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Introduction



Welcome to the second edition of Chemistry for the IB Diploma. The content and structure of this second edition has been completely revised to meet the demands of the 2014 IB Diploma Programme Chemistry Guide.


Within the IB Diploma Programme, the chemistry content is organized into compulsory core topics plus a number of options, from which all students select one. The organization of this resource exactly follows the IB Chemistry Guide sequence:





•  Core: Chapters 1–11 cover the common core topics for Standard and Higher Level students.



•  Additional Higher Level (AHL): Chapters 12–21 cover the additional topics for Higher Level students.



•  Options: Chapters 22–25 cover Options A, B, C and D respectively. Each of these is available to both Standard and Higher Level students. (Higher Level students study more topics within the same option.) These are available on the Hodder website.





The syllabus is presented as topics, each of which (for the core and AHL topics) is the subject of a corresponding single chapter in the Chemistry for the IB Diploma printed book.


The Options (Chapters 22–25) are available on the website accompanying this book, as are a comprehensive Glossary and the answers to the end-of-chapter exam and exam-style questions: www.hoddereducation.com/IBextras.


Special features of the chapters of Chemistry for the IB Diploma are:





•  Each chapter begins with Essential Ideas that summarize the concepts on which it is based.



•  The text is written in straightforward language, without phrases or idioms that might confuse students for whom English is a second language. The text is also suitable for students of all abilities.



•  The depth of treatment of topics has been carefully planned to accurately reflect the objectives of the IB syllabus and the requirements of the examinations.



•  Photographs and full-colour illustrations support the relevant text, with annotations which elaborate on the context, function, language, history or applications of chemistry.
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•  The Nature of Science is an important new aspect of the IB Chemistry course, which aims to broaden students’ interests and knowledge beyond the confines of its specific chemistry content. Throughout this book we hope that students will develop an appreciation of the processes and applications of chemistry and technology. Some aspects of the Nature of Science may be examined in IB Chemistry examinations and important discussion points are highlighted in the margins.



•  The Utilizations and Additional Perspectives sections also reflect the Nature of Science, but they are designed to take students beyond the limits of the IB syllabus in a variety of ways. They may, for example, provide a historical context, extend theory or offer an interesting application. They are sometimes accompanied by more challenging, or research style, questions. They do not contain any knowledge which is essential for the IB examinations.
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•  Science and technology have developed over the centuries with contributions from scientists from all around the world. In the modern world science knows few boundaries and the flow of information is usually quick and easy. Some international applications of science have been indicated with the International Mindedness icon.



•  Worked examples are provided in each chapter whenever new equations are introduced. A large number of self-assessment questions and some research questions are also placed throughout the chapters close to the relevant theory. They are phrased in order to assist comprehension and recall, and to help familiarize students with the assessment implications of the command terms.
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•  It is not an aim of this book to provide detailed information about experimental work or the use of computers. However, our Applications and Skills icon has been placed in the margin to indicate wherever such work may usefully aid understanding.



•  A selection of IB examination-style questions are provided at the end of each chapter, as well as some past IB Chemistry examination questions. Answers to these are provided on the website accompanying this book.



•  Extensive links to the interdisciplinary Theory of Knowledge (ToK) element of the IB Diploma course, including ethics, are made in all chapters.



•  Comprehensive glossaries of words and terms, including IB command terms, for Core and AHL topics are included in the website which accompanies this book.


[image: ]



•  This icon denotes links to material available on the website that accompanies this book: www.hoddereducation.com/IBextras.





Using this book


The sequence of chapters in Chemistry for the IB Diploma deliberately follows the sequence of the syllabus content. However, the IB Diploma Chemistry Guide is not designed as a teaching syllabus, so the order in which the syllabus content is presented is not necessarily the order in which it will be taught. Different schools and colleges should design course delivery based on their individual circumstances.


In addition to the study of the chemistry principles contained in this book, IB science students carry out experiments and investigations, as well as collaborating in a Group 4 Project. These are assessed within the school (Internal Assessment) based on well-established criteria.
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1 Stoichiometric relationships
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ESSENTIAL IDEAS





•  Physical and chemical properties depend on the ways in which different atoms combine.



•  The mole makes it possible to correlate the number of particles with the mass that can be measured.



•  Mole ratios in chemical equations can be used to calculate reacting ratios by mass and gas volume.
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1.1 Introduction to the particulate nature of matter and chemical change


physical and chemical properties depend on the ways in which different atoms combine


Chemistry is the study of chemical substances. The collective name for chemical substances is matter. Matter may be in the form of a solid, a liquid, or a gas. These are called the three states of matter and are convertible.


Matter may contain one chemical substance or a mixture of different chemical substances. Part of a chemist’s work is to separate one substance from another and to identify single or pure substances.


States of matter


There are three phases or states of matter: solids, liquids and gases. Any substance can exist in each of these three states depending on temperature and pressure.


A solid, at a given temperature, has a definite volume and shape, which may be affected by changes in temperature. Solids usually increase slightly in size (in all directions) when heated (thermal expansion) and usually decrease in size if cooled (thermal contraction).


A liquid, at a given temperature, has a fixed volume and will take up the shape of the bottom of any container it is poured into. Like a solid, a liquid’s volume is slightly affected by changes in temperature.


A gas (Figure 1.1), at a given temperature, has neither a definite shape nor a definite volume. It will take up the shape of any container and will spread out evenly within it, by a process known as diffusion. The volumes of gases are greatly affected by changes in temperature.
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Liquids and gases, unlike solids, are relatively compressible. This means that their volumes are decreased by applying pressure. Gases are much more compressible than liquids.



Elements


The chemical elements (Figure 1.2) are the simplest substances and are each composed of a single type of atom (see Chapter 2). (Many elements exist as a mixture of atoms of differing masses, known as isotopes – see Chapter 2). Elements cannot be split up or decomposed into simpler substances by a chemical reaction.
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The elements can be classified into three groups based upon the state of matter they exist in at 25 °C. Most of the elements are solids, for example iron, but bromine and mercury are liquids at room temperature and the remainder of the elements are gases, for example oxygen and neon.


The elements can also be classified into two groups: metals and non-metals (see Chapter 4), based on their chemical and physical properties. For example, aluminium is a metal and chlorine is a non-metal.


Many elements exist as atoms, for example metals and the noble gases. However, many non-metals exist as atoms bonded together into molecules (Figure 1.3). Examples of non-metal molecules include oxygen, O2, chlorine, Cl2, nitrogen, N2, phosphorus, P4, and sulfur, S8. Oxygen, nitrogen and chlorine exist as diatomic molecules.
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Allotropy is the existence of two or more crystalline forms of an element. These different forms are called allotropes. Allotropes exist where there is more than one possible arrangement of bonded atoms. For example, solid carbon can exist in three allotropes: diamond, carbon-60 (C60) or buckminsterfullerene, graphite (and graphene which is a single layer of graphite) (see Chapter 4); oxygen can exist in two allotropes: dioxygen (O2) and trioxygen (ozone, O3).
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ToK Link


Priestley and Lavoisier’s discovery of oxygen


Oxygen was first prepared in a reasonably pure state in the 18th century, and its preparation was followed by a theory of burning (combustion) which is still accepted. It completely replaced a theory called the phlogiston theory in a paradigm shift. This occurs when a scientific model or way of thinking is quickly and completely replaced by a very different scientific model or way of thinking.


Priestley strongly heated a red powder (mercury oxide) which he called calx of mercury. This substance decomposed into two substances: mercury and a gas (now known to be oxygen). He also discovered that flammable substances burned much more strongly in this gas (100% oxygen) than in normal air (20% oxygen). Priestley informed Lavoisier of his discovery, and Lavoisier carried out an experiment (Figure 1.4) in which he demonstrated that the gas which Priestley had made was identical to that 20% of the air which supports combustion (burning).


He kept the mercury in the retort, at a temperature just lower than its boiling point, for several days. He observed that the volume of gas had been reduced by 20%, this being shown by a rise in the level of the mercury in the bell jar. He also observed that a red powder (mercury oxide) had been formed on the surface of the hot mercury in the retort. The gas (now known to be nitrogen and noble gases) remaining in his apparatus would not support combustion.
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On the basis of his and Priestley’s observations, Lavoisier proposed the following explanation of combustion and the composition of air: 20% of air consists of oxygen; when substances burn they chemically combine with oxygen, forming oxides. When a substance burns completely, the mass of the oxide formed equals the combined mass of the original substance and the mass of the oxygen with which it has chemically combined.
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Compounds


Many mixtures of elements undergo a chemical reaction when they are mixed together and heated. The formation of a compound (Figure 1.5) from its elements is termed synthesis. Heat energy is usually released during this reaction (see Chapter 5).
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When a mixture of iron and sulfur is heated, large amounts of heat energy are released as the compound iron(II) sulfide, FeS, is formed (Figure 1.6). (Synthesis reactions like this are examples of redox reactions – see Chapter 9). Figure 1.6 describes this reaction in terms of atoms in iron and sulfur (Figure 1.7) reacting to form iron(II) sulfide.
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The word equation for this reaction is:


iron + sulfur → iron(II) sulfide


Mixtures of elements are easily separated by a physical method, since the atoms of the different elements are not bonded together. For example, iron can be separated from sulfur by the use of a magnet.


However, when a compound is formed the atoms it contains are chemically bonded together, so the compound will have different physical and chemical properties from the constituent elements (Table 1.1). For example, iron is magnetic, but the compound iron(II) sulfide is non-magnetic (Figure 1.8). A compound will contain either molecules or ions (Chapter 4).
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The splitting of a chemical compound into its constituent elements is termed decomposition. This process requires an input of energy, either heat (thermal decomposition) or electricity (electrolysis) (Chapter 9).
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1  A mixture of magnesium and iodine was heated. A red glow spread through the mixture during the reaction. At the end of the experiment a white solid had been formed.







    a State one observation which shows that a chemical reaction has occurred.


    b Write a word equation to describe the reaction.


    c State two differences between compounds and elements.
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Molecular kinetic theory


The simple diagram in Figure 1.9 shows the relationship between the states of matter and the arrangement (idealized, simplified and in two dimensions only) of their particles (ions, atoms or molecules). The arrows represent physical changes termed changes of state. In a physical change no new chemical substance is formed.


[image: ] In a crystalline solid the particles (atoms, ions or molecules) are close together and packed in a regular pattern (known as a lattice). Studies using X-ray crystallography have confirmed how particles are arranged in crystal structures (see Chapter 22 on the accompanying website.)
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The particles vibrate around fixed positions and these vibrations become stronger as the temperature increases. The particles in a solid are strongly attracted to each other. In a liquid the particles are close together, but are free to move within the liquid. They are attracted to the other particles in the liquid. The particles move faster as the temperature increases. In a gas the particles are far apart and are free to move. The particles move so fast that there is little attraction between gas particles. The particles travel faster as the temperature increases.


This model about the way in which particles behave in the three states of matter is known as kinetic molecular theory. It describes all substances as being made up of particles in motion. It is a scientific model that explains how the arrangement of particles relates to the physical properties of the three states of matter.



[image: ] Changes of state


The kinetic molecular model can be used to explain how a pure substance changes from one state of matter to another. If a crystalline solid is heated, the particles (atoms, ions or molecules) vibrate faster and with greater amplitude as they gain kinetic energy. This makes them ‘push’ their neighbouring particles further away from themselves. This causes an increase in the volume of the solid, which expands.


Eventually with a further increase in temperature the heat energy causes the forces of attraction between particles to weaken. The regular pattern of the particles in the lattice breaks down and the particles can now move around each other. The solid has melted and the temperature at which this occurs is the melting point. The temperature of a pure solid will remain constant until it has all melted. When the substance is a liquid there are still strong attractive forces operating between the particles.


There are energy changes which occur during changes of state. During melting and boiling heat is absorbed (from the surroundings). During condensing and freezing heat is released (to the surroundings). The heat supplied during melting and boiling is used to overcome or ‘break’ the attractive forces between particles by increasing their kinetic energy. The heat released during condensing and freezing is derived from the reduction in the average kinetic energy of the particles.


Certain solids, for example frozen carbon dioxide (dry ice), can change directly to a gas without passing through the liquid state. This is known as sublimation and the substance is said to sublime. This means molecules leave the solid with enough kinetic energy to exist as gas particles. If the temperature is lowered the gas particles slow down and re-form the solid without passing through the liquid state. This is known as vapour deposition or simply deposition.


Solids that have high melting points have stronger attractive forces (bonds or intermolecular forces) acting between their particles than those with low melting points. Table 1.2 shows a list of some substances (elements and compounds) with their corresponding melting and boiling points.
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If the liquid is heated, the particles (usually molecules) will move around even faster as their average kinetic energy increases. Their kinetic energy constantly changes due to collisions. Some particles at the surface of the liquid have enough kinetic energy to overcome the forces of attraction between themselves and the other particles in the liquid and they escape from the surface to form a gas. This process is known as evaporation and takes place at all temperatures below the boiling point. If the temperature is lowered the reverse process, known as condensation, occurs. The gas particles move more slowly and enter the surface of the liquid.


Eventually, a temperature is reached (the boiling point) at which the particles are trying to escape from the liquid so quickly that bubbles of gas form inside the bulk of the liquid. This is known as boiling. At the boiling point the pressure of the gas created above the liquid equals that in the air (atmospheric pressure) (Chapter 7).


Liquids with high boiling points have stronger forces (bonds or intermolecular forces) operating between their particles than liquids with low boiling points. Chemical bonding and intermolecular forces are discussed in Chapter 4.


When a gas is cooled, the average kinetic energy (speed) of the particles decreases and the particles (usually molecules) move closer and their average separation decreases. The forces of attraction become significant, and if the temperature is lowered to the condensation point the gas will condense to form a liquid. When a liquid is cooled to its freezing point (equal in value to the melting point) it freezes to a solid. During condensing and freezing heat energy is released.


The changes of state are physical changes: no new chemical substances are formed. Ice, water and steam all contain molecules with the formula H2O. Whenever a change in state occurs the temperature remains constant during the change.
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2  Identify the change of state which describes the following processes:







    a Solid ethanol changing to liquid ethanol


    b Molten metal solidifying in a mould


    c Water changing to steam at 100 °C


    d Bubbles of ethanol gas forming in liquid ethanol


    e Ice forming from water vapour on the freezer compartment of a fridge


    f Solid aluminium chloride forming a gas on gentle heating
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Heating and cooling curves


The graph shown in Figure 1.10 was constructed from data-logger measurements by plotting the temperature of water as it was heated steadily from –15 °C to 120 °C (at 1 atmosphere pressure). The heating curve shows that two changes of state have taken place. When the temperature was first measured only ice was present. After a short period of time the curve flattens, showing that even through heat energy is being absorbed, the temperature remains constant. This indicates that a change in state is occurring.
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In ice the molecules of water are close together and are attracted to one another by intermolecular forces. For ice to melt, the molecules must obtain sufficient kinetic energy to overcome the forces of attraction between the water particles to allow relative movement to take place. This is what the heat energy is doing. The temperature will begin to rise again only after all the ice has melted. Generally, the heating curve for a pure solid always stops rising at its melting point and gives rise to a sharp melting point. The addition or presence of impurities lowers the melting point. Figure 1.11 shows a simple apparatus used to find the melting point of a solid. Commercial melting point apparatus uses a heating block to melt the sample.
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The purity of substances is very important. Consumers must be certain that foods and medicines do not contain harmful substances. Very small amounts of some chemicals can cause death. The food and drug industries must check constantly to ensure that the substances they use are pure.


To boil a liquid such as water, it has be to given some extra heat energy. This can be seen on the graph (Figure 1.10) where the curve levels out at 100 °C, which is the boiling point of water (at 1 atmosphere pressure). The reverse processes of condensing and freezing occur on cooling. This time, however, heat energy is given out when the gas condenses to the liquid and the liquid freezes to give the solid. Both changes of state occur at constant temperature.
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3  A solid molecular compound X was heated at constant power for 20 minutes. Its temperature varied as shown in the graph below.







    a Deduce the melting and boiling points of substance X.


    b State the physical state of X at 25, 50 and 100 °C.


    c Explain what is happening during the melting and boiling of X.
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Utilization: Unusual states of matter


Liquid crystals


[image: ] Liquid crystals (Figure 1.12) are a state of matter that look and flow like liquids (see Chapter 22 on the accompanying website). However, they have some order in the arrangement of their particles (molecules), and so in some ways behave like crystals. Liquid crystals are widely used in displays for digital watches, calculators, lap-top computer displays and in portable televisions. They are also useful in thermometers because certain liquid crystals change colour with temperature changes.
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Plasma


[image: ] A plasma is the superheated gaseous state consisting of a mixture of electrons and highly charged positive ions. It is found at extremely high temperatures in the interiors of stars or in intense electrical fields, such as low pressure discharge tubes (see Chapter 2). Astronomical studies have revealed that 99% of the matter in the Universe is present in the plasma state. Inductively coupled plasma spectroscopy is an important technique for detecting and quantifying small amounts of metals (see Chapter 22 on the accompanying website).



Utilization of heat changes during changes of state: Refrigeration


It is difficult to over-estimate the importance of the invention of the modern refrigerator in the context of food transportation and storage. The invention of refrigerated transport for food led to a revolution in the globalization of markets and the availability of important commodities across, and between, continents.


A refrigerator takes advantage of the heat energy transfers when a volatile (low boiling point) liquid evaporates and condenses. The key stage of the system depends on the fact that evaporation absorbs heat from the surroundings. Within the body of the refrigerator (Figure 1.13) a pump circulates a low boiling point liquid around a circuit of pipes. This volatile liquid vaporizes in the pipes inside the refrigerator, taking in heat energy from the air inside the refrigerator and keeping the food and drinks inside cold.
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Continuing around the circuit, the vapour (gas) is compressed by the pump as it flows out at the bottom of the refrigerator. The compressed vapour is hot. As it flows through the pipes at the back of the refrigerator the vapour cools and condenses back to a liquid, releasing heat energy and heating up the air around the back of the cabinet. Overall, heat energy is transferred from inside the refrigerator to the air in the room.


The use of the reversible evaporation–condensation cycle of volatile liquids in refrigeration and air conditioning (Figure 1.14) is one of the features of modern living. In the past, many air conditioners commonly used CFCs (chlorofluorocarbons) as their volatile liquid. However, in most countries the manufacture and use of CFCs is either banned or restricted. This is because when CFC molecules reach the upper atmosphere ultraviolet radiation from the Sun breaks the carbon–chlorine bond, yielding a chlorine atom. These chlorine atoms catalyse the breakdown of ozone (trioxygen) into dioxygen, depleting the ozone layer that protects the Earth’s surface from strong ultraviolet radiation.




