ÷ 24.31 x 40.31  

Example  

12.2g of magnesium reacts completely with oxygen gas.  

Calculate the mass of oxygen consumed during the reaction and the mass of magnesium oxide produced.  

Wite the balanced chemical equation: 2Mg(s) + O2(g) → 2MgO(s)  

Determine the mole ratio from the equation, Mg : O2 : MgO is 2:1:2  
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Use the mole ratios to calculate the mass of each reactant and product as shown below:  

mass O2 = moles(O2) x molecular mass(O2)  

              Calculate moles Mg = mass(Mg) ÷ MM(Mg) = 12.2 ÷ 24.31 = 0.50mol  

              Use the balanced chemical equation to determine the mole ratio O2:Mg 1:2  

              Use the mole ratio to calculate moles O2 = 1 ÷ 2 x moles(Mg)  

              Calculate moles of O2 = ½ x mol(Mg) = ½ x 0.50 = 0.25mol  

    mass O2 = moles(O2) x molecular mass(O2)  

              = 0.25 x (2 x 16.00)  

              = 0.25 x 32.00 = 8.03g  

mass MgO = moles(MgO) x molecular mass(MgO)  

              Calculate moles Mg = mass(Mg) ÷ MM(Mg) = 12.2 ÷ 24.31 = 0.50mol  

              Use the balanced equation to determine the mole ratio MgO:Mg 2:2 = 1:1  

              Use the mole ratio to calculate moles MgO = 1 x moles(Mg)  

              Calculate moles of MgO = 1 x mol(Mg) = 0.50mol  

    mass MgO = moles(MgO) x molecular mass(MgO)  

              = 1x 0.50 x (24.31 + 16.00)  

              = 1 x 0.50 x 40.31 = 20.16g  

 

 

Limiting Reagents & Reactants in Excess 

Key Concepts 

The limiting reagent is the reactant that is completely used up during the chemical reaction.  

The reactant that is in excess is the reactant that is not completely used up during the chemical reaction, 

that is, there is some of this reactant left over.  

Deciding which reactants are the limiting reagents and the reactants in excess 

Write the balanced chemical equation for the chemical reaction  

Calculate the available moles of each reactant in the chemical reaction  

Use the balanced chemical equation to determine the mole ratio of the reactants in the chemical reaction  

Compare the available moles of each reactant to the moles required for complete reaction using the mole 

ratio  

The limiting reagent is the reactant that will be completely used up during the chemical reaction. There will 

be some moles of the reactant in excess left over after the reaction has gone to completion.  

Examples 

Moles of reactants given 

http://www.ausetute.com.au/molreact.html


Find the limiting reagent and the reactant in excess when 0.5 moles of Zn react completely with 0.4 moles of 

HCl  

Write the balanced chemical equation for the chemical reaction  

    Zn + 2HCl -----> ZnCl2 + H2  

Calculate the available moles of each reactant in the chemical reaction  

moles of Zn = 0.5 moles of HCl = 0.4 

Use the balanced chemical equation to determine the mole ratio of the reactants in the chemical reaction  

Zn : HCl  Or HCl : Zn 

1 : 2   1 : ½ 

Compare the available moles of each reactant to the moles required for complete reaction using the mole 

ratio  

    If all of the 0.5 moles of Zn were to be used in the reaction it would require  

    2 x 0.5 = 1.0 moles of HCl for the reaction to go to completion.  

    There are only 0.4 moles of HCl available which is less than the required 1.0 moles.  

    If all of the 0.4 moles of HCl were to be used in the reaction it would require  

    ½ x 0.4 = 0.2 moles Zn.  

    There are 0.5 moles of Zn available which is more than the required 0.2 moles.  

The limiting reagent is the reactant that will be completely used up during the chemical reaction.  

    There will be some moles of the reactant in excess left over after the reaction has gone to completion.  

    The limiting reagent is HCl,  

    all of the 0.4 moles of HCl will be used up when this reaction goes to completion.  

    The reactant in excess is Zn,  

    when the reaction has gone to completion there will be  

    0.5 - 0.2 = 0.3 moles of Zn left over.  

