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Oxygen, a gaseous element, symbol O. Either free or chemically bound oxygen is required by 

nearly all known forms of life. Oxygen gas is absorbed by all animals during respiration, which 

converts it to carbon dioxide. Plants utilize carbon dioxide as a source of carbon and return the 

oxygen to the atmosphere during photosynthesis. In industry oxygen gas is used extensively. 

The uses of oxygen in the iron and steel industry, for instance, begin with the extraction of iron 

ore and end with the production of finished metal parts. (See also Gas.)  

Occurrence  

Although oxygen is fourth in abundance in the universe (after hydrogen, helium, and neon), it is 

the most abundant element in the regions most accessible to ordinary life. By mass, it 

constitutes about 89% of the water, about 49.2% of the earth's crust, and 23.15% of dry air 

(20.95% by volume). In addition, atomic oxygen makes up about 65% of the human body.  

Oxygen has nine isotopes, three of which are stable. The most abundant isotope is 
16

O 

(99.756%); next in abundance is 
18

O (0.20%); and last is 
17

O (0.048%). The six unstable—or 

radioactive—isotopes (and their half-lives) are: 
14

O (71 seconds), 
15

O (2.07 minutes), 
19

O (27 

seconds), 
20

O (13.5 seconds), 
21

O (3.4 seconds), and 
22

O (2.2 seconds). Oxygen isotopes have 

been used in the analysis of geologic processes. Oxygen-18 has been used as a nonradioactive 

tracer in labeling experiments, which enable scientists to follow the steps of chemical reactions.  

Historical Background  

As long ago as the 8th century, the Chinese thought that an active component of the air 

combined with some metals, sulfur, and charcoal. They also believed that this component could 

be obtained in its pure form from saltpeter and certain other minerals. The first European to 

state that air contains two gases was Leonardo da Vinci, in about 1500.  

The first reported isolations of oxygen gas were obtained in the 1770s by heating certain metal 

oxides. Two scientists share the credit for the discovery of oxygen. Carl Wilhelm Scheele, a 

Swedish pharmacist and chemist, obtained oxygen in 1771 or 1772 but did not publish his 

results until 1777. The English clergyman and chemist Joseph Priestley independently isolated 
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oxygen by heating mercuric oxide. He announced his findings in 1774.  

Antoine-Laurent Lavoisier, the French philosopher and scientist, extended and improved on 

Priestley's experiments. Lavoisier interpreted Priestley's findings and clarified the elemental 

nature of oxygen. In addition, Lavoisier used these results to explain the nature of combustion, 

discarding the phlogiston theory, and to establish the law of conservation of matter.  

The name oxygen is derived from two Greek words, oxys ("sharp" or "acid") and genes 

("forming"). It was coined by Lavoisier, who (erroneously) thought that oxides, when dissolved 

in water, would form only acids. In general nonmetal oxides form acidic solutions, and metal 

oxides yield basic solutions.  

Physical Properties  

The element oxygen has an atomic number of 8 and an atomic weight of 15.9994. It is the 

leading member of the Group VIA elements—the chalcogens.  

The two main allotropic forms of elemental oxygen are O2, the ordinary form in air, and O3, 

ozone, with three atoms per molecule. The oxygen molecule is paramagnetic; it will be attracted 

to an applied magnetic field. This magnetism, which is considerably weaker than that of iron, is 

due to the presence of two unpaired valence electrons in the O2 molecule. The triatomic ozone 

molecule is nonlinear—that is, the three oxygen atoms do not all lie in a straight line. The rare, 

pale blue tetratomic species (O4) is nonmagnetic and very unstable. Its instability is shown by 

the fact that it breaks down readily into two molecules of elemental, or diatomic, oxygen (O2).  

Diatomic oxygen (O2) is a colorless, odorless, and tasteless gas. Ozone is a light blue gas with a 

pungent odor. It is formed by the action of an electrical discharge or ultraviolet light on oxygen. 

The presence of ozone in the atmosphere, which, if concentrated, would amount to about a 3-

mm (0.1-inch)-thick layer, is vitally important in preventing the sun's ultraviolet rays from 

reaching the earth's surface and destroying life.  

At 1 atmosphere (atm) of pressure, the boiling point of O2 is −182.95 °C (−297 °F), and the 

melting point is −218.74 °C (−362 °F). Both solid and liquid oxygen are pale blue. Solid 

oxygen has at least three different structural forms. The critical temperature of O2, above which 

the gas can never be liquefied no matter how much pressure is applied, is −118.9 °C (−182 °F); 

the corresponding critical pressure is 49.7 atm. Ozone's melting point is −192 °C (−313.6 °F), 

and its boiling point is −112 °C (−169.6 °F).  