[image: ]




Utilization of removal of water at low pressure: Freeze-drying


The basic idea of freeze-drying is to completely remove water from food while leaving the basic structure and composition unchanged. Removing water keeps food from spoiling for a long period of time. Food spoils when bacteria digest the food and decompose it. Bacteria may release toxins that cause disease, or they may just release chemicals that make food taste bad. Additionally, naturally occurring enzymes in food can react with oxygen to cause spoiling and ripening. Bacteria need water to survive, so if water is removed from food it will not spoil. Enzymes also need to be hydrated to react with food, so dehydrating food will also stop spoiling.


Freeze-drying also significantly reduces the total mass of the food. Most food is largely made up of water and removing this water makes the food a lot lighter, which means it is easier to transport. The military and camping supply companies freeze-dry foods to make them easier for one person to carry. NASA has also freeze-dried foods for the cramped quarters on board spacecraft and the International Space Station (Figure 1.15).




[image: ]




Freeze-drying is not normally carried out by simple evaporation. It is difficult to remove water completely using evaporation because most of the water is not directly exposed to air. Unless all the water is removed then there will be some bacterial and enzyme activity. In addition, the heat involved in the evaporation process changes the shape, texture and composition of the food.


The fundamental principle in freeze-drying is sublimation, the phase change from a solid directly into a gas (at constant temperature). A lowering of the pressure (below 0.6 atmospheres) and an increase in temperature results in water being converted to a gas, rather than liquid water.


A typical freeze-drying machine (Figure 1.16) consists of a freeze-drying chamber with several shelves attached to heating units, a freezing coil connected to a refrigerator compressor, and a vacuum pump.




[image: ]




The machine runs the compressors to lower the temperature in the chamber. The food is frozen solid, which separates the water from everything around it, on a molecular level, even though the water is still present.


The heating units supply a small amount of heat to the shelves, causing the ice to change phase. Since the pressure is so low, the ice turns directly into water vapour. The water vapour flows out of the freeze-drying chamber, past the freezing coil. The water vapour condenses onto the freezing coil in solid ice form, in the same way as water condenses as frost on a cold day.


Utilization: Atom economy in chemical reactions


The atom economy examines the theoretical potential of a reaction, by considering the quantity of starting atoms in all the reactants that end up in the desired product.


[image: ]


Taking the laboratory preparation of copper(II) sulfate from copper(II) oxide and sulfuric acid as an example, this is an acid–base reaction. This calculation is explained later in the chapter and involves calculating the mass of one mole of each substance from the formula and the relative atomic masses of the elements.


[image: ]


The atom economy for the production of ethanol from ethene and steam is shown below. This is known as an addition or hydration reaction.


[image: ]


A higher atom economy means that there is a higher utilization of the atoms of reactants into the final useful products. That is, there is a better use of materials and also less waste formation.


[image: ]









4  Calculate the atom economy for the reaction between carbon and steam to form carbon dioxide and hydrogen.








[image: ]





Green chemistry


Green chemistry consists of chemicals and chemical processes designed to reduce or eliminate impacts on the environment. The use and production of these chemicals may involve reduced waste products, non-toxic chemicals, and improved efficiency. Industrial chemists evaluate chemical pathways and their economic and environmental costs by calculating the relative efficiency of the chemical reactions involved. Percentage yield provides a means of comparison of the theoretical and actual quantity of product, and used to be the main way of evaluating reaction efficiency. However, calculation of ‘atom economy’ has become a more important means of comparing the efficiency of chemical reactions. Atom economy is a measure of the proportion of reactant atoms that is incorporated into the desired product of a chemical reaction. Calculation of atom economy therefore also gives an indication of the proportion of reactant atoms forming waste products.



Mixtures


In a mixture of two elements there are two types of atoms present, but they are not chemically bonded to each other. Figure 1.17 shows a mixture of elements existing as atoms and a mixture of two elements existing as diatomic molecules.




[image: ]




A compound always contains the same proportion (by mass) of each element. For example, iron(II) sulfide has iron and sulfur in the ratio of 55.85 to 32.06, i.e. 1.742 to 1.000. However, a mixture can have any proportion of each element. For example, the percentage (by mass) of sulfur in an iron–sulfur mixture can range from close to 0% to almost 100%.


Alloys are mixtures of metals and other elements (often carbon) that have been melted together and then allowed to solidify. Common alloys include brass (a mixture of copper and zinc) and bronze (copper and tin).


The major differences between mixtures of elements and compounds are summarized below in Table 1.3.
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5  State whether each of the boxes below contains an element, a compound or a mixture.







    a
[image: ]



    b
[image: ]



    c
[image: ]



    d
[image: ]



    e
[image: ]



    f
[image: ]
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Types of mixtures


There are many different types of mixtures. One classification of mixtures is to classify them as homogeneous or heterogeneous. For example, if gaseous bromine is introduced into a gas jar filled with air (mainly nitrogen) it will diffuse and spread evenly through both gas jars (Figure 1.18). The concentrations of bromine and nitrogen will be the same throughout both gas jars. Mixtures of gases are described as being homogeneous since they have a uniform or constant composition. Figure 1.19 shows how kinetic molecular theory can be used to explain diffusion in gases. Gases diffuse quickly because the particles are moving rapidly and there are large spaces between the molecules.
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Diffusion also takes place in liquids (Figure 1.20) but it is a much slower process than with gases. This is because the particles in a liquid move much more slowly because they have less kinetic energy. The resulting solution is homogenous and the concentration of nickel(II) sulfate will be the same at any point within the solution.




[image: ]




The process of the dissolving of the nickel(II) sulfate can be readily explained using the kinetic molecular theory. Particles of water (the solvent) collide with the particles of the substance being dissolved (the solute). When they collide, they attract each other. Water molecules pull off and interact with the solute particles (nickel and sulfate ions) from the solid solute (nickel(II) sulfate). The water molecules surround the solute particles. As the water molecules move, the solute particles spread through the solution. Figure 1.21 shows solvent particles dissolving a single type of solute particle. This process is known as hydration.
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In a heterogeneous mixture the composition is not uniform (the same) throughout the mixture and sometimes the different components can be observed. For example, if water is mixed with oil, two separate layers are seen. The two liquids do not mix and are said to be immiscible. In contrast, if water is mixed with ethanol a uniform layer is observed. The two liquids are said to be miscible and a homogeneous mixture is formed.


At the macroscopic or bulk level, matter can be classified into mixtures or pure substances. These can be further sub-divided as shown in Figure 1.22.


[image: ]









6  Classify each of the following mixtures as homogenous or heterogeneous. vinegar (ethanoic acid in water), cooking oil and water, mixture of helium and hydrogen gases, iron and sulfur, sea water, blood, air, solder (a low melting point mixture of metals).
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[image: ]




Chemists usually want pure substances because if a substance is pure it always has the same physical and chemical properties. The properties of an impure substance will vary. Nearly all pure substances have been through two stages: they have been separated from a mixture and been tested to determine their purity.


[image: ] Elements and compounds can be detected by a variety of instrumental methods (see Chapter 21, and Chapter 22 on the accompanying website), for example mass spectrometry (MS), nuclear magnetic resonance (NMR), various forms of chromatography, inductive coupled plasma spectroscopy (ICP) and infrared spectroscopy (IR). These instruments allow chemists to probe and discover which elements are present in the substance, their quantities and, in some cases, give information about the structure of the substance. Forensic scientists also make use of these techniques because they are very accurate and sensitive: they only require tiny amounts of sample.



Separating mixtures


If the substances in a mixture are to be separated then the chemist needs to find some physical difference between them. Table 1.4 summarizes some common separation techniques.




[image: ]





Chemical symbols


Each chemical element is represented by a chemical symbol (Table 1.5). The symbol consists of either one or two letters. The first letter is always a capital or upper case letter and the second letter is always small or lower case. These chemical symbols are international (Figure 1.23).
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A number of chemical elements are named after people, mythical characters or places (Table 1.6).




[image: ]





[image: ] International chemical symbols and equations


The current system of chemical notation was invented by the Swedish chemist Berzelius (1779–1848). In this typographical system chemical symbols are not abbreviations – though each consists of letters of the Latin alphabet – they are symbols intended to be used by people of all languages and alphabets. The chemical elements were assigned unique chemical symbols, based on the name of the element, but not necessarily in English. For example, tungsten has the chemical symbol ‘W’ after the German Wolfram. Chemical symbols are understood internationally when element names might need to be translated. There are sometimes differences; for example, the Germans have used ‘J’ instead of ‘I’ for iodine, so the character would not be confused with a Roman numeral.




[image: ]




The ‘language’ of chemistry frequently transcends cultural, linguistic and national boundaries. Although the symbols for the chemical elements are international, the names of the elements are sometimes language dependent, often with the end of the name characterizing the specific language. For example, magnesium changes to magnésium in French, magnesio in Spanish, magnesion in Greek and magnij in Russian. In Japanese, katakama reproduces the sound of the English ‘magnesium’.



Chemical formulas


Each chemical compound is represented by a unique chemical formula. The formula of any compound can be determined by performing a suitable experiment. The formulas of many compounds can be deduced using the list of ions shown in Table 1.7. A polyatomic or compound ion is an ion that contains more than two covalently bound atoms with an associated charge; a simple ion is formed by a single element.




[image: ]




In forming compounds (Figure 1.25) the number of ions used is such that the number of positive charges is equal to the number of negative charges. Ionic compounds are electrically neutral.




[image: ]




Examples of using the charges on ions to deduce the formula of a compound are given below:





•  Sodium sulfate is composed of sodium ions, Na+, and sulfate ions, SO42−. Twice as many sodium ions as sulfate ions are necessary in order to have electrical neutrality. Hence, the formula of sodium sulfate is Na2SO4 [2Na+ SO42−].



•  Magnesium hydroxide is composed of magnesium ions, Mg2+, and hydroxide ions, OH−. Twice as many hydroxide ions as magnesium ions are necessary in order to have electrical neutrality. Hence, the formula of magnesium hydroxide is Mg(OH)2 [Mg2+ 2OH−].





The subscript number after a bracket (as in (OH)2 in the formula for magnesium hydroxide) multiplies all the compound or polyatomic ions inside the bracket.


[image: ]









7  Deduce the formulas of iron(II) phosphate, ammonium iodide, aluminium nitrate, calcium bromide and iron(III) oxide.
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Chemical equations


Chemical reactions are at the centre of chemistry and it is important that the transition from reactants to products is represented with as much precision as possible. Each reaction has an equation. The reaction of iron with chlorine is used as an example to show how to write a correct chemical equation.





•  Write down the equation as a word equation, for example:


iron + chlorine → iron(III) chloride


    The addition sign means ‘reacts together’ and the arrow means ‘yields’ and shows the direction of the reaction. (Note that some reactions are reversible, indicated by a double headed arrow ([image: ]), and that both forward and backward reactions will be occurring at the same time (Chapter 7).



•  Insert the correct chemical formulas for the reactant and products.


[image: ]


    This equation is unbalanced: the reactants contain (in total) one iron atom and two chlorine atoms, but the products (in total) contain one iron atom and three chlorine atoms.



•  Balance the equation by ensuring that the total numbers of atoms of elements on the two sides of the equation are equal. This is achieved by inserting integer numbers termed coefficients which multiply all the following formulas. The chemical formulas should not be altered.


        The selection of coefficients is done on a ‘trial and error’ or inspection basis, although one common approach is to start with any odd numbers in formulas and double them to convert them to even numbers. Elements represented by molecules should be left until last since their coefficients will not unbalance any other molecules. Applying this approach to the example equation gives:


[image: ]


    followed by:


[image: ]


    and finally:


[image: ]


    This equation is now balanced: the total numbers of atoms of each element on both sides of the equation are equal, namely two iron atoms and six chlorine atoms.


        The balancing of an equation is a consequence of the law of conservation of mass, which states that during a chemical reaction atoms cannot be created or destroyed. The coefficients in a balanced symbol equation indicate the reacting proportions in moles for stoichiometric amounts of the reactants. For example, the equation above indicates that two moles of iron atoms react with three moles of chlorine molecules to produce two moles of iron(III) chloride (formula units).



•  Finally, the physical states of reactants and products should be included in brackets after the chemical formulas:


[image: ]


    Here the state symbol (s) represents a solid, (l) represents a pure liquid, (g) represents a pure gas and (aq) represents an aqueous solution.



•  If an element occurs in more than one substance on one side of the equation then leave it to last to balance. Also keep polyatomic ions, for example NO3− and SO42−, as a unit during balancing.


        Equations may also have additional information that indicates the size of the heat change during the reaction. This will depend on the physical states of the reactants and products, which shows the importance of including state symbols in symbol equations. For example:


[image: ]








    indicates that when two moles of iron(III) chloride are formed by direct synthesis under standard conditions (25° C and 1 atmosphere pressure), 1500 kilojoules of heat energy are released. This is known as a thermochemical equation (Chapter 5).


        An equation can be interpreted at both the atomic and the macroscopic or visible levels. The addition of state symbols or an enthalpy change makes the equation macroscopic.





It is good practice to include state symbols in chemical equations and their absence can cause errors. In the absence of state symbols, the reactants and products are assumed to be in their usual physical states at room temperature and pressure.


[image: ]


The precise interpretation of the equation above is ‘one mole of gaseous hydrogen chloride and one mole of solid sodium hydroxide react to give one mole of solid sodium chloride and one mole of liquid water’, but, under anhydrous conditions (in the absence of water), such a chemical reaction would be unlikely to occur because the HCl needs to dissolve in water to react. Presumably, the equation was meant to summarize the neutralization reaction between aqueous solutions of hydrochloric acid and sodium hydroxide:


[image: ]


State symbols are vital if thermochemical equations (see Chapter 5) are written summarising a chemical equation and its associated energy change. State symbols must be included when writing an equation summarizing a phase change (see Chapter 7), for example, the sublimation of iodine:


[image: ]


If the focus is purely stoichiometric, that is, on reacting amounts, then state symbols may be redundant, for example:


[image: ]


one mole of methylbenzene will react with one mole of chlorine to form one mole of chloromethylbenzene and one mole of hydrogen chloride. This reaction will occur regardless of what physical states the reactants are in. Of course, the reaction will be very slow if one or both reactants are solids (see Chapter 6) maintained at low temperatures.


It should also be noted that some reactions do not occur, even though balanced equations can be written, for example


[image: ]


Hence, the reactivity or electrochemical series (Chapter 9) should be consulted before equations for replacement reactions are written.


Additional points about chemical equations


When constructing a balanced equation, ensure that your final set of coefficients are all whole numbers with no common factors other than 1. For example, this equation is balanced:


[image: ]


However, all the coefficients have the common factor of 2. Divide through by 2 to eliminate common factors:


[image: ]


It is allowable, and sometimes necessary, to use fractional coefficients in the balancing process, for example:


[image: ]


Generally, the fractional coefficient is not retained in the final answer. Multiplying the coefficients through by 2 removes the fraction:


[image: ]


However, if an equation represents the standard molar enthalpy of combustion, then fractional coefficients may have to be used. The standard molar enthalpy of combustion represents the energy change when one mole of a compound undergoes complete combustion in the presence of excess oxygen (Chapter 5).


Hence the equation:


[image: ]


correctly represents the standard molar enthalpy of combustion of ethane.


It should also be noted that some reactions do not occur, even though balanced equations can be written. Examples include:


[image: ]


and


[image: ]


[image: ]









8  Write balanced equations showing the reaction between silicon tetrachloride and water to form silicic acid (Si(OH)4) and hydrochloric acid and the decomposition of potassium chlorate(v), KClO3, to form potassium chloride and oxygen.








[image: ]






Information conveyed by a chemical reaction


Qualitatively, a chemical equation gives the names (via naming rules) of the various reactants and products, and directly gives their physical states. Quantitatively, it expresses the following information:





•  the relative numbers of chemical entities of the reactants and products involved in the chemical reaction



•  the relative amounts (in moles) of the reactant and products



•  the relative reacting masses of reactants and products



•  the relative volumes of gaseous reactants and products.





Consider the following equation:


[image: ]


Qualitatively, it indicates that hydrogen reacts with chlorine to form hydrogen chloride. The hydrogen, chlorine and hydrogen chloride are all in the gaseous form.


Quantitatively, it conveys the following information:





•  one mole of hydrogen molecules reacts with one mole of chlorine molecules to form two moles of hydrogen chloride molecules



•  2 grams of hydrogen react with 71 grams of chlorine to form 73 grams of hydrogen chloride



•  one volume of hydrogen reacts with one volume of chlorine to form two volumes of hydrogen chloride (see Avogadro’s law).





[image: ] An introduction to the different types of chemical reactions that will be encountered during the IB Chemistry programme may be found on the accompanying website.



[image: ] Deducing chemical equations when reactants and products are specified


Magnesium burns in oxygen to form magnesium oxide. Write a balanced equation for this reaction.


Replace the names with their formulas:


[image: ]


This equation is unbalanced. There are two oxygen atoms on the left-hand side and one on the right-hand side. This is impossible as atoms cannot be created or destroyed in a chemical reaction.


The equation needs to be balanced. The correct equation is


[image: ]


A balanced equation must contain the same number of atoms of each element on both sides of the arrow. Equations are balanced by placing coefficients in front of the formulas.


Equations should have state symbols inserted to indicate the physical states of the substances, for example


[image: ]


The condition of the reaction must be taken into account when writing state symbols. For example, copper(II) hydroxide reacts with hydrogen according to the following equation:


[image: ]


This reaction only occurs on heating, so the water will be steam and not a liquid. Hence the equation is written:


[image: ]
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ToK Link


Chemical equations are the ‘language’ of chemistry. How does the use of universal languages help and hinder the pursuit of knowledge?


Chemical equations (provided the existence of atoms and electrons is accepted) are unarguably universal, but only one of a number of items that make up the ‘language’ of chemistry. They are a representation of knowledge bridging the gap between sub-microscopic and macroscopic phenomena. In addition there is a vast nomenclature (naming rules for compounds), a wide range of chemical terms and mathematical relationships that help to make up the ‘language’.


The chemical symbols introduced by Berzelius provided the tools necessary for modern chemistry to develop from alchemy. Having standardized names for compounds and elements (IUPAC nomenclature) was one of the main keys to further progress. So it could be argued that the benefits outweigh the drawbacks or hindrances. However, the development of specialized terms or jargon can make each field of chemistry increasingly opaque (unclear) to ‘outsiders’, so cross-transfer of developments in one field may be long delayed in being acquired by other scientific fields where the same principles could apply.
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ToK Link


Lavoisier’s discovery of oxygen, which overturned the phlogiston theory of combustion, is an example of a paradigm shift. How does scientific knowledge progress?


Phlogiston theory was proposed by Johann Becher (1635−1682) and Georg Stahl (1660–1734). It was a theory of combustion (burning) and rusting that had considerable influence upon the progress of chemistry. Their main hypothesis was that all materials that could be burnt contained a substance resembling fire known as phlogiston (Greek, fire-stuff).