Masses of reactants given 

Find the limiting reagent and the reactant in excess when 1.5g of CaCO3 react completely with 0.73g of HCl  

Write the balanced chemical equation for the chemical reaction  

CaCO3 + 2HCl -----> CaCl2 + CO2 + H2O  

Calculate the available moles of each reactant in the chemical reaction  

moles of CaCO3 = mass ÷ MM  

mass = 1.5g  

moles of HCl = mass ÷ MM  

mass = 0.73g  

http://www.ausetute.com.au/massmole.html
http://www.ausetute.com.au/massmole.html


MM = 40.08 + 12.01 + (3 x 16.00)  

= 100.09 g/mole  

moles of CaCO3 = 1.5 ÷ 100.09  

= 0.015 mol 

MM = 1.008 + 35.45  

= 36.458g/mol  

moles HCl = 0.73 ÷ 36.458  

= 0.02 mol 

Use the balanced chemical equation to determine the mole ratio of the reactants in the chemical reaction  

CaCO3 : HCl Or HCl : CaCO3 

1 : 2   1 : ½ 

Compare the available moles of each reactant to the moles required for complete reaction using the mole 

ratio  

    If all of the 0.015 moles of CaCO3 were to be used in the reaction it would require  

    2 x 0.015 = 0.03 moles of HCl for the reaction to go to completion.  

    There are only 0.02 moles of HCl available which is less than the required 0.03 moles.  

    If all of the 0.02 moles of HCl were to be used in the reaction it would require  

    ½ x 0.02 = 0.01 moles of CaCO3.  

    There are 0.015 moles of CaCO3 available which is more than the required 0.01 moles.  

The limiting reagent is the reactant that will be completely used up during the chemical reaction.  

    There will be some moles of the reactant in excess left over after the reaction has gone to completion.  

    The limiting reagent is HCl,  

    all of the 0.02 moles of HCl will be used up when this reaction goes to completion.  

    The reactant in excess is CaCO3,  

    when the reaction has gone to completion there will be  

    0.015 - 0.01 = 0.005 moles of CaCO3 left over.  

Concentration and volume of solutions given 

Find the limiting reagent and the reactant in excess when 100mL of 0.2 NaOH react completely with 50mL of 

0.5M H2SO4  

Write the balanced chemical equation for the chemical reaction  

2NaOH + H2SO4 -----> Na2SO4 + 2H2O  

Calculate the available moles of each reactant in the chemical reaction  

moles of NaOH = M x V  

M = 0.2M  

V = 100mL  

    = 100 x 10-3L  

moles of H2SO4 = M x V  

M = 0.5M  

V = 50mL  

    = 50 x 10-3L  
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moles of NaOH = 0.2 x 100 x 10-3  

    = 0.02 mol 

moles H2SO4 = 0.5 x 50 x 10-3  

    = 0.025mol 

Use the balanced chemical equation to determine the mole ratio of the reactants in the chemical reaction  

NaOH : H2SO4 Or H2SO4 : NaOH 

1 : ½   1 : 2 

Compare the available moles of each reactant to the moles required for complete reaction using the mole 

ratio  

    If all of the 0.02 moles of NaOH were to be used in the reaction it would require  

    ½ x 0.02 = 0.01 moles of H2SO4 for the reaction to go to completion.  

    There are 0.025 moles of H2SO4 available which is more than the required 0.01 moles.  

    If all of the 0.025 moles of H2SO4 were to be used in the reaction it would require  

    2 x 0.025 = 0.05 moles of NaOH.  

    There are only 0.02 moles of NaOH available which is less than the required 0.05 moles.  

The limiting reagent is the reactant that will be completely used up during the chemical reaction.  

    There will be some moles of the reactant in excess left over after the reaction has gone to completion.  

    The limiting reagent is NaOH,  

    all of the 0.02 moles of NaOH will be used up when this reaction goes to completion.  

    The reactant in excess is H2SO4,  

    when the reaction has gone to completion there will be  

    0.025 - 0.01 = 0.015 moles of H2SO4 left over.  

Gas Volumes given 

Find the limiting reagent and the reactant in excess when 44.82L of CO(g) react completely with 11.205L of 

O2(g) at S.T.P. (0oC or 273K and 1atm or 101.3kPa)  

Write the balanced chemical equation for the chemical reaction  

2CO(g) + O2(g) -----> 2CO2(g)  

Calculate the available moles of each reactant in the chemical reaction  

moles of CO = V ÷ 22.41  

At S.T.P. 1 mole of gas  

has a volume of 22.41L  

moles of CO = 44.82 ÷ 22.41  

    = 2mol 

moles of O2 = V ÷ 22.41  

At S.T.P. 1 mole of gas  

has a volume of 22.41L  

moles O2 = 11.205 ÷ 22.41  

    = 0.5mol 

Use the balanced chemical equation to determine the mole ratio of the reactants in the chemical reaction  
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CO : O2 Or O2 : CO 

1 : ½   1 : 2 

Compare the available moles of each reactant to the moles required for complete reaction using the mole 

ratio  

    If all of the 2 moles of CO were to be used in the reaction it would require  

    ½ x 2 = 1 mole of O2 for the reaction to go to completion.  