The density of solid oxygen is 2.0 g/mL at −229.2 °C (−380.6 °F). The liquid's density is 1.142 

g/mL at −183 °C (−297 °F). Gaseous oxygen has a density of 1.429 grams per liter at 0 °C (32 

°F). It is 1.1053 times as heavy as air. Ozone's density is 1.614 times that of air.  

Oxygen gas dissolves in water to a small extent. Dissolved oxygen is required by aquatic 

organisms for their metabolic processes and is also responsible for the slow oxidation and 



removal of organic wastes in water. The solubility of any gas in water increases as the partial 

pressure of the gas above the solution increases. In addition, the solubility of oxygen gas—and 

of most gases—decreases with increasing temperature. When the pressure of oxygen gas above 

an aqueous solution is at 1 atmosphere, the following volumes of O2 will dissolve in 100 cubic 

centimeters of the solution at the corresponding temperatures: 4.89 cm
3
 at 0 °C (32 °F), 2.61 

cm
3
 at 30 °C (86 °F), and 1.70 cm

3
 at 100 °C (212 °F).  

A few metallic elements in the liquid state absorb considerable amounts of oxygen gas. The 

oxygen is given off when the metals solidify. Molten silver dissolves up to 10 times its volume 

of oxygen; gold, 35 to 40 times; platinum, 65 to 75 times; finely divided platinum, about 100 

times; palladium, about 500 times; and palladium sponge, about 1,000 times.  

Chemical Properties  

The reaction between any substance and oxygen that results in the evolution of heat and usually 

light, as in the burning of a fuel, is termed combustion. Many reactions with oxygen gas, 

however, are not accompanied by light or extreme generation of heat. An example is the rusting 

of iron. This type of reaction is known simply as oxidation.  

Oxygen is noncombustible, although it actively supports and accelerates combustion of other 

substances. This important property is the basis for most of its commercial applications. All 

substances that will burn in air, burn with much greater brilliancy in pure oxygen. Many 

substances that normally will not burn in air can be burned in oxygen. An iron wire if heated to 

its ignition temperature burns with dazzling brilliance when immersed in pure oxygen. A trace 

of moisture may sometimes be needed to support the oxidation. The temperature of hydrogen or 

acetylene flame when it burns in pure oxygen is much higher than that of the same gas when it 

burns in air.  

The temperatures at which combustion occurs vary widely. Many substances that may not react 

quickly with oxygen at room temperature will do so at elevated temperatures with evolution of 

heat. Thus, coal and petroleum can be stored indefinitely at normal temperatures, but they 

readily undergo combustion at elevated temperatures. Similarly, a hydrogen-oxygen mixture, 

which is essentially unreactive at ordinary temperatures, can react explosively when the reaction 

is initiated by a flame or spark. The following are the ignition temperatures of the indicated 

substances in air: phosphorus burns at 34° C (93° F), kerosene at about 300 °C (570 °F), ether at 

340 °C (645 °F), ethyl alcohol at 560 °C (1040 °F), and hydrogen at about 600 °C (1110 °F).  

Slow oxidations can be beneficial processes. For example, the dissolved oxygen in rivers and 

other bodies of water breaks down organic wastes such as raw sewage. Also, paints form 

durable films by a polymerization process that involves direct combination with oxygen. 

However, slow oxidation is also responsible for the phenomenon called "spontaneous 

combustion," which can produce disastrous results. For example, if oil-soaked rags are allowed 

to accumulate in a place where air circulation is sufficient for slow oxidation, but not for 



removing the heat generated by the chemical reaction between the oil and oxygen, the heat 

accumulates. If the ignition temperature of the rags is reached, they will burst into flame. Once 

oxidation is initiated, the evolved heat raises the temperature of the reactants so that the reaction 

is self-sustaining. In a similar fashion, a haystack or a coal bunker may also be ignited by 

spontaneous combustion. In addition, many carbonaceous materials that are not ordinarily 

explosive are extremely dangerous when they exist as finely divided particles in the presence of 

air. This increase of surface area causes an increase in the rate of oxidation. Thus, flour dust in 

mills and finely divided coal dust in mines have been the causes of many disastrous explosions 

and fires. Even a metal, such as iron, will burn readily if the material is in the form of a finely 

divided powder.  

Laboratory Preparation  

Small quantities of oxygen gas required for laboratory use may be obtained from many 

compounds that contain oxygen. The liberated oxygen can be collected by water displacement 

due to the relatively low solubility of the gas in water. Some of the laboratory procedures 

include the following: (1) Thermal decomposition of certain salts, such as potassium chlorate, 

according to  

2 KClO3 → 2KCl + 3O2. 

 

This decomposition occurs at 400 °C (750 °F), or, in the presence of manganese dioxide 

(MnO2) as a catalyst, at 200 – 250 °C (390 – 480 °F).  