According to the theory, burning and rusting both represent the escape of phlogiston, and air is necessary for both processes because phlogiston is absorbed into it. When the air becomes saturated with phlogiston, the phlogiston has no place to go and the flame goes out or the rusting stops.


Although the theory made qualitative sense and helped explain burning and rusting, it suffered from a quantitative defect: it could not adequately account for the observed changes in mass that accompany burning and rusting. It was known as early as 1630 that when a piece of iron rusts, the rust formed weighs more than the original iron. A few phlogistonists tried to explain this by asserting that phlogiston had negative mass. However, when a lump of charcoal (carbon) burns, again presumably with the loss of phlogiston, its mass decreases. The theory was later falsified (disproved) by the work of the French chemist Lavoisier and the English chemist Priestley.
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Ionic equations


When a soluble ionic substance is dissolved in water, the ions separate and behave independently. For example, if barium chloride is dissolved in water, hydrated barium and chloride ions are formed:


[image: ]


The barium and chloride ions undergo their characteristic reactions regardless of which other ions may be present in the solution. For example, barium ions in solution react with sulfate ions in solution to form a white precipitate of barium sulfate (Figure 1.26).




[image: ]




If a solution of barium chloride, BaCl2, and a solution of sodium sulfate, Na2SO4, are mixed, a white precipitate of barium sulfate, BaSO4, is rapidly produced. The following equations describe the precipitate formation:


[image: ]


or


[image: ]


The second equation shows that the sodium and chloride ions have not undergone any change: they existed as independent ions both before and after the reaction took place. They are termed spectator ions and can be removed from the equation to generate a net ionic equation:


[image: ]


This equation may be interpreted to mean that any soluble barium salt will react with any soluble sulfate to produce barium sulfate.


The solubility of common salts is summarized below:





•  All sodium, potassium and ammonium salts are soluble.



•  All nitrates are soluble.



•  All chlorides are soluble except silver chloride and lead(II) chloride.



•  All sulfates are soluble except calcium sulfate, barium sulfate and lead(II) sulfate.



•  Sodium, potassium and ammonium carbonates are soluble but all other carbonates are insoluble.





Net ionic equations must always have the same net charge on both sides of the equation. In the net ionic equation above, the net charge on both sides of the equation is zero.


Net ionic equations may be written whenever reactions occur in aqueous solution in which some of the ions originally present are removed from solution or when ions not originally present are formed. Ions are removed from solution by the following processes:





•  formation of an insoluble precipitate



•  formation of molecules containing only covalent bonds



•  formation of a new ionic chemical species



•  formation of a gas.





[image: ]









9  Write balanced ‘molecular’ and ionic equations showing the following reactions: silver nitrate and sodium chloride solutions to form silver chloride and sodium nitrate; hydrochloric acid and sodium hydroxide to form sodium chloride and water; zinc and copper(II) sulfate solution to form zinc sulfate and copper; sodium carbonate and hydrochloric acid to form sodium chloride, water and carbon dioxide.








[image: ]






[image: ] IUPAC


The IUPAC is the International Union of Pure and Applied Chemistry. It is an international scientific organization, not associated with any government. The IUPAC sets global standards for names of inorganic and organic substances (nomenclature), chemical symbols and units. The IUPAC was formed in 1919 by chemists who recognized a need for standardization in chemistry. In addition to setting guidelines, the IUPAC sometimes helps to resolve disputes. An example is the decision to use the name ‘sulfur’ instead of ‘sulphur’.
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Nature of Science


Making quantitative measurements with replicates to ensure reliability – the laws of chemical combination


The laws of chemical combination listed below are all consequences of the atomic theory of matter. These are experimentally based laws derived from precise and repeated measurements of the masses of the reactants and products of chemical reactions. The law of definite proportions and the law of multiple proportions form the basis of stoichiometry.



Law of conservation of mass


There is no increase or decrease in mass during a chemical reaction (Figure 1.27). The atoms of a chemical substance cannot be created or destroyed during a chemical reaction. If the reacting substances are weighed before a chemical reaction and the products are accurately weighed after a chemical reaction, the mass is unchanged.




[image: ]




The law applies provided the product(s) do not escape and the mass of all the products is measured. However, if the reaction between calcium carbonate and dilute aqueous acid is performed in an open beaker, then there is a steady decrease in the total mass due to loss of the carbon dioxide, a gaseous product.


Law of constant composition


Some compounds can be prepared by a number of different methods. However, the chemical composition of the compound is identical regardless of the method used. For example, copper(II) oxide can be prepared by heating copper(II) carbonate or copper(II) nitrate.


[image: ]


The copper(II) oxide produced by these and other reactions can be converted to copper by reaction with hydrogen.


[image: ]


Equal masses of copper(II) oxide, produced by different methods, form equal masses of copper when converted to the element.


Law of multiple proportions


The law of multiple proportions applies when two elements form more than one compound, for example, copper(II) oxide, CuO, and copper(I) oxide, Cu2O. If two elements (A and B) combine together to form more than one compound, then the different masses of A that combine with a fixed mass of B are in a simple ratio. For example, if equal masses of two copper oxides are converted to copper by reaction with hydrogen, the masses of copper that combine with 1 gram of oxygen are in the ratio 2 : 1.


Law of definite proportions


The law of definite proportions states that a chemical compound always contains exactly the same proportion of elements by mass. An equivalent statement is the law of constant composition. For example, oxygen makes up about [image: ] of the mass of any sample of water, while hydrogen makes up the remaining [image: ] of the mass.





[image: ]
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10 Lead forms two compounds with oxygen. The first lead oxide contains 2.980 g of lead and 0.461 g of oxygen. The second lead oxide contains 9.890 g of lead and 0.763 g of oxygen. For a given mass of oxygen, deduce the lowest integer mass ratio of lead in the two compounds.








[image: ]






1.2 The mole concept



the mole makes it possible to correlate the number of particles with the mass that can be measured


The mole concept and the Avogadro constant


Chemists are interested in the ratios in which chemical elements and compounds react together during chemical reactions. This is important when preparing a pure substance in the laboratory, and even more so in the chemical industry. Using excess reactant, unless necessary, will result in additional costs in order to remove it from the product.


Atoms are very small with very small masses, for example a hydrogen atom (11H) weighs only 1.67355 × 10–27 kg. However, the masses of atoms of different elements are different, for example a carbon-12 atom is twelve times more massive than an atom of hydrogen-1.


For this reason, weighing out the same mass of different elements results in different numbers of atoms being present in the samples. It is very difficult for chemists to count large numbers of atoms directly so instead a chemist counts atoms indirectly by weighing samples of elements.


For example, 12 grams of carbon-12 atoms and 1 gram of hydrogen-1 atoms both contain the same number of atoms. These samples are described as having the same amount of atoms in moles. In this simple example the two samples of elements both contain one mole of atoms. The mole concept (Figure 1.28) allows chemists to weigh out samples of substances with equal numbers of particles (atoms, ions or molecules). For elements, one mole of atoms is present when the relative atomic mass of the element is weighed out in grams.




[image: ]




The amount of substance (symbol n) is a quantity that is directly proportional to the number of particles in a sample of substance. It is one of the seven base quantities of the SI unit system. The unit of amount is the mole (mol).


One mole of a substance contains 6.02 × 1023 particles of the substance. This is the same number of particles as there are atoms in exactly 12 grams of the isotope carbon-12 [image: ] (see Figure 1.29). The value 6.02 × 1023 mol–1 is called the Avogadro constant (symbol L or NA).




[image: ]




The particles may be atoms (e.g. Ar), molecules (e.g. Br2), ions (e.g. Na+), formula units (e.g. NaCl) or electrons (Figure 1.30), but should be specified, for example 1 mol of chlorine atoms or 2 mol of chlorine molecules. (Stoichiometric calculations involving electrons can be found in Chapter 19.)




[image: ]




The mole is simply a convenient counting unit for chemists, large enough to be seen, handled and measured. It is no different from other counting units: a dozen eggs, a gross (144) of nails and a ream (500 sheets) of paper (Figure 1.31). Note that as the objects become smaller, the number in the unit amount becomes larger. The value of the Avogadro constant is given on page 2 of the IB Chemistry data booklet.
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The equation below describes the relationship between the amount of a substance and the number of particles:


[image: ]


The formula may be rearranged to make the number of particles the subject.
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11 Calculate the number of molecules of water in 0.01 mol of water.



12 Calculate the amount of nitric(V) acid, HNO3, that contains 9 × 1023 molecules.



13 Calculate the number of oxygen atoms present in 9 × 1023 molecules of nitric(V) acid, HNO3.
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ToK Link


The magnitude of the Avogadro constant is beyond the scale of our everyday experience. How does our everyday experience limit our intuition?


[image: ] Atoms are so small that if a line one metre long were drawn then 6 000 000 000 or 6 × 109 atoms could be lined up end to end. If you were to stand on a sandy beach and look along the beach in both directions, you would not see enough particles to make one mole of grains of sand. The mole concept is analogous to a bank clerk who weighs bags of coins on special scales which effectively count coins (of the same type) by mass. Chapter 22 on the accompanying website introduces the science of nanotechnology, whose techniques allow chemists to move and count small numbers of atoms.


Our everyday experience is based on and is limited to large macroscopic objects, visible to the naked eye, and to low velocities. Our limited sense perception places limitations on our intuition, and to understand atoms we use mathematical theories supported by experimental data. Intuition as well as observation is valued in science. Great discoveries in science have often come from bold intuitive suggestions. Flashes of intuition and even dreams are allowed in science because they can be experimentally tested and then, if falsified, rejected.


[image: ] Einstein recalled that at the age of 16 he imagined chasing after a beam of light, and he suggested that this may have played a role in his later development of the theory of special relativity. Einstein also used ‘thought experiments’ (Gedanken in German) when he developed his theory of mass–energy equivalence (E = mc2) (Chapter 24 on the accompanying website). He imagined a stationary box floating deep in space containing a photon (light particle).


Unfortunately for humans, our powers of observation are limited by our five senses. We can only hear a limited range of sounds, and the visible spectrum is a relatively small proportion of the electromagnetic spectrum. Our eyes have a resolution of 200 micrometres and we cannot observe events that occur within a time period of less than 0.01 seconds. Hence our own physical limitations may limit our intuition.





[image: ]






Determination of the Avogadro constant and molar volume from physical measurement


In 1914 William Bragg used X-ray crystallography to determine the Avogadro constant. X-ray crystallography involves passing X-rays through very pure crystals and analysing the scattering patterns to determine the arrangement of particles in the crystal.



General approach





•  The spacing of particles in a crystal is first determined.



•  Knowing the distance between atoms (or ions) in the crystal, it is then possible to find the volume occupied by one atom.



•  The volume of one mole of the substance is then determined. This is known as the molar volume (Figure 1.32).



•  Finally, the volume of one mole is divided by the volume of one atom to obtain the Avogadro constant.







[image: ]




Example calculation


Figure 1.33 shows a unit cell of sodium metal, which has a body-centred cubic structure. The unit cell is the simplest arrangement of atoms which, when repeated, will reproduce the same structure.




[image: ]




The central atom is located inside the unit cell. The eight atoms at the corners are equally shared between eight unit cells. This means the unit cell effectively contains a total of [image: ], that is, two atoms.


X-ray diffraction methods show that the width of the sodium unit cell (shown as a in Figure 1.33) is 0.429 nm, or 0.429 × 10–7 cm (1 nm = 10–9 m).


Thus, the volume of the unit cell (that is, two atoms)


[image: ]


Therefore, the volume occupied by one sodium atom is 0.0395 × 10–21 cm3. The relative atomic mass of sodium is 22.99 and the density of sodium is 0.97 g cm–3.


Using the equation volume [image: ] the volume of one mole of sodium atoms is given by:


[image: ]


[image: ]


[image: ]









14 Under your teacher’s supervision fill a bowl with water and sprinkle some fine powder such as talcum powder over the surface. Place a small drop of pure oil on the surface of the water. It will spread out and form an approximately circular area clear of powder. It is assumed to be a monolayer, meaning it is one molecule thick and the molecules are assumed to be cubes. The volume of one drop of oil can be measured by counting how many drops it takes to fill a micro measuring cylinder. If the oil’s density is known an easier method would be to find the mass of a certain number of drops. The surface area of the film can be calculated from measuring its diameter. The thickness of the film is given by the expression volume (cm3) ÷ area (cm2). Your value should be in the region of 1.4 × 10–7 cm. If you know the density and molar mass of the pure oil then extend the calculation to determine the Avogadro constant.
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Formulas



Relative atomic mass, relative formula mass and molar mass


It is very difficult to determine directly the actual masses of individual atoms. However, it is relatively simple to compare the mass of one atom of a chemical element with the mass of atoms of other elements. The relative masses of atoms are determined by the use of a mass spectrometer (Chapter 2). The concept of relative masses of atoms is shown in Figure 1.34.




[image: ]




The relative atomic mass of an element is how many times greater the average mass of atoms of that element is than one-twelfth the mass of a carbon-12 atom. The weighted average mass is used since the majority of elements exist as mixtures of isotopes whose masses vary slightly (Chapter 2):


[image: ]


For example, the average mass of one atom of hydrogen from a large sample of hydrogen atoms is 1.01. (More than 99% of hydrogen atoms have a mass of exactly 1; less than 1% have a mass of exactly 2.)


relative atomic mass of hydrogen [image: ]


The relative atomic mass expresses masses of atoms as relative values using the carbon-12 atomic mass scale. Relative atomic masses (symbol Ar) are simply pure numbers and do not have units.


Figure 1.35 illustrates the concept of relative atomic mass applied to some isotopes of common elements. Atoms of magnesium-24 are twice as heavy as carbon-12 atoms. Therefore, the relative atomic mass of magnesium-24 atoms is 24. Three helium-4 atoms have the same mass as one carbon-12 atom. Therefore, the relative atomic mass of helium-4 atoms is 4.




[image: ]




Relative atomic masses of all the chemical elements are listed on page 6 of the IB Chemistry data booklet, but data for the first 20 elements are listed in Table 1.8 on the next page. The relative atomic masses are reported to two decimal places.




[image: ]




With elements, especially the common gaseous elements, it is important to differentiate between the relative atomic mass and the relative molecular mass. Thus oxygen, for example, has a relative atomic mass of 16.00 but a relative molecular mass of 32.00 because it exists as diatomic molecules (O2).


[image: ]









15 Deduce how much more massive, to the nearest integer, is a chlorine atom compared to a beryllium atom.








[image: ]





The relative molecular mass is the sum of the relative atomic masses of all the atoms in one molecule. Relative molecular masses (symbol Mr) are pure numbers and do not have units.


[image: ]


The relative formula mass is the sum of the relative atomic masses of all the atoms (in the form of ions) in one formula unit of an ionic compound. Relative formula masses are again pure numbers and do not have units.



Molar mass


The molar mass (symbol M) is the mass of one mole (Figure 1.36) of any substance (atoms, molecules, ions or formula units) where the carbon-12 isotope is assigned a value of exactly 12 g mol–1. It is a particularly useful concept since it can be applied to any chemical entity. It has units of grams per mol (g mol–1). It must be distinguished from the relative atomic/molecular/formula mass, which is a ratio and hence has no units, although both have the same numerical value.




[image: ]




The equation below describes the relationship between the amount of a substance, its mass (in grams) and its molar mass (g mol–1):


[image: ]


From this relationship it can be deduced that the mass of one mole of any substance will be equal to its molar mass in grams (Table 1.9).




[image: ]




[image: ] The molar mass of an atom or ion is equal to its relative atomic mass expressed in grams per mole. The molar mass is the mass per amount of a substance. It is a derived SI unit. The base SI unit for mass is the kilogram and that for the amount of a substance is the mole. Thus the derived unit for molar mass is kg mol–1. However, for both practical and historical reasons, molar masses are almost always quoted in grams per mole, especially in chemistry.


For example, the molar mass of sodium atoms is 22.99 g mol–1 and the relative atomic mass of sodium is 22.99. The molar mass of iron(II) ions, Fe2+, is 55.85 g mol–1 and the relative atomic mass of iron is 55.85. The molar mass of chloride ions, Cl–, is 35.45 g mol–1 and the relative atomic mass of chlorine is 35.45. The removal or gain of electrons has no effect on the calculations. The mass of the electrons is negligible and is ignored.


The molar mass of molecules or formula units is calculated by adding together the relative atomic masses of the elements in the molecule.


For example, the molar mass of sulfuric acid molecules, H2SO4 is 98.08 g mol–1. This is 2 atoms of hydrogen each of mass 1.01 = 2.02 g mol–1, 1 atom of sulfur of mass 32.06 = 32.06 g mol–1 and 4 atoms of oxygen of mass 16.00 = 64.00 g mol–1.


The molar mass of lead(II) nitrate, Pb(NO3)2 is 331.21 g mol–1. This formula mass has two nitrate groups. This formula unit contains 1 atom of lead of mass of 207.19 g mol–1, 2 atoms of nitrogen of mass 14.01 = 28.02 g mol–1 and 6 atoms of oxygen of mass 16.00 = 96.00 g mol–1.


[image: ]









16 Deduce the molar mass of magnesium carbonate, MgCO3.



17 Deduce the relative molecular mass of carbon dioxide, CO2.



18 Deduce the relative formula mass of hydrated iron(II) sulfate crystals, FeSO4.7H2O.








[image: ]
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Nature of Science


Concepts – the concept of the mole developed from earlier related ideas


John Dalton’s table of elements shown in Figure 1.37 include ‘equivalent masses’ or gram equivalent masses. It is the mass of one equivalent, that is the mass of a substance which will react with one gram of hydrogen. Equivalent masses were a useful generalization of the law of definite proportions.




[image: ]




One of the greatest problems was the reaction of hydrogen with oxygen to produce water: 1 gram of hydrogen reacts with 8 grams of oxygen to form 9 grams of water, so the equivalent mass of oxygen was defined as 8 grams; 35.5 grams of chlorine react with 1 gram of hydrogen so the equivalent mass of chlorine was 35.5 grams.


However, expressing the reaction in terms of gas volumes following Gay Lussac’s law, two volumes of hydrogen react with one volume of oxygen to produce two volumes of water, suggesting that the mass equivalent should be 16. Dalton and Gay-Lussac did not see that their laws of combining masses and combining volumes could be reconciled.


However, the work of Cannizzaro (1826–1910) helped explain this and many similar problems. At the Karlsruhe conference in 1860 he promoted the work of Avogadro and his concept that many gases, such as oxygen and hydrogen, were diatomic molecules. The equivalent mass of oxygen was then accepted as 16. The concept of relative atomic mass and mole is related to the concept of equivalent mass.