    There are 0.5 moles of O2 available which is less than the required 1 mole.  

    If all of the 0.5 moles of O2 were to be used in the reaction it would require  

    2 x 0.5 = 1 mole of CO.  

    There are 2 moles of CO available which is more than the required 1 mole.  

The limiting reagent is the reactant that will be completely used up during the chemical reaction. There will 

be some moles of the reactant in excess left over after the reaction has gone to completion.  

    The limiting reagent is O2,  

    all of the 0.5 moles of O2 will be used up when this reaction goes to completion.  

    The reactant in excess is CO,  

    when the reaction has gone to completion there will be  

    2 - 1 = 1 mole of CO left over.  

 

 

Yield 

Key Concepts 

Yield is the mass of product formed in a chemical reaction.  

Actual yield is the mass of product formed in an experiment or industrial process.  

Theoretical yield is the mass of product predicted by the balanced chemical equation for the reaction.  

Percentage yield = (actual yield ÷ theoretical yield) x 100  

Optimum yield is the best possible yield achieved for a set of given reaction conditions.  

For a chemical reaction which goes to completion:  

    actual yield = theoretical yield  

    so, percentage yield = 100%  

For a chemical reaction at equilibrium:  

    actual yield < theoretical yield  



    so, percentage yield < 100%  

For a chemical reaction at equilibrium, actual yield can be affected by factors such as:  

    temperature  

    concentration  

    pressure and volume (gaseous systems)  

Percentage Yield Calculations 

Example 1: Calculating Percentage Yield 

112g of nitrogen gas reacts with hydrogen gas to produce 40.8g of ammonia gas according to the 

equation given below:  

N2(g) + 3H2(g) 2NH3(g) 

Calculate the percentage yield of ammonia.  

Actual yield of ammonia (NH3) = 40.8g  

Theoretical yield of ammonia (NH3) is calculated using the equation:  

moles = mass ÷ molecular mass  

 

From the balanced chemical equation the mole ratio N2:NH3 is 1:2  

moles NH3 = 2 x moles N2  

moles NH3 = 2 x (mass N2 ÷ molecular mass N2) = 2 x 112 ÷ 28 = 8 moles  

theoretical yield NH3 = predicted mass NH3  

predicted mass NH3 = moles NH3 x molecular mass NH3 = 8 x 17 = 136g  

Percentage yield = (actual yield ÷ theoretical yield) x 100  

percentage yield NH3 = (40.8 ÷ 136) x 100 = 30%  

Example 2: Calculating Mass of Product from Yield 

Ammonia can be produced from hydrogen gas and nitrogen gas according to the equation below:  

N2(g) + 3H2(g) 2NH3(g) 

Calculate the mass of ammonia produced if 168g of nitrogen gas produces a yield of 45%.  

Percentage yield = 45%  

Calculate the theoretical yield of NH3:  

From the balanced chemical equation the mole ratio N2:NH3 is 1:2  

moles NH3 = 2 x moles N2  

moles NH3 = 2 x (mass N2 ÷ molecular mass N2) = 2 x 168 ÷ 28 = 12 moles  

theoretical yield NH3 = predicted mass NH3  
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predicted mass NH3 = moles NH3 x molecular mass NH3 = 12 x 17 = 204g  

Calculate the actual yield:  

percentage yield = (actual yield ÷ theoretical yield) x 100  

Re-arranging this equation gives:  

actual yield = theoretical yield x percentage yield ÷ 100 

 

actual yield of NH3 = 204 x 45 ÷ 100 = 91.8g  

Factors Affecting Actual Yield 

Le Chatelier's Principle can be used to predict the affect of changes in temperature, concentration, gas 

pressure and volume on actual yield.  

Factor Conditions Actual Yield % Yield 

reactant concentration increase   increases increases 

 

reactant concentration decrease   decreases decreases 

 

temperature increase 

exothermic reaction decreases decreases 

endothermic reaction increases increases 

 

temperature decrease 

exothermic reaction increases increases 

endothermic reaction decreases decreases 

 

gas pressure increase 

mol reactant(gas) > mol product(gas) increases increases 

mol reactant(gas) < mol product(gas) decreases decreases 

 

gas pressure decrease 

mol reactant(gas) > mol product(gas) decreases decreases 

mol reactant(gas) < mol product(gas) increases increases 
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