(2) Thermal decomposition of oxides of heavy metals, such as mercuric oxide, according to  

2 HgO → 2 Hg + O2. 

 

This was the method used by both Scheele and Priestley.  

(3) Thermal decomposition of peroxides, such as hydrogen peroxide (H2O2) or barium peroxide 

(BaO2), according to  

2 H2O2 → 2 H2O + O2     or    2 BaO2 → 2 BaO + O2. 

 

(4) Electrolysis of water. An electric current is passed through water containing a small amount 

of a strong acid or a soluble salt to allow conduction of the current. The oxygen gas is liberated 

at the anode (positive pole), while at the same time twice the volume of hydrogen gas is evolved 

at the cathode (negative pole). The reaction is  



2 H2O → 2 H2 + O2. 

 

This method is also used to produce oxygen gas on a limited commercial scale when a high-

purity product is desired.  

Commercial Production  

Very large quantities of oxygen are obtained through the fractional distillation of liquid air. 

The liquefaction of air was pioneered by the German physicist Karl P. G. von Linde, who 

invented the first continuous compression machine for liquefying air in 1895. The French 

inventor Georges Claude also devised machines in 1902, independently of Linde, for the 

liquefaction and fractional distillation of air.  

The main steps involved in liquefying air are: 1) The air is purified in order to remove 

particulates, carbon dioxide, and water. 2) The purified air is compressed to about 200 atm of 

pressure, removing the heat of compression by ordinary refrigeration. 3) A portion of the 

compressed air is allowed to expand through metal coils, which cools the apparatus. This step 

takes advantage of the Joule-Thomson effect, which states that when a compressed gas is 

allowed to expand, it generally cools. 4) The cooled gas is recycled back to the compressor to 

begin another compression and expansion cycle, further cooling the air. 5) Eventually, the 

compressed air is liquefied at a temperature of −196 °C (−321 °F).  

The liquid air, which consists of a mixture of substances, is then fractionated into its 

components by distillation. The liquid air is allowed to become warm to first distill the light rare 

gases, and then nitrogen gas, while leaving liquid oxygen. The oxygen produced by multiple 

fractionations is 99.5% pure—sufficient for most industrial applications. Gaseous oxygen at 

about 150 atm of pressure at room temperature is shipped in steel cylinders, or through 

pipelines, to points of use. Liquid oxygen is held in a special storage tank that is sufficiently 

insulated to contain the liquid at its boiling point at normal pressures.  

Compounds  

Oxygen is very reactive and combines with all other elements, except with some of the 

relatively inert noble gases. 

The most common compounds are those in which oxygen exhibits a valence of 2, owing to the 

fact that the atom needs two more electrons to fill its outermost energy level. Subsequently, the 

oxidation number of oxygen in most of its compounds is −2. However, in peroxides (O2
2-

) the 

oxidation number is −1, and in superoxides (O2
-
) the oxidation number is −

1/
2. Other "exotic" 

oxidation numbers also exist.  

Oxygen compounds with nonmetallic elements are covalent. In these compounds, oxygen 



exhibits partial sp
3
 hybridization with bond angles of about 104°–105°. The bond angle in water 

is 104.5°.  

Nonmetallic oxides, usually gases at room temperature, are acid anhydrides—they produce 

acidic solutions when dissolved in water. Solid metal oxides are generally ionic and are basic 

anhydrides—an alkaline solution is produced when they dissolve in water. Hydrogen forms a 

neutral oxide—water.  

Uses  

Oxygen is used extensively in the steel industry for refining molten steel. Open-hearth 

processes use atmospheric oxygen—which may be enriched with pure oxygen—and the basic 

oxygen process uses only pure oxygen. The oxygen combines with carbon and other unwanted 

elements in the refining process.  

High-purity (99.5%) oxygen is also used for welding and cutting applications. The gas is often 

used with combustible substances, such as acetylene or hydrogen. The hottest flame 

temperature of the oxyacetylene torch is about 3300 °C (5972 °F). This is the only gas flame hot 

enough to melt all commercial metals. Oxyhydrogen flames are lower in temperature and are 

used for welding light-gauge aluminum and magnesium alloys, and for underwater cutting.  

Oxygen gas is also used in medical and life-support applications. Patients in need of oxygen are 

supplied the gas by means of a nasal catheter or face mask. Oxygen is also used as a supplement 

or emergency replacement for air supplies in aircraft and submarines. The amount of oxygen 

that is used for these purposes is much smaller than that needed by the steel industry.  

Liquid oxygen is the principal fuel oxidant for the propulsion of rockets. 
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