[image: ]






The SI system (Système International d’Unités)


[image: ] The international system of units (in French le Système International d’Unités, abbreviated as SI) was established by the 11th general conference on weights and measures (CGPM). The CGPM is an inter-governmental organization created by a diplomatic treaty known as the Metre Convention which was signed in Paris in 1875. The metric system was found to be more convenient as it was based on the decimal system. The fundamental units of the metric system are the gram for mass, the metre for length and the litre for the volume of fluids.


In 1960, the international committee of weights and measures recommended the use of an international system of units, abbreviated as SI units. SI units are largely a modification of the metric system. The seven units in the SI system are given in Table 1.10.




[image: ]




The mass standard has been defined as the mass of a platinum–iridium cylinder (Figure 1.38) that is stored in an air-tight container at the International Bureau of Weights and Measures (BIPM) in Sèvres, France. An alloy of platinum and iridium was chosen for this standard because it is highly resistant to chemical attack and its mass will not change for a very long time. Scientists are in search of a new standard of mass via accurate determination of the Avogadro constant.
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Calculating quantities


The equation relating the amount of substance in moles, mass and molar mass can be used to calculate any quantity given the values of the other two:


[image: ]



Determining the amount from mass and molar mass


In order to determine the amount of substance (in moles) the equation is used in the form shown above.


[image: ]









19 Calculate the approximate amount of water molecules present in 54 g of water, H2O.



20 Calculate the approximate amount of calcium present in 0.500 kg of calcium.



21 Calculate the approximate amount of water present in a drop with a mass of 180 mg.








[image: ]





Determining the mass from amount and molar mass


To determine the mass from the other two quantities the equation is rearranged to:


mass (g) = molar mass (g mol−1) × amount (mol)


[image: ]









22 Calculate the approximate mass of 0.40 mol of calcium carbonate, CaCO3.








[image: ]





Determining the molar mass from mass and amount


To determine the molar mass from the other two quantities the following form is used:


[image: ]
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23 0.00200 mol of a substance weighs 1.00 g. Calculate the molar mass of the substance.








[image: ]





Calculating the mass of a single atom or molecule


If the mass of a given number of atoms or molecules is known, then the mass of a single atom or molecule can be calculated.


[image: ]






Worked example


Calculate the mass of a single atom of carbon.




[image: ]
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24 Calculate the mass (in kg) of a single molecule of carbon dioxide, CO2. Use the IB values for the Avogadro constant and relative atomic masses.








[image: ]





Calculating the number of atoms of a specific element in a given mass of a molecular compound


The total number of atoms and the number of atoms of a specific chemical element in a given mass of a molecular compound may also be calculated.


Figure 1.39 is a summary showing how to interconvert between mass (in g), amount (in mol) and number of particles using molar mass and Avogadro’s constant.




[image: ]
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25 Calculate the approximate numbers of carbon and hydrogen atoms and the total number of atoms in 22 g of propane, C3H8.








[image: ]





Molecular and empirical formula


The mole concept can be used to calculate the formula of a substance from experimental results. The formula obtained is the simplest possible formula (involving integers) for that compound. It is known as the empirical formula of the substance and can be applied to ionic and covalent compounds.


[image: ]






Worked example


Use the experimental result that 32 g of sulfur reacts with 32 g of oxygen to calculate the empirical formula of this oxide of sulfur.




[image: ]







[image: ]





The molecular formula represents the actual number of atoms in a molecule of a simple covalent substance. The empirical formula and molecular formula may be identical for a molecule or they may be different. The empirical formula may be found by dividing the coefficients in the molecular formula by the highest common factor.


For example, the empirical and molecular formulas of water are both H2O; the molecular formula of hydrogen peroxide is H2O2, but the empirical formula is HO. The molecular formula of benzene is C6H6 and the empirical formula is CH.


Since ionic compounds exist as giant ionic structures (Chapter 4) the concept of a molecule cannot be applied. The formula of an ionic compound is therefore an empirical formula, representing the ions present in their simplest ratio.


[image: ]









26 Calculate the empirical formula of a compound with following percentage composition by mass: carbon 39.13%, oxygen 52.17% and hydrogen 8.700%.








[image: ]






Experimental determination of empirical formula


[image: ] The empirical formula may also be determined from the composition data of the compound. This data is obtained experimentally. Frequently the composition will be expressed as percentages rather than as masses. The method of working is exactly the same because with percentages we are considering the mass of each element in 100 grams of the compound.


[image: ]






Worked example


Determine the empirical formula of a compound containing 85.7% by mass of carbon and 14.3% hydrogen.




These percentage figures apply to any chosen amount of substance. If you choose 100 grams, then the percentages are simply converted to masses.




[image: ]










[image: ]





Empirical formulas can often be determined by direct determination, for example by chemically converting a weighed sample of one element to the chosen compound and then weighing the compound to find the mass of the second element that chemically combined with the first (Figure 1.40). An alternative method is to decompose a weighed sample of a compound containing only two elements, so that only one element remains, measure the mass of the remaining element, and then calculate the mass of the element that was originally combined. The change in mass can be monitored and measured by a data-logger.




[image: ]
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27 44.6 grams of an oxide of lead produced 41.4 grams of lead on reduction with hydrogen (to form water). Deduce the empirical formula of the oxide of lead.








[image: ]





Scientific evidence must be empirical, meaning that it is dependent on evidence (raw data) that is observable by the senses. In a related sense ‘empirical’ in science is synonymous with ‘experimental’. Hence, the term ‘empirical formula’ refers to a formula that is derived from experimental results, often involving weighing of masses. This approach is known as gravimetric analysis.


A similar approach can be used to determine the empirical formula of a hydrated salt (Figure 1.41) whose water of crystallization can be removed without the anhydrous salt undergoing decomposition. In the calculation the water and the anhydrous salt are treated as formula units and divided by their molar masses.




[image: ]
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Worked example


12.3 grams of hydrated magnesium sulfate, MgSO4.xH2O, gives 6.0 grams of anhydrous magnesium sulfate, MgSO4, on heating to constant mass. Deduce the value of x.




Mass of water driven off = 12.3 g − 6.0 g = 6.3 g




[image: ]










[image: ]





The percentage composition of a hydrocarbon is usually found by combusting a known mass of the pure compound in excess air or oxygen, then finding the masses of both the carbon dioxide (formed from the carbon in the compound) and the water (formed from the hydrogen).


[image: ]






Worked example


5.6 grams of a pure hydrocarbon forms 17.6 grams of carbon dioxide and 7.20 grams of water when it undergoes complete combustion. Determine its empirical formula.




Amount of carbon dioxide [image: ]


Hence, the amount of carbon atoms is 0.400 mol, since every carbon dioxide molecule contains one carbon atom.


Amount of water [image: ]


Hence the amount of hydrogen atoms is 0.800 mol, since every water molecule contains two hydrogen atoms.


The ratio of carbon to hydrogen atoms is 0.400 : 0.800, that is, 1 : 2. Hence the empirical formula is CH2.








[image: ]
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28 0.50 g of an organic compound containing carbon, hydrogen and oxygen gives 0.6875 g of carbon dioxide and 0.5625 g of water on combustion. Determine the empirical formula of the compound.








[image: ]






Determining the identity of an element in an empirical formula from percentage by mass data


[image: ]






Worked example


Determine the identity of element X in a compound XCO3 which has 40% by mass of X and 12% by mass of carbon.




In a sample of 100 g of XCO3 there will be 40 g of element X, 12 g of carbon atoms and 48 g of oxygen (100 g – 40 g – 12 g).


Amount of carbon atoms [image: ]


Amount of oxygen atoms [image: ]


Since the empirical formula is XCO3, the amounts of the three elements must be in a 1 : 1 : 3 ratio. Hence, 40 g of element X contains one mole of that element and the element is therefore calcium, since it has a molar mass of 40 g mol–1.








[image: ]





Determining the number of atoms of an element in a molecule given its molar mass and the percentage by mass of the element


[image: ]






Worked example


An iron-containing protein has a molar mass of 136 000 g mol–1. 0.33% by mass is iron. Calculate the number of iron atoms present in one molecule of the protein.




The combined molar mass of all the iron atoms = 0.0033 × 136 000 = 448.8 g mol–1


[image: ]


There are eight iron atoms in each molecule of the protein.








[image: ]





Determining the percentage by mass of an element in a compound of known formula


The experimentally determined percentage composition by mass of a compound is used to calculate the empirical formula of a compound. The reverse process can also be applied and the percentage by mass of a specific element in a compound of known formula can be calculated.


The method may be divided into three steps:





1  Determine the molar mass of the compound from its formula.



2  Write down the fraction by mass of each element (or water of crystallization) and convert this to a percentage.



3  Check to ensure that the percentages sum to 100.





[image: ]









29 Calculate the percentage composition by mass of methane, CH4 (M = 16 g mol–1).



30 Calculate the percentage composition by mass of hydrated sodium sulfate, Na2SO4.10H2O (M = 322 g mol–1).








[image: ]





Determining the molecular formula


Since the molecular formula is a multiple of the empirical formula, the following relationship holds:


molecular formula = empirical formula × n, where n represents a small integer


Therefore in order to calculate the molecular formula of a compound it is necessary to know its molar mass. Molar masses can be determined by a variety of physical measurements, including back titrations (for weak acids and bases) and weighing gases. Mass spectrometry is frequently used to determine the molar masses of molecular substances (Chapter 2). Automated instruments for determining the empirical and molecular formulas of organic compounds are available.


[image: ]









31 A compound contains 73.47% carbon, 10.20% hydrogen and 16.33% by mass of oxygen. The compound has a molar mass of 196 g mol–1. Calculate the molecular formula.
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Stoichiometry in electrolysis


Balanced half-equations (with equal numbers of electrons) can be used to establish the mole ratio of products in electrolysis. Half equations are used to describe redox reactions. These reactions involve the transfer of electrons (Chapter 9).


For example, if molten sodium chloride is electrolysed then the mole ratio of sodium atoms to chlorine molecules is 2 : 1.


2 mol of sodium ions accept 2 mol of electrons to form 2 mol of sodium atoms:


[image: ]


2 mol of chloride ions release 2 mol of electrons to form 1 mol of chlorine molecules:


[image: ]


A mole of electrons is known as a Faraday. 1 Faraday or 1 mole of electrons carries a charge of 96 500 coulombs (C). The quantity of charge carried by a single electron is known from experiments to be 1.60 × 10–19 C.


If it can be determined how many of these charges are needed to make up the number of coulombs in 1 Faraday, then you will know how many electrons there are in a mole of electrons, that is, the Avogadro constant.


[image: ]


The Avogadro constant can be experimentally obtained by an electroplating experiment. Consider the electrolysis of silver nitrate using silver electrodes. The reaction at the cathode (negative electrode) is:


[image: ]


An experiment showed that electrolysing silver nitrate solution, AgNO3(aq), using a current of 0.100 amperes for 30 minutes resulted in the cathode gaining a mass of 0.201 g.


The quantity of charge is given by the product of the time (in seconds) and the current in amperes, so


[image: ]


The half-equation shows that 1 mol of silver atoms is formed from 1 mol of silver ions.


[image: ]


That means that there were 0.00186 moles of electrons in the 180 coulombs passed through the circuit.


The number of coulombs of charge can be calculated from 180 C/0.00186 mol = 96 774 C mol–1. This is close to the literature value of 96 500 C mol–1.


The Avogadro constant can be calculated from dividing the charge on the electron by the experimentally determined value for the Faraday constant:


[image: ]


1.3 Reacting masses and volumes


mole ratios in chemical equations can be used to calculate reacting ratios by mass and gas volume


Calculating theoretical yields


Almost all stoichiometric problems can be solved in just four simple steps (Figure 1.42):





1  If necessary, provide a balanced equation.



2  Convert the mass (or volume) units of a given reactant to an amount (in moles).



3  Using the mole ratio from the coefficients in the equation, calculate the amount of the required product.



4  Convert the amount of the product to the appropriate units of mass (or volume).







[image: ]




Determining the mass of a product (from a single reaction)


[image: ]






Worked example


Calculate the mass of calcium oxide that could be obtained by heating 2.5 grams of calcium carbonate, CaCO3. (Assume that the calcium carbonate is pure and that complete decomposition occurs.)







Step 1 – Balanced equation: CaCO3(s) → CaO(s) + CO2(g)



Step 2 – Convert to moles: Amount of calcium carbonate [image: ]




Step 3 – Use the mole ratio: The coefficients in the equation indicate that one mole of calcium carbonate, CaCO3, decomposes to give one mole of carbon dioxide, CO2, and one mole of calcium oxide, CaO.


 


             Consequently, 0.025 mol of calcium carbonate, CaCO3, decomposes to give 0.025 mol of carbon dioxide, CO2, and 0.025 mol of calcium oxide, CaO.


 



Step 4 – Convert to mass or volume: Mass of calcium oxide = 0.025 mol × 56 g mol–1 = 1.4 g











[image: ]





Determining the mass of a product (from consecutive reactions), where the product of a reaction is the reactant of a subsequent reaction


[image: ]






Worked example


Calculate the mass of nitric acid that can be produced from 56 grams of nitrogen gas.




[image: ]


The coefficients in the equations indicate that: 1 mol of N2 produces 2 mol of NH3; 4 mol of NH3 produces 4 mol of NO; 2 mol of NO produces 2 mol of NO2; and 4 mol of NO2 produces 4 mol of HNO3. So overall, 1 mol of N2 produces 2 mol of HNO3.


Amount of nitrogen[image: ]


Amount of nitric acid produced = 2 × 2 mol = 4 mol


Hence, mass of nitric acid produced = 4 mol × 63 g mol–1 = 252 g








[image: ]





Utilization: Stoichiometric calculations in industry


Stoichiometric calculations are fundamental to chemical processes in a wide variety of industries including the food, pharmaceutical and manufacturing industries.


For example, the blast furnace is involved in the production of iron from iron(III) oxide according to the following equation:


[image: ]


The principles of stoichiometry can be used to calculate the approximate mass of iron that can be produced from 10 tonnes of iron(III) oxide.


[image: ]


and hence the approximate mass of iron is


[image: ]



The limiting reactant and the reactant in excess


Frequently during chemical reactions, one of the reactants is present in excess. This means that once the reaction is complete, some of that reactant will be left over. For example, consider the reaction between hydrogen and oxygen to form water:


[image: ]


Suppose there is a reaction where two moles of hydrogen and two moles of oxygen are available for reaction. The coefficients in the equation indicate that only one mole of oxygen is required to react with two moles of hydrogen. This means that one mole of oxygen will be left over when the reaction is complete.


The amount of water obtained is determined by the amount of reactant that is completely consumed during the reaction. This reactant is termed the limiting reactant. The reactant which is not completely consumed is referred to as the reactant in excess.


[image: ]






Worked example


Calculate the mass of magnesium that can be obtained from the reaction between 4.8 grams of magnesium and 4.8 grams of sulfur. Identify the limiting reactant and calculate the mass of the unreacted element present in excess.




[image: ]


Amount of magnesium atoms [image: ]


Amount of sulfur atoms [image: ]


The coefficients in the equation indicate that one mole of magnesium atoms reacts with one mole of sulfur atoms to form one mole of magnesium sulfide. The amounts indicate that sulfur is the limiting reactant and magnesium is present in excess.


Mass of magnesium sulfide formed = 0.15 mol × 56 g mol–1 = 8.4 g


Amount of magnesium unreacted = 0.20 mol – 0.15 mol = 0.05 mol


Mass of magnesium unreacted = 0.050 mol × 24 g mol–1 = 1.2 g








[image: ]
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ToK Link


Assigning numbers to the masses of the chemical elements has allowed chemistry to develop into a physical science. Why is mathematics so effective in describing the natural world?


Assigning values of the relative masses of the atoms of chemical elements allowed chemistry to develop into a physical science. The concepts of relative atomic mass and the law of conservation of mass allowed quantitative chemistry (stoichiometry) to develop. Aristotle wrote, ‘Mathematics is the study of quantity’ and Descartes wrote, ‘Mathematics is the science of order and measurement’. The deepest philosophical and scientific mysteries are often those that we take for granted. It is quite possible that you have never reflected on the fact that chemists uses mathematics to describe and explain the physical world. Mathematical concepts, such as differential equations and logarithms, that were developed for purely abstract reasons turn out to explain real chemical phenomena. Their utility (usefulness), as physicist Eugene Wigner once wrote, ‘is a wonderful gift which we neither understand nor deserve’. Is mathematics ‘invented’ (a creation of the human mind) or ‘discovered’ (something that exists independently of human thought) or both? What is beyond doubt is the astonishing power, precision and conciseness of mathematics. For example, James Clerk Maxwell’s four equations of electromagnetism summarized the field of electromagnetism in the 1860s; they also predicted the existence of radio waves two decades before the German physicist Hertz detected them. Radio waves are now widely used in MRI scanners in hospitals and in mobile phones.
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Percentage and experimental yields


The quantity of product that is calculated to be formed when all the limiting reactant reacts is termed the theoretical yield. The mass, volume or amount of a product actually obtained in a chemical reaction is termed the experimental yield.


The experimental yield is always less than the theoretical yield for one or more of the following reasons:





•  side or competing reactions



•  the reaction is reversible and reaches equilibrium (Chapter 7)



•  mechanical losses/physical loss of the reactants or products – these are the small amounts of product that are lost when they remain stuck to glassware or filter paper as they are transferred in the lab



•  impurities present in the reactants.





Competing reactions


In certain circumstances, the same two chemicals can react to give different products. For example, when carbon burns in a plentiful supply of oxygen, it reacts to produce carbon dioxide, CO2(g), as expected in the presence of a plentiful supply of oxygen (air), according to the following chemical equation:


[image: ]


In fact, carbon monoxide, CO(g), is also produced to a small extent even when carbon burns with an excess of oxygen available:


[image: ]


This is an example of a competing reaction. Since some of the carbon reacts to form carbon monoxide in the competing reaction, the experimental yield of carbon dioxide is always less than predicted.


The percentage yield can be calculated from the following expression:


[image: ]


Percentage yields are of particular importance in organic chemistry (Chapter 10) because there are significant side reactions and many organic reactions are reversible.


[image: ]









32 In an experiment to produce a sample of hex-1-ene, 20.4 grams of hexan-1-ol was heated with an excess of phosphoric(v) acid. The phosphoric(v) acid acted as a dehydrating agent, removing water from the alcohol to form hex-1-ene.


[image: ]


    After purification of the hex-1-ene, 10.08 grams was produced. Calculate the percentage yield.








[image: ]





Utilization of percentage yield: Monitoring the efficiency of industrial processes


Achieving high percentage yields in industry is very important because chemical reactions often form by-products as well as the intended product. In most reactions, not all of the reactants actually react. What is left at the end of a reaction is typically a mixture of product and impurities (by-products and starting reactants). Achieving high percentage yields is especially important in industries that rely on organic synthesis, such as the pharmaceutical industry. It may require ten steps to synthesize a drug molecule and if each step has a percentage yield of 90%, the overall yield is only 35%:


[image: ]


In reactions such as the Haber process, the reactants (nitrogen and hydrogen) can be recycled, in which case high yields are less of an issue.



Percentage purity


The percentage purity is the percentage of a specified compound or element in an impure sample. The percentage purity of a substance is often determined by a titration or a back titration.


The percentage purity of a sample of a chemical substance can be calculated from the following relationship:


[image: ]
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Worked example


When 12 grams of impure carbon was burnt in excess oxygen, 33 grams of carbon dioxide was obtained. Calculate the percentage purity of the carbon.




The balanced equation for the reaction is:


[image: ]


Amount of carbon dioxide formed [image: ]


Since 1 mole of carbon dioxide is obtained from 1 mole of carbon (in the presence of excess oxygen), the amount of carbon in the original sample must be 0.75 mol.


Therefore, the mass of carbon in the original sample = 0.75 mol × 12 g mol–1 = 9.0 g.


Hence, the percentage purity [image: ]
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Reacting volumes of gases


A French chemist called Gay-Lussac studied chemical reactions between gases. He discovered that in such reactions, the volumes of the reacting gases (measured at the same temperature and pressure) were in a simple whole number ratio to one another and the volumes of the gaseous products. This is known as Gay-Lussac’s law. For example, he found that one volume of hydrogen always reacted with exactly the same volume of chlorine to form two volumes of hydrogen chloride (Figures 1.43 and 1.45), and one volume of oxygen always reacted with two volumes of hydrogen to form two volumes of steam (Figure 1.44).
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[image: ]
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The Italian chemist Avogadro explained Gay-Lussac’s results by suggesting that equal volumes of gases, measured at the same temperature and pressure, contain the same number of molecules. This suggestion is now called Avogadro’s law. Mathematically, it can be expressed as:


V ∝ n


where V represents the volume of gas and n represents the amount of gas (in moles). For example, if the number of molecules of a mass of gas is doubled, then the volume (at constant temperature and pressure) of the gas is doubled.


Using Avogadro’s law, Gay-Lussac’s observations on the formation of steam by direct synthesis can be interpreted as shown below:


2 volumes of hydrogen + 1 volume of oxygen → 2 volumes of steam


means


2 mol of hydrogen molecules + 1 mol of oxygen molecules → 2 mol of steam (water molecules)


and


2 hydrogen molecules + 1 oxygen molecule → 2 steam (water) molecules


Avogadro’s law is a consequence of the large intermolecular distances between molecules in the gaseous state: a gas is mainly empty space.



Calculating the volumes of reactants used


[image: ]






Worked example


Calculate the volume of oxygen needed to burn 200 cm3 of propane.


[image: ]




This equation indicates that one mole of propane reacts with five moles of oxygen to produce three moles of carbon dioxide and four moles of water. Applying Avogadro’s law means that one volume of propane reacts with five volumes of oxygen to produce three volumes of carbon dioxide.


(Note that Avogadro’s law only applies to gases. Since liquid water is formed you cannot make a statement about its volume.)


The volumes of propane and oxygen must be in a 1 : 5 ratio, hence the volume of oxygen needed is 5 × 200 cm3 = 1000 cm3.
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Worked example


Calculate the volume of air needed to burn 200 cm3 of propane. Air is 20% by volume oxygen.


[image: ]




The volume of oxygen required is 1000 cm3. However, air is only [image: ] oxygen and so you need five times as much air as oxygen. Hence, the volume of air required is 5 × 1000 cm3 = 5000 cm3.
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Calculating the volumes of products produced
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Worked example


Calculate the volume of carbon dioxide produced by the combustion of 0.500 dm3 of butane, C4H10.


[image: ]




This equation indicates that 2 volumes of butane react with 13 volumes of oxygen to form 8 volumes of carbon dioxide.


The amounts of butane and carbon dioxide are in a 2 : 8 ratio, hence the volume of carbon dioxide formed is 0.500 dm3 × 4 = 2.00 dm3.








[image: ]





Deducing the molecular formula
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Worked example


When 20 cm3 of a gaseous hydrocarbon is reacted with excess oxygen the gaseous products consist of 80 cm3 of carbon dioxide, CO2, and 80 cm3 of steam, H2O, measured under the same conditions of pressure and temperature (above 100 °C).




Deduce the molecular formula of the hydrocarbon.


20 cm3 hydrocarbon + excess oxygen → 80 cm3 CO2 + 80 cm3 H2O


1 molecule of hydrocarbon → 4 molecules of CO2 + 4 molecules of H2O


Each molecule of the hydrocarbon must contain four carbon atoms and eight hydrogen atoms. The molecular formula is therefore C4H8.
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[image: ] Calculating reacting volumes using Avogadro’s law


The foul smell that skunks spray is due to a number of thiols, one of which is methanethiol, CH3SH. A 10.00 cm3 sample of methanethiol was exploded with 60.00 cm3 of oxygen. Apply Avogadro’s law and determine the final volume of the resultant mixture of gases when cooled to room temperature.


[image: ]


The oxygen is in excess and hence the methanethiol is the limiting reagent. The volume of the oxygen left = 60.00 cm3 – 30.00 cm3 = 30.00 cm3. The volume of carbon dioxide = 10.00 cm3, volume of sulfur dioxide = 10.00 cm3 and the total volume is 30.00 cm3 + 10.00 cm3 + 10.00 cm3 = 50.00 cm3.


Utilization of gas volume changes during chemical reactions


Gas volume changes during chemical reactions are responsible for the inflation of air bags in vehicles. Sodium azide is made for use in car air bags. When this compound is heated to 300 °C it rapidly decomposes into its elements according to the following equation:


[image: ]


The molar mass of sodium azide is 65.02 g mol–1. This means that 65.02 g (1 mol) of it will release 1.5 mol of nitrogen gas. At STP (273 K and 100 kPa) this will occupy a volume of 34.05 dm3.


The explosive known as TNT (trinitrotoluene) is very useful because it works without the presence of a separate oxidizing agent. Basically, all of the energy is stored in the TNT, so the explosion can occur even if there is no oxygen present. The explosion of TNT is a decomposition reaction and large volumes of hot and expanding gases are formed:


[image: ]



Molar volume of a gas


It follows from Avogadro’s law that the volume occupied by one mole of molecules must be the same for all gases (Figure 1.46). It is known as the gas molar volume and has an approximate value of 22.7 dm3 at 0 °C (273 K) and 1 atmosphere (100 kPa). These conditions are known as standard temperature and pressure (STP).
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This relationship, together with Avogadro’s constant (6.02 × 1023 mol–1), allows us to solve some types of stoichiometry problems.
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33 Calculate the volume of oxygen in dm3 at STP that contains 1.35 mol of molecules.



34 Calculate the amount of hydrogen gas in 175 cm3 at STP.



35 Calculate the number of molecules present in 2.85 dm3 of carbon dioxide at STP.



36 Calculate the density (in grams per cubic decimetre, g dm–3) of argon gas at STP. The relative atomic mass (from the periodic table) of argon is 39.95. Hence, 22.7 dm3 (1 mol) of argon gas weighs 39.95 g.



37 20.8 grams of a gas occupies 7.44 dm3 at STP. Determine the molar mass of the gas.



38 When 3.06 grams of potassium chlorate(v), KClO3, is heated it produces 840 cm3 of oxygen (at STP) and leaves a residue of solid potassium chloride, KCl. Deduce the balanced equation. The molar mass of potassium chlorate(v) is 122.5 g mol–1.
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Nature of Science


Making careful observations and obtaining evidence for scientific theories – Avogadro’s hypothesis


Amedeo Avogadro (1776–1856) was an Italian physicist who made many early contributions to the concepts of molecular behaviour and relative molecular mass (formerly known as molecular weight) (Figure 1.48). His most critical contribution was making the distinction between atoms and molecules. His hypothesis was based on the careful experimental work by Gay-Lussac and John Dalton’s atomic theory. He trained and practised as a lawyer, but later became Professor of Physics at Turin University. As a tribute to him, the number of particles in one mole of a substance is known as the Avogadro constant (formerly known as the Avogadro number).
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[image: ] Relationship between temperature, pressure and volume of a gas


In a gas the molecules are completely free to move in all directions and travel in straight lines until they collide with other gas molecules or atoms or bounce off the walls of the container. The overall resulting movement is completely random (Figure 1.49).




[image: ]




Forces of attraction between molecules or between single molecules and molecules of the walls of the container are usually so small that they can be neglected. However, when molecules approach close to one another, or to molecules of the walls, their kinetic energy brings them close enough for these forces to become repulsive and no longer negligible – hence they rebound.


When a gas is heated, the particles move faster and therefore collide more often with each other and the walls of the container. Gases are very compressible because of the large interatomic or intermolecular spaces between the particles. This also causes the density of gases to be very low compared to those of solids and liquids.


Effect of pressure on volume of a gas


The effect of pressure on a fixed volume of gas can be demonstrated (in a qualitative manner) by trapping some air inside a sealed gas syringe connected to a pressure gauge and pushing in the plunger (Figure 1.50): the pressure of the gas increases as the volume decreases. The temperature remains constant during this change (if it is performed slowly, so that the air can remain in temperature equilibrium with the syringe and the surroundings).
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The increase in the pressure of the gas is due to the increase in the frequency of collisions between the gas particles and the container walls. Since the volume is smaller, and the number of particles is constant, they hit the walls more often. There are a number of very useful simulations of the various gas laws on the internet. For example, see http://group.chem.iastate.edu/Greenbowe/sections/projectfolder/flashfiles/gaslaw/boyles_law_graph.html.


Effect of temperature on volume of a gas


This can be easily demonstrated (in a qualitative manner) by trapping some air inside a sealed gas syringe and placing it in a beaker of hot water: the volume of the gas increases as the temperature increases (Figure 1.51). The pressure remains constant during this change.
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Heating the gas makes the particles move (on average) faster so that they hit the walls of the container more frequently and with greater momentum. This pushes the plunger of the syringe outwards, increasing the volume of the gas until this reduces the collision frequency to compensate for the increased speed and the pressure in the trapped gas is equal to the pressure of the atmosphere on the other side of the syringe.


Effect of temperature on pressure of a gas


If a sealed container is heated with gas inside, then once the temperature is sufficiently high the lid will fly off or the container will explode. This shows that gas pressure (at constant volume) increases with temperature.


The effects of changing one of these variables (pressure, temperature and volume) on a fixed mass of gas, while keeping the other one constant, are summarized in Table 1.11.
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Gas density


The density of a gas is defined as the mass of the gas divided by its volume. The volume of the gas changes with temperature and pressure. Specifically, if the pressure on a gas is increased its volume decreases, resulting in an increase in density. If the temperature of a gas is increased, the volume increases and the density is reduced.



[image: ] Units of gas pressure


Gases exert outward force on the walls of the container in which they are enclosed. The outward force experienced by the walls is due to bombardment of gas molecules on the walls. This outward force per unit area of the walls is termed as gas pressure.
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By definition,
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Thus, the SI unit of force has units of kg m s–2 which is called the newton (N). 1 N = 1 kg m s–2.


Putting the SI units of force (N) and area (m2) together, we get the SI unit of pressure as N/m2 or N m–2.


This SI unit of pressure is called the pascal (Pa) in the honour of the French mathematician and physicist Blaise Pascal. 1 Pa = 1 N m–2 and 1000 Pa = 1 kilopascal, abbreviated as kPa.


For gases, this unit of pressure is very small. Hence pressure is generally expressed in terms of a larger unit named the bar. One bar represents 100 kilopascal. Thus 1 bar = 100 kPa = 105 Pa. It may be noted that the older unit of pressure of gases was the atmosphere, which was abbreviated as atm. The relationship between these units is as given below:


[image: ]


An older non-SI unit is the pound per square inch (psi). It is the pressure resulting from a force of one pound applied to an area of one square inch. Pressure gauges often have two scales that read in psi and kPa. 1 psi = 6894.757 Pa and 1 atm = 14.696 psi.


The atmospheric pressure can be measured by a simple device called a barometer. A simple barometer can be made by filling mercury in a tube (longer than 76 cm) closed at one end and inverting it in an open vessel containing mercury. The mercury level in the tube adjusts itself and stands approximately 76 cm above the level of mercury in the open vessel.


The weight of the mercury column held in the tube gives a measure of atmospheric pressure. The height of the column decreases when the pressure of the atmosphere decreases whereas the height of the column increases with increases in the atmospheric pressure.



Kinetic theory of gases


The behaviour of gases is explained by the kinetic theory of gases, which makes the following assumptions about the behaviour and properties of particles in a gas:





•  The individual molecules or atoms of a gas each have a negligible volume compared to the container.



•  There are no attractive or repulsive forces operating between the atoms or molecules of the gas, except at collisions between molecules and between individual molecules and the walls of the container (Figure 1.52).



•  The collisions between the molecules or atoms with themselves and the walls of the container are perfectly elastic and give rise to gas pressure.



•  The mean kinetic energy of the molecules or atoms of a gas is directly proportional to its absolute temperature on the thermodynamic scale. The kinetic energy of a gaseous molecule or atom is given by the expression [image: ], where m represents the mass of the particle and v represents its speed.
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This model of a gas is known as the ideal gas model and is a good description of the behaviour of most gases, especially at high temperatures and low pressures. However, an ideal gas is a hypothetical state since the first two assumptions of the ideal gas model cannot be precisely true. No gas behaves absolutely perfectly as an ideal gas.


The pressure of a gas can be measured using a manometer (Figure 1.53). In its simplest form the manometer is a U-tube about half-filled with liquid. With both ends of the tube open, the liquid is at the same height in each leg. When positive pressure is applied to one leg, the liquid is forced down in that leg and up in the other. The difference in height indicates the pressure.
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The temperature scale used in kinetic theory is the absolute or thermodynamic (Kelvin) scale. The thermodynamic scale of temperature uses units of kelvins (K), which have the same size as the more familiar degrees Celsius (°C) but whose ‘zero’ is absolute zero (–273.15 °C) (Figure 1.54). Hence, a temperature change of 1 K is the same as a temperature change of 1 °C. Unlike the Celsius scale, negative numbers are not used in the absolute scale.
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Conversion between the Celsius and thermodynamic scales is governed by the equation:


[image: ]


where t is the temperature in degrees Celsius and T is the absolute temperature in Kelvin. So, for example:


[image: ]


hence 60.00 °C is equivalent to 333.15 K.


Chemistry, like all the scientific disciplines, has its own specialized vocabulary. However, the greatest problems tend to arise not from specially invented names, but from widely used words whose meaning does not match their usage in chemistry. For example the word ‘ideal’ is used to describe a state of perfection. However, an ideal or perfect gas is a simplified or imperfect mathematical model of a gas. ‘Ideal laws’ simplify the problem of describing phenomena by ignoring the less important features of a system.


The gas laws



Boyle’s law


Boyle found that (at constant temperature), the volume of a fixed mass of gas is inversely proportional to its pressure. In other words, if the pressure on a sample of gas is increased, then the volume decreases. This can be expressed mathematically as:


[image: ]


where P represents the pressure and V represents the volume.


Alternatively Boyle’s law can be expressed as P × V = K, where K represents a constant that varies with the gas and temperature.


Boyle’s law (Figure 1.55) can be used to calculate the new pressure or volume if a fixed mass of gas (at constant temperature) undergoes a change in pressure or volume:
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where P1 represents the initial pressure, V1 represents the initial volume, P2 represents the final pressure and V2 represents the final volume.
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Worked example


A sample of gas collected in a 350 cm3 container exerts a pressure of 103 kPa. Calculate the volume of this gas at a pressure of 150 kPa. (Assume that the temperature remains constant.)
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Charles’ law


If the absolute temperature of a gas is doubled then the volume (at constant pressure) doubles. Conversely, if the absolute temperature of a gas is halved (at constant pressure), the volume halves.


This behaviour is known as Charles’ law (Figure 1.56) and can be expressed mathematically as V ∝ T, where V represents the volume and T represents the absolute temperature in Kelvin. Alternatively Charles’ law can be expressed as V = K × T (where K represents a constant that varies with the gas and pressure).




[image: ]




Note that a doubling of the temperature in degrees Celsius is not a doubling of the absolute temperature, for example a doubling of the temperature from 200 to 400 °C is only a rise from (200 + 273) = 473 K to (400 C + 273) = 673 K, that is, a ratio of 673/473 or 1.42.


Charles’ law can be used to calculate the new temperature or volume if a fixed mass of gas (at constant pressure) undergoes a change in temperature or volume. It can be expressed as:


[image: ]


where V1 represents the initial volume, T1 represents the initial absolute temperature, V2 represents the final volume and T2 is the final absolute temperature.
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39 A 4.50 dm3 sample of gas is warmed at constant pressure from 300 K to 350 K. Calculate its final volume.
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The pressure law


The pressure law states that for a fixed mass of gas (at constant volume) its absolute temperature is directly proportional to pressure. This behaviour can be expressed mathematically as P ∝ T, where P represents the pressure and T represents the absolute temperature in Kelvin. Alternatively the pressure law can be expressed as P = K × T or P/T = K (where K represents a constant that varies with the gas).


The pressure law can be used to calculate the new pressure or temperature if a fixed mass of gas (at constant volume) undergoes a change in temperature or pressure. This is done using the following equation:


[image: ]


where P1 represents the initial pressure, T1 represents the initial absolute temperature, P2 represents the final pressure and T2 represents the final absolute temperature.
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40 10 dm3 of a gas is found to have a pressure of 97 000 Pa at 25.0 °C. What would be the temperature required (in degrees Celsius) to change the pressure to 101 325 Pa?



41 The temperature of a gas sample is changed from 27 °C to 2727 °C at constant volume. What is the ratio of the final pressure to the initial pressure?
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Equation of state (‘combined gas law’)


The equation of state is formed by combining Boyle’s law (P × V = constant) and Charles’ law (V/T = constant):


[image: ] constant, for a fixed mass of gas


This equation is sometimes called the combined gas law, but it is properly termed the equation of state (for an ideal gas).


This relationship is often written as:


[image: ]


Gas volumes are usually compared at STP. As with Charles’ law, all temperatures must be expressed as absolute temperatures in Kelvin.
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42 At 60 °C and 1.05 × 105 Pa the volume of a sample of gas collected is 60 cm3. What would be the volume of the gas at STP?
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[image: ] The ideal gas equation


We have seen that Boyle’s law (PV = constant) and Charles’ law (V/T = constant) can be combined together to give a combined gas law known as the equation of state:


[image: ] constant, for a fixed mass of gas


It follows from Avogadro’s law that for one mole of gas (Vm) the constant will be the same for all gases. It is called the gas constant and given the symbol R:


[image: ]


This can be rearranged as PVm = RT.


This equation is called the ideal gas equation and, for n moles of gas, the equation becomes:


[image: ]


where P represents the pressure in pascals (Pa), V represents the volume in cubic metres (m3), n represents the amount of gas (mol), R represents the gas constant (8.31 J K–1 mol–1) and T represents the absolute temperature (Kelvin). (The ideal gas equation is printed on page 1 of the IB Chemistry data booklet.)


It is vital that volumes expressed in dm3 and cm3 are converted to cubic metres if the value of the gas constant R given above is used, and that the pressure is expressed in pascals. 1 dm3 = 0.001 or 10–3 m3 and 1 cm3 = 0.000001 or 10–6 m3.


The ideal gas equation can be used to determine the relative molecular masses of gases (Figure 1.57) or volatile liquids (Figure 1.58).
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Calculations may also involve measurements involving the density of gas, which should be expressed or converted to SI units of kg m–3. However, note that g dm–3 and kg m–3 are equivalent – no conversion is required.
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43 At 273 K and 101 325 Pa, 12.64 grams of a gas occupy 4.00 dm3. Calculate the relative molecular mass of the gas.
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44 Calculate the relative molecular mass of a gas which has a density of 2.615 g dm–3 at 298 K and 101 325 Pa.
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Another method of solving this type of problem is to combine the ideal gas equation with the expression for density (d) and the relationship between the number of moles (n), the mass (m), the pressure (P) in kilopascals (kPa) and the relative molecular mass (Mr):


[image: ]


Substituting for V in the equation for Mr:


[image: ]


The gas constant can be experimentally determined using relatively available laboratory equipment. Magnesium and hydrochloric acid can be used to generate hydrogen gas. The gas can collected in a eudiometer, a glass tube with a volume scale, closed at one end. Then gas will be collected in the closed end of the tube via the technique of water displacement. Once collected, the volume of the gas, the temperature of the gas, the amount of gas and the pressure of gas can be directly measured or indirectly determined. By substituting these values into the ideal gas law and solving for R, an experimental value for the gas constant can be determined. Data-loggers can be used to measure temperature, pressure and volume changes during experiments involving gases.
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ToK Link


The ideal gas equation can be deduced from a small number of assumptions of ideal behaviour. What is the role of reason, perception, intuition and imagination in the development of scientific models?


‘What are substances made from?’ is a question that has been asked for thousands of years since the time of the Ancient Greek philosophers. Gradually scientists began to believe that all substances are made up of particles (atoms, molecules and ions). They are too small to be seen, but many simple experiments suggest that matter must be made of particles.


Observations (using sense perception as a way of knowing) involving the diffusion of coloured gases, such as bromine, and the serial dilution of a highly coloured substance such as potassium manganate(VII), can only be explained if the substances are assumed to be composed of large numbers of moving particles.


The development of the kinetic molecular theory was a direct consequence of the intuition, imagination and reasoning (logic) of various scientists involved in the development of the theory. These included Maxwell, Brown and Einstein.


The various gas laws were developed at the end of the 18th century, when scientists began to realize that relationships between the pressure, volume and temperature of a sample of gas could be obtained which would describe the behaviour of all gases. Gases and mixtures of gases behave in a similar way over a wide variety of physical conditions because (to a good approximation) they all consist of molecules or atoms which are widely spaced: a gas is mainly empty space. The ideal gas equation can be derived from kinetic molecular theory. The gas laws are now considered as special cases of the ideal gas equation, with one or more of the variables (pressure, volume and absolute temperature) held constant.
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[image: ] Graphs relating to the ideal gas equation


A gas that obeys the ideal gas equation (and all the gas laws) under all conditions is said to behave as an ideal gas, or to behave ideally. No gas behaves ideally: all gases deviate to some extent from ideal behaviour and are described as real gases. The deviation from ideal gas behaviour can be shown by plotting PV/RT against P or PV against P. For a gas behaving ideally, these plots would give straight lines (Figure 1.59).
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The greatest deviation from ideal behaviour occurs when the gas is subjected to a low temperature and high pressure (Figure 1.60). A real gas deviates from ideal behaviour considerably at high pressures. This is because when gases are put under pressure and compressed, the molecules or atoms come sufficiently close together for intermolecular forces (Chapter 4) to operate and the particles to be attracted to each other. In other gases, for example ammonia, stronger hydrogen bonds operate and the deviation from ideal behaviour is even greater.
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One of the assumptions of the ideal gas model is that the volume of molecules is negligible compared with the volume occupied by the gas. This is no longer true in a highly compressed gas where the actual volume of the gas molecules becomes significant. At low temperatures, deviation from ideal behaviour occurs because the molecules are moving slowly, which significantly strengthens the intermolecular forces operating between neighbouring molecules or atoms.



Solutions


Water dissolves a wide range of different chemical substances. Water is a solvent and the substances dissolved in the water are termed solutes. The mixture of solvent and solute is termed a solution.


When one mole of a solute is dissolved in water and the volume of solution made up to 1000 cm3 (1 dm3), the resulting solution is termed a molar solution (1 mol dm–3). If two moles of a solute are made up to 1000 cm3 of solution (or one mole to 500 cm3), the solution is described as 2 mol dm–3 (Figure 1.61). Concentration is often depicted with square brackets around the solute of interest; for example, the concentration of hydrogen ion is depicted as [H+].
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The concentration of a solution is the amount of solute (in moles) contained within one cubic decimetre. The concentration of a solution is given by the following expression:
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45 Calculate the concentration of the solution formed when 0.5 mol of glucose is dissolved in 5.0 dm3 of water.



46 Determine the concentration of the solution when 4.00 grams of sodium hydroxide (molar mass 40.0 g mol–1) is dissolved in 200 cm3 of water.



47 Calculate the mass of hydrated copper(II) sulfate, CuSO4.5H2O (molar mass 249.7 g mol–1) present in 25.0 cm3 of a 0.500 mol dm–3 solution.



48 Calculate the concentration (in mol dm–3) of a solution of hydrochloric acid containing 14.6 grams of hydrogen chloride in 100 cm3 of solution.








[image: ]





Soluble ionic compounds dissociate into their component ions when dissolved in an excess of water. The concentrations of the individual ions will depend on the amounts of these ions when the substance (salt, base or alkali) dissolves. In a 4.0 mol dm–3 aqueous solution of aluminium nitrate, for example, the concentration of the aluminium ions is 4.0 mol dm–3, but the concentration of the nitrate ions is 12.0 mol dm–3.
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Parts per million


The concentration of very dilute solutions is often expressed in parts per million (ppm). Parts per million is defined as:


[image: ]


A solution whose concentration is 1 ppm contains 1 g of solute for each million (106) grams of solution or, equivalently, 1 mg of solute per kilogram of solution. Because the density of water is almost 1 g cm–3, 1 kg of a dilute aqueous solution has a volume very close to 1 dm3. Thus 1 ppm also corresponds to 1 mg of solute per cubic decimetre of aqueous solution.
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Worked example


A 2.5 g sample of ground water was found (by atomic absorption spectroscopy) to contain 5.4 μg of cadmium ions. Determine the concentration of Cd2+ in parts per million.
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Dilution of acids


Acids are supplied as concentrated acids. The solutions required in the laboratory are prepared by diluting the concentrated solutions with water. For safety reasons the dilution is carried out by slowly adding the concentrated acid to the water. Water should never be added to concentrated acids. When a concentrated solution is diluted with water, the amount of solute in the solution remains unchanged.


This can be expressed by the following relationship:


[image: ]


where M1 represents the initial concentration, M2 represents the concentration after dilution, V1 represents the initial volume and V2 represents the volume after dilution.
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49 Calculate the volume to which 25.0 cm3 of 5.0 mol dm–3 hydrochloric acid must be diluted to produce a concentration of 1.5 mol dm–3.
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Volumetric chemistry


A solution of known concentration is called a standard solution. In volumetric chemistry a series of titrations is carried out, frequently with an acid and a base. In each titration (Figure 1.63) a solution is added in small measured quantities, from a burette, to a fixed volume of another solution, measured with a pipette, in the presence of an indicator. The addition of the solution is continued until the indicator just changes colour. At this stage, termed the end-point, the two substances are present in stoichiometric quantities.
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Acid–base titrations


In these titrations acid and base are reacted in the presence of a suitable acid–base indicator (Chapter 18). Uses of acid–base titrations include:





•  determining the concentrations of solutions



•  determining the percentage purity or molar mass of an acid or base



•  deducing the equation for a neutralization reaction



•  determining the amount of water of crystallization in a hydrated salt.
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Worked example


Sodium hydroxide reacts with hydrochloric acid according to the following equation:


[image: ]


Calculate the volume of 0.0500 mol dm–3 sodium hydroxide solution to react exactly with 25 cm3 of 0.20 mol dm–3 hydrochloric acid.




Amount of hydrochloric acid [image: ]


The equation’s stoichiometry indicates that the alkali and acid react in a 1 : 1 molar ratio. Hence the amount of sodium hydroxide is 5.00 × 10–3 mol.


Volume of sodium hydroxide [image: ]
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50 0.558 grams of a monobasic aromatic carboxylic acid, HX, was dissolved in distilled water. A few drops of phenolphthalein indicator was added and the mixture was titrated with 0.100 mol dm–3 sodium hydroxide solution. It took 41.0 cm3 of the alkali to obtain the end-point (with a permanent pink colour). Calculate the molar mass of the organic acid.



51 17.5 cm3 of 0.150 mol dm–3 potassium hydroxide solution react with 20.0 cm3 of phosphoric(V) acid, H3PO4 of concentration 0.0656 mol dm–3. Deduce the equation for the reaction.
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The results of a titration with a solution of known concentration can be used to determine the concentration of the other solution.
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52 A 50.0 cm3 sample of concentrated sulfuric acid was diluted to 1.00 dm3. A sample of the diluted sulfuric acid was analysed by titrating with aqueous sodium hydroxide. In the titration, 25.00 cm3 of 1.00 mol dm–3 aqueous sodium hydroxide required 20.0 cm3 of the diluted sulfuric acid for neutralization. Determine the concentration of the original concentrated sulfuric acid solution through the following steps:







    a Construct the equation for the complete neutralization of sulfuric acid by sodium hydroxide.


    b Calculate the amount of sodium hydroxide that was used in the titration.


    c Calculate the concentration of the diluted sulfuric acid.


    d Calculate the concentration of the original concentrated sulfuric acid solution.
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Primary standard solutions


Titrations often involve a primary standard solution. Its concentration may have been determined by titration with another primary standard solution or by weighing the solute and preparing a solution of known volume (Figure 1.64). The concentrations of primary standard solutions do not change with time. Few chemical substances are suitable for use as primary standards. If a substance is to be weighed accurately enough for use in preparing a primary standard solution, the following criteria must be met:





•  The substance must be available in a high state of purity or be easily purified.



•  The substance must not be volatile, or some of it would be lost during the weighing process.



•  The substance must not react with oxygen, water or carbon dioxide.
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Compounds suitable as primary standards are:





•  strong acid – ethanedioic acid (oxalic acid)



•  strong base – anhydrous sodium carbonate



•  oxidizing agent – potassium dichromate(VI)



•  reducing agent – iron(II) sulfate (in the form of hydrated ammonium iron(II) sulfate).





A number of solutions when freshly prepared are used as alternative primary standards, for example sodium and potassium hydroxides, sulfuric and hydrochloric acids, and potassium manganate(VII). These cannot be stored since their concentrations change with time due to a chemical reaction (usually with oxygen and/or water in the storage vessel).



Back titration


In the technique known as back titration, a known excess of one reagent A is allowed to react with an unknown amount of a reagent B. At the end of the reaction, the amount of A that remains unreacted is found by titration. A simple calculation gives the amount of A that has reacted with B and also the amount of B that has reacted.


In a typical acid–base back titration, a quantity of a base is added to an excess of an acid (or vice versa). All the base and some of the acid react. The acid remaining is then titrated with a standard alkali and its amount determined. From the results, the amount of acid which has reacted with the base can be found and the amount of base can then be calculated. The principle of this type of titration is illustrated in Figure 1.65.


Back titrations are usually used when the determination of the amount of a substance poses some difficulty in the direct titration method, for example with insoluble solid substances where the end-point is difficult to detect and volatile substances where inaccuracy arises due to loss of substance during titration.
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53 Magnesium oxide is not very soluble in water, and is difficult to titrate directly. Its purity can be determined by use of a ‘back titration’ method. 4.08 g of impure magnesium oxide was completely dissolved in 100 cm3 of 2.00 mol dm–3 aqueous hydrochloric acid. The excess acid required 19.7 cm3 of 0.200 mol dm–3 aqueous sodium hydroxide for neutralization. Work through the following steps to find out what the purity of the impure magnesium oxide is.







    a Construct equations for the two neutralization reactions.


    b Calculate the amount of hydrochloric acid added to the magnesium oxide.


    c Calculate the amount of excess hydrochloric acid titrated.


    d Calculate the amount of hydrochloric acid reacting with the magnesium oxide.


    e Calculate the mass of magnesium oxide that reacted with the initial hydrochloric acid, and hence determine the percentage purity of the magnesium oxide.
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Redox titrations


Calculations involving redox titrations (Figure 1.66) are identical to those involving acids and bases. Uses of redox titrations include:





•  determining the concentration of a solution



•  determining the percentage purity of a salt or other substances, for example an alloy



•  determining the charge and relative atomic mass of an ion



•  deducing the ionic equation for a reaction



•  determining the amount of water of crystallization in a hydrated salt.
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Chapter 9 shows how ionic equations for redox titrations can be constructed and examines the principles underlying several types of redox titrations.
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54 Hydrated iron(II) sulfate has the formula FeSO4.xH2O. An experiment was performed to determine x, the amount of water of crystallization in hydrated iron(II) sulfate. 50.60 grams of hydrated iron(II) sulfate were dissolved in distilled water to make 500.00 cm3 of solution. 20.00 cm3 of this solution reacted completely with 24.00 cm3 of 0.100 mol dm–3 potassium dichromate(VI) solution. Use this data to determine the value of x and hence the formula of hydrated iron(II) sulfate.
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55 Potassium manganate(VII), KMnO4, oxidizes potassium iodide, KI, to iodine, I2. The iodine liberated is titrated with aqueous sodium thiosulfate, Na2S2O3.


[image: ]


    The iodine produced from 25.00 cm3 of potassium manganate(VII) solution required 26.40 cm3 of 0.500 mol dm–3 sodium thiosulfate solution for complete reaction. Calculate the concentration of the potassium manganate(VII) solution.



56 Sodium nitrite, NaNO2 is used as a preservative in meat products such as frankfurters. In an acidic solution, nitrite ions are converted to nitrous acid, HNO2, which reacts with the manganate(VII) ion. A 1.00 g sample of a water-soluble solid containing NaNO2 was dissolved in dilute H2SO4, and titrated with 0.0100 mol dm–3 aqueous KMnO4 solution. In the reaction, NO2– is oxidized to NO3–. The titration required 12.15 cm3 of the KMnO4 solution. Calculate the percentage by mass of NaNO2 in the 1.00 g sample.


[image: ]
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Precipitation titrations


A common type of precipitation titration uses silver nitrate to determine the concentration of chloride ions. Silver nitrate solution is added to a chloride solution in the presence of potassium chromate(VI), which acts as an ‘indicator’.


The net ionic equation for a silver nitrate titration is:


[image: ]


If a chloride solution is acidic, calcium carbonate powder is added to neutralize the acid. One use of silver nitrate titrations is to determine the formulas of chlorides.
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Worked example


0.010 mol of an ionic chloride was dissolved in water and found to react completely with 20.00 cm3 of 1.00 mol dm–3 silver nitrate solution. Determine the formula, using M to represent the metal.




Amount of silver nitrate [image: ] mol of silver ions


These react with chloride ions in the molar ratio of 1 : 1.


[image: ]


This means that 0.010 mol of the chloride contains 0.020 mol of chlorine, Cl. Hence the formula is MCl2.
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Examination questions – a selection


Paper 1 IB questions and IB style questions





Q1  What is the total number of oxygen atoms in 0.200 mol of glucose, C6H12O6?







        A  1.20


        B  6.00


        C  1.20 × 1023



        D  7.22 × 1023









Q2  Which sample has the greatest mass?







        A  1.0 mol of N2H4



        B  2.0 mol of N2



        C  3.0 mol of NH3



        D  25.0 mol of H2
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Q3  Which of the following samples contains the smallest number of atoms?







        A  1 g H2



        B  1 g O2



        C  1 g S8



        D  1 g Br2









Q4  Which changes of state are endothermic processes?







         I  freezing


         II  boiling


         III  subliming







        A  I and II only


        B  I and III only


        C  II and III only


        D  I, II and III








Q5  Hydrogen peroxide, H2O2, reacts with manganate(VII) ions, MnO4−, in basic solution according to the following equation:


[image: ]


       How many moles of hydrogen peroxide would be needed to produce eight moles of water?







        A  one


        B  two


        C  three


        D  twelve








Q6  What are the coefficients of H2SO4(aq) and H3PO4(aq) when the following equation is balanced using the smallest possible whole numbers?





[image: ]
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Q7  A certain compound has a molecular mass of 56 g mol–1. Which of the following cannot be an empirical formula for this compound?







        A  BH3



        B  C3H4O


        C  MgN2H4



        D  HCl








Q8  Which of the following is an empirical formula?







        A  N2F2



        B  C2H4O2



        C  C2H4O


        D  C2N2









Q9  What mass of carbon dioxide, CO2(g), in g, is produced when 5.0 g of calcium carbonate, CaCO3(s), reacts completely with hydrochloric acid, HCI(aq)?







        A  0.050


        B  2.2


        C  4.4


        D  5.0
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Q10 Which one of the following equations is not correctly balanced?







        A  [image: ]



        B  [image: ]



        C  [image: ]



        D  [image: ]









Q11 32.0 grams of sulfur (atomic mass of 32.0) combine with a metal M (atomic mass of 40.0) to give a product which weighs 52.0 g. What is the empirical formula of the sulfide formed?







        A  MS


        B  MS2



        C  M2S


        D  M2S5









Q12 An unknown element M combines with oxygen to form the compound MO2. If 36.0 g of element M combines exactly with 16.0 g of oxygen, what is the atomic mass of M in grams?







        A  12.0


        B  16.0


        C  24.0


        D  72.0








Q13 When 16.00 grams of hydrogen gas reacts with 64.0 grams of oxygen gas in a reaction (atomic masses are H = 1.00, O = 16.00), what will be present in the resulting mixture?







        A  H2, H2O, and O2



        B  H2, H2O


        C  O2, H2O


        D  H2, O2









Q14 One molecule of a small protein contains 63 atoms of carbon. The mass percentage of carbon in the protein is 55.74%. What is the molar mass of the protein?







        A  1357 g mol–1



        B  421.7 g mol–1



        C  821.3 g mol–1



        D  756.6 g mol–1









Q15 Which one of the following is an incorrect assumption of the kinetic theory of gases?







        A  Atoms or molecules travel in straight lines between collisions but are in overall random motion.


        B  Atoms or molecules of a gas are much smaller than the average distances between them.


        C  Collisions between atoms or molecules of a gas and the containing vessel are perfectly elastic and no loss of kinetic energy occurs.


        D  In a given gas, all particles have the same kinetic energy at a given temperature.








Q16 1000 cm3 of hydrogen gas (hydrogen molecules, H2) contains Z molecules at room temperature and pressure. What will be the number of atoms in 500 cm3 of radon gas (radon atoms) at the same temperature and pressure? (Assume both gases behave ideally.)







        A  Z


        B  2Z


        C  Z/2


        D  Z/4








Q17 Under what conditions of temperature and pressure will a real gas behave most like an ideal gas?









	    Temperature


	    Pressure







	    A Low

	    Low






	    B High

	    Low






	    C High

	    High






	    D Low

	    High










Q18 When compared at the same pressure and temperature, which one of the following physical properties has the same value for H2, and for D2? [image: ]








        A  average molecular speed


        B  relative molecular mass


        C  collision rate between molecules


        D  average kinetic energy of molecules








Q19 A 350 cm3 sample of helium gas is collected at 22.0 °C and 99.3 kPa. What volume would this gas occupy at STP?







        A  318 cm3



        B  450 cm3



        C  477 cm3



        D  220 cm3









Q20 A 27.0 g sample of an unknown carbon–hydrogen compound was burned in excess oxygen to form 88.0 g of CO2 and 27.0 g of H2O. What is the possible molecular formula of the hydrocarbon?







        A  CH4



        B  C4H6



        C  C2H6



        D  C6H6









Q21 1000 cm3 of ammonia gas combines with 1250 cm3 of oxygen to produce two gaseous compounds with a combined volume of 2500 cm3, all volumes being measured at 200 °C and 0.500 atm pressure. Which of the following equations fits these facts?







        A  [image: ]



        B  [image: ]



        C  [image: ]



        D  [image: ]









Q22 In order to dilute 40.0 cm3 of 0.600 mol dm–3 HCl(aq) to 0.100 mol dm–3, what volume of water must be added?







        A  60 cm3



        B  160 cm3



        C  200 cm3



        D  240 cm3









Q23 How many grams of AgCl would be precipitated if an excess of AgNO3 solution were added to 55.0 cm3 of 0.200 mol dm–3 KCl solution?


       [Molar mass of silver chloride = 143.32 g mol–1]







        A  1.58 g


        B  1.11 g


        C  6.43 g


        D  7.80 g








Q24 The temperature of an ideal gas sample is changed from 100 °C to 200 °C at constant pressure. What is the ratio of the final volume to the initial volume?







        A  1 : 2


        B  4 : 1


        C  1.27 : 1


        D  1 : 1.27








Q25 At STP (i.e. 0 °C and 1 atm pressure (101 kPa)), it was found that 1.15 dm3 of a gas weighed 3.96 g. What is its molar mass?







        A  77 g mol–1



        B  39 g mol–1



        C  47 g mol–1



        D  4 g mol–1









Q26 A sample of argon gas in a sealed container of fixed volume is heated from 50 to 250 °C. Which quantity will remain constant?







        A  average speed of the atoms


        B  pressure of the gas


        C  average kinetic energy of the atoms


        D  density of the argon





Paper 2 IB questions and IB style questions





Q1  10 cm3 of ethene, C2H4, is burned in 40 cm3 of oxygen, producing carbon dioxide and some liquid water. Some oxygen remained.







        a  Write the equation for the complete combustion of ethene.


[2]


        b  Calculate the volume of carbon dioxide and the volume of oxygen remaining.


[2]








Q2  a   Write an equation for the formation of zinc iodide from zinc and iodine.


[1]







        b  100.0 g of zinc is allowed to react with 100.0 g of iodine producing zinc iodide. Calculate the amount (in moles) of zinc and iodine, and hence determine which reactant is in excess.


[3]


        c  Calculate the mass of zinc iodide that will be produced.


[1]
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Q3  A balloon, which can hold a maximum of 1000 cm3 of nitrogen before bursting, contains 955 cm3 of nitrogen at 5 °C.







        a  Determine whether the balloon will burst if the temperature is increased to 30 °C.


[3]


        b  Use the kinetic theory to explain what happens to the molecules of nitrogen inside the balloon as the temperature is increased to 30 °C.


[2]








Q4  Hydrated sodium carbonate has the formula Na2CO3.nH2O. An experiment was performed to determine n, the amount of water of crystallization. A sample of 50.00 grams of hydrated sodium carbonate was dissolved in 250 cm3 of water. 20.00 cm3 of this solution reacted completely with 13.95 cm3 of 2.00 mol dm–3 hydrochloric acid.


[image: ]







        a  Calculate the amount of hydrochloric acid reacted.


[1]


        b  Calculate the amount of sodium carbonate in the 20 cm3 of the solution used in the reaction.


[1]


        c  Calculate the concentration of sodium carbonate in the sample.


[1]


        d  Calculate the molar mass of the hydrated sodium carbonate.


[1]


        e  Calculate the value of n.


[2]








Q5 a Aqueous XO43– ions form a precipitate with aqueous silver ions. Write a balanced equation for the reaction, including state symbols.


[1]







        b  When 41.18 cm3 of a solution of aqueous silver ions with a concentration of 0.2040 mol dm–3 is added to a solution of ions, 1.172 g of the precipitate is formed.







         i    Calculate the amount (in moles) of Ag+ ions used in the reaction.


[1]


         ii   Calculate the amount (in moles) of the precipitate formed.


[1]


         iii  Calculate the molar mass of the precipitate.


[2]


         iv  Determine the relative atomic mass of X and identify the element.


[2]
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Q6  11 mg of sulfuric acid are added to 2 kg of water. Determine the concentration of sulfuric acid in ppm.


[2]








Q7  A 0.6125 g sample of potassium iodate(V), KIO3, is dissolved in distilled water and made up to 250.00 cm3 in a volumetric flask. A 25.00 cm3 portion of the solution is added to an excess of acidified potassium iodide solution. The iodine formed requires 24.50 cm3 of sodium thiosulfate solution for titration.


           Determine the concentration of the sodium thiosulfate solution.


[image: ]


[4]








2 Atomic structure
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ESSENTIAL IDEAS





•  The mass of an atom is concentrated in its minute, positively charged nucleus.



•  The electron configuration of an atom can be deduced from its atomic number.
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2.1 The nuclear atom


the mass of an atom is concentrated in its minute, positively charged nucleus


Atomic structure


Atoms are composed of three sub-atomic particles: protons, neutrons and electrons. Each atom consists of two regions: the nucleus and the electron shells. The nucleus is a very small dense positively charged region located at the centre of the atom. The nucleus contains protons and neutrons. These are known as nucleons since they are found in the nucleus. Virtually all of the mass of an atom is due to the protons and neutrons. The electrons occupy the empty space around the nucleus and are arranged in shells. Each shell can hold a specific maximum number of electrons. This simple model of the atom is illustrated in Figure 2.1.
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Nature of Science


Paradigm shifts – the sub-atomic particle theory of matter


Atomism, the concept that matter is composed of atoms, is thousands of years old. The idea was founded in philosophical reasoning rather than experimentation. The earliest references to atomism date back to India in the sixth century BCE. The earliest references in the Western World emerged a century later in Ancient Greece, from Leucippus and his student Democritus.


In 1803, the British chemist John Dalton (1766–1844) developed an atomic theory to explain why chemical elements react in simple proportions by mass. He proposed that each chemical element consisted of identical atoms and that these atoms could bond together to form chemical compounds. It is not clear whether Dalton was aware of previous ancient ideas about atoms, but his interest in atoms was strongly influenced by the experiments he performed on gases. He did not prove the existence of atoms; he simply demonstrated that his atomic theory was consistent with experimental data.


Unfortunately, some of Dalton’s assumptions were later shown to be incorrect. For example, by assuming the formula for water was OH he calculated the relative atomic mass of oxygen to be 7 (where the atomic mass of hydrogen was assigned a value of 1). The critical distinction between atoms and molecules, for example, O and O2, was not made until 1811, by Avogadro (Chapter 1), but it remained ineffective until clarified by Cannizzaro in 1858. Dalton’s atomic theory had to be modified in the twentieth century, following the discovery of radioactivity, isotopes and sub-atomic particles, but it is still a useful model for explaining chemical composition and chemical changes.


Dalton’s chemical theory is often used as an example of a paradigm shift, or revolution in ‘scientific thinking’. In the nineteenth century, the prevalent scientific thought (supported by influential scientists, such as Kelvin and Mach) did not accept the idea of Dalton’s atoms. As evidence for Dalton’s theory increased, more and more scientists found value in using Dalton’s ideas and gradually a shift in thinking about atoms in this manner became more acceptable. This acceptance of a new approach towards viewing a phenomenon is called a ‘paradigm shift’.
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Relative masses and relative charges of protons, neutrons and electrons


Protons have a positive charge and neutrons have no electrical charge and hence are neutral. These particles have almost exactly the same mass. Electrons have a negative charge. The opposite charges of the proton and electron (through electrostatic forces of attraction) hold the atom together. Electrons have a very small mass compared with protons and neutrons. A summary of the characteristics of the sub-atomic particles is given in Table 2.1.




[image: ]




The charge is measured relative to that of a proton; the mass is measured relative to that of the proton or neutron (as they have nearly the same mass). Atoms are electrically neutral because they contain equal numbers of protons and electrons.


Neutrons help to stabilize the nucleus. They separate the protons, reducing the electrostatic repulsion, and also attract each other and protons (via the strong nuclear force). However, if too many or too few neutrons are present, the nucleus is unstable and will undergo radioactive decay.


Although electrons are the smallest of the three sub-atomic particles, they control the chemical properties of the chemical elements. Different elements have different chemical properties because they have different numbers of electrons and hence different arrangements in their electron shells. Figure 2.2 gives an idea of the scale of an atom.
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1  Refer to the section on fundamental particles on page 3 of the IB Chemistry data booklet. Calculate the mass (in kilograms) and charge (in coulombs) of one mole of electrons.



2  An atom has a radius of 0.1 nm and the nucleus a radius of 10−16 m. The formula for the volume of a sphere is given by the expression [image: ] where r is the radius.
Calculate the volumes of the atom and the nucleus and deduce the percentage of the atom that is occupied by the nucleus.



3  Use the data in the IB Chemistry data booklet to calculate how many times heavier a hydrogen atom is compared to an electron.








[image: ]





[image: ]






Nature of Science


Evidence and improvements in instrumentation, and paradigm shifts – use of alpha particles in the development of the nuclear model that was first proposed by Rutherford


Around the beginning of the twentieth century, physicists started to find evidence that atoms are made up of smaller particles. These are known as sub-atomic particles. Sir William Crookes was experimenting in 1895 on the discharge and conduction of electricity through samples of gases at low pressure. He discovered that a beam of rays (waves) was emitted by the cathode (negative electrode). Crookes termed these rays cathode rays. Crookes clearly showed that cathode rays behave like a stream of negatively charged particles.


J.J. Thomson (Figure 2.3) measured the ratio of the charge to the mass of the particles in the beam by noting their trajectory under the influence of magnetic and electric fields (Figure 2.4) and found it to be over 1000 times less than that of a hydrogen ion (H+). In further experiments Thomson demonstrated that a hydrogen atom had only one electron. From his measurement he calculated that the ratio of charge to mass, e/m, was −1.76 × 1011 C kg−1. The coulomb (C) is the SI unit of charge. Since he obtained the same value, regardless of the nature of the gas and its pressure, he concluded that these negatively charged particles are present in all atoms. They were named electrons and recognized as the charge carriers in an electric current. Thomson’s apparatus for determining the value of the charge-to-mass ratio of the electron led to the development of the mass spectrometer. This instrument separates gaseous positive ions according to the value of e/m. The development of the mass spectrometer allowed the discovery of isotopes.
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In 1904 J.J. Thomson (Nobel Prize in Physics in 1906) surveyed the experimental evidence suggesting that atoms consist of charged particles. He described the atom as a uniform (always the same) sphere of positive electricity and mass, in which negative electrons are embedded. This model was known as the ‘plum pudding’ model of atomic structure (Figure 2.5).
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If this atomic model is correct, then a thin metal foil is a film of positive electricity containing electrons. A beam of alpha particles fired at it should pass straight through. Alpha particles are positively charged particles composed of two protons and two neutrons. In 1909 Ernest Rutherford and his two students, Geiger and Marsden, tested this prediction (Figure 2.6). A zinc sulfide detector (spinthariscope) was moved around the gold foil to determine the directions in which the alpha particles travelled after striking the foil.
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They found, as they predicted, that alpha particles readily penetrated the thin gold foil. However, to their surprise, a small fraction (about 1 in 8000) of particles were deflected through large angles. Rutherford concluded that the mass and positive charge must be concentrated in a small region of the atom, termed the nucleus. Figure 2.7 shows his graphical interpretation of the results. Rutherford’s results were supported by theoretical calculations from classical physics that predicted almost identical scattering results to those he observed. He was able to calculate approximate values for the radii of the gold atom and its nucleus.
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Thomson’s model could explain the electrical neutrality of the atom, but could not be reconciled with the Rutherford scattering of alpha particles from thin metal foils. Rutherford’s nuclear model was another paradigm shift (‘scientific revolution’) in thinking about atomic structure and Thomson’s model was abandoned.


The classical model of the nuclear atom was proposed by Rutherford in 1909 (see Figure 2.1). The protons (large and positively charged) are located in the nucleus and the electrons (much lighter and negatively charged) are located in energy levels known as shells. They occupy this space by repelling the electrons of neighbouring atoms. If another atom approaches very closely, its electrons experience severe repulsion.


Rutherford was awarded the Nobel Prize in Chemistry in 1908. He famously remarked: ‘It was quite the most incredible event that has ever happened to me in my life. It was almost as incredible as if you fired a 15-inch shell at a piece of tissue paper and it came back and hit you.’


It should be noted that Rutherford’s work depended on improvements in instrumentation. The spinthariscope is a simple instrument that visually shows individual alpha particles by means of the scintillations (‘flashes of light’) they produce when hitting a phosphorescent screen. It was first demonstrated in 1903 by William Crookes but improved in 1908 by Erich Regener, who devised a method of counting scintillations by observing them with a microscope. It was by means of counting scintillations that Rutherford and Geiger clarified the nature of the alpha particle (helium nucleus), and it was also the method they used in measuring the scattering of alpha particles from a thin gold foil that in 1909 led to the discovery of the atomic nucleus.
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ToK Link


No sub-atomic particles can be (or will be) directly observed. Which ways of knowing do we use to interpret indirect evidence, gained through the use of technology? Do we believe or know of their existence?


Strong indirect proof for the existence of atoms and molecules came from the kinetic theory of gases (Chapter 1), which assumes that gases consist of many millions of atoms or molecules in rapid random motion. However, the existence of atoms was doubted by a number of notable scientists up until 1900. In 1905, Einstein provided a very convincing mathematical explanation for Brownian motion. This is the random movement of pollen grains or smoke particles visible under a light microscope (Figure 2.8).
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Einstein explained this phenomenon by invoking their constant bombardment by gas molecules (Figure 2.9).
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Atoms and molecules are too small to see under a light microscope, but now atoms and molecules can be directly visualized as fuzzy dots using a scanning tunnelling microscope (STM). This instrument uses a very fine probe containing a tungsten tip to scan a solid surface. A small potential difference is applied between the probe and the surface. Tiny changes in current are recorded when the surface is uneven.


A computer then generates a contour map of the surface and the outline of individual atoms can be detected. The atoms resemble the hard spheres proposed by Dalton (Figure 2.10), but the STM images are in fact showing the electrons. The fuzziness occurs because the electrons move in a ‘cloud’ and are not in fixed energy levels or orbits. Previous generations of chemists believed in atoms, but the STM provides empirical evidence for the existence of atoms.
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All of the sub-atomic particles are smaller than the wavelength of visible light and therefore cannot be directly observed (using sense perception) using a light microscope (although a sophisticated visible light microscope can involve a certain amount of computer processing before an image is displayed on a screen).


There is no ‘atomic microscope’ that allows scientists to look inside atoms. Understanding of the structure of the atom was only gradually built up and refined through a series of experiments using reason as a way of knowing. Key experiments were Thomson’s discovery of cathode rays (electrons), Rutherford’s alpha particle scattering experiment (nuclear model of the atom), and the discovery by Davisson and Germer that electrons could undergo diffraction (de Broglie’s dual nature of matter).


However, electrons do not have to be observed as particles. The quantum corral (Figure 2.11) shows that electrons can move across a copper surface but they are trapped by a ring of iron atoms, put in place (at low temperature) using an STM (Chapter 12). The electrons behave as standing waves and are observed as ‘ripples’. The agreement between the experimental results and the predictions based on these models is what constitutes scientific proof.
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Additional Perspectives


Deflection of sub-atomic particles


Moving charged particles such as protons, electrons (cathode rays) and ions are deflected by electric and magnetic fields in an evacuated vacuum tube. These deflections are shown in Figure 2.12. The deflections of positive ions in a magnetic field is a key feature of the mass spectrometer used to study atoms.
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Charged sub-atomic particles and ions that enter a magnetic field are deflected from a straight line to follow an arc of a circle, the radius of which depends on their mass-to-charge ratio (m/z). Positively charged ions with a lower mass-to-charge ratio will be deflected more than those with a higher mass-to-charge ratio. For example, the lighter ion 20Ne+ is deflected more than the heavier 21Ne+, which in turn is deflected more than the even heavier 22Ne+ (Figure 2.13). This is a reflection of increasing mass-to-charge ratio. These three ions are derived from three isotopes of neon.
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ToK Link


Richard Feynman: ‘If all of scientific knowledge were to be destroyed and only one sentence passed on to the next generation, I believe it is that all things are made of atoms.’ Are the models and theories which scientists create accurate descriptions of the natural world, or are they primarily useful interpretations for prediction, explanation and control of the natural world?


One of the most commonly used constructs used in chemistry and science is a model. A scientific model is a simple way of describing, explaining and predicting scientific results. Models might be simple mathematical descriptions, for example the various gas laws (Chapter 1) and the Schrödinger wave function model of the hydrogen atom, or completely non-mathematical, for example the simple electrostatic model of a hydrogen atom with a single electron orbiting a single proton (though this was developed into a quantitative model based on classical physics by Bohr).


Many chemical models are known to be incorrect, for example, the Lewis theory of bonding, or an incomplete description of chemical phenomena, for example, the octet rule (Chapter 4). For the purposes of teaching chemistry it is often preferable to use simple approximate bonding models that give correct predictions for the majority of cases, than to use a more accurate but complicated model, such as the quantum mechanical model (Chapter 12), which is based on the electron’s wave properties.


Light behaves in a way that is difficult to comprehend, so physical models are used to provide a picture to help us understand what is going on. We say that light is like a wave in some situations, and like a particle in others. Light is actually not like either a wave or a particle, but the models help us to understand why the light is behaving in a particular way.


Models are very important in the study of the atom. Being smaller than the wavelength of visible light, an atom cannot be seen with the eye, and so physical models must be useful, they must help explain phenomena and they should be able to predict further patterns of behaviour. These patterns can then be looked for in experiments and, if found, the model is deemed useful.
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4  Find out and explain the use of probability density functions to describe the behaviour of electrons in the orbitals of atoms. A probability distribution function is any function whose integral over a set gives the probability that a random variable has a value in that set. Use diagrams to illustrate your answer.


    The Maxwell–Boltzmann distribution curve is a probability density function. State the assumptions underlying the Maxwell–Boltzmann distribution curve and explain why it is a probability function.
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Mass number, atomic number and isotopes


The atomic number (symbol Z) is the number of protons in the nucleus. The atomic number is the same for every atom of a particular element and no two different elements have the same atomic number.


Neutrons and protons have an almost identical mass but electrons have very little mass, so the mass of an atom depends on the number of protons and neutrons in its nucleus. The total number of protons and neutrons is called the mass number (symbol A).


Nuclides of a chemical element are described by the notation [image: ], where X represents the symbol of the chemical element, Z represents the atomic number and A represents the mass number. For example:


[image: ]


The number of neutrons in an atom can be found from the following relationship:


number of neutrons = mass number (A) – atomic number (Z)


So in the example above, an atom of aluminium-27 would contain 13 protons, 13 electrons and 14 neutrons (27 – 13).


Not all of the atoms in a naturally occurring sample of a chemical element are identical. Atoms of the same element that have different mass numbers are called isotopes. Because they are the same element, they will have the same atomic number, but they have different numbers of neutrons. Examples of isotopes are carbon-12, [image: ], and carbon-13, [image: ]


The notation for a specific nuclide can be written if the mass number and atomic number are given. For example, the notation for a sodium atom with a mass number of 23 is written in the following way:


[image: ]


Chemical elements (names and symbols) and their atomic numbers are listed on pages 4 and 5 of the IB Chemistry data booklet.


An element forms an ion when one or more electrons are added to or removed from the atom. A positive ion is formed by the removal of electrons and a negative ion is formed by the addition of electrons. Thus in an ion the number of protons and neutrons remains the same as in the atom – only the number of electrons changes. The number of protons, neutrons and electrons in an atom or ion can therefore be calculated from the mass number, atomic number and charge, as shown by the following examples.
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Worked examples


Deduce the number of electrons, protons and neutrons in [image: ]




The subscript number in the nuclide notation is the atomic number. Hence an atom of phosphorus contains 15 protons and therefore 15 electrons. However, since the ion has a net charge of −3 the ion contains 18 (15 + 3) electrons. The difference between the subscript number (atomic number) and the superscript number (mass number) is equal to the number of neutrons, which in this example is 16 (31 – 15).





Deduce the number of electrons in [image: ]




Since the atomic number of magnesium is 12, an atom of magnesium contains 12 electrons. However, since the ion has a net charge of +2 the ion contains 10 (12 – 2) electrons. The difference between the subscript number (atomic number) and the superscript number (mass number) is equal to the number of neutrons, which in this example is 12 (24 – 12).





Calculate the total number of electrons in four moles of beryllium atoms.




The atomic number of beryllium is 4, hence each atom of beryllium contains 4 protons and 4 electrons. The total number of electrons in four moles of beryllium atoms is therefore


[image: ]


A common mistake is to misread the question and give the answer 16, namely the total number of electrons in four beryllium atoms.
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[image: ] Using the nuclear symbol [image: ] to deduce the number of protons, neutrons and electrons in atoms and ions


Deduce the numbers of protons, neutrons and electrons present in the following sulfur species: [image: ]


The subscript numbers are the atomic numbers, which are the numbers of protons. The superscript numbers are the mass numbers or nucleon numbers, which are the numbers of protons and neutrons. The differences between the subscript and superscript numbers are the numbers of neutrons.
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Table 2.2 gives further examples of common nuclides and their symbols and the numbers of their sub-atomic particles.
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Properties of isotopes


Many elements exist as a mixture of isotopes. Figure 2.14 shows the isotopes of carbon, chlorine and hydrogen as nuclide symbols. Isotopes of the same element all have the same element symbol and atomic number. Figure 2.15 shows the three isotopes of hydrogen as Bohr diagrams.
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5  Deduce the number of protons, neutron and electrons in the following hydrogen species: [image: ]
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Isotopes of the same chemical element have identical chemical properties but slightly different physical properties. For example, the lighter isotope will always diffuse more rapidly.
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Additional Perspectives


Isotopes in compounds


Compounds will often exist as a mixture of molecules with different relative molecular masses. For example, a sample of carbon consists of the isotopes carbon-12 and carbon-13. A sample of oxygen consists of the isotopes oxygen-16 and oxygen-17. This means that there will be six types of carbon dioxide molecules:
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[image: ] Isotope enrichment


Enriched uranium is a type of uranium in which the percentage composition of uranium-235 has been increased through a process of isotope separation. Enriched uranium is a critical step in preparing uranium for nuclear power generation or nuclear weapons. Isotope separation is a very difficult and energy-intensive process. Uranium-235 and uranium-238 have identical chemical properties, and their physical properties are only very slightly different. An atom of uranium-235 is only 1.26% lighter than an atom of uranium-238, which forms 99.3% of natural uranium.


The first technique to be developed for uranium enrichment was gaseous diffusion. The uranium was reacted with fluorine to form uranium hexafluoride molecules, UF6. The uranium hexafluoride was vaporized and the gaseous molecules were then forced through a series of semi-permeable membranes. The rate of diffusion of a gas is proportional to the square root of 1/M, where M represents the molar mass. Hence, the lighter UF6 molecules, which contain U-235, diffuse faster than those containing U-238. As a consequence, the front of the diffusing gas becomes enriched in 235UF6. The process is repeated many times to achieve a partial separation. The currently preferred method of isotope separation by centrifugation also uses UF6.



Radioactivity and the uses of radioisotopes


In 1896 the French chemist Henri Becquerel (1852–1908) discovered that uranium salts released radiation which passed through the wrapping paper around a photographic plate, exposing it (turning it black). The phenomenon was investigated by Pierre (1859–1906) and Marie Curie (1867–1934), who named it radioactivity. Henri Becquerel and the Curies were awarded the Nobel Prize in Physics in 1903. Marie Curie’s death may have been caused by prolonged exposure to radiation. At the time its damaging effects were not known and most of her work had been carried out with no safety measures. Her husband died in 1906 in a tragic accident in Paris involving a horse-drawn carriage. Marie Curie was born in Poland but later became a French citizen. The Curies discovered two new elements, radium and polonium, the latter named after Marie’s birthplace, Poland.


A number of chemical elements contain unstable nuclides. The nuclei of these chemical elements break up spontaneously with the emission of ionizing radiation (Table 2.3). These unstable nuclides are described as radioactive and are called radionuclides. The radiation is of three distinct types and their properties are summarized in Table 2.3. Radiation can be detected and measured using a Geiger–Müller tube (Figure 2.16).
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When the nucleus of a radionuclide releases an alpha or beta particle, an atom of a new element is formed. For example, carbon-14 and iodine-131 both undergo beta-decay, which can be described by the following nuclear equations:


[image: ]


Cobalt-60 is another beta emitter, but iodine-125 is a pure gamma emitter. Iodine-131 and cobalt-60 are both gamma emitters (Figure 2.17).
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The rate at which nuclei undergo radioactive decay varies between chemical elements. Radioactive decay is an exponential process (Figure 2.18). The rates of radioactive decay are compared using the half-life, which is the time taken for half of the radioactive nuclei to undergo decay. During alpha and beta radioactive decay a more stable isotope is formed.


Each radionuclide has its own unique half-life which is unaffected by temperature or pressure. For example, iodine-131 has a half-life of 8 days (Figure 2.19). This means that after every 8 days the number of radioactive atoms present is half that of the number present 8 days previously.
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Utilization: uses of radioisotopes


Medical uses of radioactivity


The first use of radioactivity in medicine was the use of radium in the treatment of cancers. Ionizing radiation from radium (or other radionuclide) is focused on the tumour (cancer), and the energy that the radiation carries is used to kill the cancer cells. Sources of fast neutrons have also been used to treat some cancers. Ionizing radiation also kills healthy tissue so it is important that narrow and controlled beams are used. Another technique is to directly inject a radionuclide into the body. This can be done to study the biochemical reactions in the body or for the radionuclide to be concentrated in a particular part of the body and irradiate cancerous tissue.


For example, iodine is an essential element to the body and collects in the thyroid gland where it is used to synthesize the hormone thyroxine. By feeding patients with radioactive iodine-131 it is possible to discover whether the thyroid gland is functioning properly or whether it has a growth. This method relies on the fact that isotopes of the same element have the same chemical properties.



Archaeological dating


Carbon-12 atoms are found in living organisms as organic compounds and in the atmosphere as carbon dioxide. Cosmic rays from the Sun can cause carbon-14 atoms to be produced in the upper edge of the atmosphere. If a high speed neutron (from the cosmic rays) with sufficient kinetic energy collides with a nitrogen-14 atom, the following nuclear reaction (known as a natural transmutation) takes place:
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Formula Molar mass/gmol~ Number of particles Type of particles
H 1.01 6.02 x 102 Atoms

C 12.01 6.02 x 102 Atoms

CH, 16.05 6.02 x 102 Molecules

H,0 18.02 6.02 x 1023 Molecules

NaCl [Na*Cl] 58.85 2x6.02 x 102 lons

CaC0; [Ca?*CO5%] 100.09 2x6.02 x 1022 lons
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Substance and formula Melting point/°C Boiling point/°C
Aluminium, Al 661 2467
Ethanol, C,HsOH -117 79
Mercury, Hg -30 357
Oxygen, O, -218 -183
Sodium chloride, NaCl 801 1413

Water, H,0 0 100






OEBPS/OEBPS/images/50-3.jpg
4NH; + 50, = 4NO + 6H,0





OEBPS/OEBPS/images/50-2.jpg
ANH3y + /05 — 4NO, + 6H50





OEBPS/OEBPS/images/23-3.jpg





OEBPS/OEBPS/images/23-2.jpg
: : average mass of one atom of the element
relative atomic mass = 12 x g

mass of one atom of carbon-12





OEBPS/OEBPS/images/23-4.jpg
B Figure 1.35 Diagrams illustrating the concept of relative atomic mass applied to
carbon, magnesium and helium atoms





OEBPS/OEBPS/images/43-1.jpg
50

50

M

v

mRT






OEBPS/OEBPS/images/43-2.jpg





OEBPS/OEBPS/images/23-1.jpg
a carbon-12 atom a hyadrogen-1 atom

weighs 12 times @
as much as

a magnesium-24 atom a carbon-12 atom
ﬂ weighs twice
p as much as

a sulfur-32 atom an oxygen-16 atom

weighs twice
as much as

B Figure 1.34 Comparing the masses of atoms





OEBPS/OEBPS/images/44-2.jpg
1 mol of copper(ll) sultate,

CuS0, (159.61 g) i :
/7 N\

TITTTTITTTITIY

E

dissolve to make

1 litre of solution:
concentration
=1mol dm”

dissolve to make

2 litres of solution:
concentration
=05 mol dm™

2 mol of copper(ll) sulfate,
CusQy (319.22 ) : :

dissolve to make

1 litre of solution:
concentration
=2mol dm™

dissolve to make

2 litres of solution:
concentration
=1mol dm™

M Figure 1.61 A diagram showing how the concentration of a solution depends on the amount of

solute and the volume of solvent





OEBPS/OEBPS/images/48-1.jpg
Sangobion®

Once 3 day complete haemat

26 x4 capsues n sips

Avrsge dose:
12 capsesdaly dring o

Figure 1.66 Redox titrations can be performed in
company laboratories to ensure that materials such
as these iron tablets, bleach (sodium chlorate()) and
vitamin C (ascorbic acid) contain the stated amounts
or concentrations of substances in them





OEBPS/OEBPS/images/44-3.jpg
amount of solute (mol)

concentration of solution (moldm™

volumesof:solution (dm>





OEBPS/OEBPS/images/48-2.jpg
6Fe?*(aq) + 14H*(aq) + Cr,0,2~(aq) — 2Cr**(aq) + 7H,0()) + 6Fe**(aq)





OEBPS/OEBPS/images/51-2.jpg
05 (aqg) + 5I(aqg) + 6H*(aqg) — 31, + 3H,0())





OEBPS/OEBPS/images/51-1.jpg
Na,CO5(aq) + 2HCl(aq)
— 2NaCl(aq) + CO,(g) + H,0(l)





OEBPS/OEBPS/images/44-1.jpg
Pressure

M Figure 1.60 Deviation from ideal
behaviour at low temperature





OEBPS/OEBPS/images/9-8.jpg





OEBPS/OEBPS/images/9-7.jpg
%






OEBPS/OEBPS/images/9-6.jpg





OEBPS/OEBPS/images/9-5.jpg





OEBPS/OEBPS/images/16-1.jpg
C;Hy(g) + £0,(g) = 2COy(g) + 3H,0()





OEBPS/OEBPS/images/16-3.jpg
Ag(s) + NaCl(aq) —» AgCl(aq) +






OEBPS/OEBPS/images/16-2.jpg
Cu(s) + H;S50,(aq) — CuSOy(aq) + H;(g)





OEBPS/OEBPS/images/9-4.jpg





OEBPS/OEBPS/images/9-3.jpg





OEBPS/OEBPS/images/9-2.jpg
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Mixture

Compound

It contains two or more substances (elements or
compounds)

Itis a single pure substance

The composition is variable

The composition (by mass) is fixed

No chemical reaction takes place when a mixture is
formed

A chemical reaction occurs when a compound
is formed

The properties are those of the individual elements or
‘compounds

The properties are very different to those of the
component elements
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B Table 1.7 List of common ions

Positive ions Negative ions
Simple ions Formula Simple ions Formula
Sodium Na* Chloride c-
Potassium K* Bromide Br
Hydrogen H* lodide -
Ogxide [
Copper(i) Cu® Sulfide S
Iron(n) FeZ+
Magnesium Mg+ Compound or polyatomic ions
Calcium Ca? Nitrate NO;~
Nitrite NO,~
Iron(in) Fe3+ Sulfate 50,2
Aluminium AR+ Sulfite SO5%~
Carbonate (X
Compound or polyatomic ions Phosphate(v) PO~
Ammonium NH,* Hydroxide OH~
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B Figure 2.19 A half-life curve for iodine-131
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B Table 2.2 Selected nuclides

Name of ion Symbol of Number of Number of Number of
or atom particle protons. neutrons electrons
Beryllium atom Be 4 5 4
Oxygen atom *o 8 8 8
Neon atom #9Ne 10 10 10
Fluorine atom 3 9 10 9
Oxygen atom 180, 8 10 8
Magnesium ion Mg+ 12 12 10
Chloride ion Har 17 20 18
Aluminium ion AP 13 14 10

Calcium ion ocaz 20 20 18
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B Table 1.1 A summary of the different properties of iron, sulfur, an iron/ sulfur mixture and iron(u) sulfide

Effect of Effect of dilute
Substance Appearance amagnet hydrochloric acid
Iron Dark grey powder Attracted to it Very little reaction when cold.
When warm, an odourless gas
(hydrogen) is produced
Sulfur Yellow powder No effect No reaction when hot or cold

Iron—sulfur mixture

Dirty yellow powder

Iron powder particles
attracted to it

Iron powder reacts as described
above

Iron(u) sulfide

Dark grey solid

No effect

A foul smelling gas (hydrogen
sulfide) is produced
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W Table 1.6 Selected chemical elements and the origins of their names

Name and symbol

of element Origin of the name Additional note
Gallium (Ga) Named after France (Gallia), Latin for The discoverer of the metal, Lecoq de
France Boishaudran, subtly attached an association
with his name: Lecoq (rooster) in Latin
is gallus
Niobium (Nb) Niobe, a mortal woman in Greek Niobe is a character in the film Matrix

mythology

Reloaded (unrelated to the naming of
the element)

Vanadium (V)

Scandinavian goddess Vanadis (Freyja)

Helium (He)

Helios is the Greek name for the Sun

Helium was discovered in the Sun before
being discovered on Earth

Mendelevium (Md)

Named after Dmitri Mendeleev who
formulated the first periodic table in 1869

The element was synthesized in 1955 by a
team including Glenn Seaborg
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B Table 1.5 Selected chemical elements and symbols

Name of chemical

element Chemical symbol Comment

Hydrogen H The first letter of the
name

Calcium Ca The first two letters of
the name

Chlorine a The first letter and one

other letter in the name

Sodium Na Two letters derived from
a non-English name:
natrium (Latin)
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M Table 2.1 Characteristics of protons, neutrons and electrons

Sub-atomic particle Symbol  Relative mass Relative charge Nuclide notation

Proton P 1 # P
Neutron n 1 0 in
Electron e 5i%.10~% -1 e

(negligible)
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B Table 1.10 The international system of units (SI)

Physical quantity

Abbreviation

Name of unit

Symbol

Detail

Length

i

metre

m

The metre is the length of the path travelled by light
in vacuum during a time interval of 1/299792458
of a second. It is also defined as a length equal to
650763.73 wavelengths of a particular orange-red
light emitted by a lamp containing krypton-86 gas

Mass

kilogram

The kilogram is the unit of mass; it is equal to the mass of
the international prototype kilogram, which is a certain
platinum-iridium cylinder kept at the International Bureau
of Weights and Measures near Paris

Time

second

The second is the duration of 9192631770 periods
of radiation corresponding to the transition between
the two hyperfine levels of the ground state of the
caesium-33 atom

Electric current

ampere

The ampere is defined as the constant current which
when maintained in two parallel straight wires one
metre apart in a vacuum, produces a force between
the wires equal to 2 x 107 newtons

Thermodynamic
temperature

kelvin

The kelvin unit of thermodynamic temperature is the
fraction 1/273.16 of the thermodynamic temperature
of the triple point of water, i.e. the temperature at
which liquid water, ice and water vapour co-exist

Luminous intensity

candela

od

The candela is the luminous intensity, in a given direction,
of a source that emits monochromatic radiation of
frequency 540 x 10'2 hertz and that has a radiant
intensity in that direction of 1/683 watt per steradian

Amount of substance

mole

mol

The mole is the amount of substance of a system which
contains as many elementary entities as there are atoms
in 0.012 kilogram of carbon-12; its symbol is mol.
When the mole is used, the elementary entities must be
specified and may be atoms, molecules, ions, electrons,
other particles or specified groups of such particles
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